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CREATING A NEW TEXT 

Like the science of chemistry itself, the teaching of chem­
istry is evolving, and the course texts that professors and 
students rely on must do so as well .  The large, thousand­
page or more books that most courses use provide a com­
plete survey of the field, with a richness of relevance and 
content. Chemistry: The Molecular Nature of Matter and 

Change, the parent of this new text, stands at the forefront 
of dynamic, modern texts. Yet, extensive market research 
demonstrates that some professors prefer a less expansive 
treatment, with coverage confined to the core principles 
and skills. Such a text would allow professors to enrich 
their course with topics relevant to their own students. 
And, most importantly, it would allow the entire book to 
be more easily covered in one year-all the essential mate­
rial a science major needs to go on to other courses in 
chemistry and related disciplines. 

Sensing the need for a more succinct text, we cre­
ated Principles of General Chemistry. This new text 
retains the molecular artwork, problem-solving approach, 
and student-friendly pedagogy so admired in its parent, 
Chemistry: The Molecular Nature of Matter and Change. 

This new text is leaner and more concise, targeting only 
the topics that a general chemistry course at this level 
should include and that instructors expect to see. 

Crafting the content of the new text involved assess­
ing which topics constituted the core of a general chem­
istry course and distilling them from the parent text. To 
confirm my assessment, we invited three professors 
to serve as content editors and review my suggested 
changes. Using their experience and my detailed outline, 
the content editors pruned the parent text to generate a 
rough draft, which I then reworked into the final manu­
script. It was very gratifying, even remarkable, to find 
that the four of us defined the essential content of the 
modern general chemistry course in  virtually identical 
terms. 

HOW CHEMISTRY AND THE NEW PRINCIPLES 
OF GENERAL CHEMISTRY ARE ALIKE 

Both Chemistry: The Molecular Nature of Matter and 

Change and Principles of General Chemistry maintain the 
same high standards of accuracy, depth, clarity, and rigor 
and have the same three distinguishing hallmarks: 

I. Visualizing chemical models. In many discussions, con­
cepts are explained first at the macroscopic level and 
then from a molecular point of view. Placed near the 

Preface 

related discussion, the text's celebrated graphics bring 
the point home for today's visually oriented students­
depicting the change at the observable level in the lab, 
at the molecular level, and, when appropriate, at the 
symbolic level with the balanced equation. 

2. Thinking logically to solve problems. The problem­
solving approach, based on a four-step method widely 
approved by chemical educators, i s  introduced in 
Chapter 1 and employed consistently throughout the 
text.  It encourages students to first plan a logical 
approach and then proceed to the arithmetic solution. 
A check step, universally recommended by instructors, 
fosters the habit of considering the reasonableness 
and magnitude of the answer. For practice and 
reinforcement, each worked problem has a matched 
fol low-up problem, for which an abbreviated, multi­
step solution-not j ust a brief answer-appears at the 
end of the chapter. 

3. Applying ideas to the real world. For today's students, 
who may enter one of numerous chemistry-related 
fields, real-world applications are woven into the 
worked in-text sample problems and the chapter prob­
lem sets. 

HOW CHEMISTRY AND PRINCIPLES OF 
GENERAL CHEMISTRY ARE DIFFERENT 

Principles of General Chemistry achieves authoritative 
topic coverage in 300 fewer pages than its parent text, 
thereby appealing to today's  efficiency-minded instructors 
and value-conscious students. To accomplish this shorten­
ing, most of the material in the boxed applications essays 
and margin notes was removed, thereby allowing instruc­
tors to include their own favorite examples. 

The content editors and I also felt that several other 
topics, while constituting important fields of modern 
research, were not central to the core subject matter of 
general chemistry; these include colloids, green chemistry, 
and much of advanced materials. The chapters on descrip­
tive chemistry, organic chemistry, and transition elements 
were tightened extensively, and the chapter on the indus­
trial isolation of the elements was removed (except for 
a few topics that were blended into the chapter on 
electrochemistry) . 

The new text includes all the worked sample problems 
of the parent text but has about one-third fewer end-of­
chapter problems.  Nevertheless, there are more than 
enough representative problems for every topic, and they 
are packed with relevance and real-world applications. 
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Principles of General Chemistry is a powerhouse of 
pedagogy. All the learning aids that students find so useful 
in the parent text have been retained-Concepts and Skills 
to Review, Section Summaries, Key Terms, Key Equations, 
and Brief Solutions to Follow-up Problems. In addition, 
two new aids help students further focus their efforts: 

1 .  Key Principles. At the beginning of each chapter, short 
paragraphs state the main concepts concisely, using 
many of the same phrases and terms that will appear in 
the pages that follow. A student can preview these prin­
ciples before reading the chapter and then review them 
afterward. 

2. Problem-Based Learning Objectives. At the end of each 
chapter, the l ist of learning objectives now includes the 
numbers of homework problems that relate to each 
objective. Thus, a student, or an instructor, can select 
problems that apply specifically to a given topic. 

The new text is a lean and direct introduction to chem­
istry for science majors. Unlike its parent, which offers 
almost any topic that any instructor could want, Principles 
of General Chemistry offers every topic that every instruc­
tor would need. 



Principles of General Chemistry and its author are fortu­
nate to have supplement authors so committed to accu­

racy and clarity for student and instructor. Patricia Amateis 
of Virginia Tech diligently prepared the Instructors' Solu­
tions Manual and Student Solutions Manual. Libby 
Weberg has prepared the Student Study Guide. S. Walter 
Orchard of Tacoma Community College updated the Test 

Bank. Christina B ailey of California Polytechnic Univer­
sity provided the excellent PowerPoint Lecture Outlines 

that appear on the Digital Content Manager CD. 
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tent editors, Patricia Amateis of Virginia Tech, Ramesh 
Arasasingham of the University of California-Irvine, and 
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A Gu ide to Student Success 
This guided tour of Principles of General Chemistry will show you how the special features of this text 
can help you be successful in this course. 

Chapter Opener Key Principles 
The opener provides a thought-provoking figure and legend that 
relate to a main topic of the chapter. 

The main principles from the chapter are presented in a few sen­
tences so that you can keep them in mind as you study. You can 
also use this list for review when you finish the chapter. 

Chapter Outl ine 

M.uuring 1M Bum Wheo G lorul bumllQ(nklkflmfi", �r. anydlemicQI 
Of�elcnl cI'oIInge. thi! rf!OC!onI. contar. d�renI Ql.l(lflU_ ol _rgy !hon tne 
product •. lotlUchapCe<, you'lQPptf I'lilhQl lolvlo �l'-d!GnOn. 

Key Principles 
• ChemicnJ Q( physical chooge is8.�vnys ocoompmied bya chDnge in 

the energy that the matter contains. 

• To study a change in et'l6t0' (�. scientists OOf"ICePtua!ly cfvide the 
urWetge into syswm �he part being SlucflBd) and surroundings 
(everything else). All energychar'IgfJS occur ns helIl (q) Md'1Y I'm � ... ) 
trMs/erred eithef from the SUfrouodings 10 the systlffi1 Of from the 
system to the surJOlJldngs (4£ - q -+ 1"01. Tho!' lhe total energy of 
100 un1Yerse is constant (Inw of �OOn5efV.Jf.bn. or first hI'.' 
of�l. 

• No rnalle( ho\v a pmicular change in energy OCCtJfa, the magmode 
01 � js the so.me. The i'ltemal 9Oefgyofa�lem lE') is aslme 
(unclbll. fl \hermodyrom\c variable whose chmge oopends only 
on b ;,itia! and fll'l/ll values. 

• EntMpy (1-/) is related to E. The �;, 8fllhapy (M/l equals the 
heAl transferred at conslml pressure, q" Most Iaboratexy. environ· 
mental, and bldogic8l changes 00C\Jf fit con9tont P, 8O :lH  i9 rl'lOfe 
reieYanl lhan :lE and easier 10 mOOSUfE!. 

Oulline 

CHAPTER SIX 

Thermochemistry: 
Energy Flow and 
Chemical Change 

• The emhmpy chooge ci a  mection, ca!lt!d the heal 01 reoctiln W"I.,.J, 18 
negat� t< 0) if lh� f&8ction releases henl (exothetmi:::) and posI;...e 
(> 0) if � absorbs heat {M'joth9rmk:): lor OXMlple, the combu9lCn 
01 melhtt'le is exothenni;: (Ml"., .:::: 0). mel the melting 01 ict! is 
endolhermic (�"., > 0). 

• The fTIO(6 heat a subSlMC8 nb50/hs. the higher iis tempeartum be­
comes, but each sobstfnOO has �s own htJ..1t copocJty. the heat 
llIQJired lor a given temperature rise. Kno..vTIg this eopacity ard 
1�;lT n aCllbrinetet; w6 canfindMl, ... ,. 

• Tho qJMlity 01 neat Ioat a ganed in a reaction is related s!oi::hiometri· 
ClI� 10 the anounts 01 rsactmta and PfocU;ls. 

• 80001.130 1-1;1) Q o\o.te lunctlon. WfJ eM find:lH 01 MY roootion by imug 
ning lhtd � 0CCUf:9 OS too 9Um of other reactiom woose �voloes 
we know or can measura !Hess's law of h&.11 sumt7laoon). 

• Chemists define a 86t of c:oodtions. called slard,uri S!.1tes. in Ofder 10 
compara heats 01 dffeft!rll reactions. Each SlibsuWlce hM 8 SIM' 
dMi heal d foonaoon (Mlt), lhe heat of reaction when the sub· 
81ClOCe is formed lrom its elements under these conditions. :lHf vnl· 
uas oro used 10 calculale lhe Slnndard 11&.1/ 01 feac lKm /AH:",J. 

6.1 Forms of Enorgy and Their 
Intorconversion 
Systamerd&..rourdings 

6.2 Enthalpy: Heats 01 Reaction and 
Chomical Chango 

6.4 Stoichiometry of Thermochemical 
Equations 

Energy Flow 10 end lrom a System 
Haat nrdWor\< 
Ef"IelVf Coosefvatioo 
Uni!s of Energy 
State Functions 

Mooning 01 Enthalpy 
�the"nicand Endothermic �SSQs 

6.3 Calorimetry: laboratory Moasuroment 
01 Hoals of Reaction 
SpQdI\c Heat CapacIty 
Practice of Cakrinetry 

6.5 Hoss's L:!.w of Heat Summation 

6.6 Standard Heats 01 Reaction (dH:,.,J 
Fom1a1ion Equalions 
DatarrnWng ;),H:"" from IlHr 
Fossil Fuels ard Climat9 Chang9 

Concepts and Skills to Review 
The outline shows the sequence of topics and subtopics. This unique feature helps you prepare for the upcoming chap­

ter by referring to key material from earlier chapters that you 
should understand before you start reading this one. 

xx 

� 
Concepls & Skilil io Review 

Before You Siudy This Chapler 
• classification of mixtures (Section 2.9) 
• calculations Involving mass percent 

(Section 3.1) and molarity (Section 3.5) 
• electrolytes; water as a solvent 

(Sections 4,1 and 12.5) 
• mole fraction and Dalton's law of 

partial pressures (Section 5.4) 
• types of intermolecular forces and the 

concept of polarizability (Section 12.3) 
• vapor pressure of liquids (Section 12.2) 

N
early all the gases, Hquids, :md solids thm make up our world are lI1ixflires­
two or more substances physically mixed together but not chemically com­

bined, Synthetic mixtures, such as glass and soap, usually contain relatively few 
components, whereas natural mixtures, such :IS seawater and soil, arc more com­
plex, often containing marc thim 50 differcl1I substances, Living mixtures, such 
as trees and students, are the most complex---cvcn a simplc bacterial cell cont'lins 
weIl over 5000 difTerenl compounds (Table 1 3 .  I ). 

mJIEIII Approximate Composition of a Bacterium 
Mass % Number Number of 



SOLVING PROBLEMS STEP-BY-STEP 

Sample Problems 
A worked-out problem appears whenever an important 
new concept or skil l is introduced. The step-by-step 
approach is shown consistently for every sample prob­
lem in the text. 

• Plan analyzes the problem, showing how you can use what 
is known to find what is unknown. This approach develops 
the habit of thinking through the solution before performing 
calculations. 

• Problem-solving road maps specific to the problem lead 

you visually through the calculation steps. 

• Solution shows the calculation steps in the same order as 
they are discussed in the plan and shown in the roadmap. 

• Check fosters the habit of going over your work quickly to 
make sure that the answer is reasonable, both chemically and 
mathematically-a great way to avoid careless errors. 

• Comment provides an additional insight or an alternative 
approach or notes a common mistake to avoid. 

• Follow-up Problem gives you immediate practice by 
presenting a similar problem. 

Molecular-view Sample Problems unique to Silberberg 
texts, conceptual (picture) problems apply this stepwise strategy 
to help you interpret molecular scenes and solve problems based 
o" thom. J 

SAMPLE PROBLEM 2 . 1 4  Determining Formulas and Names from Molecular Depictions 
Problom Each box contains :I rcpreSl!rlt:ltioll of a binary compound. Dctcrmin..: its for­
mul:!. name. and molecular (formula) ma�s. 

Plan Each of Ihe cOlllpounds conlain.� only IWO dCIlll!IlIS, so 10 find the formula. we find 
tho:: simplest WhO!':·lIulllb.:r ratio of one alom to Ilk! other. '1111:n we thllcnninc the name 
(k'C Sample Problems 25. 2.6, and 2 1 1 )  and the milss (sec SIIIIlPIc Problem 2.13). 
Solution (3) ThL'rC is one bnlwn (sodium) [or .:ach green (fluorine). so the fonnula is 
NaE 1\ mClal and nonmct::d fonn an ionic compound, in which the Illelal is named first; 
socJium fluoridc. 

Formula ma;;s = (I X atomic mas..;,: of Na) + (I X alomic mass of I-=) 
= 22.99 all1u + 19.00 amu = 41 .99 alllu 

(h) 'nlere are three green (fluorine) for each blue (nitrogen ), so the formula is NF). Two 
1I01111k:lals Conn a cO\�dlcJll compoul1d. Nilrogcn Ims it lOWer group number, ro it is nanll.-d 
first: nitrogctl trifluorioc. 

Molecular m."!!'!> = (I X atolllic Illa$." of N) + (3 X atomic Ilms� of F) 
= 14.01 an.l + (3 X 19.00 nmu) - 71.01 anm 

Che<k (a) For biliary ionic compounds, we predict ionic charges frolll the periodic table 
(Sec Figun.: 2.10). Na fonns a I + ion. and F forms n 1- ion. so the charges bal:mce wilh 
one Na � p.:r F-. Also. ionic compounds are solids. c(lnsi�tent with the picture. (h) Cova­
lent compounds often occur us indl\'idu31 molecules, as in the picture. Rounding in 
(Il) gi\"c..� 25 + 20 = 45: in (b). we gct 15 .!- (3 X 20) "" 75. so there. arc no large Cm)TS. 

FOLLOW-UP PROBLEM 2 . 1 4  Each box contains a rcprcscllltllioll of a binary com­
pound. Detcrmine its name. formula. and molecular (formula) mllSS. 
(a)�

� . ,o''''m 
( b)� 

.. oJ()'gen 
_ nitrogen 

SAMPLE PROBLEM 3.2 Colevlonng the Mo�5 and Number 01 fo"",10 Uni" 
in a Given Moss of a Compound 

Problem Anunonium carbonal;; is II while solid Ihrel dC(''OII1POSL"i> with wanning. Among 
ils many uses. it is a componcnl of baking powder. fir.: cJitinguishcr.l. and smelling salls. 
How many fornlula units 0In: ill 41.6 £ of ammonium ciltbon:lle'! 
Plan Wc know the muss of (,'Ompound (41.6 g) llnd need 10 lind the number of formulu 
units. As wc saw in Sampk Problem 3.1(b). 10 COIJ\'Crt grants to Ilumll\..'f of cmilic.�, we 
han:: to lind Iluill�r of moles first. so we must divide the grams by Ilk: molar IlUS:; ("It). 
For this . .... oc Ill-cd ..Il. so We Uclcnninc the formula (sec Table 2.5) and take the sum of tlk: 
clelllcnts' molar ll1as�es. Once we have Ihe number of flXllcs, WI! multiply by J\\'ogttdro's 
number 10 lind the number of fonllula unit .... Solufion '!lIe Connu!:! is (NI·I..\hCOJ. Calculating 11¥llnt 11\as.": 

At ,. (2 X Jl of N) -, (8 X "It of 1·1) -I- (I X At of C) -I- (3 X .J{t of 0) 
• (2 X 14.01 glnKll) + (8 X 1.008 glmol) + 12.01 glnml "" (3 X 1 6.00 £/11101) 
= 96.09 �/mol 

COIl\·crtillg from grmns to moles: 
I mol (Nll�),COJ Moles of(NH. • .).C03 = 41.6 � X 96

.
09 � =< 0.433 11..-,1 (NI- I")2CO} 

COIl\·cning from molcs to fonnula uniL'i: 
Fannula units of (NU"hCO} "" 0.433 treI-tN� 

X 6.022x lOB formula unitti' (NH"hCO} 
I mal{�III .. )yQJ 

= 2.61 X lOt.! fMllula unilS: (NH")lCOJ 

Ch&c:k 'lllC units arc correcl. Thc mass is Jcs..� than half the molar mas..� (-42/96 < 0.5), 
so Ihe number of formul:1 ullits should be IclO$ than half i\\"Ogadro's number 
(-2.6x tOuJ6.0 X J 02J < 0.5). 
Comment A COli/ilion mislflke is 10 forgcl thc Iluhscript 2 oulii'ide the p:m:nthcses in 
(NI-I"hCO}. which would give. a tooch lowcr nx)lar mali.'i. 

FOllOW-UP PROBLEM 3.2 TctrnphosphoTUS dccaoxide reacts wilh waler 10 form 
phosphoric acid. :I major industrial :Icid. In Ihe laoomtory, the oxide is us..:d as a dry­
ing :lgcllt. 
(a) What is the mas� (in g) of 4.65 x IOn molecules of tctraphospllOTUs cie'-':lQxidc" 
(b) 1·low mall)' P atoms arc prescnt ill Ihis sample? 

avideby.« (glmol) 

Amount (mot) 01 (NH..nC� 

rrulliply by 6.o22xt023 
forlTJ.Jlaunllsirnol 

NUrrQr 01 (Nt4hCO, formu� unlll 

Brief Solutions to Follow-up 
Problems 
These provide multistep solutions at the end of  each 
chapter, not just an answer at the back of the book. This 
fuller treatment is an excellent way for you to reinforce 
your problem-solving skil ls. 

Brief Solutions to Follow-up Problems 
6.1 :loT;' � q I II' ( 26.0 kcal x 4.184 k1) , ( I  15.0 Blu x 1.0:: kJ) 

I k-=al l oll' 
93k1 

6.2 '11\C �aclion is. exothermic. 

. 
� 

i >c""", _ t",oIO' . to,,,,, . ,N,'g) 
.l.H __ 5.72xl03 1<..l 

� ... HOis) -t. 2NOl(s) -

1 C,",f"o" ,,/) 

N20�(.f) + � + � 
6.3 :loT - 25.0"C 37.0°C � � 12.0�C - - 12.0 K 
:'.1uss(g) 1 . l l gllul. x 1�I:nL X 5.50 L "' 6. IOX IOl g 
q "" eX mass X /1"/" 

(2.42 J/g.K)( I�J)(6.IOX 10J g)( � 12.0 K) 

I17LJ 
6.4 q .. 4�' '" q ... ;>ou 

1(0519 J/S· t..;:)(2.050 gJ(., � 74.21)\ 
= 1(4.I84l1g·K)(Ui.05 g)(.f - 27.20)1 

.r = 27.6S K 
':)'·ld� = -4(,.56 K and :11'--.. = 0.45 K 

2N01(g) I iOig) - NlO�(S) 1111 '" - \09.5 1d 
6.8 fa) C(graphiIC) I 2112(1i) + :lolU:) - CH;OII(l) 

;).111 £It - 23l1..6 Id 
(b) Ca(s) '" 102(g) - CaO{�·) :lo1l7 - -635. 1 k1 
(c) C(Rraphi(e) + !S�(rh()rnbic} - CS1(l) Ilm - 87.91d 
6.9 :l.lfr ofCII�OI l(1) 

.:;. -uJl"nr, + 2'!)'HW·I.O(g)] -I- .:W1lCOz(g)l 
= 038.5 kJ ... (2 o •• IX -241.8 kJ/n�l) 

I ( I  m(1)( - 393_) kl/mol) 
:: - 238.6 Id 
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VISUALIZING CH EMISTRY 

Three-Level I l lustrations 
A Silberberg hallmark, these il lustrations provide macroscopic 
and molecular views of a process that help you connect these 
two levels of reality with each other and with the chemical equa-
tion that describes the process in symbols. • 

MACROSCOPIC 
VIEW 

BALANCED 
EaUATION 2Mg(s) + O,(g) 

• 

electficity 2MgO(s) 

Cutting-Edge Molecular Models 
Author and artist worked side by side and employed the 
most advanced computer-graphic software to provide 
accurate molecular-scale models and vivid scenes. 

xxii 

wire 

nitrate 
solution 

Ag atoms 
coating 
wire 

A SImple cubic 

AtomslUrllt cel· t · 8 . , AlomMonil c:ell.tA · 8l . , _ 2 



RE INFORCING THE LEARNING PROCESS 

CHAPnl 3 �'f cl f  ...... Jc. • ....d Eqo.dicN 

For Review and Reference For Review and Reference [Nvmbe" in pal.nrhe�1 • .I1t to fX:'9f1, IInleu l\Oled "'-t.e ...... ise.j 

A rich catalog of study aids ends each chapter to help you 
review its content: 

Learning Objectives 

�!d��n�!;t � 1P:����f�� 
,hopIer probl.nn ! E I'1 OfI 'wd in porenij,.\o1II. 
I .  H.:ali1�1]",u..,fuh>!:U nllt-= 1I1,,1e�'f'J""""',aood1lJ;C II", n:111;" II 
I .. "\ .... "CII " .. I.'CU .... l....-r"nwla) 1n:O"" .nJ u",1;,1' m ...... lo .. -.kul�lc 
1t.: m..>lll' l1_0ratl)· su�(t ]·I){EI"' ]·I-].5,],7-].IO) 
2. UndcnmltJ Ihc rfbliornhip:l �mooe arn.JOGll'f 5UhJI�n..-.: (in 
lnok ). ITWS (in gnrns), :and numb« of chemia.1 mlitic.J anJ 
COI!,'crl from on..' 10 an:!" other (10 3.1) (Sf'1 3.1. 3.2) (EI', 3.6. 
].11_1.1(., .1 19) 

j. 11"1;0, .. ..., .,, "'tIl�li ... n �i'\:n r ... ", .. 1b or .... "JC.l. .. ..J d"", Imlor 
"'1iw: IO""kulll" .. T1oJQlIlff1lrao..,""I • •  "dprO<JlK:l. f..,,- ,OO':I ..... � 
of""n" . lIiuul" .... �Ut.I:u� (t J.3 anoJ .l.5) (St\ 3.7. 3.8.).UJ 
(lCl's lJ's-J.46.-:t.61, 3.71. J.72l 
6. lJnJo:�ntl.,.,hy Ollc ru.:I::uu lirits tho: )'itld oif'l'Dtl�t,and 
,.,"" lillliliQr-n ..... lanl rrobkn.ro:rn::ac:ti!onJ"rl"''''ordi.<!d\-a! 
1OJ�-.� (l J ". J.5)(SI':Ii ].9, 3.10, J.16) (I"·, H7-].54. 3.61. 
J.1J.}.14) 

• Learning Objectives are listed, with section, sample problem, 
and end-of-chapter problem numbers, to focus you on key concepts 
and skills. ] U...,. n ....... ' .... '1eo:tu IU Iltod I]", III<I»uCc1cl 1..:1Il ;,, � Sh,," u __ "" 

ofC<llnpound (l .l.I) (Sl'lJ)(EI'j 3. 1 7. 3. 18. J,XhUJ} 

1. 1!1rl:dn lb,, ��(<JI'kl¥roer·llun--CJ.pc-.:ledyklJ.<andthc(b· 
liIXlim between Ihilo.'JrdkaJ iInd lICI\lolI )iekU. �n;J �\llale Pl'ro. 
Cl:nlyie:Id O JA)(SI' 3 . 1 1 ) (EPj J's5-J.ro,),(';)) 
K. UI�lod lh:- n.:lll,i,,& ofCflflCCffil'aliol1 ... tl lhc"ll'o:ctoiw· 
lutioo.lIJid cakul.l" 11",I:qilyor n_ of dj",ohaJ ,;olul" (t ),j) 
(SI'� 3 12-� 14)(1 '1'. ).6"-3.70. 3-i5) • Key Terms are boldfaced within the chapter and listed here by sec­

tion (with page numbers); they are defined again in the Glossary. 

". (Xt"mun.: the emjl'iml and IOOIc.."Ulu f<lm1ll� of a t"l11 
fIOIIoo from /lU$� :uul>'Sb o f m ""'"",nIJ et ].2) (SPS 3.4-J.6) 
(F.I'<).2-1-J.JJ) 

• Key Equations and Relationships are screened and num­
bered within the chapter and listed here with page numbers. 

Key Terms 
�lOichio.ll""II)·(70) 
s.nion 3.1 
IIItlk- (u •• I){10) 
A'_,,;;oJru',tllluj,,,r{70} 
'lIol ... u",�. (.I() (n) 
s.ction3,'2 
COHlbllOli!.'IlII11I)'�i.()j()) 
iHll, .... .,.(lIlI 

s.ction 3.l 
chcmit":tio:qu;olion (83) 
rca\.1anl(8J) 

s.dio� lA 
limilin� IC;ot;\;uTI (90) 
IhNMk'111 )'kld (93) 

s.cti0fl3.5 
Jolulc(9j) 
whcnt (9�) 
l'O";'''('lltr.lllon{9.�) 
n�bril}' (MJ (9j) 

11.66 or lb: it> ... rr.j� [�'f!<'1' 0( crynalllnc: solid. which d.:Iesca::h 
" fdll:fol...,.,.ill& foon:: {l) Sn; (h) Si; (c:) Xc:1 

12.67 Of the: Ihe "';,;or 'YllC.J of crY"l�Uiu .. ' ..oli<!. ,.,hich 
w.., � \lr[he (olk>"'illg rocut (IJ cb.lk:>tcrol (Cl'1Ilu<)JIy' 
(b)t\ll:(c:)Ul'H 

T2M 11Ile;,uide � lhe llnchlelJ(keryilal liUlK.� {I1J;u", 
" 12.MI). llow lNny '1J1:· ions � inlbc ZI10 unil cdl1 

.. 

12.69 (�.killm JUilido Io'lol'u IN: �ium chloride cl)1olnl llnKlUI'C 
(Figure 1'11.69). I IQW "1<111)' Sl- ion' :tr� in In." CaS unil cdl' 

I2.Xl l.in.c ... knid.: (inSe) t't)'NalliLa in the LIn;,: bkllo!.: .au.." 
lure and hUI dnuil), of SAl j;h.-m! (II« l'igu.u " 12,68'1. 
(1) 11_·nun)' 7.n aoo s.:inll$�inc�h Lln;lctll? 
(bl \','uu 'J m.. n.au<Jfa un;l cc1l1 
(")"'h"" Uo!l..: \\l!ullle,">fa un;tc..-!11 
(d) \\'h". i� 1IIC<tl.I;o kn!;lh ... f� uu;1 '-"em 

11.71 Au rkn""1 CJ).tallu."'" \u. r:.;.T-<ClII" .... \Jo;uhil; latJ;,,.. .nJ 
h�. a ..scmil), or 1 .4j J;f.:-m' 111<: ...... gc: of il. unit �'dl j, 
�..slXIO-·c:m 
(II IIOWINl'1)'lIOIlt'llr" mnch InUicell? 
(h)\\'h:r.t ijthc: '\llun-= ofl ullil c:cll? 
(cIWlul i'lt"'Hw.uof . " " i l .:cll? 

I (d'('.kulalC ", .pr",�i1n:lI� .. I"'nIc 11 far Ih� Clcno.ll li. 

12.72 CI:m;ir�' �h Q( It.: foUo"';'lj: u .  WI�Il"'. iUMll�l<Jr. or 
�mi.ruudul:lOr:(.)p�(h) IIlo:m.Iry.(c:)I'-"flll&lliuIlL 

12.73 �ic:1 till: ... "«1 (if any) af �n in.."'ru� in l�frlf."UIUI� on 
It"" cl�'t"ttk;al c:onWrli>il)' of Ca) allIimony. Sb: (b) Idlurium, Tc-: 
(c:) I>i'ulIulh, Bi. 

12.74 U"" �11Ik:I1...:d de>:l/'llil �lIriglln"i.>I" 1_\ 1,.�_lid Ih" 1I,1�· 
II>", hlfdnc"�i altrJ Itlehillg pilillb of ruhidiulll (i': _ .17), ,.,u",· 
dium(Z _ 23),lUtrJ ""ulIIilll11 (Z _ 4i'1). 

12.75 One uf It.: �I i!'llpl)l'I2nl �m:)1",,5 ill Ih ... ",\)"d­
nltIO)g"n:uoe, lhcrl�ntproleinlh.lcilll21)'T.C'�l1il!'Vl;Cn fi�UIi;_ 
(onl:lin� atlh'" "lu5lm (If iroo. sulfur, :100 mol)lxklW1D :l1I.'1I\S. 
C'r)'Ilallilk: rmlybdel1um (Mo) tw a bod)" CalICI�V cubK unil 
ccll(,1ofMo. lo.2fl glcl11)). (.)lklffir.in.: tbc: tdJ;" I�1gthof 
II", unil a:.11. (b) OII..."UiJll; Ih;".lrnrio: r.odi", oiM ... 

COI'IIpreMruive Pnlblenu 
1'n,bklltj",lth llU blcri.k (oJ "rc nOJnl dialkUJ:iHIl. 
12.161k..�'" bi�lIIth tw fo.'\Tr.l1 "TlI.rolnCl"";7.«I solod.cl)'J· 

lalliill' phlIkll. it i, \ISof:d 10 ahhnM mslNn-=nU ('[Il(Ibycd in 
hish-rr-n:: AIIo1Iia. lhe rol .......... ,1: pI�ddsr.un (,lfhiJlUJlh 
,J"",,'j Ibe bqlll.! ptu.,.e �,..J ii.c dirk.,.:tlI ",liol pllII,.,. .I�bk 

.bo", J �11\11I ( 1000 aun) I,k.! up I" 300"c. {ul Which ""lid 
I'h�..,... :are lil..bk aI 2j�C1 (bl WlLldl phi., i, sbbk ;al  SO bun 
IllId 17j<C7{(, "'kntiry tho:.ph;>".. troiJuil�thilbi�h lnllkr. 
P')1 1OO"C U tho:  !'«JWN' b �du::o:d fl'l1lll l00w I k.:itllL 
(d) Willi ph)_:ln: prc$aU at nell Ql'1t.: tripk pilum1 

T_IAIIJ'.ro 
11.n M�rcul)' (I I") '-apor iJ lOllk alld r,,..:IiJy l�(ronl \h¢ 

luul> •. At 20"C. l""r,ury l�lJ .... - j9.1 tJhro.1I) hu :t \'lIpo! 
"I'<'.'IIION' of 1.20X IO·) u,rr, ""hiell i, hlSh �n"1Ush 10 he hll'.· 
�1\Jo.1U� T.l I�(luec Ihl, I. ... n�"r In "''OI�CU in I'roc.:3<Iing pl�nl�, Ilg 
i�C .... ,IL'(I "� 10 ......... il'l ''lpn' 1If'CJji\lN'. "I .... lut l,,"'P'-.,..IUIl: ... ·,�J"'1 
Ih" .�I>or I'n:.I""N' urll); I"�I II-= ... ier k.dof SOXW·, lu".. .. 

12.1' CIIU>i1.\a tho: .,n.uc lIilJ;r-JIII .hoYoll fur W��II\:� X. (a) 
Whd! ph;l.'<'(I) i'(IlI'':) JlfI',;.;ut �l (ltlil\l,\' I!! F' 11? IJ?C" (b) 
\\'hit'h (l(lint rorr�pon,b 10 Ilk: rntklll poWJ? WlI;;;h poinl C(n· 
rcspotk.!� 1(' Ihe trirlf: p.lim? (e) \'1m etm"l: �pond:i II, .VII· 
.. h!kln� al ... 1lich 11k:: ",lid llll<' tU UI: in rquilibnum? (d) 
l)co;:,;"c ,..h:ol l�"' ''''''''' �''' 51Irl.I j1ilint ll and in.:reaJO:. 
It.: l"n..."aIun;.1 ,:OfbIWII pn!,·,uru. (.:) lX:iailoc ""h;d ""I"""'''' 
"""'1 Y'JIl >llIrt �I f"-.ull l l andd.."I'\'-' lho:p'_n::II """''''I:U'1 
l(ll1Jl'T�IUn:. (0 Il liqui ... X 1IliJI''' '''- kJiI tkll5C: 111:111 AAhl X? tD2� D 

I � i B F .c 

prutluct (lUJ 
hal:llIcl1lj; (ilt<;richiul1l1:lric) 

codlkifllt (SJ) 

Key Equations and Relationships 
:1.1 '1u"�,,,rofcnlilie.,inone mo"'(10). 

] mu/e eont.oinJ 6j)2Jx IIi-'cutil;O:S ilO �jf) 
3.1 Conwfli"s an'a'lUm (nd] 1O tr1;ISS um'8 .u' (7J): 

Man (gl - no. or IDlln x un. ��
,
�

:
Ilb 

:U COI1.'ftIing lrw.slOumum (rml)u5ill}) lfJt (7]); 

No. ohmln - �'" (g> X 00. �:Il� 
3.4 COII\'ming �rro:Nnl (nd) 10 lIumt.:rof C(lIitie. (7J); 

No. offutiti« no oflilOld X 
n.01.1x lol' all;lio-

1 11101 
3.S(--'Ml'(lIm� lI\!n1b<rotmritidI0 3I11DU"'(tmI) (7Jt. 

f\ ... lIrroolcs · oo oJ-fmtil;oCj x ('.Ol2X\;;IClllili c .� 

Brief Solutions to Follow-up Problems 

1.1 (") M"I<'.i oC C - Jlj � X �X ]�.:� 
- 2 62X H)-l "l<.lI C.' 

(bl M .... (I!) ... rM,, _ J.11)(lo"'� 
x 6.021:11:m� x �:'::;::I 

- l.'J.:X )O 1 9 Mn 

&l .... • re"'liuli (93) 
\tI.'lu�l)kld (9J) 
po:rrau yielJ('.f,)·ieluJ(94, 

3.6 Ca�b!ing nl'l� "A (75): 
M�>.' .,.,...r�k1>O:1I1 X 

mol� of X in r"rrl'lJb x fl),}1;u IJWJ of X (�'rooI) -
In:1u(tlaf l uulofool\1pounJ x 100 

J.1 C.kuhl;,,, �r�""1 �Id l�): 
'l. Yicld -=�ld x IOO 

U I>dhlm& ",.-,IMily('lj): 

Mnlari,,' - I11lJk�U{AAUlo: or M - � • litt'T) c( .... lulioa 1. IIOIn 
l.9 Ullulitl,a OOOlCo!IlInllrdllOluliou (97): 

,II� X Va " nUlnbat!l'lIlOks '" ,11_ x \'_ 

_ I..-.poo ..... -+-
1:����S:���t�;::�:,��:;�;;:E����i�:�,�i'C��! � ....... ---E n d -of-C ha pter P rob Ie m 5 

��;;:��;�::!�.I� lI
it

. The numerous problems that end each chapter are sorted by 
kns1h i$J.\!4A. 

'�!:�,:;':;,,����,":'!' section. Many are grouped in similar pairs, and the answer to 
���,:�e(�::I�I�:!;:.;,:k.!a�:; one of each pair appears in Appendix E. Following these section-
uL1.1 ...... liou lQ.l tbe lhn." bq;.:.I 

�
i
����;:; �,;��=II� based problems is a large group of comprehensive problems, 

(l1-,;w.·n�rQt'(,· J}.1biJSIrUC---
:'� !�:u,':c�\,�� ;:;:"�':;l'!:rf=-=:it� which are based on concepts and skills from any section 
��;:;:."r::: " .. d I"1brinhilit)' 10 npWn .'.y t/..: and/or earlier chapter and are filled with applications from related 

sciences. Especially challenging problems are indicated with an 
asterisk. 

Section S u m maries S E C T I O N  S U M M A R Y  
Surface tension i s  a measure o f  the energy required to increase a liquid's surface 

area. Greater intermolecular forces within a liquid create higher surface tension. 

Capillary action, the rising of a liquid through a narrow space, occurs when the 

forces between a liquid and a solid surface (adhesive) are greater than those within 

the liquid itself (cohesive). Viscosity, the resistance to flow, depends on molecular 

shape and decreases with temperature. Stronger intermolecular forces create 

higher viscosity. 

Concise summary paragraphs conclude each section, immediately 
restating the major ideas just covered. 
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Supplements for the I nstructor 

MULTIMEDIA SU PPLEMENTS 

Digita l Content Manager ------.� 

Electronic art at your fingertips! This cross-platform product provides 
you with artwork from the text in multiple formats. You can easily cre-
ate customized classroom presentations, visually based tests and 
quizzes, dynamic content for a course website, or attractive printed 
support materials. Available on CD-ROM or DVD are the following 
resources: 

• Active Art Library These key art pieces-formatted as PowerPoint 
slides-illustrate difficult concepts in a step-by-step manner. The artwork is 
broken into small, incremental frames, allowing you to incorporate the pieces 
into your lecture in whatever sequence or format you desire. 

• PowerPoint Lecture Outlines Ready-made presentations-combining 
art and lecture notes-cover all of the chapters in the text. These lectures can 
be used as is or customized by you to meet your specific needs. 

• Art and Photo Library Full-color digital files of all of the illustrations and 
many of the photos in the text can be readily incorporated into lecture 
presentations, exams, or custom-made classroom materials. 

• Worked Example Library and Table Library Access the worked examples and visual tables from the text 
in electronic format for inclusion in your classroom presentations or materials. 

Chemistry Animations DVD 
This DVD contains more than 300 animations, several authored by Martin Silberberg . This easy-to-use DVD 
allows you to view the animations quickly and import them into PowerPoint to create multimedia presentations. 

ARIS 
McGraw-Hil l 's Assessment, Review, and Instruction System for Prin­
ciples of General Chemistry is a complete electronic homework and 
course management system,  designed for greater ease of use than 
any other system available. Instructors can create and share course 
materials and assignments with colleagues with a few clicks of the 
mouse. Instructors can edit questions, import their own content, and 
create announcements and due dates for assignments. ARIS has 
automatic grading and reporting of easy-to-assign homework, 
quizzing, and testing . Once a student is registered in the course, all 
student activity within ARIS is automatically recorded and avail­
able to the instructor through a fully integrated grade book that 
can be downloaded to Excel .  This book-specific website is found at 
www.mhhe.com/silberberg. and contains many useful tools for 
empowering both students and instructors. 

-. f' � I • PRINCI�lE:; 01 c:.., m:;m 
• " " . GEN ERAL CHEMISTRY sllB" mr. \.ARIS 

Sllbl'l'tlefg'lI R1nc:lp .. ot Gllntnl Chell'lbtJy oll'ln ltudenls 
lhe cwne I&lthlJ"ltllive ropic ctlVlngtt uh'- "til flditlQn 
rtxUtoot � �pulllli tD lo"",· • .rftdency-�ed illlld 
ValuHXIIlSC:blS Insb1.lctcn lind otude"b. I�1es *� 
rOl'" wcancl C0VW8gI 01 ttJntllfll with mir*naI empllit9s on 

- peoagoglc: IIl..TrinIJ �5.T""t'W approacn otters . 1TIO"'O  

• � :oIrnighlfmwm:l llpprOoch to Ir.rning n. cen prtndpll'UI �RIS� witttout Iil\Crllldng dlpltl, cl;r1ty, Mtlgor. 

F .. li_ Unlt 
Sh.lclMlEdlllon 
1n$\lUCforEdillOII 

• Most assignments and questions are directly tied to text -specific materials in Principles of General Chemistry, but you can 
edit questions and algorithms, import your own content, and create announcements and due dates for assignments. 
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• A secured Instructor Center stores your course materials, saving you 
preparation time. 

• ARIS provides you with access to these essential instructor resources 
for each chapter: PowerPoint lecture outlines, Instructor's Manual, 

and animations. 

• ChemSkill Builder McGraw-Hill's powerful electronic homework sys­
tem, gives students the tutorial practice they need to master concepts 
covered in your general chemistry course. ChemSkill Builder contains 
more than 1500 algorithmically generated questions as well as inter­
active exercises, quizzes, animations, and study tools that correlate 
directly with each chapter of the text. A record of student work is 
maintained in an online gradebook so that homework can be easily 
assigned and factored into the course syllabus. 

Cou rse Management Software 
With help from Blackboard or WebAssign, you can take com­
plete control over your course content. These course cartridges 
also feature online testing and powerful student tracking. The 
Principles of General Chemistry Online Learning Center is avail­
able within either of these platforms. Contact your McGraw-Hil i  
sales representative for more details. 

Instructor's Testing and Resource 
CD-ROM 
This cross-platform CD-ROM includes the Instructor's Solutions 

Manual, which provides all answers for the textbook's end-of­
chapter problems, and the Test Bank, which offers additional 
questions that can be used for homework assignments and/or 
exams; both are available in Word and PDF formats. The com­
puterized Test Bank util izes testing software to allow you to 
quickly create customized exams by sorting questions by for­
mat, editing existing questions, adding new ones, and scram­
bling questions for multiple versions of the same test. 

Instructor's Sol utions Manual 
By Patricia Amateis of Virginia Tech 
This supplement contains complete, worked-out solutions for all 
the end-of-chapter problems in the text. It can be found within 
the secure Instructor's Center, within the Onl ine Learning 
Center. 

PRINTED SUPPLEMENTS 

Transpa rencies 
This boxed set of 300 full-color transparency acetates features 
images from the text that are modified to ensure maximum read­
ability in both small and large classroom settings. 

Primis LabBase 
By Joseph Lagowski of  University of  Texas at Austin 
More than 40 general chemistry lab experiments are avai lable 
in this database collection ,  some from the Journal of Chemical 

Education and others provided by Professor Lagowski, enabling 
you to create your own custom laboratory manual. 

General Chemistry Laboratory 
Manual 
By Petra A .  M .  van Koppen of University of California, Santa 
Barbara 
This definitive lab manual for the two-semester general chem­
istry course contains 21 experiments that cover the most com­
monly assigned experiments for the introductory level. 

Cooperative Chemistry Laboratory 
Man ual  
By Melanie Cooper of Clemson University 
This innovative guide features open-ended problems designed 
to simulate experience in a research lab. Working in groups, 
students investigate one problem over a period of several 
weeks, thus completing three or four projects during the semes­
ter, rather than one preprogrammed experiment per class. The 
emphasis here is on experimental deSign ,  analysis, problem 
solving, and communication. 



Lea rn i ng Aids for Students 
MULTIMEDIA SUPPLEMENTS 

ARIS for Princ iples of General Chemistry is your online source 
page for help.  Text-specific features to complement and solid­
ify lecture concepts include: 

• Online homework and quizzes (which are automatically graded and 
recorded for your instructor) 

• Study tools that relate directly to each chapter of the text 

This book-specific website is found at 
www.mhhe.com/silberberg. 

ChemSkill Builder, McGraw-Hi l l 's powerful electronic home­
work system, gives you the tutorial practice you need to mas­
ter concepts covered in your general chemistry course. Chem­

Skill Builder contains more than 1 500 algorithmically generated 
questions as well as interactive exercises, quizzes, animations, 
and study tools matched to each chapter of the text. A record 
of your work is maintained in an online gradebook so that your 
homework scores can be easily viewed . 

PRINTED SUPPLEMENTS 

Student Solutions Ma nual 
B y  Patricia Amateis of Virginia Tech 
This supplement contains detailed solutions and explanations 
for all even-numbered problems in the main text. 
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Chemistry Resou rce Ca rd 
The resource card is a quick and easy source of information on 
general chemistry. Without having to consult the text, you have 
right at hand the periodic table and list of elements, tables for 
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Unlocking the Door Learning the principles of chemistry opens your mind to an 
amazing world a billion times smaller than the one you see every day. This chapter 
introduces some key ideas and skills that prepare you to enter this new level of reality. 

Key Principles 
• Matter can undergo two kinds of change: a physical change involves 

a change in state-gas, liquid, or solid-but not in ultimate makeup 
(composition); a chemical change (reaction) is more fundamental 
because it does involve a change in composition. The changes we 
observe result from changes too small to observe. 

• Energy occurs in two forms that are interconvertible. When oppositely 
charged particles are pulled apart, their potential energy increases; 
when they are released, that increase in potential energy is con­
verted to kinetic energy as the particles move together again. Matter 
consists of charged particles, so changes in energy accompany 
changes in matter. 

• Scientific thinking involves making observations and gathering data to 
develop hypotheses. Controlled experiments then test hypotheses 
until enough results are obtained to create a model (theory) that ex­
plains the observed phenomena. A sound theory can predict events 
but must be changed if new experimental results conflict with it. 

Outl ine 

C HAPTE R O N E  
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• Conversion factors are ratios of equivalent measured quantities ex­
pressed in different units; they are used in calculations to change 
the units of a quantity. 

• Measured quantities, such as mass, volume, and temperature, are 
expressed in numbers and units . Decimal prefixes and exponential 
notation are used to handle very large or very small quantities. Every 
measurement has some uncertainty, which is indicated by the num­
ber of Significant figures. We round the final answer of a calculation 
to the same number of digits as the least certain measurement. 

• Extensive properties, such as mass, depend on sample size; intensive 
properties, such as temperature, do not. 

• Accuracy refers to how close a measurement is to the true value; 
preCision refers to how close one measurement is to another. 

1 .1 Some Fundamental Definitions 
Properties of Matter 
States of Matter 

1 .3 Chemical Problem Solving 
Units and Conversion Factors 
Solving Chemistry Problems 

1 .5 Uncertainty in Measurement: 
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Determining Significant Digits 
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Concepts & Ski l ls to Review 
Before You Study This Chapter 

• exponential (scientific) notation 
(Appendix A) 

CHAPTER 1 Keys to the Study of Chemistry 

The science of chemistry stands at the forefront of change in the 2 1  st century, 
creating "greener" energy sources to power society and sustain the environ­

ment, using breakthrough knowledge of the human genetic makeup to understand 
disease and design medicines, and even researching the origin of life as we inves­
tigate our and nearby solar systems. Addressing these and countless other chal­
lenges and opportunities in biology, engineering, and environmental science 
depends on an understanding of the concepts you wil l  learn in this course. 

The impact of chemistry on your daily l ife is  mind-boggling. Consider the 
beginning of a typical day-perhaps this one-from a chemical point of view. 
Molecules align in the liquid crystal display of your clock, electrons flow through 
its circuitry to create a noise, and you throw off a thermal insulator of manufac­
tured polymer. You jump in the shower to emulsify fatty substances on your skin 
and hair with treated water and formulated detergents. You adorn yourself in an 
array of processed chemicals-pleasant-smelling pigmented materials suspended 
in cosmetic gels ,  dyed polymeric fibers, synthetic footwear, and metal-alloyed 
jewelry. Breakfast is  a bowl of nutrient-enriched, spoilage-retarded cereal and 
milk, a piece of fertilizer-grown, pesticide-treated fruit, and a cup of a hot aque­
ous solution of neurally stimulating alkaloid. After brushing your teeth with arti­
ficially flavored, dental-hardening agents dispersed in a colloidal abrasive, you're 
ready to leave. You grab your laptop, an electronic device based on ultrathin, 
microetched semiconductor layers powered by a series of voltaic cells, collect 
some books-processed cellulose and plastic, electronically printed with light­
and oxygen-resistant inks-hop in your hydrocarbon-fueled, metal-vinyl-ceramic 
vehicle, electrically ignite a synchronized series of controlled gaseous explosions, 
and you're off to class ! 

This course comes with a bonus-the development of two mental skills you 
can apply to any science-related field. The first is the ability to solve quantitative 
problems systematically. The second is specific to chemistry: as you comprehend 
its ideas, your mind's eye will learn to see a hidden level of the universe, one 
filled with incredibly minute particles hurtling at fantastic speeds, colliding billions 
of times a second, and interacting in ways that determine everything inside and 
outside of you. The first chapter holds the keys to help you enter this new world. 

1 . 1  SOME FUNDAMENTAL DEFINITIONS 

The science of chemistry deals with the makeup of the entire physical universe. 
A good place to begin our discussion is with the definition of a few central ideas, 
some of which may already be famil iar to you. Chemistry is the study of matter 

and its properties, the changes that matter undergoes, and the energy associated 

with those changes. 

The Properties of Matter 
Matter is the "stuff' of the universe: air, glass, planets, students-anything that 

has mass and volume. (In Section 1 .4, we discuss the meanings of mass and vol­
ume in terms of how they are measured.)  Chemists are particularly interested in 
the composition of matter, the types and amounts of simpler substances that make 
it up. A substance is a type of matter that has a defined, fixed composition. 

We learn about matter by observing its properties, the characteristics that 

give each substance its unique identity. To identify a person, we observe such 
properties as height, weight, eye color, race, fingerprints, and, now, even a DNA 
fingerprint, until we arrive at a unique identification. To identify a substance, 
chemists observe two types of properties, physical and chemical , which are 
closely related to two types of change that matter undergoes. Physical properties 
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Solid water 

A Physical change: B Chemical change: 
Solid form of water becomes liquid form; 
composition does not change because 
particles are the same. 

Electric current decomposes water into different substances 
(hydrogen and oxygen); composition does change because 
particles are different. 

are those that a substance shows by itself, without changing into or interacting 
with another substance. Some physical properties are color, melting point, elec­
trical conductivity, and density. 

A physical change occurs when a substance alters its physical form, not its 

composition. Thus, a physical change results in different physical properties. For 
example, when ice melts, several physical properties have changed, such as hard­
ness, density, and ability to flow. B ut the sample has not changed its composi­
tion: it is  still water. The photo in Figure l . 1 A  shows this change the way you 
would see it in everyday life. In your i magination, try to see the magnified view 
that appears in the "blow-up" circles. Here we see the particles that make up the 
sample; note that the same particles appear in solid and liquid water. 
Physical change (same substance before and after): 

Water (solid form) -+ water (liquid form) 

On the other hand, chemical properties are those that a substance shows as 

it changes into or interacts with another substance (or substances). Some exam­
ples of chemical properties are flammability, corrosiveness, and reactivity with 
acids. A chemical change, also called a chemical reaction, occurs when a sub­

stance (or substances) is converted into a different substance (or substances). 
Figure 1 . I B shows the chemical change (reaction) that occurs when you pass 

an electric current through water: the water decomposes (breaks down) into two 
other substances, hydrogen and oxygen, each with physical and chemical proper­
ties different from each other and from water. The sample has changed its com­
position: it is no longer water, as you can see from the different particles in the 
magnified view. 
Chemical change (different substances before and after): 

electric current 
Water ------+. hydrogen gas + oxygen gas 

The Three States of Matter 
Matter occurs commonly in three physical forms called states: solid, liquid, and 
gas. As shown in Figure 1 .2 (on the next page) for a general substance, each state 
is defined by the way it fil ls  a container. A solid has a fixed shape that does not 

conform to the container shape. A liquid conforms to the container shape but fills 

the container only to the extent of the liquid's volume; thus, a liquid forms a 

Figure 1 . 1  The distinction between 
physical and chemical change. 

� Animation: The Three States of Matter � Online Learning Center 

3 



4 CHAPTER 1 Keys to the Study of Chemistry 

-

Solid 
Particles close together 
and organized 

Liquid 
Particles close together 
but disorganized 

Gas 
Particles far apart 
and disorganized 

Figure 1 .2 The physical states of matter. The magnified (blow-up) views show the atomic-scale 

arrangement of the particles in the three states of matter. 

surface. A gas conforms to the container shape also, but it fills the entire con­
tainer, and thus, does not form a surface. Now, look at the views within the blow­
up circles of the figure. The particles in the solid lie next to each other in a regular, 
three-dimensional array with a definite pattern. Particles i n  the liquid also lie 
together but are jumbled and move randomly around one another. Particles in the 
gas usually have great distances between them, as they move randomly through­
out the entire container. 

Depending on the temperature and pressure of the surroundings, many sub­
stances can exist in each of the three physical states and undergo changes in state 
as well. For example, as the temperature increases, solid water melts to liquid 
water, which boils to gaseous water (also called water vapor). Similarly, with 
decreasing temperature, water vapor condenses to l iquid water, and with further 
cooli ng, the liquid freezes to ice. Benzene, iron, nitrogen, and many other sub­
stances behave similarly. 

Thus, a physical change caused by heating can generally be reversed by cool­
ing, and vice versa. This is not generally true for a chemical change. For exam­
ple, heating iron in moist air causes a chemical reaction that yields the brown, 
crumbly substance known as rust. Cooling does not reverse this change; rather, 
another chemical change (or series of them) is required. 

To summarize the key distinctions: 

• A physical change leads to a different form of the same substance (same com­
position), whereas a chemical change leads to a different substance (different 
composition). 

• A physical change caused by a temperature change can generally be reversed 
by the opposite temperature change, but this is not generally true of a chemi­
cal change. 

The following sample problem provides practice identifying these types of 
changes. 
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SAMPLE PROBLEM 1 . 1  Distinguishing Between Physical and Chemical Change 
Problem Decide whether each of the following processes is  primarily a physical or a 
chemical change, and explain briefly: 
(a) Frost forms as the temperature drops on a humid winter night. 
(b) A cornstalk grows from a seed that is watered and fertilized. 
(c) Dynamite explodes to form a mixture of gases. 
(d) Perspiration evaporates when you relax after jogging. 
(e) A silver fork tarnishes slowly in air. 
Plan The basic question we ask to decide whether a change is chemical or physical is, 
"Does the substance change composition or just change form?" 
Solution (a) Frost forming is a physical change: the drop in temperature changes water 
vapor (gaseous water) i n  humid air to ice crystals (solid water). 
(b) A seed growing involves chemical change: the seed uses substances from air, fertil­
izer, soil, and water, and energy from sunlight to make complex changes in composition. 
(c) Dynamite exploding i s  a chemical change: the dynamite is converted into other sub­
stances. 
(d) Perspiration evaporating is a physical change: the water in sweat changes its form, 
from liquid to gas, but not its composition. 
(e) Tarnishing is a chemical change: silver changes to silver sulfide by reacting with 
sulfur-containing substances in the air. 

FOLLOW- U P  PROBLEM 1 . 1 Decide whether each of the following processes i s  pri­
marily a physical or a chemical change, and explain briefly: 
(a) Purple iodine vapor appears when solid iodine is warmed. 
(b) Gasoline fumes are ignited by a spark in an automobile engine cylinder. 
(c) A scab forms over an open cut. 

The Central Theme in Chemistry 
Understanding the properties of a substance and the changes it undergoes leads 
to the central theme in cherrilstry: macroscopic properties and behavior, those we 
can see, are the results of submicroscopic properties and behavior that we cannot 
see. The distinction between cherrilcal and physical change is defined by compo­
sition, which we study macroscopically. But it ultimately depends on the makeup 
of substances at the atorrilc scale, as the magnified views of Figure 1 . 1  show. S im­
ilarly, the defining properties of the three states of matter are macroscopic, but 
they arise from the submicroscopic behavior shown in the magnified views of Fig­
ure 1 .2. Picturing a cherrilcal scene on the molecular scale clarifies what is tak­
ing place. What is happening when water boil s  or copper melts? What events 
occur in the invisible world of minute particles that cause a seed to grow, a neon 
light to glow, or a nail to rust? Throughout the text, we return to this central idea: 
we study observable changes in matter to understand their unobservable causes. 

The Importance of Energy in the Study of Matter 
In general, physical and cherrilcal changes are accompanied by energy changes. 
Energy is  often defined as the ability to do work. Essentially, all work involves 
moving something. Work is  done when your arm lifts a book, when an engine 
moves a car's wheels, or when a fall ing rock moves the ground as it lands . The 
object doing the work (arm, engine, rock) transfers some of the energy it pos­
sesses to the object on which the work is  done (book, wheels, ground). 

The total energy an object possesses is the sum of its potential energy and its 

kinetic energy. Potential energy is the energy due to the position of the object. 
Kinetic energy is the energy due to the motion of the object. Let's examine four 
systems that i l lustrate the relationship between these two forms of energy: ( 1 ) a 
weight raised above the ground, (2) two balls attached by a spring, (3) two elec­
trically charged particles, and (4) a fuel and i ts waste products. A key concept 
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A A gravitational system. The potential energy gained when a 

weight is lifted is converted to kinetic energy as the weight falls. 

B A system of two balls attached by a spring. The potential energy 

gained when the spring is stretched is converted to the kinetic energy 

of the moving balls when it is released. 
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C A system of oppositely charged particles. The potential energy 0 A system of fuel and exhaust. A fuel is higher in chemical potential 

gained when the charges are separated is converted to kinetic energy than the exhaust. As the fuel burns, some of its potential 

energy as the attraction pulls them together. energy is converted to the kinetic energy of the moving car. 

Figure 1 .3 Potential energy is converted to kinetic energy. In al l four parts of the figure, the 

dashed horizontal l ines indicate the potential energy of the system in each situation. 

i l lustrated by all four cases is that energy is conserved: it may be converted from 

one form to the other, but it is not destroyed. 
Suppose you lift a weight off the ground, as in Figure 1 .3A. The energy you 

use to move the weight against the gravitational attraction of Earth increases 
the weight's potential energy (energy due to its position). When the weight is 
dropped, this additional potential energy is converted to kinetic energy (energy 
due to motion). Some of this kinetic energy is transferred to the ground as the 
weight does work, such as driving a stake or simply moving dirt and pebbles. As 
you can see, the added potential energy does not disappear: it is converted to 
kinetic energy. 

In nature, situations of lower energy are typically favored over those of higher 

energy: because the weight has less potential energy (and thus less total energy) 
at rest on the ground than held in the air, it wil l  fall when released. Therefore, 
the situation with the weight elevated and higher in potential energy is less sta­
ble, and the situation after the weight has fallen and is lower in potential energy 
is more stable. 

Next, consider the two balls attached by a relaxed spring in  Figure 1 .3B.  
When you pul l  the balls apart, the energy you exert to stretch the spring increases 
its potential energy. This change in potential energy is converted to kinetic energy 
when you release the balls and they move closer together. The system of balls 
and spring is  less stable (has more potential energy) when the spring is  stretched 
than when it is relaxed. 



1 .2 The Scientific Approoch: Developing 0 Model 

There are no springs in a chemical substance, of course, but the fol lowing sit­
uation is similar in terms of energy. Much of the matter in the universe is com­
posed of positively and negatively charged particles. A well-known behavior of 
charged particles (similar to the behavior of the poles of magnets) results from inter­
actions known as electrostatic forces: opposite charges attract each other, and like 
charges repel each other. When work is done to separate a positive particle from a 
negative one, the potential energy of the particles increases. As Figure 1 .3C shows, 
that increase in potential energy is converted to kinetic energy when the particles 
move together again. Also, when two positive (or two negative) particles ar'e pushed 
toward each other, their potential energy increases, and when they are allowed to 
move apart, that increase in potential energy is changed into kinetic energy. Like 
the weight above the ground and the balls connected by a spling, char'ged particles 
move naturally toward a position of lower energy, which is more stable. 

The chemical potential energy of a substance results from the relative positions 

and the attractions and repulsions among all its particles. Some substances are 
richer in this chemical potential energy than others. Fuels and foods, for example, 
contain more potential energy than the waste products they form. Figure 1 .3D shows 
that when gasoline burns in a car engine, substances with higher chemical poten­
tial energy (gasoline and air) form substances with lower potential energy (exhaust 
gases). This difference in potential energy is converted into the kinetic energy that 
moves the car, heats the passenger compartment, makes the 1jghts shine, and so 
forth. Simjlarly, the difference in potential energy between the food and air we take 
in and the waste products we excrete is used to move, grow, keep warm, study 
chemistry, and so on. Note again the essential point: energy is neither created nor 

destroyed-it is always conserved as it is converted from one form to the otha 

S E C T I O N  S U M M A RY 
Chemists study the composition and properties of matter and how they change. Each 
substance has a un ique set of physical properties (attributes of the substance itself) 
and chemical properties (attributes of the substance as it interacts with or changes 
to other substances). Changes in matter can be physical (different form of the same 
substance) or chemical (different substance). Matter exists in three physical states­
sol id ,  l iquid,  and gas. The observable features that distinguish these states reflect the 
arrangement of their particles. A change in  physical state brought about by heating 
may be reversed by cool ing. A chemical change can be reversed only by other chem­
ical changes. Macroscopic changes result from submicroscopic changes. 

Changes in matter are accompanied by changes in energy. An object's potential 
energy is due to its position; an object's kinetic energy is due to its motion. Chemi­
cal potential energy arises from the positions and interactions of the particles in  a 
substance. H igher energy substances are less stable than lower energy substances. 
When a less stable substance is converted into a more stable substance, some poten­
tial energy is converted into kinetic energy, which can do work. 

1 .2 THE SCIENTIFIC APPROACH: DEVELOPING A MODEL 

The principles of chemistry have been modified over time and are still evolving. 
At the dawn of human experience, our ancestors survived through knowledge 
acquired by trial and error: which types of stone were hard enough to shape oth­
ers, which plants were edible, and so forth. Today, the science of chemistry, with 
its powelfu1 quantitative theories, helps us understand the essential nature of mate­
rials to make better use of them and create new ones: specialized drugs, advanced 
composites, synthetic polymers, and countless other new materials (Figure 1 .4, on 
the next page). 

Is there somethjng special about the way scientists thjnk? If we could break 
down a "typical" modern scientist's thought processes, we could organize them 
into an approach called the scientific method. This approach is not a stepwise 
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A 

Figure 1 .4 Modern materials in a vari­
ety of applications. A, Specialized steels 

in  bicycles; synthetic polymers in  clothing 

and helmets. B, High-tension polymers 

in synthetic hip joints. C, Medicinal agents 

in pi l ls. D, Liquid crystal displays in  elec­

tronic devices. 

CHAPTER 1 Keys to the Study of Chemistry 

C D 

checklist, but rather a flexible process of creative thinking and testing aimed at 
objective, verifiable discoveries about how nature works. It i s  very important to 
realize that there is no typical scientist and no single method, and that luck can 
and often has played a key role in scientific discovery. In general terms, the sci­
entific approach includes the following parts (Figure 1 .5 ) :  

1 .  Observations. These are the facts that our ideas must explain. Observation 
is basic to scientific thinking. The most useful observations are quantitative 
because they can be compared and allow trends to be seen. Pieces of quantitative 
information are data. When the same observation is made by many investigators 
in many situations with no clear exceptions, it is summarized, often in mathe­
matical terms, and called a natural law. 

2. Hypothesis. Whether derived from actual observation or from a "spark of 
intuition," a hypothesis is a proposal made to explain an observation. A valid 
hypothesis need not be correct, but it must be testable. Thus, a hypothesis is often 
the reason for performing an experiment. If the hypothesis i s  inconsistent with 
the experimental results, it must be revised or discarded. 

3 .  Experiment. An experiment is a clear set of procedural steps that tests 
a hypothesis .  Often, hypothesis leads to experiment, which leads to revised 

Hypothesis revised if r experimental results l 
do not support It 

Model altered if r predicted events l 
do not support it 

�------------� r-------------� 
Observations Hypothesis 
Natural phenomena 

Experiment 

..... 
Procedure to test 

..... 

Model (Theory) 
Set of conceptual 
assumptions that 
explains data from 
accumulated experi­
ments; predicts 
related phenomena 

Further 

..... Experiment 
Tests predictions 
based on model 

and measured events; � 
universally consistent 
one can be stated as 
a natural law 

Tentative proposal that 
explains observations hypothesis; measures 

one variable at a time 

Figure 1 .5 The scientific approach to understanding nature. Note that hypotheses and models 

are mental pictures that are changed to match o bservations and experimental results, not the other 

way around. 



1 .3 Chemica l Problem Solving 

hypothesis, and so forth. Hypotheses can be altered, but the results of an exper­
iment cannot. 

An experiment typically contains at least two variables, quantities that can 
have more than a single value. A well-designed experiment is controlled in that 
it measures the effect of one variable on another while keeping all others con­
stant. For experimental results to be accepted, they must be reproducible, not only 
by the person who designed the experiment, but also by others. Both skil l  and 
creativity play a part in experimental design. 

4. Model. Formulating conceptual models, or theories, based on experiments 
is what distinguishes scientific thinking from speculation. As hypotheses are 
revised according to experimental results, a model gradually emerges that 
describes how the observed phenomenon occurs. A model is not an exact repre­
sentation of nature, but rather a simplified version of it that can be used to make 
predictions about related phenomena. Further investigation refines a model by test­
ing its predictions and altering it to account for new facts. 

In an informal way, we often use a scientific approach in daily life. Consider 
this familiar scenario. While l istening to an FM broadcast on your stereo system, 
you notice the sound is  garbled (observation) and assume it is caused by poor 
reception (hypothesis) .  To isolate this variable, you play a CD (experiment) : the 
sound is  still garbled. If the problem is not poor reception, perhaps the speakers 
are at fault  (new hypothesis). To isolate this variable, you play the CD and listen 
with headphones (experiment) : the sound is clear. You conclude that the speakers 
need to be repaired (model) .  The repair shop says the speakers check out fine 
(new observation), but the power amplifier may be at fault (new hypothesis). 
Replacing a transistor in the amplifier corrects the garbled sound (new experi­
ment), so the power amplifier was the problem (revised model) .  Approaching a 
problem scientifically is a common practice, even if you 're not aware of it .  

S E C T I O N  S U M M A RY 

The scientific method is not a rig id sequence of steps, but rather a dynamic process 
designed to explain and predict real phenomena. Observations (sometimes expressed 
as natural laws) lead to hypotheses about how or why something occurs. Hypothe­
ses are tested in controlled experiments and adjusted if necessary. If all the data 
collected support a hypothesis, a model (theory) can be developed to explain the 
observations. A good model is useful i n  predicting related phenomena but must be 
refined if conflicting data appear. 

1 .3 CHEMICAL PROBLEM SOLVING 

In many ways, learning chemistry i s  learning how to solve chemistry problems, 
not only those in exams or homework, but also more complex ones in profes­
sional l ife and society. In this section, we discuss the problem-solving approach. 
Most problems include calculations, so let's first go over some important ideas 
about measured quantities. 

Units and Conversion Factors in Calculations 
All measured quantities consist of a number and a unit; a person ' s  height is 
"6 feet," not "6." Ratios of quantities have ratios of units, such as miles/hour. (We 
discuss the most important units in chemistry in the next section.) To minimize 
errors, try to make a habit of including units in  all calculations. 

The arithmetic operations used with measured quantities are the same as those 
used with pure numbers; in other words, units can be multiplied, divided, and 
canceled: 

• A carpet measuring 3 feet (ft) by 4 ft has an area of 

Area = 3 ft X 4 ft = (3 X 4) (ft X ft) = 1 2  ft2 

9 
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• A car traveling 350 miles (mi) in 7 hours (h) has a speed of 

350 l11i 50 l11i - I  Speed = -- = -- (often written 5 0  nu·h ) 
7 h 1 h 

• In 3 hours, the car travels a distance of 

50 nli 
Distance = 3 ft X -- = 1 50 nu 1 ft  

Conversion factors are ratios used to express a measured quantity in differ­
ent units. Suppose we want to know the distance of that I SO-mile car trip in feet. 
To convert the distance between mjles and feet, we use equivalent quantities to 
construct the desired conversion factor. The equivalent quantities in this case are 
I mile and the number of feet in 1 mile: 

1 nli = 5 280 ft 
We can construct two conversion factors from this equivalency. Dividing both 
sides by 5280 ft gives one conversion factor (shown in  blue): 

1 nli 5280 ft 
-- = -- = 1  
5280 ft 5 280 ft 

And, dividing both sides by 1 mi gives the other conversion factor (the inverse): 

1 ffl:i 5280 ft 
- = -- = 1 
I ffl:i I nli 

It's very important to see that, since the numerator and denominator of a conver­
sion factor are equal, multiplying by a conversion factor is the same as multiply­
ing by 1 .  Therefore, even though the number and unit of the quantity change, the 

size of the quantity remains the same. 

In our example, we want to convert the distance in miles to the equivalent 
distance in feet. Therefore, we choose the conversion factor with units of feet in 
the numerator, because it cancels units of miles and gives units of feet: 

5280 ft 
Distance (ft) = 1 50 fITi. X -- = 792,000 ft 

1 fITi. 
l11i ===? ft 

Choosing the correct conversion factor is made much easier if you think through 
the calculation to decide whether the answer expressed in the new units should have 
a larger or smaller number. In the previous case, we know that a foot is smaller 
than a lnile, so the distance in feet should have a larger number (792,000) than the 
distance in miles ( 1 50). The conversion factor has the larger number (5280) in the 
numerator, so it gave a larger number in the answer. The main goal is that the cho­

sen conversion factor cancels all units except those required for the answer: Set up 
the calculation so that the unit you are converting from (beginning unit) is in the 
opposite position in the conversion factor (numerator or denominator). It will then 
cancel and leave the unit you are converting to (final unit): 

. . final unit beg1l1nlAg unit X . . . = final unit 
begll111Lng Ul11t 

Or, in cases that involve units raised to a power, 

as in 

. .  . . .  final unit2 (begiiTfii.ng-ttntt X begtn-ntRg-ttlTit) X . .  . 0 = final unit2 
begll1l11ng UAlt-

Or, in cases that involve a ratio of units, 

begitHttng-uIHt 
X 

final unit2 
final unit l beginning unit 

final llnit2 
finai llnit l 

as in 

as in 

ft 
ffl:i X � = ft 

ffH 

mi2 
0 (ft X ft) X -0 = mi-

4¥ 

ffl:i ft ft - X - = -
h flti h 
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We use the same procedure to convert between systems of units, for example, 
between the English (or American) unit system and the International System (a 
revised metric system discussed fully in the next section). Suppose we know the 
height of Angel Falls in Venezuela to be 32 1 2  ft, and we find its height in mjles as 

I m i  
Height (mi)  = 32 1 2  ft X --- = 0.6083 m i  

5280 ft 
ft ====} ml 

Now, we want its height in kilometers (km) . The equivalent quantities are 

1 .609 km = 1 mi  

Because we are converting from miles to kilometers, we use the conversion fac­
tor with kilometers in the numerator in order to cancel miles: 

1 .609 km 
Height  (km) = 0.6083 fflt X = 0.9788 km 

I fflt 
m i  km 

Notice that, because kilometers are smaller than miles, this conversion factor gave 
us a larger number (0.9788 is larger than 0.6083). 

If we want the height of Angel Fall s  in meters (m), we use the equivalent 
quantities 1 km = 1 000 m to construct the conversion factor: 

1 000 m 
Height (m) = 0.9788 .1fflt. X --- = 978.8 m 

l .lfflt. 
km ====} m 

In longer calculations, we often string together several conversion steps: 

I fflt l. 609 Iffir I 000 m 
Height (m) = 3 2 1 2  ft X --- X X --- = 978.8 m 

5280 ft I ffl-i. I .JffiT 

ft ====} m i ====} k m ====} m 

The use of conversion factors in calculations is known by various names, such 
as the factor-label method or dimensional analysis (because units represent phys­
ical dimensions) .  We use this method in quantitative problems throughout the text. 

A Systematic Approach to Solving Chemistry Problems 
The approach we use in this text provides a systematic way to work through a 
problem. It emphasizes reasoning, not memorizing, and is based on a very sim­
ple idea: plan how to solve the problem before you go on to solve it, and then 
check your answer. Try to develop a similar approach on homework and exams. 
In general, the sample problems consist of several parts: 

1 .  Problem. This part states all the information you need to solve the problem 
(usual ly framed in some interesting context). 

2.  Plan. The overall solution is broken up into two parts, plan and solution, to 
make a point: think about how to solve the problem before juggling numbers. 
There is often more than one way to solve a problem, and the plan shown in 
a given problem is just one possibility; develop a plan that suits you best. The 
plan will  
• Clarify the known and unknown. (What information do you have, and what 

are you trying to find?) 
• Suggest the steps from known to unknown. (What ideas, conversions, or 

equations are needed to solve the problem?) 
• Present a "roadmap" of the solution for many problems in early chapters 

(and in some later ones) .  The road map is a visual summary of the planned 
steps. Each step is  shown by an arrow labeled with information about the 
conversion factor or operation needed. 

1 1  
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Length (cm) of wire 

2.54 em = 1 in 

Length (in) of wire 

1 2 in = 1 ft  

Length (tt) of wire 

1 ft = $0.1 5  

Price ($) of wire 
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3 .  Solution. In this part, the steps appear in the same order as in the plan. 
4. Check. In most cases, a quick check is  provided to see if the results make 

sense : Are the units correct? Does the answer seem to be the right size? Did 
the change occur in the expected direction? Is it reasonable chemically? We 
often do a rough calculation to see if the answer i s  "in the same ballpark" as 
the calculated result, just to make sure we didn ' t  make a large error. Here's a 
typical "ballpark" calculation. You are at the music store and buy three CDs at 
$ 1 4.97 each. With a 5 %  sales tax, the bill  comes to $47 . 1 6. In your mind, you 
quickly check that 3 times approximately $ 1 5  is $45 , and, given the sales tax, 
the cost should be a bit more. So, the amount of the bill is in the right ball­
park. Always check your answers, especial ly in a multipart problem, where an 
error in an early step can affect all later steps. 

5. Comment. This part is included occasionally to provide additional informa­
tion, such as an application, an alternative approach, a common mistake to 
avoid, or an overview. 

6. Follow-up Problem. This part consists of a problem statement only and pro­
vides practice by applying the same ideas as the sample problem. Try to 
solve it before you look at the brief worked-out solution at the end of the 
chapter. 

Of course, you can ' t  learn to solve chemistry problems, any more than you 
can learn to swim, by reading about doing it .  Practice is the key. Try to : 

• Follow along in the sample problem with pencil, paper, and calculator. 
• Do the follow-up problem as soon as you finish studying the sample problem. 

Check your answer against the solution at the end of the chapter. 
• Read the sample problem and text explanations again if you have trouble. 
• Work on as many of the problems at the end of the chapter as you can. They 

review and extend the concepts and skil ls in the text. Answers are given in the 
back of the book for problems with a colored number, but try to solve them 
yourself first. Let's apply this approach in a unit-conversion problem. 

SAMPLE PROBLEM 1 . 2 Converting Units of Length 
Problem To wire your stereo equipment, you need 325 centimeters (cm) of speaker wire 
that sells for $0. 1 5/ft. What is the price of the wire? 
Plan We know the length of wire in centimeters and the cost in dollars per foot ($/ft). We 
can find the unknown price of the wire by converting the length from centimeters to inches 
(in) and from inches to feet. Then the cost ( 1  ft = $0. 1 5) gives us the equivalent quanti­
ties to construct the factor that converts feet of wire to price in dollars. The roadmap starts 
with the known and moves through the calculation steps to the unknown. 
Solution Converting the known length from centimeters to inches: The equivalent quan­
tities alongside the roadmap arrow are the ones needed to construct the conversion fac­
tor. We choose 1 inl2.54 cm, rather than the inverse, because it gives an answer in  
inches: 

Length (in) = length (cm) X conversion factor = 325 em X 
1 in  

1 28 in  
2 .54 em 

Converting the length from inches to feet: 

1 ft Length (ft) = length (in) X conversion factor = 1 28 
ffl 

X 
1 2  

ffl = 10.7 ft 

Converting the length in  feet to price in dollars: 

Price ($) = length (ft) X conversion factor = 10.7 ft X 
$0. 1 5  

= $ 1 .60 
1 ft  
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Check The units are COlTect for each step. The conversion factors make sense in terms of 
the relative unit sizes: the number of inches is smaller than the number of centimeters (an 
inch is larger than a centimeter), and the number of feet is smaller than the number of 
inches. The total price seems reasonable: a l ittle more than 10 ft of wire at $0. 1 5/ft should 
cost a l ittle more than $ 1 .50. 
Comment 1 .  We could also have strung the three steps together: 

1 m  1 ft  $0. 1 5  
Price ($) = 325 em X X -- X -- = $ l .60 

2 .54 em 12 m 1 ft 
2. There are usually alternative sequences in unit-conversion problems. Here, for example, 
we would get the same answer if we first converted the cost of wire from $/ft to $/cm and 
kept the wire length in cm. Try it yourself. 

FOLLOW- U P  PROBLEM 1 .2 A furniture factory needs 3 1 .5 ft2 of fabric to upholster 
one chair. Its Dutch supplier sends the fabric in bolts of exactly 200 m2. What is the max­
imum number of chairs that can be upholstered by 3 bolts of fabric ( 1  ill = 3.28 1 ft)? 

S E C T I O N  S U M M A RY 

A measured quantity consists of a number and a unit. Conversion factors are used to 
express a quantity in d ifferent units and are constructed as a ratio of equivalent quan­
tities. The problem-solving approach used in  this text usually has four parts: (1 ) devise 
a plan for the solution ,  (2) put the plan into effect in the calculations, (3) check to see 
if the answer makes sense, and (4) practice with simi lar problems. 

1 .4 MEASUREMENT IN SCIENTIFIC STUDY 

Almost everything we own-clothes, house, food, vehicle-is manufactured with 
measured parts, sold in measured amounts, and paid for with measured currency. 
Measurement has a history characterized by the search for exact, invariable stan­

dards. Our current system of measurement began in ] 790, when the newly formed 
National Assembly of France set up a committee to establish consistent unit stan­
dards. This effort led to the development of the metric system. In 1 960, another 
international committee met in France to establish the International System of 
Units, a revised metric system now accepted by scientists throughout the world. 
The units of this system are called SI units, from the French Systeme Interna­
tional d' Unites. 

General Features of SI Units 
As Table 1 . 1  shows, the SI system is based on a set of seven fundamental units, 
or base units, each of which is identified with a physical quantity. All other units, 
called derived units, are combinations of these seven base units. For example, 
the derived unit for speed, meters per second (mls), is the base unit for length 
(m) divided by the base unit for time (s). (Derived units that occur as a ratio of 

e�IBI SI Base Units 

Physical Quantity (Dimension) Unit Name Unit Abbreviation 

Mass kilogram kg 
Length meter m 
Time second s 
Temperature kelvin K 

Electric current ampere A 
Amount of substance mole mol 
Luminous intensity candela cd 

1 3  
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1l�11I Common Decimal Prefixes Used with 51 Units 

Prefix Exponential 
Prefix' Symbol Word Conventional Notation Notation 

tera T trillion 1 ,000,000,000,000 I X I O l 2  

giga G billion 1 ,000,000,000 1 X 1 09 

mega M million 1 ,000,000 1 x 1 06 

kilo k thousand 1 ,000 l X I 03 

hecto h hundred 1 00 I X  1 02 

deka da ten 10 I X  1 0 1 

one I I X 1 0° 

deci d tenth 0. 1 I X l O - 1 

centi c hundredth 0 .0 1  I X  1 0-2 

milli m thousandth 0.00 1 1 X 1 0-3 

micro f.1 millionth 0.00000 1 1 X 10-6 

nano n bi llionth 0.00000000 1 1 X 1 0-9 

pico p trillionth 0.00000000000 1 I X lO - 1 2  

femto f quadril l ionth 0.00000000000000 1 ] X I O - 1 5 

'The prefixes most frequently used by chemists appear in bold type. 

two or more base units can be used as conversion factors .) For quantities that 
are much smaller or much larger than the base unit, we use decimal prefixes and 
exponential (scientific) notation. Table 1 .2 shows the most important prefixes. (If 
you need a review of exponential notation, read Appendix A.)  B ecause these pre­
fixes are based on powers of 1 0, SI units are easier to use in calculations than are 
English units such as pounds and inches. 

Some Important 51 Units in Chemistry 
Let's discuss some of the SI units for quantities that we use early in the text: 
length, volume, mass, density, temperature, and time. (Units for other quantities 
are presented in later chapters, as they are used.) Table 1 .3 shows some useful 
SI quantities for length, volume, and mass, along with their equivalents in the 
English system. 

G�III Common 51-English Equivalent Quantities 

English English to 
Quantity 51 51 Equivalents Equivalents 51 Equivalent 

Length 1 ki lometer (km) 1 000 ( 1 03) meters 0.62 1 4  mile (mi) 1 mile = 1 .609 km 
I meter (m) 1 00 ( 1 02) centimeters 1 .094 yards (yd) 1 yard = 0.9 1 44 m 

1 000 millimeters (mm) 39.37 inches (in) 1 foot (ft) = 0.3048 m 
1 centimeter (cm) 0 .0]  ( 1 0-2) meter 0.3937 inch 1 inch = 2 .54 cm (exactly) 

Volume 1 cubic meter (m3) 1 ,000,000 ( l 06) 35 .3 1 cubic feet (ft3) I cubic foot = 0.02832 m3 

cubic centimeters 
1 cubic decimeter (dm3) 1 000 cubic centimeters 0.2642 gallon (gal) 1 gallon = 3.785 dm3 

l .057 quarts (qt) 1 quart = 0.9464 dm3 

1 cubic centimeter (cm3) 0.00 1 dm3 
I quart = 946.4 cm3 

0.0338 1 fluid ounce 1 fluid ounce = 29.57 cm3 

Mass 1 kilogram (kg) 1 000 grams 2.205 pounds (lb) 1 pound = 0.4536 kg 
1 gram (g) 1 000 mil ligrams (mg) 0.03527 ounce (oz) 1 ounce = 28.35 g 
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Length The SI base unit of length is the meter (m). The standard meter is defined 
as the distance light travels in a vacuum in 11299,792,458 second. B iological cells 
are often measured in micrometers ( l  fLm = 1 0-

6 m). On the atomic-size scale, 
nanometers and picometers are used ( 1  run = 10-9 m; 1 pm = 1 0- 12  m). Many pro­
teins have diameters of around 2 run; atomic diameters are around 200 pm (0.2 nm). 
An older unit still in use is the angstrom ( 1  A = 1 0- 1

0 m = 0. 1 run = 100 pm). 

Volume Any sample of matter has a certain volume (V), the amount of space that 
the sample occupies. The SI unit of volume is the cubic meter (m3). In chem­
istry, the most important volume units are non-SI units, the liter (L) and the mil­
liliter (mL) (note the uppercase L). A l iter is slightly larger than a quart (qt) 
( l  L = 1 .057 qt; 1 qt = 946.4 mL) . Physicians and other medical practitioners 
measure body fluids in cubic decimeters (dm3) ,  which is equivalent to liters: 

1 L = 1 dm3 = 1 0-3 m3 

As the prefix milli- indicates, 1 mL is 1 060 of a liter, and it is equal to exactly 
1 cubic centimeter (cm3) :  

1 m L  = 1 em3 = 1 0-3 dm3 
= 1 0-3 L = 1 0-6 m3 

Figure 1 .6 is a l ife-size depiction of the two 1 000-fold decreases in volume 
from the cubic decimeter to the cubic mill imeter. The edge of a cubic meter would 
be about 2 .5  times the width of this textbook when open. 

Figure 1 .7 shows some of the types of laboratory glassware designed to con­
tain liquids or measure their volumes. Many come in sizes from a few milliliters 
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Figure 1 .6 Some volume relation­
ships in  SI. The cube on the left is 
1 dm3. Each edge is 1 dm long and 
is divided into ten 1 -cm segments. 
One of those segments forms an 
edge of the middle cube, which is 
1 cm3, and is divided into ten 1 -mm 
segments. Each one of those seg­
ments forms an edge of the right 
cube, which is 1 mm3. 

1 em 

Same volume equivalents: 1 m3 
= 1 000 dm3 

1 dm3 = 1 000 em3 
= 1 l = 1 000 ml 

1 em3 
= 1 000 mm3 
= 1 ml = 1 000 III 

1 mm3 
= 1 III 

�1 1 em 
I� 

1 mm 

Figure 1 .7 Common laboratory volumet­
ric g lassware. From left to right are two 
graduated cylinders, a pipet being emp­
tied into a beaker, a buret delivering liquid 
to an Erlenmeyer flask, and two volumet­
ric flasks. Inset, In contact with glass, 
this l iquid forms a concave meniscus 
(curved surface). 
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Volume (mL) before and after addition 

subtract 

Volume (mL) of galena 

Volume (cm3) 
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1 mL = 
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Volume (L) 
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to a few liters. Erlenmeyer flasks and beakers are used to contain liquids. Grad­
uated cylinders, pipets, and burets are used to measure and transfer l iquids. 
Volumetric flasks and many pipets have a fixed volume indicated by a mark on 
the neck. In quantitative work, liquid solutions are prepared in volumetric flasks, 
measured in cylinders, pipets, and burets, and then transferred to beakers or flasks 
for further chemical operations. 

SAMPLE PROBLEM 1 .3 Converting Units of Volume 
Problem The volume of an irregularly shaped solid can be determined from the volume 
of water it displaces. A graduated cylinder contains 19 .9  mL of water. When a small piece 
of galena, an ore of lead, is added, it sinks and the volume increases to 24.5 mL. What is 
the volume of the piece of galena in  cm3 and in L? 
Plan We have to find the volume of the galena from the change in volume of the cylin­
der contents. The volume of galena in mL is the difference in the known volumes before 
and after adding it. The units mL and cm3 represent identical volumes, so the volume of 
the galena i.n mL equals the volume in  cm3. We construct a conversion factor to convert 
the volume from mL to L. The calculation steps are shown in the roadmap. 
Solution Finding the volume of galena: 

Volume (mL) = volume after - volume before = 24.5 mL - 1 9.9 mL = 4.6 mL 

Converting the volume from mL to cm3 : 

1 cm3 
Volume (cm3) = 4.6 mb X 

1 
mb = 4.6 cm3 

Converting the volume from mL to L: 

1 0-3 L 
Volume (L) = 4.6 ml, X 

1 
mb = 4.6X 10-3 L 

Check The units and magnitudes of the answers seem correct. It makes sense that the vol­
ume expressed in mL would have a number 1 000 times larger than the volume expressed 
in L, because a milliliter is I doo of a l iter. 

FOLLOW· U P  PROB LEM 1 . 3 Within a cell, proteins are synthesized on particles 
called ribosomes. Assuming ribosomes are generally spherical, what is  the volume (in dm3 

and fLL) of a ribosome whose average diameter is 2 1 .4 nm (V of a sphere = 1'1Tr3)? 

Mass The mass of an object refers to the quantity of matter i t  contains. The SI 
unit of mass is the kilogram (kg), the only base unit whose standard is a physi­
cal object-a platinum-iridium cylinder kept in France. It is  also the only base 
unit whose name has a prefix. (In contrast to the practice with other base units, 
however, we attach prefixes to the word "gram," as in "microgram," rather than 
to the word "kilogram"; thus, we never say "microkilogram.") 

The terms mass and weight have distinct meanings. Because a given object's 
quantity of matter cannot change, its mass is constant. Its weight, on the other 
hand, depends on its mass and the strength of the local gravitational field pulling 
on it .  Because the strength of this field varies with height above the Earth's sur­
face, the object's weight also varies. For instance, you actually weigh slightly less 
on a high mountaintop than at sea level. 

SAMPLE PROBLEM 1 .4 Converting Units of Mass 
Problem International computer communications are often calTied by optical fibers in 
cables laid along the ocean floor. If one strand of optical fiber weighs 1 . 1 9 x l O-3 lb/m, 
what is the mass (in kg) of a cable made of six strands of optical fiber, each long enough 
to link New York and Paris (S.S4X 1 03 km)? 
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Plan We have to find the mass of cable (in kg) from the given mass/length of fiber, number 
of fibers/cable, and the length (distance from New York to Paris). One way to do this (as 
shown in the roadmap) is to first find the mass of one fiber and then find the mass of cable. 
We convert the length of one fiber from km to m and then find its mass (in Ib) by using the 
Ib/m factor. The cable mass is six times the fiber mass, and finally we convert Ib to kg. 
Solution Converting the fiber length from km to m: 

1 03 m 
Length (m) of fiber = 8.84X 1 03 k:m X -- = 8.84X 1 06 m 

1 Ian 
Converting the length of one fiber to mass (lb): 

1 . 1 9 X  1 0-3 Ib 
Mass (Ib) of fiber = 8.84 X 1 06 m X  = 1 .05 X I04 1b 

1 m  

Finding the mass of the cable (Ib): 

1 . 05 X 104 1b 6 � 
Mass (Ib) of cable = 

1 fiOOF X 
1 cable 

= 6.30X 1 04 Iblcable 

Converting the mass of cable from Ib to kg: 

6 .30X 1 04 19 1 kg 
Mass (kg) of cable = X = 2.86X 1 04 kg/cable 

1 cable 2.205 19 

Check The units are correct. Let's think through the relative sizes of the answers to see 
if they make sense: The number of m should be 1 03 larger than the number of km. If 
1 m of fiber weighs about 1 0 -3 Ib, about 107 m should weigh about 1 04 lb. The cable 
mass should be six times as much, or about 6 X 1 04 lb. Since 1 Ib is about ! kg, the num­
ber of kg should be about half the number of lb. 

FOLLOW·U P  PROBLEM 1 .4 An intravenous bag delivers a nutrient solution to a hos­
pital patient at a rate of 1 .5 drops per second. If a drop weighs 65 mg on average, how 
many kilograms of solution are delivered in 8.0 h? 

Density The density Cd) of an object is  its mass divided by its volume: 

mass 
Density = --­

volume 
( 1 . 1 )  

Whenever needed, you can isolate mathematically each of  the component vari­
ables by treating density as a conversion factor: 

mass 
Mass = volume X density = ¥GJ.y.mg X --­

¥e-itHHg 
I volume 

Or, Volume = mass X --- = mass X ---
density mass 

Because volume may change with temperature, density may change also. But, 
under given conditions of temperature and pressure, density is a characteristic 
physical property of a substance and has a specific value. Mass and volume are 
examples of extensive properties, those dependent on the amount of substance 
present. Density, on the other hand, is  an intensive property, one that is inde­
pendent of the amount of substance. For example, the mass of a gallon of water 
is four times the mass of a quart of water, but its volume is also four times greater; 
therefore, the density of the water, the ratio of its mass to its volume, is constant 
at a particular temperature and pressure, regardless of the sample size. 

The SI unit of density is  the kilogram per cubic meter (kg/m3), but in chem­
istry, density is typically given in units of gIL (g/dm3) or g/mL (g/cm\ As you 
might expect from the magnified views in Figure 1 .2, at ordinary pressure and 
20oe, the densities of gases (for example, 0.0000899 g/cm3 for hydrogen) are 
much lower than the densities of either liquids ( 1 .00 g/cm3 for water) or solids 
(2. 1 7  g/cm3 for aluminum). 
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SAMPLE PROBLEM 1 . 5 Calculating Density from Mass and Length 

Problem Lithium is a soft, gray solid that has the lowest density of any metal. It is an 
essential component of some advanced batteries, such as the one in your laptop. If a small 
rectangular slab of lithium weighs 1 .49 X 1 03 mg and has sides that measure 20.9 mm by 
1 1 . 1  mm by 1 1 .9 rum, what is the density of lithium in g/cm3? 
Plan To find the density in g/cm3, we need the mass of lithium in g and the volume in 
cm3. The mass is given in mg, so we convert mg to g. Volume data are not given, but we 
can convert the given side lengths from rum to cm, and then multiply them to find the 
volume in cm3. Finally, we divide mass by volume to get density. The steps are shown .in 
the roadmap. 
Solution Converting the mass from mg to g:  ( 1 0-3 <» 

Mass (g) of lithium = 1 .49 X 1 03 rug 
1 

mgt> 1 .49 g 

Converting side lengths from mm to cm: 

1 cm 
Length (cm) of one side = 20.9 HlfH X --- = 2.09 cm 

1 0  HlfH 

Similarly, the other side lengths are 1 . 1 1 cm and 1 . 1 9 cm. 
Finding the volume: 

Volume (cm3) = 2 .09 cm X 1 . 1 l cm X 1 . 1 9  cm = 2.76 cm3 

Calculating the density: 

mass 1 .49 g 3 Density of lithium = --- = 
2.76 cn}3 = 0.540 g!cm 

volume 

Check Since 1 cm = 1 0  mru, the number of cm in each length should be 10 the number 
of mm. The units for density are correct, and the size of the answer (-0.5 g!cm3) seems 
correct since the number of g ( 1.49) is about half the number of cm3 (2.76). Since the 
problem states that lithium has a very low density, this answer makes sense. 

FOLLOW· U P  PROBLEM 1 . 5 The piece of galena in Sample Problem 1 .3 has a vol­
ume of 4.6 cm3 . If the density of galena is 7.5 g/cm3, what is the mass (in kg) of that 
piece of galena? 

Temperature There is a common misunderstanding about heat and temperature. 
Temperature (n is a measure of how hot or cold a substance is relative to 
another substance. Heat is the energy that flows between objects that are at dif­
ferent temperatures. Temperature is related to the direction of that energy flow: 
when two objects at different temperatures touch, energy flows from the one with 
the higher temperature to the one with the lower temperature until their temper­
atures are equal. When you hold an ice cube, its "cold" seems to flow into your 
hand; actually, heat flows from your hand into the ice. (In Chapter 6, we will see 
how heat is measured and how it is related to chemical and physical change.) 
Energy is an extensive property (as is volume), but temperature is an intensive 
property (as is density): a vat of boiling water has more energy than a cup of boi l­
ing water, but the temperatures of the two water samples are the same. 

In the laboratory, the most common means for measuring temperature is the 
thermometer, a device that contains a fluid that expands when it i s  heated. When 
the thermometer's fluid-filled bulb is immersed in a substance hotter than itself, 
heat flows from the substance through the glass and into the fluid, which expands 
and rises in the thermometer tube. If a substance is colder than the thermometer, 
heat flows outward from the fluid, which contracts and falls within the tube. 

The three temperature scales most important for us to consider are the Cel­
sius (DC, formerly called centigrade), the Kelvin (K), and the Fahrenheit (OF) 
scales. The SI base unit of temperature is  the kelvin (K); note that the kelvin has 
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Celsius, °C Kelvin, K Fahrenheit, of 

Boiling point --1 QO°C - - 373 . 1 5  K - - 2 1 2°F - - ,----
of water 

1 00 1 00 1 00 
Celsius kelvins Fahrenheit 
degrees degrees 

Figure 1 .8 The freezing point and the boiling point of water in the Celsius, Kelvin (absolute), 
and Fahrenheit temperature scales. As you can see, this range consists of 1 00 degrees o n  the 

Celsius and Kelvin scales, but 1 80 deg rees o n  the Fahrenheit scale. At the bottom of the figure, 

a portion of each of the three thermometer scales is expanded to show the sizes of the units. A 

Celsius degree (Oe; left) and a kelvin (K; center) are the same size, and each is � the size of 

a Fahrenheit deg ree (OF; right). 

no degree sign (0) . The Kelvin scale, also known as the absolute scale, is pre­
fen'ed in all scientific work, although the Celsius scale is used frequently. In the 
United States, the Fahrenheit scale is sti l l  used for weather reporting, body tem­
perature, and other everyday purposes. The three scales dif

f
er in the size of the 

unit and/or the temperature of the zero point. Figure 1 .8 shows the freezing and 
boi ling points of water in the three scales. 

The Celsius scale, devised in the 1 8th century by the Swedish astronomer 
Anders Celsius, is based on changes in the physical state of water: O°C is set at 
water's freezing point, and l OO°C is set at its boiling point (at normal atmospheric 
pressure) .  The Kelvin (absolute) scale was devised by the English physicist 
William Thomson, known as Lord Kelvin, in 1 854 during his experiments on the 
expansion and contraction of gases. The Kelvin scale uses the same size degree 

unit as the Celsius scale- Ibo of the difference between the freezing and boiling 
points of water-but it differs in zero point. The zero point in the Kelvin scale, 
o K, is  called absolute zero and equals - 273 . 1 5°C. In the Kelvin scale, all tem­

peratures have positive values. Water freezes at +273 . 1 5  K (O°C) and boils at 
+ 373 . 1 5  K ( l OO°C). 

We can convert between the Celsius and Kelvin scales by remembering the 
difference in zero points: since O°C = 273 . 1 5  K, 

T (in K) = T ( in 0c) + 273 . 1 5  (1 .2) 

Solving Equation 1 .2 for T (in 0C) gives 

T (in 0c) = T (in K) - 273. 1 5  ( 1.3) 

1 9  
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The Fahrenheit scale differs from the other scales in its zero point and in the 
size of its unit. Water freezes at 32°F and boils at 2 12°F. Therefore, 1 80 Fahrenheit 
degrees (2 1 2°F - 32°F) represents the same temperature change as 1 00 Celsius 
degrees (or 1 00 kelvins). Because 1 00 Celsius degrees equal 1 80 Fahrenheit degrees, 

1 Celsius degree = :�g Fahrenheit degrees = � Fahrenheit degrees 

To convert a temperature in °C to of, first change the degree size and then adjust 
the zero point: 

T (in OF) = �T (in 0c) + 32  ( 1 .4) 

To convert a temperature in of to DC, do the two steps in the opposite order; that 
is ,  first adjust the zero point and then change the degree size. In other words, 
solve Equation 1 .4 for T (in DC) : 

T (in 0c) = [T (in OF) - 32l� (1.5) 

(The only temperature with the same numerical value in the Celsius and Fahren­
heit scales is -40°; that is, -40°F = -40°C.) 

SAMPLE PROBLEM 1 .6 Converting Units of Temperature 
Problem A child has a body temperature of 38 .7°C. 
(a) If normal body temperature is 98.6°F, does the child have a fever? 
(b) What is the child's temperature in kelvins? 
Plan (a) To find out if the child has a fever, we convert from °C to of (Equation 1 .4) and 
see whether 38.7°C is higher than 98.6°F. 
(b) We use Equation 1 .2 to convert the temperature in °C to K. 
Solution (a) Converting the temperature from °C to of: 

T (in OF) = �T (in 0c) + 32 = �(38.7°C) + 32 = 1 0  1 .7 of; yes, the child has a fever. 

(b) Converting the temperature from °C to K: 
T ( in  K) = T ( in  0c) + 273. 1 5  = 38.7°C + 273 . 1 5  = 3 1 1 . 8  K 

Check (a) From everyday experience, you know that 1 0 1 .7°F is a reasonable temperature 
for someone with a fever. 
(b) We know that a Celsius degree and a kelvin are the same size. Therefore, we can check 
the math by approximating the Celsius value as 40°C and adding 273: 40 + 273 = 3 1 3,  
which is close to our calculation, so there is no large error. 

FOLLOW·UP PROBLEM 1 .6 Mercury melts at 234 K, lower than any other pure 
metal. What is its melting point in °C and OF? 

Time The SI base unit of time is the second (s). The standard second is defined 
by the number of oscillations of microwave radiation absorbed by cooled gaseous 
cesium atoms in an atomic clock; precisely 9, 1 92,63 1 ,770 of these oscillations 
are absorbed in 1 second. 

In the laboratory, we study the speed (or rate) of a reaction by measuring the 
time it takes a fixed amount of substance to undergo a chemical change. The range 
of reaction rates is enormous :  a fast reaction may be over in less than a nanosec­
ond ( 1 0-9 s), whereas slow ones, such as rusting or aging, take years. Chemists 
now use lasers to study changes that occur in a few picoseconds ( 1 0- 1 2  s) or fem­
toseconds ( 10- 1 5  s) .  

S E C T I O N  S U M M A RY 

81 units consist of seven base units and numerous derived units. Exponential nota­
tion and prefixes based on powers of 1 0  are used to express very small and very 
large numbers. The 81 base unit of length is the meter (m). Length units on the atomic 
scale are the nanometer (nm) and picometer (pm). Volume units are derived from 
length units; the most important volume un its are the cubic meter (m3) and the liter 



1 .5 Uncertainty in Measurement: Significant Figures 

(L). The mass of an object, a measure of the quantity of matter present in it, is con­
stant. The S I  unit of mass is the ki logram (kg). The weight of an object varies with 
the gravitational field i nfluencing it. Density (d) is the ratio of mass to volume of a 
substance and is one of its characteristic physical properties. Temperature (T) is a 
measure of the relative hotness of an object. Heat is energy that flows from an object 
at higher temperature to one at lower temperature. Temperature scales d iffer in the 
size of the degree unit and/or the zero point. I n  chemistry, temperature is measured 
in kelvins (K) or degrees Celsius (0C). Extensive properties, such as mass, volume, 
and energy, depend on the amount of a substance. I ntensive properties, such as den­
sity and temperature, are independent of amount. 

1 .5 UNCERTAINTY IN MEASUREMENT: 
SIGNIFICANT FIGURES 

We can never measure a quantity exactly, because measuring devices are made to 
limjted specifications and we use our imperfect senses and ski l ls  to read them. 
Therefore, every measurement includes some uncertainty. 

The measuring device we choose in a given situation depends on how much 
uncertainty we are willing to accept. When you buy potatoes, a supermarket scale 
that measures in O. I -kg increments is perfectly acceptable; it tells you that the 
mass is, for example, 2 .0 ± 0. 1 kg. The term "± 0. 1 kg" expresses the uncer­
tainty in the measurement: the potatoes weigh between 1 .9 and 2. 1 kg. For a l arge­
scale reaction, a chemist uses a lab balance that measures in O.OO l -kg increments 
in order to obtain 2 .036 ± 0.00 1 kg of a chemical, that is, between 2 .035 and 
2.037 kg. The greater number of digits in the mass of the chemical indicates that 
we know its mass with more certainty than we know the mass of the potatoes. 
The uncertainty of a measured quantity can be expressed with the ± sign, but 
general ly  we drop the sign and assume an uncertainty of one unit in the right­
most digit. 

The digits we record in a measurement, both the certain and the uncertain ones, 
are called significant figures. There are four significant figures in 2.036 kg and 
two in 2.0 kg. The greater the number of significant figures in a measurement, the 

greater is the certainty. Figure 1 .9 shows this point for two thermometers. 
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Figure 1 .9 The number of significant figures in a measurement de­
pends on the measuring device. A, Two thermometers measuring 

the same temperature are shown with expanded views. The ther­

mometer on the left is graduated in  0.1 °C and reads 32.33°C; the 

one on the right is graduated in 1 °C and reads 32.3°C. Therefore, a 

reading with more significant figures (more certainty) can be made with 

the thermometer on the left. 8, This modern electronic thermometer 

measures the resistance through a fine platinum wire in the probe to 

determine temperatures to the nearest microkelvin (1 0-6 K). 
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Determining Which Digits Are Significant 
When you take measurements or use them in calculations, you must know the 
number of digits that are significant. In general, all digits are significant, except 
zeros that are not measured but are used only to position the decimal point. Here 
i s  a s imple procedure that applies this  general point: 

1 .  Make sure that the measured quantity has a decimal point. 
2 .  Start at the left of the number and move right to the first nonzero digit. 
3. Count that digit and every digit to its right as significant. 

A complication may arise with zeros that end a number. Zeros that end a num­
ber and l ie either after or before the decimal point are significant; thus, 1 .030 mL 
has four significant figures, and 5300. L has four significant figures also. If there 
is no decimal point, as in 5300 L, we assume that the zeros are not significant; 
exponential notation is  needed to show which of the zeros, if  any, were measured 
and therefore are significant. Thus, 5 .300 X 1 03 L has four significant figures, 
5 .30X 1 03 L has three, and 5 . 3  X 103 L has only two. A terminal decimal point is 
used to clarify the number of significant figures; thus, 500 mL has one significant 
figure, but 5 .00 X 1 02 mL, 500. mL, and 0.500 L have three. 

SAMPLE PROBLEM 1 . 7 Determining the Number of Significant Figures 
Problem For each of the foJlowing quantities, underline the zeros that are significant fig­
ures (sf), and determine the number of significant figures in each quantity. For (d) to (f), 
express each in exponential notation first. 
(a) 0.0030 L (b) 0. 1 044 g (c) 53,069 mL 
(d) 0.000047 1 5  m (e) 57,600. s (f) 0.0000007 1 60 cm3 

Plan We determine the number of significant figures by counting digits, as just presented, 
paying particular attention to the position of zeros in relation to the decimal point. 
Solution (a) 0.003Q L has 2 sf 
(b) 0 . IQ44 g has 4 sf 
(c) 53 ,Q69 mL has 5 sf 
(d) 0.000047 1 5  m, or 4.7 1 5 X l O-5 m, has 4 sf 
(e) 57,600. s, or 5.7600X 1 04 s, has 5 sf 
(f) 0.0000007 1 6Q cm3 , or 7. 16QX l O-7 cm3, has 4 sf 
Check Be sure that every zero counted as significant comes after nonzero digit(s) in the 
number. 

FOLLOW-U P  PROBLEM 1 . 7 For each of the foIl owing quantities, underline the zeros 
that are significant figures and determine the number of significant figures (sf) in each 
quantity. For (d) to (f), express each in exponential notation first. 
(a) 3 1 .070 mg (b) 0.06060 g (c) 850.oC 
(d) 200.0 mL (e) 0.0000039 m (f) 0.00040 1 L 

Significant Figures in Calculations 
Measurements often contain differing numbers of significant figures. In a calcu­
lation, we keep track of the number of significant figures in each quantity so that 
we don' t  c lai m  more significant figures (more certainty) in the answer than in the 
original data. If we have too many significant figures, we round off the answer 
to obtain the proper number of them. 

The general rule for rounding is  that the least certain measurement sets the limit 

on certainty for the entire calculation and determines the number of significant fig­

ures in the final answeJ: Suppose you want to find the density of a new ceramic. You 
measure the mass of a piece on a precise laboratory balance and obtain 3 .8056 g; 
you measure its volume as 2.5 mL by displacement of water in a graduated cylin­
der. The mass has five significant figures, but the volume has only two. Should you 
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report the density as 3 .8056 g/2.5 mL = 1 .5222 g/mL or as 1 .5 g/mL? The answer 
with five significant figures implies more certainty than the answer with two. But 
you didn't measure the volume to five significant figures, so you can't possibly know 
the density with that much certainty. Therefore, you report the answer as 1 .5 g/mL. 

Significant Figures and Arithmetic Operations The following two rules tell how 
many significant figures to show based on the arithmetic operation: 

1 .  For multiplication and division. The answer contains the same number of 
significant figures as in the measurement with the fewest significant figures. Sup­
pose you want to find the volume of a sheet of a new graphite composite. The 
length (9.2 cm) and width (6.8 cm) are obtained with a meterstick and the thick­
ness (0.3744 cm) with a set of fine calipers . The volume calculation is 

Volume (em3) = 9.2 em X 6.8 em X 0.3744 em = 23 em3 

The calculator shows 23 .4225 cm3, but you should report the answer as 23 cm3 , 
with two significant figures, because the length and width measurements deter­
mine the overall certainty, and they contain only two significant figures . 

2 .  For addition and subtraction. The answer has the same number of decimal 

places as there are in the measurement with the fewest decimal places. Suppose 
you measure 83 .5  mL of water in a graduated cylinder and add 23.28 mL of pro­
tein solution from a buret. The total volume is 

Volume (mL) = 83.5 mL + 23 .28 mL = 1 06.8 mL 

Here the calculator shows 1 06.78 mL, but you report the volume as 1 06.8 mL, 
with one decimal place, because the measurement with fewer decimal places 
(83.5 mL) has one decimal place. 

Rules for Rounding Off In most calculations, you need to round off the answer 
to obtain the proper number of significant figures or decimal places . Notice that 
in calculating the volume of the graphite composite above, we removed the extra 
digits, but in calculating the total protein solution volume, we removed the extra 
digit and increased the last digit by one. Here are rules for rounding off: 

1 .  If the digit removed is more than 5, the preceding number is increased by 
1 :  5 .379 rounds to 5 . 38  if three significant figures are retained and to 5 .4 if two 
significant figures are retained. 

2. If the digit removed i s  less than 5, the preceding number is unchanged: 
0.24 1 3  rounds to 0.241 if three significant figures are retained and to 0.24 if two 
significant figures are retained. 

3 .  If the digit removed is 5, the preceding number is increased by 1 if it is 
odd and remains unchanged if it is even: 1 7 .75 rounds to 1 7 .8 ,  but 1 7 .65 rounds 
to 1 7 .6 .  If the 5 is followed only by zeros, rule 3 is followed; if the 5 is fol lowed 
by nonzeros, rule 1 is followed: 1 7 .6500 rounds to 1 7.6, but 1 7.65 1 3  rounds to 17 .7 .  

4 .  Always carry one or two additional significant figures through a multistep 

calculation and round off the final answer ollly. Don't be concerned if you string 
together a calculation to check a sample or follow-up problem and find that your 
answer differs in the last decimal place from the one in the book. To show you 
the correct number of significant figures in text calculations, we round off inter­
mediate steps, and this process may sometimes change the last digit. 

A calculator usually gives answers with too many significant figures. For 
example, if your calculator displays ten digits and you divide 1 5 .6 by 9 . 1 ,  it will 
show 1 .7 142857 14 .  Obviously, most of these digits are not significant; the answer 
should be rounded off to 1 .7 so that it has two s ignificant figures, the same as 
in 9 . 1 .  

Exact Numbers Some numbers are called exact numbers because they have no 
uncertainty associated with them. Some exact numbers are part of a unit defini­
tion : there are 60 minutes in 1 hour, 1 000 micrograms in 1 mil l igram, and 

23 
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2.54 centimeters in 1 inch. Other exact numbers result from actually count­
ing individual items: there are exactly 3 quarters in my hand, 26 letters in the 
English alphabet, and so forth. Because they have no uncertainty, exact numbers 
do not limit the number of significant figures in the answer. Put another way, exact 
numbers have as many significant figures as a calculation requires. 

SAMPLE PROBLEM 1 .8 Significant Figures and Rounding 
Problem Perform the following calculations and round the answer to the correct number 
of significant figures: 

1 6.352 1 cm2 - 1 .448 cm2 
(a) ---

7
-
.0
-
8
-
5 

-
cm
---

Plan We use the rules just presented in  the text. In (a), we subtract before we divide. In 
(b), we note that the unit conversion involves an exact number. 

S I •  
1 6.352 1 cm2 - 1 .448 cm2 1 4.904 cm� 

2 04 o uhon (a) 
08 

= . 1 em 
7.085 om 7 .  5 Gffi 

(4.80X 1 04 mg)Co�og ) 48.0 ()" 
(b) mg = 

'" = 4. 1 6 g/cm3 
1 1 .55 cm3 1 1 .55 cm3 

Check Note that in (a) we lose a decimal place in the numerator, and in (b) we retain 
3 sf in the answer because there are 3 sf in 4.80. Rounding to the nearest whole number 
is always a good way to check: (a) ( 1 6  - 1 )/7 = 2 ;  (b) (5 X 104/ l  X 1 03)/1 2  = 4. 

FO LLOW· U P  PROBLEM 1 . 8 Perform the following calculation and round the 
25.65 rnL + 37.4 rnL 

answer to the correct number of significant figures: ----(-
l
-

IllI
-.

n
-)-

73.55 s � 

Precision, Accuracy, and Instrument Calibration 
Precision and accuracy are two aspects of certainty. We often use these terms 
interchangeably in everyday speech, but in scientific measurements they have dis­
tinct meanings. Precision, or reproducibility, refers to how close the measure­
ments in a series are to each other. Accuracy refers to how close a measurement 
is to the actual value. 

Precision and accuracy are l inked with two common types of error: 

1 .  Systematic error produces values that are either all higher or all lower than 
the actual value. Such error is part of the experimental system, often caused 
by a faulty measuring device or by a consistent mistake in taking a reading. 

2. Random error, in the absence of systematic error, produces values that are 
higher and lower than the actual value. Random error always occurs, but its 
size depends on the measurer's skil l  and the instrument's precision. 

Precise measurements have low random errOl; that is,  small deviations from the 
average. Accurate measurements have low systematic error and, generally, low 

random error as well. In some cases, when many measurements are taken that 
have a high random error, the average may still be accurate. 

Suppose each of four students measures 25 .0 mL of water in a pre-weighed 
graduated cyl inder and then weighs the water plus cylinder on a balance . If the 
density of water is  1.00 g/mL at the temperature of the experiment, the actual 
mass of 25 .0 mL of water is  25 .0  g. Each student performs the operation four 
times, subtracts the mass of the empty cylinder, and obtains one of the four 
graphs shown in Figure 1 . 1 0. In graphs A and B ,  the random error is smal l ;  
that is ,  the precision is high (the weighings are reproducible) .  In A, however, 
the accuracy is high as well (all the values are close to 25 .0  g), whereas in B 
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the accuracy is low (there is a systematic error). In graphs C and D, there is a 
large random error; that is, the precision i s  low. Large random error is often 
called large scatter. Note, however, that in D there is also a systematic error 
(all the values are high), whereas in C the average of the values is close to the 
actual value. 

Systematic error can be avoided, or at least taken into account, through cal­
ibration of the measuring device, that is, by comparing it with a known standard. 
The systematic error in graph B ,  for example, might be caused by a poorly man­
ufactured cylinder that reads "25 .0" when it actually contains about 27 mL. If you 
detect such an error by means of a calibration procedure, you could adjust all vol­
umes measured with that cylinder. Instrument calibration is an essential part of 
careful measurement. 

S ECTION S U M M ARY 
Because the final digit of a measurement is estimated , al l  measurements have a l imit 
to their certainty, which is expressed by the number of significant figures. The cer­
tainty of a calculated result depends on the certainty of the data, so the answer has 
as many significant figures as in the least certain measurement. Excess digits are 
rounded off in the final answer. Exact numbers have as many significant figures as 
the calculation requires. 

Precision (how close val ues are to each other) and accuracy (how close values 
are to the actual value) are two aspects of certainty. Systematic errors result in val­
ues that are either all h ig her or al l  lower than the actual value. Random errors result 
in some values that are h igher and some values that are lower than the actual value. 
Precise measurements have low random error; accurate measurements have low 
systematic error and often low random error. The size of random errors depends 
on the ski l l  of the measurer and the precision of the instrument. A systematic 
error, however, is often caused by faulty equipment and can be com pensated for 
by cali bration. 

2 3 4  

Trial number 

Figure 1 . 1 0  Precision and accuracy in 
a laboratory calibration. Each graph 
represents four measurements made with 
a graduated cylinder that is being cali­
brated (see text for details). 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 

Learning Obiectives 

To help you review these learning objectives, the numbers of 
related sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are listed in parentheses. 

1. Distinguish between physical and chemical properties and 
changes (§ 1 . 1 )  (SP 1 . 1 )  (EPs l . l ,  1 .3- 1 .6) 
2. Define the features of the states of matter (§ 1 . 1 )  (EP 1 .2) 
3. Understand the nature of potential and kinetic energy and their 
interconversion (§ 1 . 1 )  (EPs 1 .7-1 .8) 

4. Understand t he scientific approach to studying phenomena and 
distinguish between observation, hypothesis, experiment, and 
model (§ 1 .2) (EPs 1 .9- 1 . 12) 
5. Use conversion factors in calculations (§ 1 .3) (SP 1 .2) (EPs 
1 . 1 3- 1 . 1 5) 
6. Distinguish between mass and weight, heat and tem­
perature, and intensive and extensive properties (§ 1 .4) (EPs 
I. 1 6, I. 1 7, 1 . 1 9) 



26 CHAPTER 1 Keys to the Study of Chemistry 

Learning Objectives (col)tinued) 
7. Use numerical prefixes and common units of length, mass, vol­
ume, and temperature in unit-conversion calculations (§ 1 .4) (SPs 
l .3- 1 .6) (EPs 1 .2 1 - 1 .39) 
8. Understand scientific notation and the meaning of uncertainty; 
determine the number of significant figures and the number of dig­
its after rounding (§ 1 .5) (SP 1 .7, 1 .8) (EPs 1 .40- 1 .54) 

Key Terms 

Section 1.1 Section 1.2 
chemistry (2) scientific method (7) 
matter (2) observation (8) 
composition (2) data (8) 
property (2) natural law (8) 
physical property (2) hypothesis (8) 
physical change (3) experiment (8) 
chemical property (3) variable (9) 
chemical change (chemical controlled experiment (9) 

reaction) (3) model (theory) (9) 
state of matter (3) Section 1.3 
solid (3) conversion factor ( 10) 
liquid (3) dimensional analysis ( 1 1 )  
gas (3) 

Section 1.4 
energy (5) S1 units ( 1 3) 
potential energy (5) base (fundamental) unit ( 1 3) 
kinetic energy (5) 

Key Equations and Relationships 

1.1 Calculating density from mass and volume ( 1 7) :  
mass 

Density = ---
volume 

1.2 Converting temperature from °C to K ( 1 9): 
T(in K) = T(in 0c) + 273. 1 5  

Brief Solutions to Follow-up Problems 

1.1 (a) Physical. Solid iodine changes to gaseous iodine. 
(b) Chemical. Gasoline burns in air to form different 
substances. 
(c) Chemical. In contact with air, torn skin and blood react to 
form different substances. 
1.2 No. of chairs 

3 
\..�I.� 200 m2 3.28 1 H 3.28 1 H 1 chair = �X --- X --- X X ---I l3eJ.t: I ffi I ffi 3 1 .5 � 

= 205 chairs 

1 3 R d· f' 
2 1 .4 flffi I dm 

• a IUS 0 nbosome (dm) = X -8--2 1 0  flffi 
= 1 .07 X 1 0-7 dm 

Volume of ribosome (dm3) = 171r3 = 1(3. 1 4)( 1 .07 X 1 0-7 dm)3 

= 5. 1 3 X  10-2 1 dm3 

Volume of ribosome (f..LL) = (S.J3 X  10-21 �)C ��3 ) ( 1 0
1
6 �L) 

= 5 . 1 3 X  1 0-15 f..LL 

9. Distinguish between accuracy and precision and between sys­
tematic and random error (§ 1 .5) (EPs 1 .55- 1 .57) 

derived unit ( 1 3) kelvin (K) ( 1 8) 
meter (m) ( 1 5) Celsius scale ( 1 9) 
volume (V) ( 1 5) Kelvin (absolute) scale ( 1 9) 
cubic meter (m3) ( 15) second (s) (20) 
liter (L) ( 1 5) Section 1.5 
mill iliter (mL) ( 1 5) uncertainty (2 1 )  
mass ( 1 6) significant figures (2 1 )  
ki logram (kg) ( 1 6) round off (22) 
weight ( 1 6) exact number (23) 
density (d) ( 1 7) precision (24) 
extensive property ( 1 7) accuracy (24) 
intensive property ( 17) systematic error (24) 
temperature (T) ( 1 8) random error (24) 
heat ( 1 8) calibration (25) 
thermometer (18) 

1 .3 Converting temperature from K to °C ( 1 9) :  
T(in 0c) = T(in K) - 273. 1 5  

1.4 Converting temperature from °C to OF (20): 
T (in OF) = �T (in 0c) + 32 

1.5 Converting temperature from OF to °C (20): 
T (in 0c) = [T (in OF) - 32J� 

. 60mffi 605 1 .5 � 
1.4 Mass (kg) of solutIOn = 8.0 II X -. -- X -- X ---'-III Imffi 15  

65 mg 1 g 1 kg 
X -- X --- X--

1 Eifep 1 03 mg 1 03 g 
= 2.8 kg 

7.5.a. 1 kg 
1.5 Mass (kg) of sample = 4.6 � X ----; X -3-

1 em=- 1 0  g 
= 0.034 kg 

1.6 T(in 0c) = 234 K - 273. 1 5  = -39°C 
T(in OF) = �(-39°C) + 32 = -38°F 
Answer contains two significant figures (see Section 1 .5) . 
1.7 (a) 3 1 .Q7Q mg, 5 sf (b) 0.06Q6Q g, 4 sf 

(c) 85Q.oC, 3 sf (d) 2.000x 1 02 mL, 4 sf 
(e) 3.9X 1 0-6 m, 2 sf (f) 4.QI X 1 0-4 L, 3 sf 

1 8 25.65 mL + 37.4 mL . . (I min) = 5 1 .4 mL/mm 
73.555 --

605 



Problems 
Problems with colo red numbers are answered in Appendix E. 
Sections match the text and provide the numbers of relevant sam­
ple problems. Bracketed problems are grouped in pairs ( indicated 
by a short rule) that cover the same concept. Comprehensive Prob­
lems are based on material from any section . 

Some Fundamental Definitions 
(Sample Problem l . l ) 

1.1 Scenes A and B depict changes in matter at the atomic scale: 

(a) Which show(s) a physical change? 
(b) Which show(s) a chemical change? 
(c) Which result(s) in different physical properties? 
(d) Which result(s) in different chemical properties? 
(e) Which result(s) in a change in state? 

1.2 Describe solids, liquids, and gases in terms of how they fill a 
container. Use your descriptions to identify the physical state (at 
room temperature) of the following: (a) helium in a toy balloon; 
(b) mercury in a thermometer; (c) soup in a bowl. 

11.3 Define physical properly and chemical property. Identify each 
type of property in the following statements: 
(a) Yellow-green chlorine gas attacks si lvery sodium metal to 
form white crystals of sodium chloride (table salt) . 
(b) A magnet separates a mixture of black iron shavings and 
white sand. 

1.4 Define physical change and chemical change. State which type 
of change occurs in each of the fol lowing statements: 
(a) Passing an electric current through molten magnesium chlo­
ride yields molten magnesium and gaseous chlorine. 
(b) The iron in discarded automobiles slowly forms reddish 
brown, crumbly rust. 

J5 Which of the following is a chemical change? Explain your 
reasoning: (a) boiling canned soup; (b) toasting a slice of bread; 
(c) chopping a log; (d) burning a log. 

1.6 Which of the following changes can be reversed by changing 
the temperature (that is, which are physical changes): (a) dew 
condensing on a leaf; (b) an egg turning hard when it is boiled; 
(c) ice cream melting; (d) a spoonful of batter cooking on a hot 
griddle? 

l/[ For each pair, which has higher potential energy? 
(a) The fuel in your car or the products in its exhaust 
(b) Wood in a fireplace or the ashes in the fireplace after the 
wood burns 

1.8 For each pair, which has higher kinetic energy? 
(a) A sled resting at the top of a hill or a sled sliding down the hill 

1 (b) Water above a dam or water falling over the dam 

Problems 27 

The Scientific Approach: Developing a Model 
1.9 How are the key elements of scientific thinking used in the fol­

lowing scenario? While making your breakfast toast, you notice 
it fails to pop out of the toaster. Thinking the spring mechanism 
is stuck, you notice that the bread is unchanged. Assuming you 
forgot to plug in the toaster, you check and find it is plugged in. 
When you take the toaster into the dining room and plug it into a 
different outlet, you find the toaster works. Returning to the 
kitchen, you turn on the switch for the overhead light and noth­
ing happens. 

1.10 Why is a quantitative observation more useful than a non­
quantitative one? Which of the following are quantitative? 
(a) The Sun rises in the east. 
(b) An astronaut weighs one-sixth as much on the Moon as on 
Earth. 
(c) Ice floats on water. 
(d) An old-fashioned hand pump cannot draw water from a well 
more than 34 ft deep. 

1.11 Describe the essential features of a well-designed experiment. 
1.12 Describe the essential features of a scientific model. 

Chemical Problem Solving 
(Sample Problem 1 .2) 

1.13 When you convert feet to inches, how do you decide which 
portion of the conversion factor should be in the numerator and 
which in the denominator? 

11.14 Write the conversion factor(s) for (a) in2 to cm2; (b) km2 to 
m2; (c) mi/h to m/s; (d) lb/fe to g/cm3 . 

1.15 Write the conversion factor(s) for (a) cm/min to in/min; 1 (b) m3 to in3; (c) m/s2 to km/h2; (d) gallons/h to Lis. 

Measurement in Scientific Study 
(Sample Problems 1 .3 to l .6) 

�9tb Describe the difference between intensive and extensive prop­�rties. Which of the following properties are intensive: (a) mass; 
(b) density; (c) volume; (d) melting point? 

1.17 Explain the difference between mass and weight. Why is 
your weight on the Moon one-sixth that on Earth? 

1.18 For each of the following cases, state whether the density of 
the object increases, decreases, or remains the same: 
(a) A sample of chlorine gas is compressed. 
(b) A lead weight is carried from sea level to the top of a high 
mountain. 
(c) A sample of water is frozen .  
(d) An iron bar is cooled. 
(e) A diamond is submerged in water. 

1.19 Explain the difference between heat and temperature. Does 
I L of water at 65°F have more, less, or the same quantity of en­
ergy as I L of water at 65°C? 

1.20 A one-step conversion is sufficient to convert a temperature in 
the Celsius scale into the Kelvin scale, but not into the Fahren­
heit scale. Explain. 

rM1 The average radius of a molecule of lysozyme, an enzyme in 
lis.ars, is 1 430 pm. What is its radius in nanometers (nm)? 
1.22 The radius of a barium atom is 2.22X 10- 10 m. What is its ra­
dius in angsu'oms (A)? 
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1.23 A small hole in the wing of a space shuttle requires a 
1 7 .7-cm2 patch. (a) What is the patch's area in square kilometers 
(km2)? (b) If the patching material costs NASA $3.25Iin2, what 
is the cost of the patch? 

1.24 The area of a telescope lens is 6322 mm2. (a) What is the area 
of the lens in square feet (ft2)? (b) If it takes a technician 45 s 
to polish 1 35 mm2, how long does it take her to polish the en­
tire lens? 

1.25 The average density of Earth is 5 .52 g/cm3 . What is its den­
sity in (a) kg/m3 ; (b) Ib/ft3? 

1.26 The speed of light in a vacuum is 2.998 X I  08 m/s. What is its 
speed in (a) km/h; (b) mi/min? 

1'47 The volume of a certain bacterial cell is 1 .72 f.-lm3. (a) What 1\ its volume in cubic millimeters (mm3)? (b) What is the volume 
of 105 cells in liters (L)? 

1.28 (a) How many cubic meters of milk are in I qt (946.4 mL)? 
(b) How many liters of milk are in 835 gallons (l gal = 4 qt)? 

1.29 An empty vial weighs 55 .32 g. (a) If the vial weighs 1 85.56 g 
when filled with liquid mercury (d = 1 3 .53 g/cm3), what is its 
volume? (b) How much would the vial weigh if it were filled 
with water (d = 0.997 g/cm3 at 25°C)? 

1.30 An empty Erlenmeyer flask weighs 24 1 .3 g. When filled with 
water (d = 1 .00 g/cm3), the flask and its contents weigh 489. 1 g. 
(a) What is the flask's volume? (b) How much does the flask 
weigh when filled with chloroform (d = 1 .48 g/cm3)? 

1.31 A small cube of aluminum measures 1 5 .6 mm on a side and 
weighs 1 0.25 g. What is the density of aluminum in g/cm3? 

1.32 A steel ball-bearing with a circumference of 32.5 mm weighs 
4.20 g. What is the density of the steel in g/cm3 (V of a sphere = 
�TIr3 ; circumference of a circle = 2TIr)? 

1.33 PeIform the following conversions: 
(a) 72°F (a pleasant spring day) to °C and K 
(b) - 1 64°C (the boiling point of methane, the main component 
of natural gas) to K and OF 
(c) 0 K (absolute zero, theoretically the coldest possible temper­
ature) to °C and OF 

1.34 Perform the following conversions: 
(a) 106°F (the body temperature of many birds) to K and °C 
(b) 34 1 O°C (the melting point of tungsten, the highest for any 
element) to K and OF 
(c) 6. 1 X 1 03 K (the surface temperature of the Sun) to OF and °C 

1.35 Anton van Leeuwenhoek, a 1 7th-century pioneer in the use of 
the microscope, described the microorganisms he saw as "ani­
malcules" whose length was "25 thousandths of an inch." How 
long were the animalcules in meters? 

1.36 The distance between two adjacent peaks on a wave is called 
the wavelength. 
(a) The wavelength of a beam of ultraviolet light is 255 nano­
meters (nm). What is its wavelength in meters? 
(b) The wavelength of a beam of red light is 683 nm. What is its 
wavelength in angstroms (A)? 

1.37 In the early 20th century, thin metal foils were used to study 
atomic structure. (a) How many in2 of gold foil with a thickness 
of 1 .6X 1 0-5 in could have been made from 2.0 troy oz? (b) If 
gold cost $20.00/troy oz at that time, how many cm2 of gold foil 
could have been made from $75.00 worth of gold ( 1  troy oz = 
3 1 . 1  g; dof gold = 1 9.3 g/cm3)? 

1.38 A cylindrical tube 7.8 cm high and 0.85 cm in diameter is 
used to collect blood samples. How many cubic decimeters 
(dm3) of blood can it hold (V of a cylinder = TIr2h)? 

1.39 Copper can be drawn into thin wires. How many meters of 
34-gauge wire (diameter = 6.304X 1 0-3 in) can be produced 
from the copper in 5 .01 Ib of covellite, an ore of copper that is 
66% copper by mass? (Hint: Treat the wire as a cylinder: Vof 
cylinder = TIr2h; d of copper = 8.95 g/cm3.) 

Uncertainty in Measurement: Significant Figures 
(Sample Problems 1 .7 and 1 .8) 

1.40 What is an exact number? How are exact numbers treated dif­
ferently from other numbers in a calculation? 

1.41 All nonzero digits are significant. State a rule that tells which 
zeros are significant. 

rt.-� Underline the significant zeros in the following numbers: 
(a) 0.39 (b) 0.039 (c) 0.0390 (d) 3.0900X 1 04 

1.43 Underline the significant zeros in the following numbers: 
(a) 5 .08 (b) 508 (c) 5 .080X 1 03 (d) 0.05080 

1.44 Carry out the following calculations, making sure that your 
answer has the correct number of significant figures: 

2.795 m X 3 . 1 0  m 
(a) ------

6.48 m 
(b) V = �TIr3, where r = 9.282 cm 
(c) 1 . 1 1 0 cm + 1 7 .3 cm + 1 08.2 cm + 3 1 6  cm 

1.45 Carry out the following calculations, making sure that your 
answer has the correct number of significant figures: 

(a) 
2.420 g + 1 5 .6 g 

(b) 
7.87 mL 

4.8 g 1 6 . 1  mL - 8.44 mL 
(c) V = TIr2h, where r = 6.23 cm and h = 4.630 cm 

1.46 Write the following numbers in scientific notation: 
(a) 1 3 1 ,000.0 (b) 0.00047 (c) 2 10,006 (d) 2 160.5 

1.47 Write the following numbers in scientific notation: 
(a) 28 l .0 (b) 0.00380 (c) 4270.8 (d) 58,200.9 

1.48 Write the following numbers in standard notation. Use a ter­
minal decimal point when needed: 
(a) 5 .55 X 1 03 (b) l .0070X 1 04 
(c) 8 .85 X 10-7 (d) 3.004X 10-3 

1.49 Write the following numbers in standard notation. Use a ter­
minal decimal point when needed: 
(a) 6.500X 1 03 (b) 3 .46X l O-5 (c)7.5 X 1 02 (d) 1 .8856X 1 02 

1.50 Carry out each of the following calculations, paying special at­
tention to significant figures, rounding, and units (J = joule, the SI 
unit of energy; mol = mole, the SI unit for amount of substance): 

(6.626X 10-34 J-s)(2.9979X 1 08 m/s) 
(a) 

489X 10 9 m 

(b) 
(6.022X 1023 molecules/mol)( 1 . l 9X 1 02 g) 

46.07 g/mol 

(c) (6.022x 1023 atoms/mol)(2. 1 8X 10- 18 J/atom)(;
2 

-
3
1
2
) , 

where the numbers 2 and 3 in the last term are exact. 
1.51 Carry out each of the following calculations, paying special 

attention to significant figures, rounding, and units: 
8.32X 1 07 g 4 . (a) 

�(3 .14 1 6)( 1 .95 X 1 02 cm)3 
(The term) IS exact.) 



( 1 .84X 102 g)(44.7 m/s)2 
(b) 

2 
(The term 2 is exact.) 

( 1 .07 X 10-4 mol/L)2(2.6X 1 0-3 mol/L) 
(c) 

(8.35 X 10 5 mol/L)( 1 .48 X 1 0  2 mol/L)3 

1.52 Which statements include exact numbers? 
(a) Angel Falls in Venezuela is 32 1 2  ft high. 
(b) There are nine known planets in the Solar System. 
(c) There are 453.59 g in 1 lb. 
(d) There are 1000 mm in 1 m. 

1 .53 Which of the fol lowing include exact numbers? 
(a) The speed of light in a vacuum is a physical constant; to six 
significant figures, it is  2.99792X 1 08 mls. 
(b) The density of mercury at 25°C is 1 3 .53 g/mL. 
(c) There are 3600 s in I h .  
(d) In  2003, the United States had 50 states. 

1.54 How long is the metal strip shown below? Be sure to answer 
with the correct number of significant figures. 

1.55 These organic solvents are used to clean compact discs: 

Solvent Density (g/mL) at 200e 

Chloroform 
Diethyl ether 
Ethanol 
Isopropanol 
Toluene 

1 .492 
0.7 1 4  
0.789 
0.785 
0.867 

(a) If a 1 5 .00-mL sample of CD cleaner weighs 1 1 .775 g at 
20°C, which solvent is most likely to be present? 
(b) The chemist analyzing the cleaner calibrates her equipment 
and finds that the pipet is accurate to :::':::0.02 mL, and the balance 
is accurate to :::':::0.003 g. Is this equipment precise enough to dis­
tinguish between ethanol and isopropanol? 

1.56 A laboratory instructor gives a sample of amino-acid powder 
to each of four students, I, II, III, and IV, and they weigh the 
samples. The true value is 8.72 g. Their results for three trials are 
1: 8.72 g, 8.74 g, 8 .70 g II: 8 .56 g, 8 .77 g, 8.83 g 
III: 8.50 g, 8 .48 g, 8.51 g IV: 8.41 g, 8.72 g, 8.55 g 
(a) Calculate the average mass from each set of data, and tell 
which set is the most accurate. 
(b) Precision is a measure of the average of the deviations of 
each piece of data from the average value. Which set of data is 
the most precise? Is this set also the most accurate? 
(c) Which set of data is both the most accurate and most precise? 
(d) Which set of data is both the least accurate and least precise? 

1.57 The following dartboards i l lustrate the types of errors often 
seen in measurements. The bull ' s-eye represents the actual 
value, and the darts represent the data. 

���� 
Exp. I Exp. II Exp.lII Exp. IV 

Problems 

(a) Which experiments yield the same average result? 
(b) Which experiment(s) display(s) high precision? 
(c) Which experiment(s) display(s) high accuracy? 
(d) Which experiment(s) show(s) a systematic error? 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 
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1.58 To make 2.000 gal of a powdered sports drink, a group of stu­
dents measure out 2.000 gal of water with 500.-mL, 50.-mL, and 
5-mL graduated cylinders. Show how they could get closest to 
2.000 gal of water, using these cylinders the fewest times. 

1.59 Two blank potential energy diagrams (see Figure 1 .3) appear 
below. Beneath each diagram are objects to place in the diagram. 
Draw the objects on the dashed lines to indicate higher or lower 
potential energy and label each case as more or less stable: 

� ---------------
e' Q) c UJ 
ro 
°E Q) 
� 

� ---------------
e' Q) c UJ 
ro 
°E Q) 
� 

(b) or 

(a) Two balls attached to a relaxed or a compressed spring 
(b) Two positive charges near or apart from each other 

1.60 Soft drinks are about as dense as water ( 1 .0 g/cm3); many 
common metals, including iron, copper, and silver, have densi­
ties around 9.5 g/cm3. (a) What is the mass of the liquid in a stan­
dard 1 2-oz bottle of diet cola? (b) What is the mass of a dime? 
(Hint: A stack of five dimes has a volume of about 1 cm3.) 

1.61 Suppose your dorm room is 1 1  ft wide by l2 ft long by 8.5 ft 
high and has an air conditioner that exchanges air at a rate of 
1 200 Llmin. How long would it take the air conditioner to ex­
change the air in your room once? 

1.62 In 1 933, the United States went off the international gold 
standard, and the price of gold increased from $20.00 to 
$35 .00/troy oz. The twenty-dollar gold piece, known as the 
double eagle, weighed 33 .436 g and was 90.0% gold by mass. 
(a) What was the value of the gold in the double eagle before 
and after the price change? (b) How many coins could be 
made from 50.0 troy oz of gold? (c) How many coins could be 
made from 2.00 in3 of gold ( 1  troy oz = 3 1 .  I g; d of gold = 
1 9.3  g/cm3)? 

1.63 An Olympic-size pool is 50.0 m long and 25.0 m wide. 
(a) How many gallons of water (d = 1 .0 g/mL) are needed to fill 
the pool to an average depth of 4.8 ft? (b) What is the mass (in 
ka) of water in the pool? 

* I� At room temperature (.20°C) and �ressure, the de�sity of air 
is 1 . 1 89 giL. An object WIll float 111 aIr If Its denSIty IS less than 
that of air. In a buoyancy experiment with a new plastic, a 
chemist creates a rigid, thin-walled ball that weighs 0. 1 2  g and 
has a volume of 560 cm3. 
(a) Will the ball float if it is evacuated? 
(b) Will it float if fi lled with carbon dioxide (d = ] . 830 gIL)? 
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(c) Will it float if filled with hydrogen (d = 0.0899 giL)? 
(d) Will it float if filled with oxygen (d = 1 .330 gIL)? 
(e) Wil l  it float if fi lled with nitrogen (d = 1 . 1 65 giL)? 
(f) For any case that will float, how much weight must be added 
to make the ball sink? 

1.65 Asbestos is a fibrous sil icate mineral with remarkably high 
tensile strength. But it i s  no longer used because airborne as­
bestos particles can cause lung cancer. Grunerite, a type of as­
bestos, has a tensile strength of 3 .5 X 104 kg/cnl (thus, a bar of 
grunerite with a 1 -cm2 cross-sectional area can hold lip to 
3.5 X 104 kg). The tensile strengths of aluminum and Steel No. 
5 1 37 are 2.5 X 104 Iblin2 and 5.0X 104 Iblin2, respectively. Calcu­
late the cross-sectional area (in cm2) of bars of aluminum and 
Steel NO. 5 1 37 that have the same tensile strength as a bar of 
grunerite with a cross-sectional area of 25 mnl. 

1.66 According to the lore of ancient Greece, Archimedes discov­
ered the displacement method of density determination while 
bathing and used it to find the composition of the king's crown. 
If a crown weighing 4 lb 1 3  oz displaces 1 86 mL of water, is the 
crown made of pure gold (d = 1 9 .3 g/cm3)? 

1�7 Earth's oceans have an average depth of 3800 m, a total area /� 3.63 X 108 knl, and an average concentration of dissolved 
gold of 5 .8  X 1 0-9 giL. (a) How many grams of gold are in the 
oceans? (b) How many m3 of gold are in the oceans? (c) If a re­
cent price of gold was $370.00/t:roy oz, what is the value of gold 
in the oceans (1 troy oz = 3 1 . 1  g; d of gold = 19 .3 g/cm3)? 

1.68 For the year 2002, worldwide production of aluminum was 
24.4 million metric tons (t). (a) How many pounds of aluminum 
were produced? (b) What was its volume in cubic feet 
(l t = 1 000 kg; d of aluminum = 2.70 g/cm3)? 

1.69 Liquid nitrogen is obtained from liquefied air and is used in­
dustrially to prepare frozen foods. It boils at 77.36 K. (a) What is 
this temperature in  °C? (b) What is this temperature in OF? (c) At 

the boiling point, the density of the liquid is 809 giL and that of 
the gas is 4.566 giL. How many liters of l iquid nitrogen are pro­
duced when 895.0 L of nitrogen gas is liquefied at 77.36 K? 

1.70 The speed of sound varies according to the material through 
which it travels. Sound travels at 5 .4X 1 03 cmls through rubber 
and at l .  97 X 1 04 ftls through granite. Calculate each of these 
speeds i.n m/s. 

1.71 If a raindrop weighs 65 mg on average and 5 . 1  X 105 rain­
drops fal l  on a lawn every minute, what mass (in kg) of rain falls 
on the lawn in 1 .5 h? 

* 1.72 The Environmental Protection Agency (EPA) has proposed 
a new safety standard for microparticulates in air: for particles 
up to 2.5 fLin in diameter, the maximum allowable amount is 
50. [Lg/m3 . If your 1 0.0 ft X 8 .25 ft X 1 2.5 ft dorm room just 
meets the new EPA standard, how many of these particles are in 
your room? How many are in each 0.500-L breath you take? 
(Assume the particles are spheres of diameter 2.5 [Lm and made 
primarily of soot, a form of carbon with a density of 2.5 g/cm3.) 

* 1.73 Earth's surface area i s  5 . 1 0X I08 km2, and its crust has 
a mean thickness of 35 km and mean density of 2.8 g/cm3 . 
The two most abundant elements in the crust are oxygen 
(4.55 X 105 glmetric ton, t) and silicon (2.72X 105 g/t), and the 
two rarest non-radioactive elements are ruthenium and rhodium, 
each with an abundance of 1 X 1 0-4 g/t. What is the total mass of 
each of these elements in Earth 's crust (1 t = 1 000 kg)? 

* 1.74 The three states of matter differ greatly in their viscosity, a 
measure of their resistance to flow. Rank the three states from 
highest to lowest viscosity. Explain in submicroscopic terms. 

* 1.75 If a temperature scale were based on the freezing point 
(5 .5°C) and boil ing point (80. 1 0c) of benzene and the tempera­
ture difference between these points was divided into 50 units 
(called OX), what would be the freezing and boiling points of wa­
ter in OX? (See Figure l .8 .) 



Taking It Apart Like this machine transmission, every day matter consists of simpler 
components that are themselves made of even simpler parts. In this chapter, you'll 
learn their properties and discover how chemists identify the components to see how 
they combine. 

Key Principles 
• A substance is matter with a fixed composition: an element consists of 

a single type of atom; a compound consists of molecules (or formula 
units) made up of two or more atoms combined in a specific ratio. A 
mixture consists of two or more substances intermingled physically 
and, thus, has a variable composition. 

• According to Oalton's atomic theory, atoms of a given element have a 

unique mass and other properties. Mass is conserved during a 
chemical reaction because all the atoms of the reacting substances 
are just rearranged into different substances. 

• Atoms have a structure made of three types of subatomic particles: 
positively charged protons and uncharged neutrons make up the 
nucleus, which contains nearly all the mass of the atom; negatively 
charged electrons move continuously around the nucleus. All the 
atoms of a given element have the same number of protons (atomic 
number, Z). Atoms are neutral because the number of protons 
equals the number of electrons. 

• Isotopes of an element are atoms of different masses because they 
have different numbers of neutrons, but they behave the same way 
chemically. The atomic mass of an element is the weighted average 
of the masses of its naturally occurring isotopes. 

Outline 

CHAPTER TWO 

• In the periodic table, the elements are arranged by increasing atomic 
number into a grid of horizontal rows (periods) and vertical columns 
(groups). Metals occupy most of the lower left portion, and non­
metals are found in the upper right corner, with metalloids in be­
tween. Elements in a group have similar properties. 

• The electrons of atoms are involved in forming compounds. In ionic 
bonding, metal atoms transfer electrons to nonmetal atoms, and the 
resulting charged particles (ions) attract each other into solid arrays. 
In covalent bonding, nonmetal atoms share electrons and usually 
form individual molecules. Each compound has a unique name, 
formula, and mass based on its component elements. 

• Unlike compounds, mixtures can be separated by physical means into 
their components. A heterogeneous mixture has a non-uniform 
composition with visible boundaries between the components. A 
homogeneous mixture (solution) has a uniform composition because 
the components (elements and/or compounds) are mixed as individ­
ual atoms, ions, or molecules. 

2.1 Elements, Compounds, and Mixtures: 2.4 The Observations That Led to the 2.7 Compounds: Introduction to Bonding 
An Atomic Overview Nuclear Atom Model Formation of Ionic Compounds 

2.2 The Observations That Led to an Discovery of the Electron Formation of Covalent Compounds 

Atomic View of Matter Discovery of the Nucleus 2.8 Compounds: Formulas, Names, 
Mass Conservation 2.5 The Atomic Theory Today and Masses 
Definite Composition Structure of the Atom Types of Chemical Formulas 
Multiple Proportions Atomic Number, Mass Number, and Atomic Ionic Compounds 

2.3 Dalton's Atomic Theory Symbol Binary Covalent Compounds 
Isotopes and Atomic Masses Alkanes 

Postulates of the Theory 
Molecular Masses 

Explanation of Mass Laws 2.6 Elements: A First Look at the Periodic 
Picturing Molecules Table 

2.9 Classification of Mixtures 
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Concepts & Skills to Review 
Before You Study This Chapter 

• physical and chemical change 
(Section 1 .1 ) 

• states of matter (Section 1 . 1 )  
• attraction and repulsion between 

charged particles (Section 1 . 1 )  
• meaning of  a scientific model 

(Section 1 .2) 
• SI units and conversion factors 

(Section 1 .4) 
• significant figures in calculations 

(Section 1 .5) 

Figure 2.1 Elements, compounds, and 
mixtures on the atomic scale. A, Most 
elements consist of a large collection of 
identical atoms. B, Some elements occur 
as molecules. C, A molecule of a com­
pound consists of characteristic numbers 
of atoms of two or more elements chemi­
cally bound together. D, A mixture 
contains the individual units of two or 
more elements and/or compounds that 
are physically intermingled. The samples 
shown here are gases, but elements, 
compounds, and mixtures occur as 
liquids and solids also. 

A Atoms of an element 

CHAPTER 2 The Components of Motter 

Questioning what something is made of was a common practice even among 
the philosophers of ancient Greece. They believed that everything was made 

of one or, at most, a few elemental substances (elements). Some believed this sub­
stance to be water, others thought it was air, and sti l l  others believed there were 
four elements-fire, air, water, and earth. 

Democritus (c. 460-370 BC), the father of atomism, focused on the ultimate 
components of all substances, and his reasoning went something like this: If you 
cut a piece of, say, copper smaller and smaller, you must eventually reach a par­
ticle of copper so small that it can no longer be cut. Therefore, matter is ulti­
mately composed of indivisible particles, with nothing between them but empty 
space. He called the particles atoms (Greek atomos, "uncuttable") .  However, 
Aristotle (384-322 BC) held that it was impossible for "nothing" to exist, and his 
influence suppressed the concept of atoms for 2000 years. 

Finally, in the 17th century, the great English scientist Robert Boyle argued 
that an element is composed of "simple Bodies, . . .  of which all mixed Bodies 
are compounded." Boyle's hypothesis is remarkably similar to today's idea of an 
element, in which the "simple Bodies" are atoms .  Further studies in the 1 8th cen­
tury gave rise to laws concerning the relative masses of substances that react with 
each other. Then, at the beginning of the 1 9th century, John Dalton proposed an 
atomic model that explained these mass laws. By that century's close, however, 
further observation exposed the need to revise Dalton's model. A burst of cre­
ativity in the early 20th century gave rise to a picture of the atom with a complex 
internal structure, which led to our current model . 

2.1 ELEMENTS, COMPOUNDS, AND MIXTURES: 
AN ATOMIC OVERVIEW 

Matter can be broadly classified into three types-elements, compounds, and mix­
tures. An element is the simplest type of matter with unique physical and chemical 
properties. An element consists of only one kind of atoln. Therefore, it cannot be 
broken down into a simpler type of matter by any physical or chemical methods. 
An element is one kind of pure substance (or just substance), matter whose com­
position is fixed. Each element has a name, such as silicon, oxygen, or copper. A 
sample of silicon contains only silicon atoms .  A key point to remember is that 
the macroscopic properties of a piece of silicon, such as color, density, and com­
bustibility, are different from those of a piece of copper because silicon atoms are 
different from copper atoms; in other words, each element is unique because the 
properties of its atoms are unique. 

Most elements exist in nature as populations of atoms. Figure 2. 1A shows 
atoms of a gaseous element such as neon. Several elements occur naturally  as 
molecules: a molecule is an independent structural unit consisting of two or more 

8 Molecules of an element C Molecules of a compound D Mixture of two elements 
and a compound 



2. 1 Elements, Compounds, and Mixtures: An Atomic Overview 

11MII' Some Properties of Sodium, Chlorine, and Sodium Chloride 
Property Sodium + Chlorine 

Melting point 
Boiling point 
Color 
Density 

- 10 1 °C 
-34°C 

Behavior in water 

97.8°C 
88 1 .4°C 
Si lvery 
0.97 g/cm3 

Reacts 

Yellow-green 
0.0032 g/cm3 

Dissolves slightly 

atoms chemically bound together (Figure 2.IB). Elemental oxygen, for example, 
occurs in air as diatomic (two-atom) molecules. 

A compound is a type of matter composed of two or more different elements 
that are chemically bound together (Figure 2. 1 C). Ammonia, water, and carbon 
dioxide are some common compounds. One defining feature of a compound is 
that the elements are present in fixed parts by mass (fixed mass ratio). Because 
of this fixed composition, a compound is also considered a substance. Any mol­
ecule of the compound has the same fixed parts by mass because it consists of 
fixed numbers of atoms of the component elements. For example, any sample of 
ammonia is 1 4  parts nitrogen by mass plus 3 parts hydrogen by mass. Since 
I nitrogen atom has 14 times the mass of I hydrogen atom, ammonia must con­
sist of 1 nitrogen atom for every 3 hydrogen atoms: 

Ammonia is 14 parts N and 3 parts H by mass 
1 N atom has 1 4  times the mass of 1 H atom 
Therefore, ammonia has' N aloll1 for every 3 H aloms. 

Another defining feature of a compound is that its properties are different 
from those of its component elements. Table 2 . 1  shows a striking example. Soft, 
silvery sodium metal and yellow-green, poisonous chlorine gas have very differ­
ent properties from the compound they form-white, crystalline sodium chloride, 
or common table salt! Unlike an element, a compound can be broken down into 
simpler substances-its component elements. For example, an electric current 
breaks down molten sodium chloride into metallic sodium and chlorine gas. Note 
that this breakdown is a chemical change, not a physical one. 

Figure 2. 1 D  depicts a mixture, a group of two or more substances (elements 
and/or compounds) that are physically intermingled. In contrast to a compound, 
the components of a mixture can vary in their parts by mass. Because its composi­
tion is not fixed, a mixture is not a substance. A mixture of the two compounds 
sodium chloride and water, for example, can have many different parts by mass 
of salt to water. At the atomic scale, a mixture is merely a group of the individ­
ual units that make up its component elements and/or compounds. Therefore, a 
mixture retains many of the properties of its components. Saltwater, for instance, 
is colorless like water and tastes salty like sodium chloride. Unlike compounds, 
mixtures can be separated into their components by physical changes; chemical 
changes are not needed. For example, the water in saltwater can be boiled off, a 
physical process that leaves behind the sodium chloride. 

S ECTION S U M M ARY 
All matter exists as either elements, compounds, or mixtures. An element consists of 
only one type of atom .  A compound contains two or more elements in chemical com­
bination; it exhibits different properties from its component elements. The elements of 
a compound occur in  fixed parts by mass because each unit of the compound has 
fixed numbers of each type of atom. Elements and compounds are referred to as 
substances because their compositions are fixed. A mixture consists of two or more 
substances m ixed together, not chemically combined. The components retain their 
individual properties and can be present in  any proportion. 

Sodium Chloride 

80 1 °C 
1 4 1 3°C 
Colorless (white) 
2. 1 6g/cm3 

Dissolves freely 
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Figure 2.2 The law of definite composi­
tion. Calcium carbonate is found naturally 
in many forms, including marble (top), 
coral (bottom), chalk, and seashells. The 
mass percents of its component elements 
do not change regardless of the com­
pound's source. 

CHAPTER 2 The Components of Motter 

2.2 THE OBSERVATIONS THAT LED TO AN ATOMIC VIEW 
OF MATTER 

Any model of the composition of matter had to explain two extremely important 
chemical observations that were well established by the end of the I Sth century: 
the law of mass conservation and the law of definite (or constant) composition. 
As you ' ll see, John Dalton's atomic theory explained these laws and another 
observation now known as the law of multiple proportions. 

Mass Conservation 
The most fundamental chemical observation of the l Sth century was the law of mass 
conservation: the total mass of substances does not change during a chemical reac­
tion. The number of substances may change and, by definition, their properties must, 
but the total amount of matter remains constant. Antoine Lavoisier ( 1 743-1 794), the 
great French chemist and statesman, had first stated this law on the basis of exper­
iments in which he reacted mercury with oxygen. He found the mass of oxygen plus 
the mass of mercury always equaled the mass of mercuric oxide that formed. 

Even in a complex biochemical change within an organism, such as the metab­
olism of the sugar glucose, which involves many reactions, mass is conserved: 

L 80 g glucose + 1 92 g oxygen gas ->- 264 g carbon dioxide + 1 08 g water 
372 g material before change ->- 372 g material after change 

Mass conservation means that, based on all chemical experience, matter cannot 
be created or destroyed. (As you ' l l  see later, however, mass does change in 
nuclear reactions, although not in chemical reactions.) 

Definite Composition 
Another fundamental chemical observation is summarized as the law of definite 
(or constant) composition: no matter what its source, a particular compound is 
composed of the same elements in the same parts (fractions) by mass. The frac­
tion by mass (mass fraction) is that part of the compound's mass contributed by 
the element. It is obtained by dividing the mass of each element by the total mass 
of compound. The percent by mass (mass percent, mass %) is the fraction by 
mass expressed as a percentage. 

Consider calcium carbonate, the major compound in marble. It is composed 
of three elements-calcium, carbon, and oxygen-and each is present in a fixed 
fraction (or percent) by mass . The following results are obtained for the elemen­
tal mass composition of 20.0 g of calcium carbonate (for example, S.O g of 
calciuml20.0 g = 0.40 parts of calcium): 

Analysis by Mass 
(grams/20.0 g) 

Mass Fraction 
(parts/WO part) 

Percent by Mass 
(parts/100 parts) 

8.0 g calcium OAO calcium 40% calcium 
2A g carbon 0. 1 2  carbon 1 2% carbon 
9.6 g oxygen OA8 oxygen 48% oxygen 

20.0 g 1 .00 part by mass 1 00% by mass 

As you can see, the sum of the mass fractions (or mass percents) equals l .00 part 
(or 1 00%) by mass. The law of definite composition tells us that pure samples of 
calcium carbonate, no matter where they come from ,  always contain these ele­
ments in the same percents by mass (Figure 2.2). 

Because a given element always constitutes the same mass fraction of a given 
compound, we can use that mass fraction to find the actual mass of the element 
in any sample of the compound: 

. part by mass of element Mass of element = mass of compound X --=----'--------
one part by mass of compound 
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Or, more simply, mass analysis tells us the pqrts by mass, so we can use that 
directly with any mass unit and skip the need to find the mass fraction first: 

Mass of element in sample 

f d . 
mass of element in compound 

= mass 0 compoun III sample X (2.1)  
mass of compound 

SAMPLE PROBLEM 2 . 1 Calculating the Mass of an Element in a Compound 
Problem Pitchblende is the most commercially important compound of uranium. 
Analysis shows that 84.2 g of pitchblende contains 7 1 .4 g of uranium, with oxygen as 
the only other element. How many grams of uranium can be obtained from 1 02 kg of 
pitchblende? 
Plan We have to find the mass of uranium in a known mass of pitchblende, given the mass 
of uranium in a different mass of pitchblende. The mass ratio of uranium/pitchblende is 
the same for any sample of pitchblende. Therefore, as shown by Equation 2 . 1 ,  we multiply 
the mass (in kg) of pitchblende by the ratio of uranium to pitchblende that we construct 
from the mass analysis. This gives the mass (in kg) of uranium, and we just convert kilo­
grams to grams. 
Solution Finding the mass (kg) of uranium in 1 02 kg of pitchblende: 

M (k ) f ·  (k ) f . hbl d 
mass (kg) of uranium in pitchblende 

ass g a uramum = mass g a Pitc en e X __ --'-::::..c...-_____ -O... ___ _ 
mass (kg) of pitchblende 

. . 71 .4 kg uranium 
Mass (kg) of uramum = 1 02 leg pttcnblende X = 86.5 kg uranium 

84.2 kg pitchblende 
Converting the mass of uranium from kg to g :  

. . 1 000 g 
Mass (g) of uramum = 86.5 kg uramum X ---

1 kg 

= 8 .65 X 104 g uranium 

Check The analysis showed that most of the mass of pitchblende is due to uranium, so 
the large mass of uranium makes sense. Rounding off to check the math gives: 

. 70 . - 1 00 kg pItchblende X 
85 

= 82 kg uranIUm 

F OLLOW- U P  PROBLEM 2 . 1  How many metric tons (t) of oxygen are combined in  
a sample of pitchblende that contains 2.3 t of uranium? (Hint: Remember that oxygen is 
the only other element present.) 

Multiple Proportions 
Dalton described a phenomenon that occurs when two elements form more than 
one compound. His observation is now called the law of multiple proportions: 
if elements A and B react to form two compounds, the different masses of B that 
combine with a fixed mass of A can be expressed as a ratio of small whole num­
bers. Consider two compounds that form from carbon and oxygen; for now, let's 
call them carbon oxides I and II. They have very different properties. For exam­
ple, measured at the same temperature and pressure, the density of carbon oxide I 
is 1 .25 giL, whereas that of II is 1 .98 gIL. Moreover, I is poisonous and flammable, 
but II is not. Analysis shows that their compositions by mass are 

Carbon oxide 1: 57. 1 mass % oxygen and 42.9 mass % carbon 
Carbon oxide II : 72.7 mass % oxygen and 27.3 mass % carbon 

To see the phenomenon of multiple proportions, we use the mass percents of 
oxygen and of carbon in each compound to find the masses of these elements in 
a given mass, for example, 100 g, of each compound. Then we divide the mass 

Mass (kg) of pitchblende 

multiply by mass ratio of uranium 
to pitchblende from analysis 

Mass (kg) of uranium 

1 kg = 1 000 g 

Mass (g) of uranium 
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of oxygen by the mass of carbo]) in each compound to obtain the mass of oxy­
gen that combines with a fixed mass of carbon: 

g oxygenllOO g compo!lnd 
g carbonllOO g compound 

g oxygen/g carbon 

Carbon Oxide I 

57. 1  
42.9 
57. 1  = 1 33 42.9 . 

Carbon Oxide I I  

72.7 
27.3 
72.7 = 2 66 27.3 . 

If we then divide the grams of oxygen per gram of carbon in II by that in I, we 
obtain a ratio of small whole numbers: 

2.66 g oxygen/g carbon in II 2 
1 .33 g oxygen/g carbon in I 1 

The law of multiple proportions tells us that in two compounds of the same 
elements, the mass fraction of one element relative to the other element changes in 
increments based on ratios of small whole numbers. In this case, the ratio is 2: 1 for 
a given mass of carbon, II contains 2 times as much oxygen as I, not 1 .583 times, 
1 .7 1 6  times, or any other intermediate amount. As you' ll see next, Dalton's theory 
allows us to explain the composition of carbon oxides I and II on the atomic scale. 

S ECTION S U M MARY 
Three fundamental observations known as the mass laws state that (1 ) the total mass 
remains constant during a chemical reaction; (2) any sample of a given compound 
has the same elements present in the same parts by mass; and (3) in  different com­
pounds of the same elements, the masses of one element that combine with a fixed 
mass of the other can be expressed as a ratio of small whole numbers. 

2.3 DALTON'S ATOMIC THEORY 

With almost 200 years of hindsight, i t  may be easy to see how the mass laws 
could be explained by an atomic model-matter existing in indestructible units, 
each with a particular mass-but it was a major breakthrough in 1 808 when John 
Dalton ( 1 766-1 844) presented his atomic theory of matter in A New System of 
Chemical Philosophy. 

Postulates of the Atomic Theory 
Dalton expressed his theory in a series of postulates. Like most great thinkers, 
Dalton incorporated the ideas of others into his own to create the new theory. As 
we go through the postulates, which are presented here in modern terms, let's see 
which were original and which came from others. 

1 .  All matter consists of atoms, tiny indivisible particles of an element that can­
not be created or destroyed. (Derives from the "eternal, indestructible atoms" 
proposed by Democritus more than 2000 years earlier and conforms to mass 
conservation as stated by Lavoisier.) 

2 .  Atoms of one element cannot be converted into atoms of another element. In 
chemical reactions, the atoms of the original substances recombine to form dif­
ferent substances. (Rejects the earlier belief by alchemists that one element 
could be magically transformed into another, such as lead into gold.) 

3. Atoms of an element are identical in mass and other properties and are different 
from atoms of any other element. (Contains Dalton's major new ideas: unique 
mass and properties for all the atoms of a given element.) 

4. Compounds result from the chemical combination of a specific ratio of atoms 
of different elements. (Follows directly from the fact of definite composition.)  



2.4 The Observations That Led to the Nuclear Atom Model 

How the Theory Explains the Mass Laws 
Let's see how Dalton's postulates explain the mass laws: 

• Mass conservation. Atoms cannot be created or destroyed (postulate 1 )  or con­
verted into other types of atoms (postulate 2). Since each type of atom has a 
fixed mass (postulate 3), a chemical reaction, in which atoms are j ust com­
bined differently with each other, cannot possibly result in a mass change. 

• Definite composition. A compound is a combination of a specific ratio of dif­
ferent atoms (postulate 4), each of which has a particular mass (postulate 3) .  
Thus, each element in a compound constitutes a fixed fraction of the total mass. 

• Multiple proportions. Atoms of an element have the same mass (postulate 3) 
and are indivisible (postulate 1 ) . The masses of element B that combine with 
a fixed mass of element A give a small, whole-number ratio because different 
numbers of B atoms combine with each A atom in different compounds. 

The simplest arrangement consistent with the mass data for carbon oxides I 
and II in our earlier example is that one atom of oxygen combines with one atom 
of carbon in compound I (carbon monoxide) and that two atoms of oxygen com­
bine with one atom of carbon in compound II (carbon dioxide) (Figure 2 .3) .  

Dalton's atomic model was crucial to the idea that masses of reacting ele­
ments could be explained in terms of atoms, and it led to experiments to learn 
the relative masses of atoms in compounds. However, the model did not explain 
why atoms bond as they do: for example, why do two, and not three, hydrogen 
atoms bond with one oxygen atom in water? Also, Dalton's model did not account 
for the charged particles that were being observed in experiments. Clearly, a more 
complex atomic model was needed. 

S ECTION S U M M A RY 
Dalton's atomic theory explained the mass laws by proposing that al l  matter consists 
of indivisible, unchangeable atoms of fixed, unique mass. Mass is constant during a 
reaction because atoms form new combinations; each compound has a fixed mass 
fraction of each of its elements because it is composed of a fixed number of each 
type of atom; and different compounds of the same elements exhibit multiple pro­
portions because they each consist of whole atoms. 

2.4 THE OBSERVATIONS THAT LED TO THE NUCLEAR 
ATOM MODEL 

The path of discovery is often winding and unpredictable. Basic research into the 
nature of electricity eventually led to the discovery of electrons, negatively charged 
particles that are part of all atoms. Soon thereafter, other experiments revealed that 
the atom has a nucleus-a tiny, central core of mass and positive charge. In this sec­
tion, we examine some key experiments that led to our current model of the atom. 

Discovery of the Electron and Its Properties 
Nineteenth-century investigators of electricity knew that matter and electric charge 
were somehow related. What they did not know, however, was what an electric 
current itself might consist of. Some investigators tried passing current from a 
high-voltage source through nearly evacuated glass tubes fitted with metal elec­
trodes that were sealed in place and connected to an external source of electricity. 
When the power was turned on, a "ray" could be seen striking the phosphor-coated 
end of the tube and emitting a glowing spot of light. The rays were called cath­
ode rays because they originated at the negative electrode (cathode) and moved 

. � 
o C 0 

Carbon oxide I Carbon oxide I I  

(carbon monoxide) (carbon dioxide) 
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Figure 2.3 The atomic basis of the law 
of multiple proportions. Carbon and 
oxygen combine to form carbon oxide I 

(carbon monoxide) and carbon oxide I I  

(carbon dioxide). The masses of oxygen 
in the two compounds relative to a fixed 
mass of carbon are in a ratio of small 
whole numbers. 
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� Animation: Cathode Ray Tube 
� Online Learning Center 

CHAPTER 2 The Components of Matter 

OBSERVATION CONCLUSION 

1. Ray bends in Consists of 
magnetic field charged 

particles 

2. Ray bends toward Consists of 
positive plate negative 
in electric field particles 

3. Ray is identical Particles found 
for any cathode in all matter 

Figure 2.4 Experiments to determine the properties of cathode rays. A cathode ray forms when 
high voltage is applied to a partially evacuated tube. The ray passes through a hole in the anode 
and hits the coated end of the tube to produce a glow. 

to the positive electrode (anode). Cathode rays typically travel in a straight line, 
but in a magnetic field the path is  bent, indicating that the particles are charged, 
and in an electric field the path bends toward the positive plate. The ray is iden­
tical no matter what metal is used as the cathode (Figure 2 .4). It was concluded 
that cathode rays consist of negatively charged particles found in all matter. The 
rays appear when these particles collide with the few remaining gas molecules in 
the evacuated tube. Cathode ray particles were later named electrQns. 

In 1 897, the British physicist J. J. Thomson ( 1 856-1940) used magnetic and 
electric fields to measure the ratio of the cathode ray particle's mass to its charge. 
By comparing this value with the mass/charge ratio for the lightest charged par­
ticle in solution, Thomson estimated that the cathode ray particle weighed less 
than I O�O as much as hydrogen, the l ightest atom! He was shocked because this 
implied that, contrary to Dalton's atomic theory, atoms are divisible into even 
smaller particles. Fellow scientists reacted at first with disbelief, and some even 
thought Thomson was joking. 

In 1909, the American physicist Robert Millikan ( 1868-1953) measured the 
charge of the electron. He did so by observing the movement of tiny droplets of the 
"highest grade clock oil" in an apparatus that contained electrically charged plates 
and an x-ray source (Figure 2.5). X-rays knocked electrons from gas molecules in 
the air, and as an oil droplet fell through a hole in the positive (upper) plate, the 
electrons stuck to the drop, giving it a negative charge. With the electric field off, 
Millikan measured the mass of the droplet from its rate of fall .  By turning on the 
field and varying its strength, he could make the drop fall more slowly, rise, or pause 
suspended. From these data, Millikan calculated the total charge of the droplet. 

After studying many droplets, Millikan calculated that the various charges of the 
droplets were always some whole-number multiple of a minimum charge. He rea­
soned that different oil droplets picked up different numbers of electrons, so this min­
imum charge must be that of the electron itself. The value, which he calculated 
almost 100 years ago, is within 1 %  of the modern value of the electron's charge, 
- 1 .602 X 10- 1 9  C (C stands for coulomb, the SI unit of charge). Using the electron's 
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Figure 2.5 Millikan's oil-drop experiment for measuring an electron's charge. The motion of a 
given oil droplet depends on the variation in electric field and the total charge on the droplet, which 
depends in turn on the number of attached electrons. Millikan reasoned that the total charge must be 
some whole-number multiple of the charge of the electron. 

mass/charge ratio from work by Thomson and others and this value for the electron 's 
charge, let's calculate the electron's extremely small mass the way Millikan did: 

Mass of electron = mass 
X charge = (-S.686X 10- 1 2 

kg) C - 1 .602X 1 0- 19  G) 
charge G 

= 9 . 109 X lO-3 1 kg = 9. 1 09x IO-28 g 

Discovery of the Atomic Nucleus 
Clearly, the properties of the electron posed problems about the inner structure of 
atoms. If everyday matter is electrically neutral, the atoms that make it up must 
be neutral also. But if atoms contain negatively charged electrons, what positive 
charges balance them? And if an electron has such an incredibly tiny mass, what 
accounts for an atom's much larger mass? To address these issues, Thomson pro­
posed a model of a spherical atom composed of diffuse, positively charged mat­
ter, in which electrons were embedded like "raisins in a plum pudding." 

Near the turn of the 20th century, French scientists discovered radioactivity, 
the emission of particles and/or radiation from atoms of certain elements. Just a 
few years later, in 1 9 1 0, the New Zealand-born physicist Ernest Rutherford 
( 1 87 1- 1 937) used one type of radioactive particle in a series of experiments that 
solved this dilemma of atomic structure. 

Figure 2.6 (on the next page) is a three-part representation of Rutherford's 
experiment. Tiny, dense, positively charged alpha (a) particles emitted from 
radium were aimed, like minute proj ectiles, at thin gold foil .  The figure illustrates 
(A) the "plum pudding" hypothesis, (B) the apparatus used to measure the deflec­
tion (scattering) of the a particles from the light flashes created when the parti­
cles struck a circular, coated screen, and (C) the actual result. 

� Animation: Millikan Oil Drop � Online Learning Center 
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A Hypothesis: Expected result based 
on "plum pudding" model 

Figure 2.6 Rutherford's a-scattering 
experiment and discovery of the 
atomic nucleus. A, HYPOTHESIS: Atoms 
consist of electrons embedded in diffuse, 
positively charged matter, so the speed­
ing a particles should pass through the 
gold foil with, at most, minor deflections. 
B, EXPERIMENT: a particles emit a flash 
of light when they pass through the gold 
atoms and hit a phosphor-coated screen. 
C, RESULTS: Occasional minor deflections 
and very infrequent major deflections are 
seen. This means very high mass and 
positive charge are concentrated in a 
small region within the atom, the nucleus. 

� Animation: Rutherford's Experiment � Online Learning Center 
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B Experiment C Actual Result 

With Thomson's model in mind, Rutherford expected only minor, if any, 
deflections of the ex particles because they should act as tiny, dense, positively 
charged "bullets" and go right through the gold atoms. According to the model, 
the embedded electrons could not deflect the ex particles any more than a Ping­
Pong ball could deflect a speeding baseball. Initial results confirmed this, but soon 
the unexpected happened. As Rutherford recalled: "Then I remember two or three 
days later Geiger [one of his coworkers] coming to me in great excitement and 
saying, 'We have been able to get some of the ex particles coming backwards . .  .' 
It was quite the most incredible event that has ever happened to me in my life. It 
was almost as incredible as if you fired a I S-inch shell at a piece of tissue paper 
and it came back and hit you." 

The data showed that very few ex particles were deflected at all, and that only 
1 in 20,000 was deflected by more than 900 ("coming backwards"). It seemed that 
these few ex particles were being repelled by something small, dense, and posi­
tive within the gold atoms. From the data, Rutherford calculated that an atom is 
mostly space occupied by electrons, but in the center of that space is a tiny region, 
which he called the nucleus, that contains all the positive charge and essentially 
all the mass of the atom. He proposed that positive particles lay within the nucleus 
and called them protons. Rutherford's model explained the charged nature of mat­
ter, but it could not account for all the atom's mass. After more than 20 years, 
this issue was resolved when, in 1 932, James Chadwick discovered the neutron, 
an uncharged dense particle that also resides in the nucleus. 

S ECTION S U MMARY 
Several major discoveries at the turn of the 20th century led to our current model of 
atomic structure. Cathode rays were shown to consist of negative particles (electrons) 
that exist in all matter. J. J. Thomson measured their mass/charge ratio and con­
cluded that they are much smaller and l ighter than atoms. Robert Mil likan determined 
the charge of the electron, which he combined with other data to calculate its mass. 
Ernest Rutherford proposed that atoms consist of a tiny, massive, positive nucleus 
surrounded by electrons. 
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2.5 THE ATOMIC THEORY TODAY 

For over 200 years, scientists have known that all matter consists of atoms, and 
they have learned astonishing things about them. Dalton's tiny indivisible parti­
cles have given way to atoms with "fuzzy," indistinct boundaries and an elabo­
rate jnternal architecture of subatomic particles. In this section, we examine our 
current model and begin to see how the properties of subatonuc particles affect 
the properties of atoms. 

Structure of the Atom 
An atom is an electrically neutral, spherical entity composed of a positively 
charged central nucleus surrounded by one or more negatively charged electrons 
(Figure 2.7). The electrons move rapidly within the available atomic volume, held 
there by the attraction of the nucleus.  The nucleus is incredibly dense: it con­
tributes 99.97% of the atom's mass but occupies only about 1 ten-trillionth of its 
volume. (A nucleus the size of a period on this page would weigh about 100 tons, 
as much as 50 cars ! )  An atom's diameter ( � 1 O- 10  m) is about 1 0,000 times the 
diameter of its nucleus (� 1 O- 14 m). 

An atomic nucleus consists of protons and neutrons (the only exception is the 
simplest hydrogen nucleus, which is a single proton). The proton (p +) has a pos­
itive charge, and the neutron (no) has no charge; thus, the positive charge of the 
nucleus results from its protons. The magnitude of charge possessed by a proton 
is equal to that of an electron (e-), but the signs of the charges are opposite. 
An atom is neutral because the number of protons in the nucleus equals the num­
ber of electrons surrounding the nucleus. Some properties of these three sub­
atomic particles are l isted in Table 2.2. 

mNID Properties of the Three Key Subatomic Particles 

Charge Mass 

Name (Symbol) Relative Absolute (C). Relative (amu)t 

Proton (p+) 1 +  + 1 .602 1 8X 1 0- 19 l .00727 
Neutron (no) 0 0 1 .00866 
Electron (e-) ] - - 1 .602 1 8X 10- 1 9  0.00054858 

*The coulomb (C) is the 81 unit of charge. 
tThe atomic mass unit (amu) equals 1 .66054X 1 0-24 g; discussed later in this section. 

Figure 2.7 General features of the 
atom. A, A "cloud" of rapidly moving, 
negatively charged electrons occupies 
virtually all the atomic volume and sur­
rounds the tiny, central nucleus. B, The 
nucleus contains virtually all the mass 
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of the atom and consists of positively 
charged protons and uncharged neu­
trons. If the nucleus were actually the size 
in the figure (-1 cm across), the atom 
would be about 1 00 m across-slightly 
more than the length of a football field! 

� Animation: Alpha, Beta, and Gamma Rays � Online Learning Center 

Absolute (g) Location in Atom 

1 .67262X 1 0-24 Nucleus 
1 .67493 X 1 0-24 Nucleus 
9. 10939x lO-28 Outside nucleus 
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Mass 
number -+------ I (p+ + nO) 

I 
A X-- Atomic 

Z I symbol 
Atomic � 
number 1'--____ -----'. 

(p+) 

An atom of carbon - 12 

An atom of oxygen -1 6 

An atom of uranium - 235 

An atom of uranium -238 

Figure 2.8 Depicting the atom. Atoms of 
carbon- 1 2, oxygen-16 ,  uranium-235, and 
uranium-238 are shown (nuclei not drawn 
to scale) with their symbolic representa­
tions. The sum of the number of protons 
(Z) and the number of neutrons (N) equals 
the mass number (A) .  An atom is neutral, 
so the number of protons in the nucleus 
equals the number of electrons around 
the nucleus. The two uranium atoms are 
isotopes of the element. 
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Atomic Number, Mass Number, and Atomic Symbol 
The atomic number (Z) of an element equals the number of protons in the 
nucleus of each of its atoms. All atoms of a particular element have the same 
atomic number, and each element has a different atomic number from that of 
any other element. All carbon atoms (Z = 6) have 6 protons, all oxygen atoms 
(Z = 8) have 8 protons, and all uranium atoms (Z = 92) have 92 protons. There 
are currently 1 14 known elements, of which 90 occur in nature; the remaining 24 
have been synthesized by nuclear scientists. 

The total number of protons and neutrons in the nucleus of an atom is its 
mass number (A). Each proton and each neutron contributes one unit to the mass 
number. Thus, a carbon atom with 6 protons and 6 neutrons in its nucleus has a 
mass number of 1 2, and a uranium atom with 92 protons and 146 neutrons in its 
nucleus has a mass number of 238. 

The nuclear mass number and charge are often written with the atomic 
symbol (or element symbol). Every element has a symbol based on its English, 
Latin, or Greek name, such as e for carbon, 0 for oxygen, S for sulfur, and Na 
for sodium (Latin natrium). The atomic number (Z) is written as a left subscript 
and the mass number (A) as a left superscript to the symbol, so element X would 
be �X. The mass number is the sum of protons and neutrons, so the number of 
neutrons (N) equals the mass number minus the atomic number: 

Number of neutrons = mass number - atomic number, or N = A - Z (2.2) 
Thus, a chlorine atom, which is symbolized as i�el, has A = 35, Z = 1 7, and 
N = 35 - 1 7  = 1 8. Each element has its own atomic number, so we know the 
atomic number from the symbol. For example, every carbon atom has 6 protons. 
Therefore, instead of writing l�e for carbon with mass number 1 2, we can write 
1 2e (spoken "carbon twelve"), with Z = 6 understood. Another way to write this 
atom is carbon- 1 2. 

. 

Isotopes and Atomic Masses of the Elements 
All atoms of an element are identical in atomic number but not in mass number. 

Isotopes of an element are atoms that have different numbers of neutrons and 
therefore different mass numbers. For example, all carbon atoms (Z = 6) have 6 
protons and 6 electrons, but only 98.89% of naturally occurring carbon atoms 
have 6 neutrons in the nucleus (A = 1 2) . A small percentage ( 1 . 1 1 %) have 7 neu­
trons in the nucleus (A = 1 3) ,  and even fewer (less than 0.0 1 %) have 8 (A = 14). 
These are carbon's three naturally occurring isotopes-1 2e, l 3e, and 14c. Five other 
carbon isotopes-ge, JOe, l Ie, l Se, and 16e-have been created in the laboratory. 
Figure 2.8 depicts the atomic number, mass number, and symbol for four atoms, 
two of which are isotopes of the same element. 

A key point is that the chemical properties of an element are primarily deter­
mined by the number of electrons, so all isotopes of an element have nearly iden­
tical chemical behavior, even though they have different masses. 

SAMPLE PROBLEM 2 . 2  Determining the Number of Subatomic Particles 
in the Isotopes of an Element 

Problem Silicon (Si) is essential to the computer industry as a major component of semi­
conductor chips. It has three naturally occurring isotopes: 28Si, 29Si, and 30Si. Determine 
the numbers of protons, neutrons, and electrons in each silicon isotope. 
Plan The mass number (A) of each of the three isotopes is given, so we know the sum of 
protons and neutrons. From the elements list on the text's inside front cover, we find the 
atomic number (Z, number of protons), which equals the number of electrons. We obtain 
the number of neutrons from Equation 2.2. 



2.5 The Atomic Theory Today 

Solution From the elements list, the atomic number of silicon is 1 4. Therefore, 
28S i  has 1 4p+ : 1 4e-, and 14no (28 - 1 4) 
29Si has 1 4p + , 1 4e -, and 15no (29 - 14) 
30Si has 1 4p+ , 1 4e-, and 1 6no (30 - 1 4) 

FOLLOW- U P  PROBLEM 2 . 2  How many protons, neutrons, and electrons are in 
(a) l 1Q? (b) i6X? (c) l��y? What element symbols do Q, X, and Y represent? 

The mass of an atom is measured relative to the mass of an atomic standard. 
The modern atomic mass standard is the carbon- 1 2  atom. Its mass is defined as 
exactly 1 2  atomic mass units. Thus, the atomic mass unit (amu) is /2 the mass 
of a carbon- 1 2  atom.  Based on this standard, the I H  atom has a mass of 
1 .008 amu; in other words, a 1 2C atom has almost 12 times the mass of an I H  
atom. We will continue to use the term atomic mass unit in the text, although the 
name of the unit has been changed to the dalton (Da); thus, one 1 2C atom has a 
mass of 1 2  daltons ( 1 2  Da, or 1 2  amu). The atomic mass unit, which is a unit of 
relative mass, has an absolute mass of 1 .66054 X l O-24 g. 

The isotopic makeup of an element is determined by mass spectrometry, a 
method for measuring the relative masses and abundances of atomic-scale parti­
cles very precisely. In one type of mass spectrometer, atoms of a sample of, say, 
elemental neon are bombarded by a high-energy electron beam (Figure 2.9A). As 
a result, one electron is knocked off each Ne atom, and each resulting particle 
has one positive charge. Thus, its mass/charge ratio (m/e) equals the mass of an 
Ne atom divided by 1 + .  The m/e values can be measured in the mass spectrom­
eter to identify the masses of different isotopes of the element. The positively 
charged Ne particles are attracted toward a series of negatively charged plates with 
slits in them, and some of the particles pass through into an evacuated tube 
exposed to a magnetic field. As the particles zoom through this region, they are 
deflected (their paths are bent) according to their m/e values: the lightest particles 
are deflected most and the heaviest particles least. At the end of the magnetic 
region, the particles strike a detector, which records their relative positions and 
abundances (Figure 2.9B). 
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@ Electron beam knocks 
electrons from atoms 
(see Figure 82. 1) 

Lightest particles in sample 

Charged particle beam 
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Figure 2.9 The mass spectrometer and 
its data. A, Charged particles are sepa­
rated on the basis of their mle values. Ne 
is the sample here. B, Data show the per­
cent abundance of each Ne isotope. 
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Mass spectrometry is now used to measure the mass of virtually any atom or 
molecule. In 2002, the Nobel Prize in chemistry was awarded for the study of 
proteins by mass spectrometry. 

Let's see how data obtained with this instrument give us key information. 
. 

h 
. 

f 28S · 1 2C Usmg a mass spectrometer, we measure t e mass ratIO 0 , say, 1 to as 

Mass of 28S i  atom = 2.33 14 1 1 
Mass of 1 2C standard 

From this mass ratio, we find the isotopic mass of the 28Si atom, the mass of the 
isotope relative to the mass of the standard carbon- 1 2  isotope: 

Isotopic mass of 28S i  = measured mass ratio X mass of 1 2C 
= 2.33 14 1 1  X 12 amu = 27.97693 amu 

Along with the isotopic mass, the mass spectrometer gives the relative abun­
dance (fraction) of each isotope in a sample of the element. For example, the per­
cent abundance of 28Si is 92.23%. Such data allow us to calculate the atomic 
mass (also called atomic weight) of an element, the average of the masses of its 
naturally occurring isotopes weighted according to their abundances. 

Each naturally occurring isotope of an element contributes a certain portion 
to the atomic mass. For instance, as just noted, 92.23% of Si atoms are 28Si .  Using 
this percent abundance as a fraction and multiplying by the isotopic mass of 28Si 
gives the portion of the atomic mass of Si  contributed by 28Si :  

Portion of S i  atomic mass from 28S i  = 27.97693 amu X 0.9223 = 25.803 1 amu 
(retaining two additional significant figures) 

Similar calculations give the portions contributed by 29Si (28 .976495 amu X 
0.0467 = 1 .3532 amu) and by 30Si (29.973770 amu X 0.03 1 0  = 0.9292 amu), 
and adding the three portions together (rounding to two decimal places at the end) 
gives the atomic mass of silicon: 

Atomic mass of Si = 25.803 1 amu + 1 .3532 amu + 0.9292 amu 
= 28.0855 amu = 28.09 amu 

Note that this atomic mass is an average value, and averages must be interpreted 
carefully. Although the average number of children in an American family in 1 985 
was 2.4, no family actually had 2.4 children; similarly, no individual silicon atom 
has a mass of 28 .09 amu. B ut for most laboratory purposes, we consider a sam­
ple of silicon to consist of atoms with this average mass. 

SAMPLE PROBLEM 2.3 Calculating the Atomic Mass of an Element 
Problem S ilver (Ag; Z = 47) has 46 known isotopes, but only two occur naturally, 1 07 Ag 
and 1 09 Ag. Given the following mass spectrometric data, calculate the atomic mass of Ag: 

Isotope Mass (amu) Abundance (%) 
l07Ag 
109Ag 

1 06.90509 
1 08.90476 

5 1 . 84 
48. 16  

Plan From the mass and abundance of  the two Ag isotopes, we  have to  find the atomic 
mass of Ag (weighted average of the isotopic masses). We multiply each isotopic mass by 
its fractional abundance to find the portion of the atomic mass contributed by each iso­
tope. The sum of the isotopic portions is the atomic mass. 
Solution Finding the portion of the atomic mass from each i sotope: 

Portion of atomic mass from 107 Ag: = isotopic mass X fractional abundance 
= 1 06.90509 amu X 0.5 1 84 = 55 .42 amu 

Portion of atomic mass from 109 Ag: = 1 08.90476 amu X 0.48 16  = 52.45 amu 
Finding the atomic mass of silver: 

Atomic mass of Ag = 55.42 amu + 52.45 amu = 1 07.87 amu 



2.6 Elements: A First Look at the Periodic Table 

Check The individual portions seem right: � 1 00 amu X 0.50 = 50 amu. The portions 
should be almost the same because the two isotopic abundances are almost the same. We 
rounded each portion to four significant figures because that is the number of significant 
figures in the abundance values. This is the correct atomic mass (to two decimal places), 
as shown in the list of elements (inside front cover). 

FOLLOW·UP PROBLEM 2.3  Boron (B; Z = 5) has two naturally occurring isotopes. 
Find the percent abundances of l OB and l iB given the atomic mass of B = 1 0. 8 1  amu, 
the isotopic mass of l OB = 1 0.0 1 29 amu, and the isotopic mass of l lB = 1 l .0093 amu. 
(Hint: The sum of the fractional abundances is 1 .  If x = abundance of J OB ,  then 
1 - x = abundance of l iB.) 

S E C T I O N  S U M M A RY 
An atom has a central n ucleus, which contains positively charged protons and 
uncharged neutrons and is surrounded by negatively charged electrons. An atom is 
neutral because the number of electrons equals the number of protons. An atom 
is represented by the notation �X, in which Z is the atomic number (number of pro­
tons), A the mass number (sum of protons and neutrons), and X the atomic symbol. 
An element occurs naturally as a mixture of isotopes, atoms with the same n umber 
of protons but different numbers of neutrons. Each isotope has a mass relative to 
the 12C mass standard. The atomic mass of an element is the average of its isotopic 
masses weighted according to their natural abundances and is determined by 
mass spectrometry. 

2.6 ELEMENTS: A FIRST LOOK AT THE PERIODIC TABLE 

At the end of the 1 8th century, Lavoisier compiled a list of the 23 elements known 
at that time; by 1 870, 65 were known; by 1 925, 88;  today, there are 1 14 and still 
counting ! These elements combine to form millions of compounds, so we clearly 
need some way to organize what we know about their behavior. By the mid- 1 9th 
century, enormous amounts of information concerning reactions, properties, and 
atomic masses of the elements had been accumulated. Several researchers noted 
recurring, or periodic, patterns of behavior and proposed schemes to organize the 
elements according to some fundamental property. 

In 1 87 1 ,  the Russian chemist Dmitri Mendeleev published the most success­
ful of these organizing schemes in the form of a table that l isted the elements by 
increasing atomic mass, arranged so that elements with similar chemical proper­
ties fell in the same column. The modern periodic table of the elements, based 
on Mendeleev's earlier version (but arranged by atomic number, not mass), is one 
of the great classifying schemes in science and has become an indispensable tool 
to chemists. Throughout your study of chemistry, the periodic table will guide 
you through an otherwise dizzying amount of chemical and physical behavior. 

Organization of the Periodic Table A modern version of the periodic table 
appears in Figure 2. 1 0  (on the next page) and inside the front cover. It is for­
matted as follows :  

1 .  Each element has a box that contains i ts  atomic number, atomic symbol, and 
atomic mass. The boxes lie in order of increasing atomic number (number of 
protons) as you move from left to right. 

2. The boxes are arranged into a grid of periods (horizontal rows) and groups 
(vertical columns). Each period has a number from 1 to 7. Each group has a 
number from 1 to 8 and either the letter A or B .  A new system, with group 
numbers from 1 to 1 8  but no letters, appears in parentheses under the number­
letter designations. (Most chemists still use the number-letter system, so the 
text retains it, but shows the new numbering system in parentheses.) 
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3 .  The eight A groups (two on the left and six on the right) contain the main­
group, or representative, elements. The ten B groups, located between Groups 
2A(2) and 3A( 1 3) ,  contain the transition elements. Two horizontal series of 
inner transition elements, the lanthanides and the actinides, fit between the ele­
ments in Group 3B(3) and Group 4B(4) and are usually placed below the main 
body of the table. 

At this point in the text, the clearest distinction among the elements is their 
classification as metals, nonmetals, or metalloids. The "staircase" line that runs 
from the top of Group 3A(1 3) to the bottom of Group 6A( 1 6) in Period 6 is a 
dividing line for this classification. The metals (three shades of blue) appear in  
the large lower-left portion of the table. About three-quarters of  the elements are 
metals, including many main-group elements and all the transition and inner 

c:::::::J Metals (main-group) 
c=J Metals (transition) 
c=J Metals (inner transition) 
c=J Metalloids 
c:::=J Nonmetals 
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Figure 2. 1 0  The modern periodic table. The table consists of element 
boxes arranged by increasing atomic number into groups (vertical 
columns) and periods (horizontal rows). Each box contains the atomic 
number, atomic symbol, and atomic mass. (A mass in parentheses is 
the mass number of the most stable isotope of that element.) The 
periods are numbered 1 to 7. The groups (sometimes called families) 
have a number-letter designation and a new group number in paren­
theses. The A groups are the main-group elements; the B groups are 
the transition elements. Two series of inner transition elements are 

placed below the main body of the table but actually fit between the 
elements indicated. Metals l ie below and to the left of the thick "stair­
case" l ine [top of 3A(1 3) to bottom of 6A(1 6) in Period 6] and include 
main-group metals (purple-blue), transition elements (blue), and inner 
transition elements (gray-blue). Nonmetals (yel/ow) lie to the right of 
the l ine. Metalloids (green) lie along the line. We discuss the placement 
of hydrogen in Chapter 1 4. As of late 2005, elements 1 1 2 ,  1 1 4, and 
1 1 6  had not yet been named. 



2.7 Compounds: Introduction to Bonding 

transition elements. They are generally shiny solids at room temperature (mercury 
is the only liquid) that conduct heat and electricity well and can be tooled i nto 
sheets (malleable) and wires (ductile). The nonmetals (yellow) appear in the small 
upper-right portion of the table. They are generally gases or dull, brittle solids at 
room temperature (bromine is the only liquid) and conduct heat and electricity 
poorly. Along the staircase line lie the metalloids (green; also called semi­
metals), elements that have properties between those of metals and nonmetal s .  
Several metalloids, such as silicon (Si) and germanium (Ge), play major roles in 
modern electronics. 

Two of the major branches of chemistry have traditionally been defined by the 
elements that each studies. Organic chemistry studies the compounds of carbon, 
specifically those that contain hydrogen and often oxygen, nitrogen, and a few 
other elements. This branch is concerned with fuels, drugs, dyes, polymers, and 
the like. Inorganic chemistry, on the other hand, focuses mainly on the compounds 
of all the other elements. It is concerned with catalysts, electronic materials, metal 
alloys, mineral salts, and the like. With the explosive growth in biomedical and 
materials research, the line between these branches has all but disappeared. 

It is important to learn some of the group (family) names. Group l A( l ) ,  
except for hydrogen, consists of the alkali metals, and Group 2A(2) consists of 
the alkaline earth metals. Both groups consist of highly reactive elements. The 
halogens, Group 7 A( l 7), are highly reactive nonmetals, whereas the noble gases, 
Group 8A( l 8) ,  are relatively unreactive nonmetals. Other main groups [3A( l 3) to 
6A( 1 6)] are often named for the first element in the group; for example, Group 
6A is the oxygen family. 

A key point that we return to many times is  that, in general, elements in 
a group have similar chemical properties and elements in a period have dif­
ferent chemical properties. We begin applying the organizing power of the 
periodic table in the next section, where we discuss how elements combine to 
form compounds. 

S E C T I O N  S U M M A RY 
In the periodic table, the elements are arranged by atomic number into horizontal 
periods and vertical groups. Because of the periodic recurrence of certain key prop­
erties, elements within  a group have simi lar behavior, whereas elements in a period 
have dissimi lar behavior. Nonmetals appear in the upper-right portion of the table, 
metal loids lie along a staircase l i ne,  and metals fi l l  the rest of the table. 

2.7 COMPOUNDS: INTRODUCTION TO BONDING 

The overwhelming majority of elements occur in chemical combination with 

other elements. In fact, only a few elements occur free in nature. The noble 
gases-helium (He), neon (Ne), argon (Ar), krypton (Kr) , xenon (Xe), and radon 
(Rn)-occur in air as separate atoms. In addition to occurring in compounds, 
oxygen (0), nitrogen (N), and sulfur (S) occur in the most common elemental 
form as the molecules O2, N2, and S8, and carbon (C) occurs in vast, nearly 
pure deposits of coal. Some of the metals, such as copper (Cu), silver (Ag), 
gold (Au), and platinum (Pt), may also occur uncombined with other elements. 
But these few exceptions reinforce the general rule that elements occur com­
bined in compounds . 

It is the electrons of the atoms of interacting elements that are involved in 
compound formation. Elements combine in two general ways: 

1 .  Transferring electrons from the atoms of one element to those of another to 
form ionic compounds 

2. Sharing electrons between atoms of different elements to form cova-
lent compounds 
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These processes generate chemical bonds, the forces that hold the atoms of ele­
ments together in a compound. We'll introduce compound formation next and 
have much more to say about it in later chapters. 

The Formation of Ionic Compounds 
Ionic compounds are composed of ions, charged particles that form when an 
atom (or small group of atoms) gains or loses one or more electrons. The sim­
plest type of ionic compound is  a binary ionic compound, one composed of just 
two elements. It typically forms when a metal reacts with a nonmetal. Each metal 
atom loses a certain number of its electrons and becomes a cation, a positively 
charged ion. The nonmetal atoms gain the electrons lost by the metal atoms and 
become anions, negatively charged ions. In effect, the metal atoms transfer elec­

trons to the nonmetal atoms. The resulting cations and anions attract each other 
through electrostatic forces and form the ionic compound. All binary ionic com­
pounds are solids. A cation or anion derived from a single atom is called a 
monatomic ion; we' ll  discuss polyatomic ions, those derived from a small group 
of atoms, later. 

The formation of the binary ionic compound sodium chloride, common table 
salt, is depicted in Figure 2. 1 1 , from the elements through the atomic-scale electron 
transfer to the compound. In the electron transfer, a sodium atom, which is neu­
tral because it has the same number of protons as electrons, loses 1 electron and 
forms a sodium cation, Na + .  (The charge on the ion is written as a right super­
script. ) A chlorine atom gains the electron and becomes a chloride anion, Cl - .  
(The name change from the nonmetal atom to the ion is  discussed in the next sec­
tion.)  Even the tiniest visible grain of table salt contains an enormous number of 
sodium and chloride ions. The oppositely charged ions (Na + and CI-) attract each 
other, and the similarly charged ions (Na + and Na +, or Cl- and Cl-) repel each 
other. The resulting solid aggregation is a regular array of alternating Na + and CI- ions that extends in all three dimensions. 

D The compound (atomic view): E The compound (lab view): 
Na+ and CI- in the crystal sodium chloride crystal 

Figure 2. 1 1  The formation of an ionic compound. A, The two ele­
ments as seen in the laboratory. S, The elements as they might appear 
on the atomic scale. C, The neutral sodium atom loses one electron to 
become a sodium cation (Na+), and the chlorine atom gains one elec­
tron to become a chloride anion (GI-). (Note that when atoms lose 
electrons, they become ions that are smaller, and when they gain 

electrons, they become ions that are larger.) D, Na+ and CI- ions at­
tract each other and form a regular three-dimensional array. E, This 
arrangement of the ions is reflected in the structure of crystalline NaGI, 
which occurs naturally as the mineral halite, hence the name halogens 
for the Group 7 A(1 7) elements. 



2.7 Compounds: Introduction to Bonding 

The strength of the ionic bonding depends to a great extent on the net strength 
of these attractions and repulsions and is described by Coulomb 's law, which can 
be expressed as follows: the energy of attraction (or repulsion) between two par­
ticles is directly proportional to the product of the charges and inversely propor­
tional to the distance between them. 

charge I X charge 2 
Eneray ex ---==------.:::....--b distance 

In other words, ions with higher charges attract (or repel) each other more strongly 
than ions with lower charges. Likewise, smaller ions attract (or repel) each other 
more strongly than larger ions, because their charges are closer together. These 
effects are summarized in Figure 2. 1 2. 

Ionic compounds are neutral; that is, they possess no net charge. For this to 
occur, they must contain equal numbers of positive and negative charges-not 
necessarily equal numbers of positive and negative ions. Because Na + and Cl ­
each bear a unit charge ( 1  + or 1 - ), equal numbers of these ions are present in 
sodium chloride; but i n  sodium oxide, for example, there are two Na + ions needed 
to balance the 2 - charge of each oxide ion, 02 - .  

Can w e  predict the number o f  electrons a given atom will lose o r  gain when 
it forms an ion? In the formation of sodium chloride, for example, why does 
each sodium atom give up only 1 of its 1 1  electrons? Why doesn ' t  each chlorine 
atom gain two electrons, instead of just one? For A-group elements, the peri­
odic table provides an answer. We generally find that metals lose electrons and 
nonmetals gain electrons to form ions with the same number of electrons as in 
an atom of the nearest noble gas [Group 8A( l 8)] .  Noble gases have a stability 
(low reactivity) that is related to their number (and arrangement) of electrons. 
A sodium atom ( l I e - )  can attain the stability of neon ( I Oe -), the nearest noble 
gas, by losing one electron. S imilarly, by gaini ng one electron, a chlorine atom 
( I 7e- ) attains the stability of argon ( 1 8e- ), its nearest noble gas . Thus, when 
an element located near a noble gas forms a monatomic ion, it gains or loses 
enough electrons to attain the same number as that noble gas. Specifically, the 
elements in Group l AO)  lose one electron, those in Group 2A(2) lose two, and alu­
minum in Group 3A(I 3) loses three; the elements in Group 7 A( l 7) gain one elec­
tron, oxygen and sulfur in Group 6A( I 6) gain two, and nitrogen in Group SA(1 S) 
gains three. 

SAMP LE PROBLEM 2.4 Predicting the Ion an Element Forms 
Problem What monatomic ions do the following elements fonn? 
(a) Iodine (Z = 53) (b) Calcium (Z = 20) (c) Aluminum (Z = 13) 
Plan We use the given Z value to find the element in the periodic table and see where its 
group lies relative to the noble gases. Elements in Groups l A, 2A, and 3A lose electrons 
to attain the same number as the nearest noble gas and become positive ions; those in 
Groups SA, 6A, and 7 A gain electrons and become negative ions. 
Solution (a) 1- Iodine (531) is a nonmetal in Group 7 A(1 7), one of the halogens. Like 
any member of this group, it gains I electron to have the same number as the nearest Group 
8A( 1 8) member, in this case 54Xe. 
(b) Ca2+ Calcium (20Ca) is a member of Group 2A(2), the alkaline earth metals. Like 
any Group 2A member, i t  loses 2 electrons to attain the same number as the nearest noble 
gas, in this case, l sAr. 
(c) AI3+ Aluminum ( l 3AI) is a metal in the boron family [Group 3A( 1 3)] and thus loses 
3 electrons to attain the same number as its nearest noble gas, LONe. 

FOLLOW- U P  P RO B LEM 2.4 What monatomic ion does each of the following ele­
ments form: (a) 1 6S ;  (b) 37Rb; (c) 56Ba? 

Attraction increases 

1+ 1- 2+ 
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Figure 2. 1 2  Factors that influence the 
strength of ionic bonding. For ions of a 
given size, strength of attraction (arrows) 
increases with higher ionic charge (left to 

right). For ions of a given charge, strength 
of attraction increases with smaller ionic 
size (bottom to top). 
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Figure 2. 1 3  Formation of a covalent 
bond between two H atoms. A, The 
distance is too great for the atoms to affect 
each other. B, As the distance decreases, 
the nucleus of each atom begins to attract 
the electron of the other. C, The covalent 
bond forms when the two nuclei mutually 
attract the pair of electrons at some opti­
mum distance. D, The H2 molecule is more 
stable than the separate atoms because 
the attractive forces (black arrows) be­
tween each nucleus and the two electrons 
are greater than the repulsive forces (red 
arrows) between the electrons and 
between the nuclei. 

CHAPTER 2 The Components of Matter 

The Formation of Covalent Compounds 
Covalent compounds form when elements share electrons, which usually occurs 
between nonmetals. Even though relatively few nonmetals exist, they interact in 
many combinations to form a very large number of covalent compounds. 

The simplest case of electron sharing occurs not in a compound but between 
two hydrogen atoms (H; Z = 1 ) .  Imagine two separated H atoms approaching 
each other, as in Figure 2 . 1 3 .  As they get closer, the nucleus of each atom attracts 
the electron of the other atom more and more strongly, and the separated atoms 
begin to interpenetrate each other. At some optimum distance between the nuclei, 
the two atoms form a covalent bond, a pair of electrons mutually attracted by 
the two nuclei. The result is a hydrogen molecule, in  which each electron no 
longer "belongs" to a particular H atom: the two electrons are shared by the two 
nuclei. Repulsions between the nuclei and between the electrons also occur, but 
the net attraction is greater than the net repulsion. (We discuss the properties of 
covalent bonds in great detail in Chapter 9.) 

A sample of hydrogen gas consists of these diatomic molecules (H2)-pairs 
of atoms that are chemically bound and behave as an independent unit-not sep­
arate H atoms. Other nonmetals that exist as diatomic molecules at room tem­
perature are nitrogen (N2), oxygen (02), and the halogens [fluorine (F2), chlorine 
(CI2) ,  bromine (Br2), and iodine (I2)] .  Phosphorus exists as tetratomic molecules 
(P4), and sulfur and selenium as octatomic molecules (Sg and Ses) (Figure 2. 1 4) .  
At room temperature, covalent substances may be gases, liquids, or solids. 

Atoms of different elements share electrons to form the molecules of a 

covalent compound. A sample of hydrogen fluoride, for example, consists of 
molecules in which one H atom forms a covalent bond with one F atom; water 
consists of molecules in which one 0 atom forms covalent bonds with two 
H atoms:  

Hydrogen fluoride, H F  • 

(As you' ll see in Chapter 9, covalent bonding provides another way for atoms to 
attain the same number of electrons as the nearest noble gas.)  

Distinguishing the Entities in Covalent and Ionic Substances There is a key dis­
tinction between the chemical entities in covalent and ionic substances. Most 
covalent substances consist of molecules. A cup of water, for example, consists 
of individual water molecules lying near each other. In contrast, under ordinary 
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o Diatomic molecules 
o Tetratomic molecules 
o Octatomic molecules 

Figure 2. 1 4  Elements that occur as molecules. 
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conditions, no molecules exist in a sample of an ionic compound. A piece of 
sodium chloride, for example, is a continuous array of oppositely charged sodium 
and chloride ions, not a collection of individual "sodium chloride molecules." 

Another key distinction exi sts between the particles attracting each other. 
Covalent bonding involves the mutual attraction between two (positively charged) 
nuclei and the two (negatively charged) electrons that reside between them. Ionic 
bonding involves the mutual attraction between positive and negative ions. 

Polyatomic Ions: Covalent Bonds Within Ions Many ionic compounds contain 
polyatomic ions, which consist of two or more atoms bonded covalently and 
have a net positive or negative charge. For example, the ionic compound calcium 
carbonate is  an array of poly atomic carbonate anions and monatomic calcium 
cations attracted to each other. The carbonate ion consists of a carbon atom cova­
lently bonded to three oxygen atoms, and two additional electrons give the ion 
its 2 - charge (Figure 2 . 1 5) .  In many reactions, a polyatomic ion stays together 
as a unit. 

S E C T I O N  S U M M A RY 
Although a few elements occur u ncombined in nature, the great majority exist in com­
pounds. Ionic compounds form when a metal transfers electrons to a nonmetal, and 
the resulting positive and negative ions attract each other to form a three-dimensional 
array. In many cases, metal atoms lose and nonmetal atoms gain enough electrons 
to attain the same number of electrons as in atoms of the nearest noble gas. Covalent 
compounds form when elements, usually nonmetals, share electrons. Each covalent 
bond is an electron pair mutually attracted by two atomic nuclei.  Monatomic ions 
are derived from single atoms. Polyatomic ions consist of two or more covalently 
bonded atoms that have a net positive or negative charge due to a deficit or excess 
of electrons. 

2.8 COMPOUNDS: FORMULAS, NAMES, AND MASSES 

Names and formulas of compounds form the vocabulary of the chemical language. 
In this discussion, you ' ll learn the names and formulas of ionic and simple cova­
lent compounds and how to calculate the mass of a unit of a compound from 
its formula. 

Types of Chemical Formulas 
In a chemical formula, element symbols and numerical subscripts show the type 
and number of each atom present in the smallest unjt of the substance. There are 
several types of chemical formulas for a compound: 

1 .  The empirical formula shows the relative number of atoms of each element 
in the compound. It is the simplest type of formula and is derived from the 
masses of the component elements. For example, in hydrogen peroxide, there 
is 1 part by mass of hydrogen for every 1 6  parts by mass of oxygen. There­
fore, the empirical formula of hydrogen peroxide is HO: one H atom for every 
° atom. 

2. The molecular formula shows the actual number of atoms of each element in  
a molecule of the compound. The molecular formula of hydrogen peroxide i s  
H202; there are two H atoms and two ° atoms in  each molecule. 

3. A structural formula shows the number of atoms and the bonds between them; 
that is, the relative placement and connections of atoms in the molecule. The 
structural formula of hydrogen peroxide is H -O-O-H; each H is bonded 
to an 0, and the O's are bonded to each other. 

S l  

Carbonate ion 
CO:r 

Figure 2.1  S A polyatomic ion. Calcium 
carbonate is a three-dimensional array 
of monatomic calcium cations (purple 
spheres) and polyatomic carbonate 
anions. As the bottom structure shows, 
each carbonate ion consists of four 
covalently bonded atoms. 
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Figure 2. 1 6  Some common monatomic ions of the elements. 
Main-group elements usually form a single monatomic ion. Note 
that members of a group have ions with the same charge. 
[Hydrogen is shown as both the cation H+ in Group 1 A(1 ) and the 
anion H- in Group 7 A(1 7).] Many transition elements form two 
different monatomic ions. (Although Hgl+ is a diatomic ion, it is 
included for comparison with Hg2+.) 
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S2- CI-
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Names and Formulas of Ionic Compounds 
All ionic compound names give the positive ion (cation) first and the negative ion 
(anion) second. Here are some points to note about ion charges: 

I1M"' Common Monatomic 
Ions' 

• Members of a periodic table group have the same ionic charge; for example, 
Li, Na, and K are all in Group 1 A  and all have a 1 + charge. 

Charge Formula Name 

Cations 

1 +  H+ hydrogen 
Li+ lithium 
Na+ sodium 
K+ potassium 
Cs+ cesium 
Ag+ silver 

2+ Mg2+ magnesium 
Ca2+ calcium 
Sr2+ strontium 
Ba2+ barium 
Zn2+ zinc 
Cd2+ cadmium 

3 +  AI3+ aluminum 

Anions 

1 - H- hydride 
F- fluoride 
CI- chloride 
Br- bromide 
r iodide 

2- 02- oxide 
82- sulfide 

3 - N3 - nitride 

'Listed by charge; those in boldface 
are most common. 

• For A-group cations, ion charge = group number: for example, Na + is in 
Group l A, Ba2+ in Group 2A. (Exceptions in Figure 2. 1 6  are Sn2+ and Pb2+ .)  

• For anions, ion charge = group number minus 8: for example, S is in Group 
6A (6 - 8 = -2), so the ion is S2- .  Table 2.3 lists some of the more com­
mon monatomic ions. 

Compounds Formed from Monatomic Ions Let's first consider how to name 
binary ionic compounds, those composed of ions of two elements. 

• The name of the cation is the same as the name of the metal. Many metal names 
end in -ium. 

• The name of the anion takes the root of the nonmetal name and adds the 
suffix -ide. 

For example, the anion formed from bromine is named bromide (brom +ide). 
Therefore, the compound formed from the metal calcium and the nonmetal 
bromine is named calcium bromide. 

SAMPLE PROBLEM 2 . 5  Naming Binary Ionic Compounds 
Problem Name the ionic compound formed from the following pairs of elements: 
(a) Magnesium and nitrogen (b) Iodine and cadmium 
(c) Strontium and fluorine (d) Sulfur and cesium 
Plan The key to naming a binary ionic compound is to recognize which element is the 
metal and which i s  the nonmetal. When in doubt, check the periodic table. We place the 
cation name first, add the suffix -ide to the nonmetal root, and place the anion name last. 
Solution (a) Magnesium is the metal; nitr- is the nonmetal root: magnesium nitride 
(b) Cadmium is the metal; iod- is the nonmetal root: cadmium iodide 
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(c) Strontium is the metal; fluor- is the nonmetal root: strontium fluoride (Note the 
spelling is fluoride, not ftouride.) 
(d) Cesium is the metal; sulf- is the nonmetal root: cesium sulfide 

FOLLOW- UP PROBLEM 2 . 5  For the following ionic compounds, give the name and 
periodic table group number of each of the elements present: (a) zinc oxide; (b) silver 
bromide; (c) lithium chloride; (d) aluminum sulfide. 

Ionjc compounds are arrays of oppositely charged ions rather than separate 
molecular units. Therefore, we write a formula for the formula unit, whjch gives 
the relative numbers of cations and anions in the compound. Thus, ionic com­
pounds generally have only empirical formulas . *  The compound has zero net 
charge, so the positive charges of the cations must balance the negative charges 
of the anions. For example, calcium bromide is composed of Ca2+ ions and Br­
ions ; therefore, two Br - balance each Ca2+ . The formula is CaBr2, not Ca2Br. In 
this and all other formulas, 

o The subscript refers to the element preceding it. 
o The subscript 1 is understood from the presence of the element symbol alone 

(that is, we do not write Ca,Br2) .  
o The charge (without the sign) of one ion becomes the subscript of the other: 

Ca� gives or 

Reduce the subscripts to the smallest whole numbers that retain the ratio of ions. 
Thus, for example, from the ions Ca2+ and 02- we have Ca202, which we reduce 
to the formula CaO (but see the footnote) .  

SAMPLE PROBLEM 2.6 Determining Formulas of Binary Ionic Compounds 
Problem Write empirical formulas for the compounds named in Sample Problem 2.5 . 
Plan We write the empirical formula by finding the smallest number of each ion that gives 
the neutral compound. These numbers appear as right subscripts to the element symbol. 
Solution 
(a) Mg2+ and N3- ;  three Mg2+ ions (6+ )  balance two N3- ions (6-) :  Mg3N2 
(b) Cd2+ and 1 - ;  one Cd2+ ion (2+ )  balances two 1- ions (2-) :  Cdl2 
(c) Sr2+ and F- ; one Sr2+ ion (2+ )  balances two F- ions (2-) :  SrF2 
(d) Cs+ and S2-; two Cs+ ions (2+ )  balance one S2- ion (2-) :  Cs

2
S 

Comment Note that ion charges do not appear in the compound formula. That is, for cad­
mium iodide, we do not write Cd2+I2 

- .  

FOLLOW- UP PROB LEM 2 . 6  Write the formulas of  the compounds named in Follow­
up Problem 2.5. 

Compounds with Metals That Can Form More Than One Ion Many metals, par­
ticularly the transition elements (B groups), can form more than one ion, each 
with its own particular charge. Table 2.4 (on the next page) lists some examples, 
and Figure 2 . 1 6  shows their placement in the periodic table. Names of com­
pounds containing these elements include a Roman numeral within parentheses 
immediately after the metal ion's name to indicate its ionic charge. For exam­
ple, iron can form Fe2+ and Fe

3 + ions. The two compounds that iron forms with 

'Compounds of the mercury(l) ion, such as Hg2C12, and peroxides of the alkali metals, such 
as Na202, are the only two common exceptions. Their empirical formulas are HgCI and 
NaO, respectively. 
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li'MII' Common Polyatomic 
lons* 

Formula Name 

Cations 

NH4+ ammonium 
H30+ hydronium 

Anions 

CH3COO- acetate 
(or C2H302-) 

CN- cyanide 
OH- hydroxide 
ClO- hypochlorite 
C102- chlorite 
CI03- chlorate 
CI04- perchlorate 
N02- nitrite 
N03- nitrate 
Mn04- permanganate 
C032- carbonate 
HC03- hydrogen 

carbonate (or 
bicarbonate) 

CrO/- chromate 
Cr20l- dichromate 
ol- peroxide 
pol- phosphate 
HPO/- hydrogen 

phosphate 
H2P04 - dihydrogen 

phosphate 
SO/- sulfite 
soi- sulfate 
HS04- hydrogen sulfate 

(or bisulfate) 

'Boldface ions are most common. 

CHAPTER 2 The Components of Matter 

IMIII Some Metals That Form More Than One Monatomic lon* 
Element Ion Formula Systematic Name Common (Trivial) Name 

Chromium Cr2+ chrorrllum(II) chromous 
CrH chromium(III) chromic 

Cobalt C02+ cobalt(II) 
Co3+ cobalt(ill) 

Copper Cu+ copper(I) cuprous 
Cu2+ copper(II) cupric 

Iron Fe2+ iron(II) ferrous 
Fe

3+ iron(III) ferric 
Lead Pb2+ lead(II) 

Pb4+ lead(IV ) 
Mercury Hgl+ mercury(I) mercurous 

Hg2+ mercury(II) mercuric 
Tin Sn2+ tin(II) stannous 

Sn4+ tin(IV ) stannic 

*Listed alphabetically by metal name; those in boldface are most common. 

chlorine are FeCI2, named iron(II) chloride (spoken "iron two chloride"), and 
FeCI3 , named iron (III) chloride. 

In common names, the Latin root of the metal is followed by either of 
two suffixes: 

• The suffix -ous for the ion with the lower charge 
• The suffix -ic for the ion with the higher charge 

Thus, iron(II) chloride is also called ferrous chloride and iron(III) chloride is fer­
ric chloride. (You can easily remember this naming relationship because there is 
an 0 in -ous and lower, and an i in -ic and higher. ) 

SAMPLE PROBLEM 2.7  Determining Names and Formulas o f  Ionic Compounds 
of Elements That Form More Than One Ion 

Problem Give the systematic names for the formulas or the formulas for the names of the 
following compounds: (a) tin (II) fluoride; (b) Cd3; (c) ferric oxide; (d) CoS. 
Solution (a) Tin(II) is Sn2+ ; fluoride is F-. Two F- ions balance one Sn2+ ion: tin(II) 
fluoride is SnF2. (The common name is stannous fluoride.) 
(b) The anion is 1-, iodide, and the formula shows three 1 - .  Therefore, the cation must 
be Cr3+ , chromium(III): CrI3 is chromium(ill) iodide. (The common name is chro­
mic iodide.) 
(c) Ferric is the common name for iron(III), Fe3+ ; oxide ion is 02- .  To balance the ionic 
charges, the formula of ferric oxide is Fe203. [The systematic name is iron(III) oxide.] 
(d) The anion is suLfide, S2- ,  which requires that the cation be C02+ . The name is 
cobalt(II) sulfide. 

FOLLOW·UP PROBLEM 2 . 7  Give the systematic names for the formulas or the for­
mulas for the names of the following compounds: (a) lead(IV ) oxide; (b) CU2S ;  (c) FeBr2; 
(d) mercuric chloride. 

Compounds Formed from Polyatomic Ions Ionic compounds in which one or 
both of the ions are polyatomic are very common. Table 2.5 gives the formulas 
and the names of some common polyatomic ions. Remember that the polyatomic 

ion stays together as a charged unit. The formula for potassium nitrate is KN03 : 
each K+ balances one N03 - .  The formula for sodium carbonate is Na2C03 : two 
Na+ balance one CO/- . When two or more of the same polyatomic ion are 
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present in the formula unit, that ion appears in parentheses with the subscript writ­
ten outside. For example, calcium nitrate, which contains one Ca2+ and two N03 -
ions, has the formula Ca(N03)z. Parentheses and a subscript are not used unless 
more than one of the polyatomic ions is present; thus, sodium nitrate is NaN03, 
not Na(N03). 

Families of Oxoanions As Table 2.5 shows, most polyatomic ions are oxoan­
ions, those in which an element, usually a nonmetal, is bonded to one or more 
oxygen atoms. There are several families of two or four oxoanions that differ 
only in the number of oxygen atoms. A simple naming convention is used with 
these ions. 

With two oxoanions in  the family:  

• The ion with more 0 atoms takes the nonmetal root and the suffix -ate. 

• The ion with fewer 0 atoms takes the nonmetal root and the suffix -ite. 

For example, S04
2- is the sulfate ion; S032- is the sulfite ion; similarly, N03-

is nitrate, and N02 - is nitrite. 
With four oxoanions in the family (usually a halogen bonded to 0), as Fig­

ure 2. 1 7  shows: 

• The ion with most 0 atoms has the prefix per-, the nonmetal root, and the 
suffix -ate. 

• The ion with one fewer 0 atom has just the root and the suffix -ate. 

• The ion with two fewer 0 atoms has just the root and the suffix -ite. 

• The ion with least (three fewer) 0 atoms has the prefix hypo-, the root, and 
the suffix -ite. 

For example, for the four chlorine oxoanions, 

Cl04 - is perchlorate, C l03 - is chlorate, C102 - is chlorite, ClO- is hypochlorite 

Hydrated Ionic Compounds Ionic compounds called hydrates have a specific 
number of water molecules associated with each formula unit. In their formulas, 
this number is shown after a centered dot. It is indicated in the systematic name 
by a Greek numerical prefix before the word hydrate. Table 2.6 shows these 
prefixes. For example, Epsom salt has the formula MgS04'7H20 and the name 
magnesium sulfate heptahydrate. Similarly, the mineral gypsum has the formula 
CaS04·2H20 and the name calcium sulfate dihydrate. The water molecules, 
referred to as "waters of hydration," are part of the hydrate'S structure. Heating 
can remove some or all of them, leading to a different substance. For example, 
when heated strongly, blue copper(II) sulfate pentahydrate (CuS04'5H20) is con­
verted to white copper(II) sulfate (CUS04)' 

SAMPLE PROBLEM 2 . 8  Determining Names and Formulas of Ionic Compounds 
Contain ing Polyatomic Ions 

Problem Give the systematic names for the formulas or the formulas for the names of the 
following compounds: 
(a) Fe(CI04h (b) Sodium sulfite (c) Ba(OHh'8H20 
Solution (a) CI04 - is perchlorate, which has a 1 - charge, so the cation must be Fe2+ 
The name is iron(ll) perchlorate. (The common name is ferrous perchlorate.) 
(b) Sodium is Na+ ; sulfite is S03

2- .  Therefore, two Na+ ions balance one SO/- ion. 
The formula is Na2S03 ' (c) Ba2+ is barium; OH- is hydroxide. There are eight (octa-) 
water molecules in each formula unit. The name is barium hydroxide octahydrate. 

FOLLOW- U P  P RO B LEM 2 . 8  Give the systematic names for the formulas or the for­
mulas for the names of the following compounds: 
(a) Cupric nitrate trihydrate (b) Zinc hydroxide (c) LiCN 
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Prefix Root Suffix 

per root ate 

root ate 

root ite 

hypo root ite 

Figure 2. 1 7  Naming oxoanions. Prefixes 
and suffixes indicate the number of 0 
atoms in the anion. 

Ii'MM.j Numerical Prefixes for 
Hydrates and Binary 
Covalent Compounds 

Number Prefix 

I mono-
2 di-
3 tri-
4 tetra-
S penta-
6 hexa-
7 hepta-
8 octa-
9 nona-

1 0  deca-
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SAMPLE PROBLEM 2.9 Recognizing Incorrect Names and Formulas 
of Ionic Compounds 

Problem Something is wrong with the second part of each statement. Provide the correct 
name or formula. 
(a) Ba(C2H302h is called barium diacetate. 
(b) Sodium sulfide has the formula (NahS03. 
(c) Iron(m sulfate has the formula FeiS04h 
(d) Cesium carbonate has the formula CS2(C03). 
Solution (a) The charge of the Ba2+ ion must be balanced by two C2H302 - ions, so the 
prefix di- is unnecessary. For ionic compounds, we do not indicate the number of ions 
with numerical prefixes. The correct name is barium acetate. 
(b) Two mistakes occur here. The sodium ion is monatomic, so it does not require paren­
theses. The sulfide ion is S2- ,  not S032- (called "sulfite"). The correct formula is Na2S. 
(c) The Roman numeral refers to the charge of the ion, not the number of ions in the for­
mula. Fe2+ is the cation, so it requires one sol- to balance its charge. The correct for­
mula is FeS04. 
(d) Parentheses are not required when only one polyatomic ion of a kind is present. The 
correct formula is CS2C03. 

FOLLOW· UP PROBLEM 2.9 State why the second part of each statement is incor­
rect, and correct it: 
(a) Ammonium phosphate is (NH3)4P04. 
(c) Mg(HC03h is manganese(II) carbonate. 
(e) Ca(N02h is cadmium nitrate. 

(b) Aluminum hydroxide is AIOH3. 
(d) Cr(N03)3 is chromic(III) nitride. 

Acid Names from Anion Names Acids are an important group of hydrogen­
containing compounds that have been used in chemical reactions for centuries. In 
the laboratory, acids are typically used in water solution. When naming them and 
writing their formulas, we consider them as anions connected to the number of 
hydrogen ions (H+) needed for charge neutrality. The two common types of acids 
are binary acids and oxoacids: 

l .  Binary acid solutions form when certain gaseous compounds dissolve in water. 
For example, when gaseous hydrogen chloride (Hel) dissolves in water, it 
forms a solution whose name consists of the following parts: 

Prefix hydro- + nonmetal root + suffix -ie + separate word acid 

hydro + chlor + i c  + acid 

or hydrochLoric acid. This naming pattern holds for many compounds in which 
hydrogen combines with an anion that has an -ide suffix. 

2 .  Oxoacid names are similar to those of the oxoanions, except for two suf­
fix changes: 
• -ate in the anion becomes -ic in the acid 
• -ite in the anion becomes -ous in the acid 
The oxoanion prefixes hypo- and per- are kept. Thus, 

Br04 - is perbromate, and HBr04 is perbromie acid 
102 - is iodite, and HI02 is iodous acid 

SAMPLE PROBLEM 2. 1 0  Determining Names and Formulas 
of Anions and Acids 

Problem Name the following anions and give the names and formulas of the acids derived 
from them: (a) Br- ; (b) 103 -; (c) CN- ; (d) sol-;  (e) N02-. 
Solution (a) The anion is bromide; the acid is hydrobromic acid, HBr. 
(b) The anion is iodate; the acid is iodic acid, RI03. 
(c) The anion is cyanide; the acid is hydrocyanic acid, HCN. 
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(d) The anion is sulfate; the acid is sulfuric acid, H2S04. (In this case, the suffix is 
added to the element name sulfur, not to the root, sulf-.) 
(e) The anion is nitrite; the acid is nitrous acid, HN02. 
Comment We added two H+ ions to the sulfate ion to obtain sulfuric acid because it has 
a 2- charge. 

FOLLOW-UP P ROB LEM 2 . 1 0  Write the formula for the name or name for the for­
mula of each acid: (a) chloric acid; (b) HF; (c) acetic acid; (d) sulfurous acid; (e) HErO. 

Names and Formulas of Binary Covalent Compounds 
Binary covalent compounds are formed by the combination of two elements, 
usually nonmetals .  Several are so familiar, such as ammonia (NH3)' methane 
(CH4), and water (H20), that we use their common names, but most are named 
in a systematic way : 

1 .  The element with the lower group number in the periodic table is the first word 
in the name; the element with the higher group number is the second word. 
(Exception: When the compound contains oxygen and any of the halogens 
chlorine, bromine, and iodine, the halogen is  named first.) 

2. If both elements are in the same group, the one with the higher period num­
ber is named first. 

3. The second element is named with its root and the suffix -ide. 
4. Covalent compounds have Greek numerical prefixes (see Table 2.6) to indicate 

the number of atoms of each element in the compound. The first word has a 
prefix only when more than one atom of the element is present; the second 
word usually has a numerical prefix .  

SAMPLE PROB LEM 2 . 1 1 Determining Names and Formulas 
of Binary Covalent Compounds 

Problem (a) What is the formula of carbon disulfide? (b) What is the name of PCls? 
(c) Give the name and formula of the compound whose molecules each consist of two N 
atoms and four ° atoms. 
Solution (a) The prefix di- means "two." The formula is CS2. 
(b) P is the symbol for phosphorus; there are five chlorine atoms, which is indicated by 
the prefix penta-. The name is phosphorus pentachloride. 
(c) Nitrogen (N) comes first in the name (lower group number). The compound is 
dinitrogen tetraoxide, N204. 

FOLLOW- U P  P RO B LEM 2 . 1 1 Give the name or formula for (a) S03 ; (b) Si02 ; 
(c) dinitrogen monoxide; (d) selenium hexafluoride. 

SAMPLE PROBLEM 2 . 1 2  Recognizing Incorrect Names and Formulas 
of Binary Covalent Compounds 

Problem Explain what is wrong with the name or formula in the second part of each state­
ment and correct it: (a) SF4 is monosulfur pentafiuoride. (b) Dichlorine heptaoxide is 
C1206. (c) N203 is dinitrotrioxide. 
Solution (a) There are two mistakes. Mono- is not needed if there is only one atom of 
the first element, and the prefix for four is tetra-, not penta-. The correct name is 
sulfur tetrafluoride. 

(b) The prefix hepta- indicates seven, not six. The correct formula is C1207· 
(c) The full name of the first element is needed, and a space separates the two element 
names. The correct name is dinitrogen trioxide. 

57 



58 

ISMI'D The First 10 Straight­
Chain Alkanes 

Name (Formula) Model 

Methane (CH4) 

Ethane (C2H6) 

Propane (C3Hs) 

Butane (C4H IO) 

Pentane (CsH d 

Hexane (C6H I 4) 

Heptane (C7H I 6) 

Octane (CsH I S) 

Nonane (C9H20) 

Decane (C loH22) 

CHAPTER 2 The Components of Motter 

FOLLOW-UP PROBLEM 2. 1 2  Explain what is wrong with the second part of each 
statement and correct it: (a) S2C12 is disulfurous dichloride. (b) Nitrogen monoxide is N20. 
(c) BrCI3 is trichlorine bromide. 

Naming Alkanes 
Organic compounds typically have complex structural formulas that consist of 
chains, branches, and/or rings of carbon atoms bonded to hydrogen atoms and, 
often, to atoms of oxygen, nitrogen, and a few other elements. At this point, we'l l  
see how the simplest organic compounds are named. Much more on the rules of 
organic nomenclature appears in Chapter 1 5 .  

Hydrocarbons, the simplest type of organic compound, contain only carbon 
and hydrogen. Alkanes are the simplest type of hydrocarbon; many function as 
important fuels, such as methane, propane, butane, and the mixture of alkanes in 
gasoline. The simplest alkanes to name are the straight-chain alkanes because the 
carbon chains have no branches. Alkanes are named with a root, based on the num­
ber of C atoms in the chain, followed by the suffix -ane. Table 2.7 gives the names, 
molecular formulas, and space-filling models (discussed shortly) of the first 10  
straight-chain alkanes. Note that the roots of the four smallest ones are new, but 
those for the larger ones are the same as the Greek prefixes in Table 2.6. 

Molecular Masses from Chemical Formulas 
In Section 2.5, we calculated the atomic mass of an element. Using the periodic 
table and the formula of a compound to see the number of atoms of each element 
present, we calculate the molecular mass (also called molecular weight) of a for­
mula unit of the compound as the sum of the atomic masses: 

Molecular mass = sum of atomic masses (2.3) 
The molecular mass of a water molecule (using atomic masses to four significant 
figures from the periodic table) is 

Molecular mass of H20 = (2 x atomic mass of H) + ( l  X atomic mass of 0) 
= (2 X 1 .008 amu) + 1 6.00 amu = 1 8 .02 amu 

Ionic compounds are treated the same, but because they do not consist of mol­
ecules, we use the term formula mass for an ionic compound. To calculate its 
formula mass, the number of atoms of each element inside the parentheses is mul­

tiplied by the subscript outside the parentheses. For barium nitrate, Ba(N03)2, 

Formula mass of Ba(N03h 
= ( 1  X atomic mass of Ba) + (2 X atomic mass of N) + (6 X atomic mass of 0) 
= 1 37.3 amu + (2 X 1 4.01 amu) + (6 X 1 6.00 amu) = 261 .3 amu 

Note that atomic, not ionic, masses are used. Although masses of ions differ from 
those of their atoms by the masses of the electrons, electron loss equals electron 
gain in the compound, so electron mass is balanced. 

SAMPLE PROBLEM 2. 1 3  Calculating the Molecular Mass of a Compound 
Problem Using data in the periodic table, calculate the molecular (or formula) mass of: 
(a) Tetraphosphorus trisulfide (b) Ammonium nitrate 
Plan We first write the formula, then multiply the number of atoms (or ions) of each ele­
ment by its atomic mass, and find the sum. 
Solution (a) The formula is P4S3 . 

Molecular mass = (4 X atomic mass of P) + (3 X atomic mass of S) 
= (4 X 30.97 amu) + (3 X 32.07 arnu) = 220.09 amu 
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(b) The formula is NH4N03. We count the total number of N atoms even though they 
belong to different ions: 

Formula mass 
= (2 X atomic mass of N) + (4 X atomic mass of H) + (3 X atomic mass of 0) 
= (2 X 1 4.01 amu) + (4 X 1 .008 amu) + (3 X 1 6.00 amu) = 80.05 amu 

Check You can often find large errors by rounding atomic masses to the nearest 5 and 
adding: (a) (4 X 30) + (3 X 30) = 2 1 0  = 220.09. The sum has two decimal places 
because the atomic masses have two. (b) (2 X IS)  + 4 + (3 X I S) = 79 = 80.05 . 

FOLLOW-UP PROBLEM 2. 1 3  What is the formula and molecular (or fonnula) mass 
of each of the following compounds: (a) hydrogen peroxide; (b) cesium chloride; (c) sul­
furic acid; (d) potassium sulfate? 

In the next sample problem, we use molecular depictions to find the formula, 
name, and mass. 

SAMPLE PROBLEM 2. 1 4  Determi ning Formulas and Names from 
Molecular Depictions 

Problem Each box contains a representation of a binary compound. Determine its for­
mula, name, and molecular (formula) mass. 
(a) ,-----------, (b) 

= sodium 

= fluorine 

= nitrogen 

Plan Each of the compounds contains only two elements, so to find the formula, we find 
the simplest whole-number ratio of one atom to the other. Then we determine the name 
(see Sample Problems 2.5, 2.6, and 2. 1 1 ) and the mass (see Sample Problem 2 . 13) .  
Solution (a) There is one brown (sodium) for each green (fluorine), so the fOlmula is 
NaF. A metal and nonmetal form an ionic compound, in which the metal is named first: 
sodium fluoride. 

Formula mass = ( 1  X atomic mass of Na) + (l X atomic mass of F) 
= 22.99 amu + 1 9.00 amu = 4 1 .99 amu 

(b) There are three green (fluorine) for each blue (nitrogen), so the formula is NF3. Two 
nonmetals form a covalent compound. Nitrogen has a lower group number, so it is named 
first: nitrogen trifluoride. 

Molecular mass = ( 1  X atomic mass of N) + (3 X atomic mass of F) 
= 1 4.01  amu + (3 X 1 9.00 amu) = 7 1 .0 1  amu 

Check (a) For binary ionic compounds, we predict ionic charges from the periodic table 
(see Figure 2 . 1 0) .  Na forms a 1 + ion, and F forms a 1 - ion, so the charges balance with 
one Na+ per F-. Also, ionic compounds are solids, consistent with the picture. (b) Cova­
lent compounds often occur as individual molecules, as in the picture. Rounding in 
(a) gives 25 + 20 = 45; in (b), we get 15 + (3 X 20) = 75, so there are no large errors. 

FOLLOW- U P  PROBLEM 2 . 1 4  Each box contains a representation of a binary com­
pound. Determine its name, formula, and molecular (formula) mass. 

(a) 
= sodium 

= oxygen 

= nitrogen 

(b) 
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Figure 2. 1 8  Representations of a 
water molecule. 

Figure 2. 1 9  The distinction between 
mixtures and compounds. A, A mixture 

of iron and sulfur can be separated with a 
magnet because only the iron is magnetic. 
The blow-up shows separate regions of 
the two elements. B, After strong heating, 
the compound iron (II) sulfide forms, which 
is no longer magnetic. The blow-up 
shows the structure of the compound. 
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H :O :H  

Chemical Electron-dot 
formula formula 

Picturing Molecules 

H-O-H 

Band-line 
formula 

Ball-and-stick 
model 

Space-filling 
model 

Electron-density 
model 

Molecules are depicted in a variety of useful ways, as shown in Figure 2. 1 8  for 
the water molecule. A chemical formula shows only the relative number of atoms. 
Electron-dot and bond-line formulas show a bond between atoms as either a pair 
of dots or a line. A ball-and-stick model shows atoms as spheres and bonds as sticks, 
with accurate angles and relative sizes, but distances are exaggerated. A space-filling 
model is an accurately scaled-up version of a molecule, but it does not show bonds. 
An electron-density model shows the ball-and-stick model within the space-filling 
shape and colors the regions of high (red) and low (blue) electron charge. 

S E C T I O N  S U M M A RY 
Chemical formulas describe the simplest atom ratio (empirical formula), actual atom 
number (molecular formula), and atom arrangement (structural formula) of one unit of 
a compound. An ionic compound is named with cation first and anion second. For 
metals that can form more than one ion, the charge is shown with a Roman numeral. 
Oxoanions have suffixes, and sometimes prefixes, attached to the element root name 
to indicate the number of oxygen atoms. Names of hydrates give the number of asso­
ciated water molecules with a numerical prefix. Acid names are based on anion names. 
Covalent compounds have the first word of the name for the element that is left­
most or lower down in the periodic table, and prefixes show the number of each atom. 
The molecular (or formula) mass of a compound is the sum of the atomic masses in 
the formula. Molecules are depicted by various types of formulas and models. 

2.9 CLASSIFICATION OF MIXTURES 

Although chemists pay a great deal of attention to pure substances, this form of 
matter almost never occurs around us. In the natural world, matter usually occurs 
as mixtures, such as air, seawater, soil, and organisms. 

There are two broad classes of mixtures. A heterogeneous mixture has one 
or more visible boundaries between the components. Thus, its composition is not 
uniform; it varies from one region to another. Many rocks are heterogeneous, 
showing individual grains and flecks of different minerals. In some cases, as in 
milk and blood, the boundaries can be seen only with a microscope. A homoge­
neous mixture has no visible boundaries because the components are mixed as 
individual atoms, ions, and molecules. Thus, its composition is uniform. A mixture 
of sugar dissolved in water is homogeneous, for example, because the sugar mol­
ecules and water molecules are uniformly intermingled on the molecular level . 
We have no way to tell visually whether an object is a substance (element or com­
pound) or a homogeneous mixture. 

A homogeneous mixture is also called a solution. Although we usually think 
of solutions as liquid, they can exist in all three physical states. For example, air 
is a gaseous solution of mostly oxygen and nitrogen molecules, and wax is a solid 
solution of several fatty substances. Solutions in water, called aqueous solutions, 
are especially important in chemistry and comprise a major portion of the envi­
ronment and of all organisms. 

Recall that mixtures differ fundamentally from compounds in three ways: 
( 1 )  the proportions of the components can vary; (2) the individual properties 
of the components are observable ;  and (3) the components can be separated by 
physical means. In some cases, as in a mixture of iron and sulfur (Figure 2 . 1 9), 
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2.9 Classification of Mixtures 

MATTER 
Anything that has mass and volume 

Exists in three physical states: solid, liquid, gas 

MIXTURES 
Two or more elements or compounds in variable proportions 

Components retain their properties 

Heterogeneous Mixtures Homogeneous Mixtures (Solutions) 
• Visible parts • No visible parts 
• Differing regional composition • Same composition throughout 

SEPARATION 
METHODS 

based on 
PHYSICAL 
CHANGES 

PURE SUBSTANCES 
Fixed composition throughout 

Elements 
• Composed of one type of atom 
• Classified as metal, nonmetal, or 

metalloid 
• Simplest type of matter that retains 

characteristic properties 
• May occur as individual atoms or 

as molecules 
• Atomic mass is average of isotopic 

masses weighted by abundance 

Compounds 
• Two or more elements combined in 

fixed parts by mass 
Properties differ from those of 
component elements 

• Molecular mass is sum of atomic 
masses 

CHEMICAL CHANGES 

Atoms 
• Protons (p+) and neutrons 

(nO) in tiny, massive, positive 
nucleus; number of p+ = 

atomic number (Z) 
• Electrons (e-) occupy 

surrounding volume; 
number of p+ = number of e-

Ionic Compounds 
• Solids composed of cations 

and anions 
• Ions arise through e- transfer 

from metal to nonmetal 

Covalent Compounds 
• Often consist of separate 

molecules 
• Atoms (usually nonmetals) 

bonded by shared e- pairs 

6 1  

Figure 2.20 The classification o f  matter from a chemical point of 
view. Mixtures are separated by physical changes into elements and 

compounds. Chemical changes are required to convert elements into 
compounds, and vice versa. 

if we apply enough energy to the components, they react with each other and 
form a compound, after which their individual properties are no longer observ­
able. The characteristics of mixtures and pure substances that we covered in 
this chapter are summarized in Figure 2.20. 

S ECTION S U M M ARY 
Heterogeneous mixtures have visible boundaries between the components. Homoge­
neous mixtures have no visible boundaries because mixing occurs at the molecular 
level. A solution is a homogeneous mixture and can occur in any physical state. M ix­
tures (not compounds) can have variable proportions, can be separated physically, 
and retain their components' properties. 
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For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise. )  

Learning Objectives 
To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are l isted in parentheses. 

l .  Define the characteristics of the three types of matter-element, 
compound, and mixture-on the macroscopic and atomic levels 
(§ 2. 1 )  (EPs 2. 1-2.5) 
2. Understand the laws of mass conservation, definite composi­
tion, and multiple proportions; use the mass ratio of element-to­
compound to find the mass of an element in a compound (§ 2. 1 )  
(SP 2. 1 )  (EPs 2.6-2. 1 8) 
3. Understand Dalton's atomic theory and how it explains the 
mass laws (§ 2.3) (EP 2. 1 9) 
4. Describe the results of the key experiments by Thomson, 
Mil l ikan, and Rutherford concerning atomic structure (§ 2.4) 
(EPs 2.20, 2.2 1 )  
5 .  Explain the structure of the atom, the main features of the 
subatomic particles, and the significance of isotopes; use atomic 

Key Terms 
Section 2.1 
element (32) 
pure substance (32) 
molecule (32) 
compound (33) 
mixture (33) 
Section 2.2 
law of mass 

conservation (34) 
law of definite (or constant) 

composition (34) 
fraction by mass (mass 

fraction) (34) 
percent by mass (mass 

percent, mass %) (34) 
law of multiple 

proportions (35) 
Section 2.3 
atom (36) 

Section 2.4 
cathode ray (37) 
nucleus (40) 
Section 2.5 
proton (p+) (4 1 )  
neutron (no) (4 1 )  
electron (e-) (4 1 )  
atomic number (2) (42) 
mass number (A) (42) 
atomic symbol (42) 
isotope (42) 
atomic mass unit (amu) (43) 
dalton (Da) (43) 
mass spectrometry (43) 
isotopic mass (44) 
atomic mass (44) 
Section 2.6 
periodic table of the 

elements (45) 

Key Equations and Relationships 
2.1 Finding the mass of an element in a given mass of 
compound (35): 
Mass of element in sample 

. mass of element = mass of compound 111 sample X ------­
mass of compound 

notation to express the subatomic makeup of an isotope; calculate 
the atomic mass of an element from its isotopic composition 
(§ 2.5) (SP 2.2, 2.3) (EPs 2.22-2.34) 
6. Describe the format of the periodic table and the general loca­
tion and characteristics of metals, metalloids, and nonmetals 
(§ 2.6) (EPs 2.35-2.4 1 )  
7 .  Explain the essential features of ionic and covalent bonding 
and distinguish between them; predict the monatomic ion formed 
from a main-group element (§ 2.7) (SP 2.4) (EPs 2.42-2.54) 
8. Name, write the formula, and calculate the molecule (or for­
mula) mass of ionic and binary covalent compounds (§ 2.8) 
(SP 2.5-2. 1 4) (EPs 2.55-2.78) 
9. Describe the types of mixtures and their properties (§ 2.9) 
(EPs 2.79-2.83) 

period (45) 
group (45) 
metal (46) 
nonmetal (47) 
metal loid (semi metal) (47) 
Section 2.7 
ionic compound (47) 
covalent compound (47) 
chemical bond (48) 
ion (48) 
binary ionic compound (48) 
cation (48) 
anion (48) 
monatomic ion (48) 
covalent bond (50) 
polyatomic ion (5 1 )  
Section 2.8 
chemical formula (5 1 )  
empirical formula (5 1 )  

molecular formula (5 1 )  
structural formula (5 1 )  
formula unit (53) 
oxoanion (55) 
hydrate (55) 
binary covalent compound (57) 
molecular mass (58) 
formula mass (58) 
Section 2.9 
heterogeneous mixture (60) 
homogeneous mixture (60) 
solution (60) 
aqueous solution (60) 

2.2 Calculating the number of neutrons in an atom (42): 
Number of neutrons = mass number - atomic number 

or N = A - 2 
2.3 Determining the molecular mass of a formula unit of a 
compound (58): 

Molecular mass = sum of atomic masses 



L Brief Solutions to Follow-up Problems 
2.1 Mass (t) of pitchblende 

. 84.2 t pitchblende = 2.3 t uraHlum X = 2.7 t pitchblende 
7 l .4 t uranium 

Mass (t) of oxygen 
(84.2 - 7 1 A  t oxygen) = 2.7 t pitchblende X = OA I t oxygen 

84.2 t pitchblende 
2.2 (a) Q = B; 5p+ , 6no, 5e-
(b) X = Ca; 20p+ , 2 1 no, 20e-
(c) Y = I; 53p +, 78no, 53e-
2.3 10.0 1 29x + [ 1 l .0093( 1 - x)] = l O.8 1 ;  0.9964x = 0 . 1993; 
x = 0.2000 and 1 - x = 0.8000; % abundance of l OB = 20.00%; 
% abundance of l i B = 80.00% 
2.4 (a) S2- ;  (b) Rb+ ; (c) Ba2+ 
2.S (a) Zinc [Group 2B( l 2)] and oxygen [Group 6A( 1 6)] 
(b) Silver [Group I B ( 1 1 ) ]  and bromine [Group 7 A( 1 7)] 
(c) Lithium [Group 1A( 1 )] and chlorine [Group 7A( 1 7)] 
(d) Aluminum [Group 3A(1 3)] and sulfur [Group 6A( 1 6)] 
2.6 (a) ZnO; (b) AgBr; (c) LiCl; (d) Al2S3 
2.7 (a) Pb02; (b) copper(I) sulfide (cuprous sulfide); (c) iron(II) 
bromide (ferrous bromide); (d) HgCl2 
2.8 (a) Cu(N03h'3H20; (b) Zn(OHh; (c) lithium cyanide 
2.9 (a) (NH4hP04; ammonium is NH4 + and phosphate is P04

3- .  
(b) Al(OH)3 ; parentheses are needed around the polyatomic 
ion OH- .  

Problems 
Problems with colored numbers are answered in Appendix E. 
Sections match the text and provide the numbers of relevant sam­
ple problems. Bracketed problems are grouped in pairs ( indicated 
by a short rule) that cover the same concept. Comprehensive prob­
lems are based on material from any section or previous chapter. 

Elements, Compounds, and Mixtures: 
An Atomic Overview 
2.1 What is the key difference between an element and a compound? 
2.2 List two differences between a compound and a mixture. 
2.3 Which of the following are pure substances? Explain. 

(a) Calcium chloride, used to melt ice on roads, consists of two 
elements, calcium and chlorine, in a fixed mass ratio. 
(b) Sulfur consists of sulfur atoms combined into octatomic 
molecules. 
(c) Baking powder, a leavening agent, contains 26% to 30% 
sodium hydrogen carbonate and 30% to 35% calcium dihydro­
gen phosphate by mass. 
(d) Cytosine, a component of DNA, consists of H, C, N, and 
o atoms bonded in a specific arrangement. 

2.4 Classify each substance in Problem 2.3 as an element, com­
pound, or mixture, and explain your answers. 

2.S Samples of i l licit "street" drugs often contain an inactive 
component, such as ascorbic acid (vitamin C). After obtaining a 
sample of cocaine, government chemists calculate the mass of 
vitamin C per gram of drug sample, and use it to track the drug's 
distribution. For example, if different samples of cocaine ob­
tained on the streets of New York, Los Angeles, and Paris all 

Problems 

(c) Magnesium hydrogen carbonate; Mg2+ is magnesium and 
can have only a 2+ charge, so it does not need (II); HC03 - is 
hydrogen carbonate (or bicarbonate). 
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(d) Chromium(III) nitrate; the -ic ending is not used with Roman 
numerals; N03 - is nitrate. 
(e) Calcium nitrite; Ca2+ is calcium and N02 - is nitrite. 
2.10 (a) HCl03; (b) hydrofluoric acid; (c) CH3COOH (or 
HC2H302) ;  (d) H2S03; (e) hypobromous acid 
2.11 (a) Sulfur trioxide; (b) silicon dioxide; (c) N20; (d) SeF6 
2.12 (a) Disulfur dichloride; the -GUS suffix is not used. 
(b) NO; the name indicates one nitrogen. 
(c) Bromine trichloride; Br is in a higher period in Group 
7 A( 1 7), so it is named first. 
2.13 (a) H202, 34.02 amu;  (b) CsCl, 1 68A amu; (c) H2S04, 
98.09 amu; (d) K2S04, 1 74.27 amu 
2.14 (a) Na20. This is an ionic compound, so the name is sodium 
oxide. 

Formula mass 
= (2 X atomic mass of Na) + ( 1  X atomic mass of 0) 
= (2 X 22.99 amu) + 1 6.00 amu = 6 l .98 amu 

(b) N02. This is a covalent compound, and N has the lower 
group number, so the name is nitrogen dioxide. 

Molecular mass 
= ( l  X atomic mass of N) + (2 X atomic mass of 0) 
= 1 4.01 amu + (2 X 1 6.00 amu) = 46.01 amu 

contain 0.6384 g of vitamin C per gram of sample, they very 
likely come from a common source. Is this street sample a com­
pound, element, or mixture? Explain. 

The Observations That Led to an Atomic View of Matter 
(Sample Problem 2. 1 )  

2.6 To which classes o f  matter-element, compound, and/or 
mixture-do the following apply: (a) law of mass conservation; 
(b) law of definite composition; (c) law of multiple proportions? 

2.7 Identify the mass law that each of the following observations 
demonstrates, and explain your reasoning: 
(a) A sample of potassium chloride from Chile contains the 
same percent by mass of potassium as one from Poland. 
(b) A flashbulb contains magnesium and oxygen before use and 
magnesium oxide afterward, but its mass does not change. 
(c) Arsenic and oxygen form one compound that is 65.2 mass % 
arsenic and another that is 75 .8 mass % arsenic. 

2.8 (a) Does the percent by mass of each element in a compound 
depend on the amount of compound? Explain. (b) Does the mass 
of each element in a compound depend on the amount of com­
pound? Explain. (c) Does the percent by mass of each element in 
a compound depend on the amount of that element used to make 
the compound? Explain. 

12.9 State the mass law(s) demonstrated by the following experi­
mental results, and explain your reasoning: 
Experiment 1 :  A student heats 1 .00 g of a blue compound and ob­
tains 0.64 g of a white compound and 0.36 g of a colorless gas. 
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Experiment 2: A second student heats 3 .25 g of the same blue 
compound and obtains 2.08 g of a white compound and 1 . 1 7  g of 
a colorless gas. 

2.10 State the mass law(s) demonstrated by the following experi­
mental results, and explain your reasoning: 
Experiment 1 :  A student heats l .27 g of copper and 3.50 g of 
iodine to produce 3 .81  g of a white compound, and 0.96 g of 
iodine remains. 
Experiment 2: A second student heats 2.55 g of copper and 
3.50 g of iodine to form 5 .25 g of a white compound, and 0.80 g 
of copper remains. 

2.11 Fluorite, a mineral of calcium, is a compound of the metal 
with fluorine. Analysis shows that a 2.76-g sample of fluorite 
contains 1 .42 g of calcium. Calculate the (a) mass of fluorine in 
the sample; (b) mass fractions of calcium and fluorine in fluorite; 
(c) mass percents of calcium and fluorine in fluorite. 

2.12 Galena, a mineral of lead, is a compound of the metal with 
sulfur. Analysis shows that a 2.34-g sample of galena contains 
2.03 g of lead. Calculate the (a) mass of sulfur in the sample; 
(b) mass fractions of lead and sulfur in galena; (c) mass percents 
of lead and sulfur in galena. 

2.13 A compound of copper and sulfur contains 88.39 g of metal 
and 44. 6 1  g of nonmetal. How many grams of copper are in 
5264 kg of compound? How many grams of sulfur? 

2.14 A compound of iodine and cesium contains 63.94 g of metal 
and 6 1 .06 g of nonmetal. How many grams of cesium are in 
38.77 g of compound? How many grams of iodine? 

2. 1 5  Show, with calculations, how the following data illustrate the 
law of multiple proportions: 
Compound 1 :  47.5 mass % sulfur and 52.5 mass % chlorine 
Compound 2: 3 l . 1  mass % sulfur and 68.9 mass % chlorine 

2.16 Show, with calculations, how the following data illustrate the 
law of multiple proportions: 
Compound 1 :  77.6 mass % xenon and 22.4 mass % fluorine 
Compound 2: 63.3 mass % xenon and 36.7 mass % fluorine 

2.17 Dolomite is a carbonate of magnesium and calcium. Analysis 
shows that 7 .8 1 g of dolomite contains l .70 g of Ca. Calculate 
the mass percent of Ca in dolomite. On the basis of the mass per­
cent of Ca, and neglecting all other factors, which is the richer 
source of Ca, dolomite or fluorite (see Problem 2. 1 1 ) ?  

2.18 The mass percent of  sulfur in a sample of  coal is a key 
factor in the environmental impact of the coal because the 
sulfur combines with oxygen when the coal is burned and 
the oxide can then be i ncorporated into acid rain .  Which of 
the fol lowing coals would have the smallest environmen­
tal impact? 

Mass (g) of Mass (g) of 
Sample Sulfur in  Sample 

Coal A 378 1 1. 3  
Coal B 495 1 9.0 
Coal C 675 20.6 

Dalton's Atomic Theory 
2.19 Use Dalton's theory to explain why potassium nitrate from 

India or Italy has the same mass percents of K, N, and O. 

The Observations That Led to the Nuclear Atom Model 
2.20 Thomson was able to determine the mass/charge ratio of the 

electron but not its mass. (a) How did Millikan's experiment al­
low determination of the electron's mass? (b) The following 
charges on individual oil droplets were obtained during an ex­
periment similar to Millikan's. Determine a charge for the elec­
tron (in C, coulombs), and explain your answer: -3 .204X 10- 1 9 
C; -4.806X 1 0- 19 C; -8 .0 l 0X  1 0- 19 C; - 1 .442X 1 0- 1 8  C. 

2.21 When Rutherford's coworkers bombarded gold foi l  with <X 
particles, they obtained results that overturned the existing 
(Thomson) model of the atom. Explain. 

The Atomic Theory Today 
(Sample Problems 2.2 and 2.3) 

2.22 Choose the correct answer. The difference between the mass 
number of an isotope and its atomic number is (a) directly re­
lated to the identity of the element; (b) the number of electrons; 
(c) the number of neutrons; (d) the number of isotopes. 

12.23 Argon has three naturally occurring isotopes, 36 Ar, 38 Ar, and 
40 Ar. What is the mass number of each? How many protons, neu­
trons, and electrons are present in each? 

2.24 Chlorine has two naturally occurring isotopes, 35Cl and 37Cl. 
What is the mass number of each isotope? How many protons, 
neutrons, and electrons are present in each? 

2.25 Do both members of the following pairs have the same num­
ber of protons? Neutrons? Electrons? 
(a) I �O and I �O (b) i�Ar and i�K (c) ��Co and ��Ni 
Which pair(s) consist(s) of atoms with the same Z value? 
N value? A value? 

2.26 Do both members of the following pairs have the same num­
ber of protons? Neutrons? Electrons? 
(a) 1H and �He (b) I�C and I �N (c) ' �F and 'gF 
Which pair(s) consist(s) of atoms with the same Z value? 
N value? A value? 

2.27 Write the �X notation for each atomic depiction: 

2.28 Write the �X notation for each atomic depiction: 

2.29 Draw atomic depictions similar to those in Problem 2.27 for 
(a) i�Ti; (b) j�Se; (c) '�B .  

2.30 Draw atomic depictions similar to those in  Problem 2.27 for 
(a) 2�iPb; (b) �Be; (c) j�As. 



2.31 Gallium has two naturally occurring isotopes, 69Ga (isotopic 
mass 68 .9256 amu, abundance 60. 1 1  %) and 7 1Ga (isotopic mass 
70.9247 amu, abundance 39.89%). Calculate the atomic mass 
of gallium. 

2.32 Magnesium has three naturally occurring isotopes, 24Mg (iso­
topic mass 23.9850 amu, abundance 78 .99%), 25Mg (isotopic 
mass 24.9858 amu, abundance 1 0.00%), and 26Mg (isotopic mass 
25 .9826 amu, abundance 1 1 .0 1%) .  Calculate the atomic mass 
of magnesium. 

2.33 Chlorine has two naturally occurring isotopes, 35Cl (isotopic 
mass 34.9689 amu) and 37Cl (isotopic mass 36.9659 amu). If 
chlorine has an atomic mass of 35 .4527 amu, what is the percent 
abundance of each isotope? 

2.34 Copper has two naturally occurring isotopes, 63Cu (isotopic 
mass 62.9396 amu) and 65CU (isotopic mass 64.9278 amu). If 
copper has an atomic mass of 63.546 amu, what is the percent 
abundance of each isotope? 

Elements: A First Look at the Periodic Table 
2.35 Correct each of the following statements: 

(a) In the modern periodic table, the elements are arranged in 
order of increasing atomic mass. 
(b) Elements in a period have similar chemical properties. 
(c) Elements can be classified as either metalloids or nonmetals. 

2.36 What class of elements lies along the "staircase" line in the 
periodic table? How do their properties compare with those of 
metals and nonmetals? 

2.37 What are some characteristic properties of elements to the 
left of the elements along the "staircase"? To the right? 

12.38 Give the name, atomic symbol, and group number of the ele­
ment with the following 2 value, and classify it as a metal, met­
alloid, or nonmetal: 
(a) 2 = 32 (b) 2 = 1 6  (c) 2 = 2 (d) 2 = 3 (e) 2 = 42 

2.39 Give the name, atomic symbol, and group number of the ele­
ment with the following 2 value, and c lassify it as a metal, met­
alloid, or nonmetal: 
(a) 2 = 33 (b) 2 = 20 (c) 2 = 35 (d) 2 = 1 9  (e) 2 = 1 2  

2.40 Fill i n  the blanks: 
(a) The symbol and atomic number of the heaviest alkaline 
earth metal are and _____ _ 

(b) The symbol and atomic number of the lightest metalloid in 
Group 5A( l 5) are and ____ _ 

(c) Group I B( l 1 ) consists of the coinage metals. The symbol 
and atomic mass of the coinage metal whose atoms have the 
fewest electrons are and _____ _ 

(d) The symbol and atomic mass of the halogen in Period 4 are 
____________ and __________ __ 

2.41 Fill in the blanks: 
(a) The symbol and atomic number of the heaviest noble gas 
are and __________ __ 

(b) The symbol and group number of the Period 5 transition 
element whose atoms have the fewest protons are 
____________ and __________ __ 

(c) The elements in Group 6A( l 6) are sometimes called the 
chalco gens. The symbol and atomic number of the only metal-
lic chalcogen are and ------------

(d) The symbol and number of protons of the Period 4 alkali 
metal atom are and ------------

Problems 

Compounds: Introduction to Bonding 
(Sample Problem 2.4) 
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2.42 Describe the type and nature of the bonding that occurs be­
tween reactive metals and nonmetals. 

2.43 Describe the type and nature of the bonding that often occurs 
between two nonmetals. 

2.44 Given that the ions in LiF and in MgO are of similar size, 
which compound has stronger ionic bonding? Use Coulomb's 
law in your explanation. 

2.45 Describe the formation of solid magnesium chloride (MgCI2) 
from large numbers of magnesium and chlorine atoms. 

2.46 Does potassium nitrate (KN03) incorporate ionic bonding, 
covalent bonding, or both? Explain. 

12.47 What monatomic ions do potassium (2 = 1 9) and iodine 
(2 = 53) form? 

2.48 What monatomic ions do barium (2 = 56) and selenium 
(2 = 34) form? 

2.49 For each ionic depiction, give the name of the parent atom, its 
mass number, and its group and period numbers: 

2.50 For each ionic depiction, give the name of the parent atom, its 
mass number, and its group and period numbers: 

2.51 An ionic compound forms when lithium (2 = 3) reacts with 
oxygen (2 = 8). If a sample of the compound contains 5 .3 X 1020 
lithium ions, how many oxide ions does it contain? 

2.52 An ionic compound forms when calcium (2 = 20) reacts with 
iodine (2 = 53). If a sample of the compound contains 7.4X 1021 
calcium ions, how many iodide ions does it contain? 

2.53 The radii of the sodium and potassium ions are 102 pm and 
1 3 8  pm, respectively. Which compound has stronger ionic at­
tractions, sodium chloride or potassium chloride? 

2.54 The radii of the lithium and magnesium ions are 76 pm and 
72 pm, respectively. Which compound has stronger ionic attrac­

I tions, lithium oxide or magnesium oxide? 

Compounds: Formulas, Names, and Masses 
(Sample Problems 2.5 to 2 . 1 4) 
2.55 What is the difference between an empirical formula and a 

molecular formula? Can they ever be the same? 
2.56 Consider a mixture of 10 billion O2 molecules and 10 billion 

H2 molecules. In what way is this mixture similar to a sample 
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containing 1 0  bill ion hydrogen peroxide (H202) molecules? In 
what way is it different? 

12.57 Write an empirical formula for each of the following: 
(a) Hydrazine, a rocket fuel, molecular formula N2H4 
(b) Glucose, a sugar, molecular formula C6H I 206 

2.58 Write an empirical formula for each of the fol lowing: 
(a) Ethylene glycol, car antifreeze, molecular formula C2H602 
(b) Peroxodisulfuric acid, a compound used to make bleaching 
agents, molecular formula H2S20S 

2.59 Give the name and formula of the compound formed from the 
following elements: (a) lithium and nitrogen; (b) oxygen and 
strontium; (c) aluminum and chlorine. 

2.60 Give the name and formula of the compound formed from the 
following elements: (a) rubidium and bromine; (b) sulfur and 
barium; (c) calcium and fluorine. 

2.61 Give the name and formula of the compound formed from the 
following elements: 
(a) 1 2L and 9M (b) I lL and 16M (c) 1 7L and 3SM 

2.62 Give the name and formula of the compound formed from the 
following elements: 
(a) 3Q and 3sR (b) sQ and J3R (c) 1 9Q and s3R 

2.63 Give the systematic names for the formulas or the formulas 
for the names: (a) tin(IV) chloride; (b) FeBr3 ; (c) cuprous 
bromide; (d) Mn203' 

2.64 Give the systematic names for the formulas or the 
formulas for the names: (a) Na2HP04; (b) potassium carbonate 
dihydrate; (c) NaN02; (d) ammonium perchlorate. 

2.65 Correct each of the fol lowing formu las: 
(a) Barium oxide is Ba02' 
(b) Iron (II) nitrate is Fe(N03h 
(c) Magnesium sulfide is MnS03' 

2.66 Correct each of the fol lowing names: 
(a) CuI is cobalt(II) iodide. 
(b) Fe(HS04h is iron(lI) sulfate. 
(c) MgCr207 is magnesium dichromium heptaoxide. 

2.67 Give the name and formula for the acid derived from each of 
the following anions: 
(a) hydrogen sulfate (b) 103- (c) cyanide (d) HS-

2.68 Give the name and formula for the acid derived from each of 
the fol lowing anions: 
(a) perchlorate (b) N03- (c) bromite 

2.69 Give the name and formula of the compound whose mol­
ecules consist of two sulfur atoms and four fluorine atoms. 

2.70 Give the name and formula of the compound whose mol­
ecules consist of two iodine atoms and seven oxygen atoms. 

2.71 Give the number of atoms of the specified element in a for­
mula unit of each of the following compounds, and calculate the 
molecular (formula) mass: 
(a) Oxygen in aluminum sulfate, A12(S04h 
(b) Hydrogen in ammonium hydrogen phosphate, (NH4hHP04 
(c) Oxygen in the mineral azurite, CU3(OHhCC03h 

2.72 Give the number of atoms of the specified element in a for­
mula unit of each of the fol lowing compounds, and calculate the 
molecular (formula) mass: 
(a) Hydrogen in ammonium benzoate, C6HsCOONH4 
(b) Nitrogen in hydrazinium sulfate, N2H6S04 
(c) Oxygen in the mineral leadhillite, Pb4S04(C03hCOH)2 

2.73 Write the formula of each compound, and determine its mo­
lecular (formula) mass: (a) ammonium sulfate; (b) sodium dihy­
drogen phosphate; (c) potassium bicarbonate. 

2.74 Write the formula of each compound, and determine its mo­
lecular (formula) mass: (a) sodium dichromate; (b) ammonium 
perchlorate; (c) magnesium nitrite trihydrate. 

2.75 Give the name, empirical formula, and molecular mass of the 
molecule depicted in F igure P2.7S. 

2.76 Give the name, empirical formula, and molecular mass of the 
molecule depicted in Figure P2.76. 

Figure P2.75 Figure P2.76 

2.77 Give the formula, name, and molecular mass of the fol lowing 
molecules: 

(b) 

2.78 Before the use of systematic names, many compounds had 
common names. Give the systematic name for each of the fol­
lowing: (a) blue vitriol, CuS04'SH20; (b) slaked lime, Ca(OH)2; 
(c) oil of vitriol, H2S04; (d) washing soda, Na2C03; (e) muriatic 
acid, HCI; (f) Epsom salts, MgS04'7H20; (g) chalk, CaC03; 
(h) dry ice, CO2; (i) baking soda, NaHC03; (j) lye, NaOH. 

Mixtures: Classification and Separation 
2.79 In what main way is separating the components of a mixture 

different from separating the components of a compound? 
2.80 What is the difference between a homogeneous and a hetero­

geneous mixture? 
2.81 Is a solution a homogeneous or a heterogeneous mixture? 

Give an example of an aqueous solution. 

12.82 Classify each of the fol lowing as a compound, a homoge­
neous mixture, or a heterogeneous mixture: (a) disti l led water; 
(b) gasoline; (c) beach sand; (d) wine; (e) air. 

2.83 Classify each of the fol lowing as a compound, a homoge­
neous mixture, or a heterogeneous mixture: (a) orange juice; 1 (b) vegetable soup; (c) cement; (d) calcium sulfate; (e) tea. 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

2.84 Helium is the l ightest noble gas and the second most abun­
dant element (after hydrogen) in the universe. 
(a) The radius of a helium atom is 3 . 1 X 10- 1 1  m; the radius of 
its nucleus is 2.SX l O- IS ill. What fraction of the spherical 



atomic volume is occupied by the nucleus (V of a sphere = 
�1Tr3)? 
(b) The mass of a helium-4 atom is 6.64648 X 1 0-24 g, and each 
of its two electrons has a mass of 9 . 1 0939 X 1 0-28 g. What frac­
tion of this atom's mass is contributed by its nucleus? 

2.85 Scenes A-I depict various types of matter on the atomic 
scale. Choose the correct seene(s) for each of the following: 
(a) A mixture that fil ls its container 
(b) A substance that cannot be broken down into simpler ones 
(c) An element with a very high resistance to flow 
(d) A homogeneous m ixture 
(e) An element that conforms to the walls of its container and 
displays a surface 
(f) A gas consisting of diatomic particles 
(g) A gas that can be broken down into simpler substances 
(h) A substance with a 2: 1 number ratio of its component atoms 
(i) Matter that can be separated into its component substances 
by physical means 
(j) A heterogeneous mixture 
(k) Matter that obeys the law of definite composition 

2.86 Nitrogen forms more oxides than any other element. The per­
cents by mass of N in three different nitrogen oxides are 
(I) 46.69%; (II) 36.85%; (III) 25.94%. (a) Determine the empir­
ical formula of each compound. (b) How many grams of oxygen 
per 1 .00 g of nitrogen are in each compound? 

2.87 Which of the following pictures is (are) consistent with the 
fact that compounds of nitrogen (blue) and oxygen (red) exhibit 
the law of multiple proportions? Explain. 

Problems 67 

2.88 The seven most abundant ions in seawater make up more than 
99% by mass of the dissolved compounds. They are listed in 
units of mg ion/kg seawater: chloride 1 8,980; sodium 10,560; 
sulfate 2650; magnesium 1 270; calcium 400; potassium 380; 
hydrogen carbonate 140. 
(a) What is the mass % of each ion in seawater? 
(b) What percent of the total mass of ions is sodium ion? 
(c) How does the total mass % of alkaline earth metal ions 
compare with the total mass % of alkali metal ions? 
(d) Which makes up the larger mass fraction of dissolved com­
ponents, anions or cations? 

* 2.89 When barium (Ba) reacts with sulfur (S) to form barium sul­
fide (BaS), each Ba atom reacts with an S atom. If 2.00 cm3 of 
Ba reacts with 1 .50 cm3 of S, are there enough Ba atoms 
to react with the S atoms (d of Ba = 3.5 1 g/cm3; d of S = 
2.07 g/cm3)? 

2.90 Succinic acid (below) is an important metabolite in biologi­
cal energy production. Give the molecular formula, empirical 
formula, and molecular mass of succinic acid, and calculate the 
mass percent of each element. 

2.91 Antimony has many uses-for example, in semiconductor in­
frared devices and as part of an alloy in lead storage batteries. 
The element has two naturally occurring isotopes, one with mass 
1 20.904 amu, the other with mass 1 22.904 amu. (a) Write the �X 
notation for each isotope. (b) Use the atomic mass of antimony 
from the periodic table to calculate the natural abundance of 
each isotope. 

2.92 The two isotopes of potassium with significant abundance in 
nature are 39K (isotopic mass 38 .9637 amu, 93.258%) and 4 1K 
(isotopic mass 40.96 1 8  amu, 6.730%). Fluorine has only one 
naturally occurring isotope, 1 9p (isotopic mass 1 8 .9984 amu). 
Calculate the formula mass of potassium fluoride. 

2.93 Nuclei differ in their stability, and some are so unstable that 
they undergo radioactive decay. The ratio of the number of 
neutrons to number of protons (NIZ) in a nucleus correlates 
with its stability. Calculate the NIZ ratio for (a) 144Sm; (b) 56Fe; 
(c) 2oNe; (d) 107 Ag. (e) The radioactive isotope 238U decays in 
a series of nuclear reactions that includes another uranium . 234 . 2 1 4Pb 2 10Pb d 206Pb Isotope, U, and three lead Isotopes, , , an . 
How many neutrons, protons, and electrons are in each of these 
five isotopes? 

* 2.94 TNT (trinitrotoluene; below) is used as an explosive in 
construction. Calculate the mass of each element in 1 .00 lb 
of TNT. 
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2.95 The anticancer drug Platinol (Cisplatin), Pt(NH3hCI2, reacts 
with the cancer cell ' s  DNA and interferes with its growth. 
(a) What is the mass % of platinum (Pt) in Platinol? (b) IfPt costs 
$ 1 9/g, how many grams of Platinol can be made for $ 1 .00 mil­
lion (assume that the cost of Pt determines the cost of the drug)? 

2.96 Dimercaprol (HSCH2CHSHCH20H) is a complexing agent 
developed during World War I as an antidote to arsenic-based 
poison gas and used today to treat heavy-metal poisoning. Such 
an agent binds and removes the toxic element from the body. 
(a) If each molecule binds one arsenic (As) atom, how many 
atoms of As could be removed by 250. mg of dimercaprol? 
(b) If one molecule binds one metal atom, calculate the mass 
% of each of the following metals in a metal-dimercaprol com­
plex: mercury, thallium, chromium. 

2.97 Choose the box color(s) in the periodic table below that 
match(es) the following: 

r-
r-r-
• r-

L 

(a) Four elements that are nonmetals 
(b) Two elements that are metals 

r-

• • 

'-- '--

(c) Three elements that are gases at room temperature 
(d) Three elements that are solid at room temperature 
(e) One pair of elements likely to form a covalent compound 
(f) Another pair of elements likely to form a covalent compound 
(g) One pair of elements likely to form an ionic compound with 
formula MX 
(h) Another pair of elements likely to form an ionic compound 
with formula MX 
(i) Two elements likely to form an ionic compound with for­
mula M2X 
(j) Two elements likely to form an ionic compound with for­
mula MX2 
(k) An element that forms no compounds 
(I) A pair of elements whose compounds exhibit the law of 
multiple proportions 

® 

2.98 From the following ions and their radii (in pm), choose a pair 
that gives the strongest ionic bonding and a pair that gives the 
weakest: Mg2+ 72; K+ 1 38 ;  Rb+ 1 52; Ba2+ 1 35 ;  Cl- 1 8 1 ;  
02- 140; 1- 220. 

2.99 Transition metals, located in the center of the periodic table, 
have many essential uses as elements and form many important 
compounds as well .  Calculate the molecular mass of the follow­
ing transition metal compounds: 
(a) [Co(NH3)6]CI3 (b) [Pt(NH3)4BrCI]CI2 
(b) K4[V(CN)6] (d) [Ce(NH3)6] [FeCI4h 

2. 1 00 A rock is 5.0% by mass fayalite (Fe2Si04), 7 .0% by mass 
forsterite (Mg2Si04), and the remainder silicon dioxide. What is 
the mass percent of each element in the rock? 

2. 1 0 1  Fluoride ion is poisonous in relatively low amounts 0.2 g of 
F- per 70 kg of body weight can cause death. Nevertheless, in 
order to prevent tooth decay, F- ions are added to drinking wa­
ter at a concentration of 1 mg of F- ion per L of water. How 
many liters of fluoridated drinking water would a 70-kg person 
have to consume in one day to reach this toxic level? How many 
kilograms of sodium fluoride would be needed to treat a 
7.00X 107 -gal reservoir? 

2. 1 02 The scene below represents a chemical reaction in a con­
tainer. Which of the mass laws-mass conservation, definite 
composition, or multiple proportions-is (are) illustrated? 

2. 1 03 Nitrogen monoxide (NO) is a bioactive molecule in blood. 
Low NO concentrations cause respiratory distress and the for­
mation of blood clots. Doctors prescribe nitroglycerin, 
C3HsN309, and isoamyl nitrate, (CH3hCHCH2CH20N02, 
to increase NO. If each compound releases one molecule 
of NO per atom of N, calculate the mass percent of NO in 
each medicine. 

2. 1 04 Which of the following steps in an overall process involve(s) 
a physical change and which involve(s) a chemical change? 

@ )0 

® 



Weighing the Matter By knowing the masses of aluminum and iron(llI) oxide 
reacting in this spectacular chemical change, you also know the number of atoms 
of each and can predict the masses of aluminum oxide and iron metal that form. 
In this chapter, you'll learn the arithmetic of chemical formulas and reactions. 

Key Principles 
• The mole (mol) is the standard unit for amount of substance and con­

sists of Avogadro's number (6.022 x 1 023) of atoms, molecules, 
or ions. It  has the same numerical value in grams as a single entity 

of the substance has in atomic mass units; for example, 1 molecule 
of H20 weighs 1 8.02 amu and 1 mol of H20 weighs 1 8.02 g. There­
fore, if the amount of a substance is expressed in moles, we know 
the number of entities in a given mass of it. 

• The subscripts in a chemical formula provide quantitative information 
about the amounts of each element in a mole of compound. In an 
empirical formula, the subscripts show the relative number of moles 
of each element; in a molecular formula, they show the actual number. 
Isomers are different compounds with the same molecular formula. 

• In a balanced equation, formulas preceded by integer balanCing coeffi­
cients are used to show the same numbers of each kind of atom on 

Outline 

CHAPTER THREE 

Stoich iometry of 
Formu las and Equatio 

the left (reactants) as on the right (products) but in different combi­
nations; we can therefore use the amount of one substance to 
calculate the amount of any other. 

• During a typical reaction ,  one substance (the limiting reactant) is used 
up, so it limits the amount of product that can form; the other reac­
tant(s) are in excess. The theoretical yield, the amount based on the 
balanced equation, is never obtained in the lab because of competing 
side reactions and physical losses. 

• For reactions in solution, we determine amounts of substances from 
their concentration (molarity) and volume. To dilute a solution, we 
add solvent, which lowers the amount of solute dissolved in each 
unit volume. 

3.1 The Mole 
Defining the Mole 
Molar Mass 

3.3 Writing and Balancing Chemical 
Equations 

3.5 Fundamentals of Solution Stoichiometry 
Molarity 

Mole-Mass-Number Conversions 
Mass Percent 

3.2 Determining the Formula of an 
Unknown Compound 
Empirical Formulas 
Molecular Formulas 

3.4 Calculating Amounts of Reactant 
and Product 
Molar Ratios from Balanced Equations 
Limiting Reactants 
Reaction Yields 

Solution Mole-Mass-Number Conversions 
Dilution of Molar Solutions 
Reactions in Solution 
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Concepts & Skills to Review 
Before You Study This Chapter 

• isotopes and atomic mass (Section 2.5) 
• names and formulas of compounds 

(Section 2.8) 
• molecular mass of a compound 

(Section 2.8) 
• empirical and molecular formulas 

(Section 2.8) 
• mass laws in chemical reactions 

(Section 2.2) 

CHAPTER 3 Stoichiometry of Formulos ond Equations 

Chemistry is a practical science. Just imagine how useful it could be to deter­
mine the formula of a compound from the masses of its elements or to predict 

the amounts of substances consumed and produced in a reaction. Suppose you are 
a polymer chemist preparing a new plastic: how much of this new material will a 
given polymerization reaction yield? Or suppose you're a chemical engineer study­
ing rocket engine thrust: what amount of exhaust gases will a test of this fuel mix­
ture produce? Perhaps you are on a team of environmental chemists examining 
coal samples: what quantity of air pollutants will this sample release when burned? 
Or, maybe you're a biomedical researcher who has extracted a new cancer­
preventing substance from a tropical plant: what is its formula, and what quantity 
of metabolic products will establish a safe dosage level? You can answer such ques­
tions and countless others like them with a knowledge of stoichiometry (pro­
nounced "stoy-key-AHM-uh-tree" ; from the Greek stoicheion, "element or part," 
and metron, "measure"), the study of the quantitative aspects of chemical formu­
las and reactions. 

3.1 THE MOLE 

All the ideas and skills discussed in this chapter depend on an understanding of 
the mole concept, so let's begin there. In daily life, we typically measure things 
out by counting or by weighing, with the choice based on convenience. It is more 
convenient to weigh beans or rice than to count individual pieces, and it is more 
convenient to count eggs or pencils than to weigh them. To measure such things, 
we use mass units (a kilogram of rice) or counting units (a dozen pencils). Sim­
ilarly, daily life in the laboratory involves measuring substances. However, an 
obvious problem arises when we try to do this. The atoms, ions, molecules, or 
formula units are the entities that react with one another, so we would like to 
know the numbers of them that we mix together. But, how can we possibly count 
entities that are so small? To do this, chemists have devised a unit called the mole 
to count chemical entities by weighing them. 

Defining the Mole 
The mole (abbreviated mol) is the SI unit for amount of substance. It is defined 
as the amount of a substance that contains the same number of entities as there 
are atoms in exactly 12 g of carbon-12. This number is called Avogadro's num­
ber, in honor of the 1 9th-century Italian physicist Amedeo Avogadro, and as you 
can tell from the definition, it is enormous : *  

One mole ( 1  mol) contains 6.022X 1 023 entities (to four significant figures) (3.1)  
Thus, 

1 mol of carbon- 1 2  contains 6.022X 1 023 carbon- 1 2  atoms 
1 mol of H20 contains 6.022X 1 023 H20 molecules 
1 mol of NaCI contains 6.022X 1 023 NaCl formula units 

However, the mole is not just a counting unit like the dozen, which spec­
ifies only the number of objects. The definition of the mole specifies the num­
ber of objects in a fixed mass of substance. Therefore, 1 mole of a substance 
represents a fixed number of chemical entities and has a fixed mass. To see 
why this is important, consider the marbles in Figure 3 . I A, which we'll  use as 

*A mole of any ordinary object is a staggering amount: a mole of periods (.) lined up side by side 
would equal the radius of our galaxy; a mole of marbles stacked tightly together would cover the 
United States 70 miles deep. However, atoms and molecules are not ordinary objects: a mole of 
water molecules (about 1 8  mL) can be swallowed in one gulp! 



3. 1 The Mole 

an analogy for atoms.  Suppose you have large groups of red marbles and yel­
low marbles; each red marble weighs 7 g and each yellow marble weighs 4 g. 
Right away you know that there are 1 2  marbles in 84 g of red marbles or in 
48 g of yellow marbles. Moreover, because one red marble weighs � as much 
as one yellow marble, any given number of red and of yellow marbles always 
has this 7:4 mass ratio. By the same token, any given mass of red and of yel-
low marbles always has a 4:7 number ratio. For example, 280 g of red mar-
bles contains 40 marbles, and 280 g of yellow marbles contains 70 marbles. 
As you can see, the fixed masses of the marbles allow you to count marbles 
by weighing them. 

Atoms have fixed masses, too. Let's recall a key point from Chapter 2:  the 
atomic mass of an element (which appears on the periodic table) is the weighted 
average of the masses of its naturally occurring isotopes. That is, all iron (Fe) 
atoms have an atomic mass of 55 .85 amu, all sulfur (S) atoms have an atomic 
mass of 32 .07 amu, and so forth . 

The central relationship between the mass of one atom and the mass of 
1 mole of those atoms is that the atomic mass of an element expressed in amll is 
numerically the same as the mass of 1 mole of atoms of the element expressed in 
grams. You can see this from the definition of the mole, which referred to the 
number of atoms in "12 g of carbon-12." Thus, 

7 1  

Figure 3. 1 Counting objects of fixed 
relative mass. A, If marbles had a fixed 
mass, we could count them by weighing 
them. Each red marble weighs 7 g, and 
each yellow marble weighs 4 g, so 84 g 
of red marbles and 48 g of yellow marbles 
each contains 1 2  marbles. Equal numbers 
of the two types of marbles always have 
a 7:4 mass ratio of red:yellow marbles. 
B, Because atoms of a substance have a 
fixed mass, we can weigh the substance 
to count the atoms; 55.85 g of Fe (left 
pan) and 32.07 g of S (right pan) each 
contains 6.022 x 1 023 atoms (1 mol of 
atoms). Any two samples of Fe and S that 
contain equal numbers of atoms have a 
55.85:32.07 mass ratio of Fe:S. 

I Fe atom has a mass of 55 .85 amu and 11101 of Fe atoms has a mass of 55.85 g 
S atom has a mass of 32.07 amu and mol of S atoms has a mass of 32.07 g 
o atom has a mass of 1 6.00 amu and mol of 0 atoms has a mass of 1 6 .00 g 
O2 molecule has a mass of 32.00 amu and mol of O2 molecu les has a mass of 32.00 g 

Moreover, because of their fixed atomic masses, we know that 55 .85 g of Fe 
atoms and 32.07 g of S atoms each contains 6.022 X 1 023 atoms. As with marbles 
of fixed mass, one Fe atom weighs ��:�� as much as one S atom, and 1 mol of 
Fe atoms weighs ��:�� as much as 1 mol of S atoms (Figure 3 . 1 B). 

A similar relationship holds for compounds: the molecular mass (or formula 
mass) of a compound expressed in amll is numerically the same as the mass of 
1 mole of the compound expressed in grams. Thus, for example, 

has a mass of 1 8.02 amu 
formula unit of NaCI has a mass of 58 .44 amu 

and 
and 

I 11101 of H20 (6.022X 1 023 molecules) has a mass of 1 8 .02 g 
I mol of NaCI (6.022 X 1 023 formula units) has a mass of 58.44 g 

To summarize the two key points about the usefulness of the mole concept: 

• The mole maintains the same mass relationship between macroscopic samples 
as exists between individual chemical entities. 

• The mole relates the number of chemical entities to the mass of a sample of 
those entities. 

A grocer cannot obtain I dozen eggs by weighing them becaus
,
e eggs vary in 

mass. But a chemist can obtain 1 mol of copper atoms (6.022 X 1 02� atoms) simply 
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Figure 3.2 One mole of some familiar 
substances. One mole of a substance is 
the amount that contains 6.022 x 1 023 

atoms, molecules, or formula units. From 
left to right: 1 mol (1 72. 1 9  g) of writing 
chalk (calcium sulfate d ihydrate), 1 mol 
(32.00 g) of gaseous O2, 1 mol (63.55 g) of 
copper, and 1 mol (1 8.02 g) of liquid H20. 
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by weighing 63.55 g of copper. Figure 3.2 shows 1 mol of some familiar elements 
and compounds. 

Molar Mass 
The molar mass (.M) of a substance is the mass per mole of its entities (atoms, 
molecules, or formula units).  Thus, molar mass has units of grams per mole 
(g/mol). The periodic table is indispensable for calculating the molar mass of a 
substance. Here's how the calculations are done: 

1 .  Elements. You find the molar mass of an element simply by looking up 
its atomic mass in the periodic table and then noting whether the element occurs 
naturally as individual atoms or as molecules. 
• Monatomic elements. For elements that occur as individual atoms, the molar 

mass is the numerical value from the periodic table expressed in units of grams 
per mole. * Thus, the molar mass of neon is 20. 1 8  glmol,  the molar mass of 
iron is 55.85 glmol, and the molar mass of gold is 197.0 g/mo!. 

• Molecular elements. For elements that occur as molecules, you must know the 
molecular formula to determine the molar mass. For example, oxygen exists 
normally in air as diatomic molecules, so the molar mass of O2 molecules is 
twice that of 0 atoms: 

Molar mass (M) of O2 = 2 X M of 0 = 2 X 1 6.00 g/mol = 32.00 g/mol 

The most common form of sulfur exists as octatomic molecules, Ss :  

M of S8 = 8 X M of S = 8 X 32.07 g/mol = 256.6 g/mol 

2. Compounds. The molar mass of a compound is the sum of the molar 
masses of the atoms of the elements in the formula. For example, the formula of 
sulfur dioxide (S02) tells us that 1 mol of S02 molecules contains 1 mol of 
S atoms and 2 mol of 0 atoms: 

M of S02 = M of S + (2 X M of 0) = 32.07 g/mol + (2 X 1 6.00 g/mol) 

= 64.07 g/mol 

Similarly, for ionic compounds, such as potassium sulfide (K2S), we have 

J/A, of K2S = (2 X M of K) + M of S = (2 X 39. 1 0  g/mol) + 32.07 g/mol 

= 1 1 0.27 g/mol 

A key point to note is that the subscripts in a formula refer to individual 
atoms (or ions), as well as to moles of atoms (or ions). Table 3 . 1  presents this 
idea for glucose (C6H I 206), the essential sugar in energy metabolism. 

-The mass value in the periodic table has no units because it is a relative atomic mass, given 
by the atomic mass (in amu) divided by 1 amu (� mass of one 12C atom in amu): 

. . atomic mass (aFffiI) 
Relative atomic mass = 1 1 2 12 mass of C (aFffiI) 

Therefore, you use the same number for the atomic mass (weighted average mass of one 
atom in amu) and the molar mass (mass of 1 mole of atoms in  grams). 

I?MI8' lnformation Contained in the Chemical Formula of Glucose, C6H1206 (M - 1 80. 1 6  g/mol) 

Atoms/molecule of compound 
Moles of atoms/mole of compound 
Atoms/mole of compound 
Mass/molecule of compound 
Mass/mole of compound 

Carbon (C) Hydrogen (H) Oxygen (OJ 

6 atoms 
6 mol of atoms 
6(6.022X 1 023) atoms 
6( 1 2.0 1  amu) = 72.06 amu 
72.06 g 

1 2  atoms 
1 2  mol of atoms 
1 2(6.022X 1 023) atoms 
1 2 ( 1 .008 amu) = 1 2. 1 0  amu 
12 . l O g 

6 atoms 
6 mol of atoms 
6(6.022X 1 023) atoms 
6( 1 6.00 amu) = 96.00 amu 
96.00 g 
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Interconverting Moles, Mass, and Number of Chemical Entities 
One of the reasons the mole is such a convenient unit for laboratory work is that 
it allows you to calculate the mass or number of entities of a substance in a sam­
ple if you know the amount (number of moles) of the substance. Conversely, if 
you know the mass or number of entities of a substance, you can calculate the 
number of moles. 

The molar mass, which expresses the equivalent relationship between 1 mole 
of a substance and its mass in grams, can be used as a conversion factor. We 
multiply by the molar mass of an element or compound (.AIt, in g/mol) to convert 
a given amount (in moles) to mass (in grams): 

no. of grams 
Mass (g) = no. of moles X ---=---

1 mol 
(3.2) 

Or, we divide by the molar mass (multiply by l I.A1t) to convert a given mass (in 
grams) to amount (in moles) :  

1 mol 
No. of moles = mass (g) X -----

no. of grams 
(3.3) 

In a similar way, we use Avogadro's number, which expresses the equivalent rela­
tionship between 1 mole of a substance and the number of entities it contains, as 
a conversion factor. We multiply by Avogadro' s  number to convert amount of sub­
stance (in moles) to the number of entities (atoms, molecules, or formula units) : 

6.022X 1023 entities 
No. of entities = no. of moles X -------

1 mol 

Or, we divide by Avogadro's number to do the reverse: 

1 mol 
No. of moles = no. of entities X 23 6.022 X l  0 entities 

(3.4) 

(3.5) 

Converting Moles of Elements For problems involving mass-mole-number rela­
tionships of elements, keep these points in mind: 

• To convert between amount (mol) and mass (g), use the molar mass (.AIt in 
g/mol). 

• To convert between amount (mol) and number of entities, use Avogadro's num­
ber (6.022 X 1 023 entities/mol) .  For elements that occur as molecules, use the 
molecular formula to find atoms/mol. 

• Mass and number of entities relate directly to number of moles, not to each 
other. Therefore, to convert between number of entities and mass, first convert 
to number of moles. For example, to find the number of atoms in a given mass, 

1 me! 6.022 X 1 023 atoms 
No. of atoms = mass fg-) X 

A �_ 
X 

1 �I no. t:"r-grHffiS mttt 

These relationships are summarized in Figure 3 . 3  and demonstrated in Sample 
Problem 3 . l .  

SAMPLE PROBLEM 3. 1 Calculating the Mass and Number of Atoms 
in a Given Number of Moles of an Element 

Problem (a) Silver (Ag) is used in jewelry and tableware but no longer in U.S. coins. 
How many grams of Ag are in 0.0342 mol of Ag? 
(b) Iron (Fe), the main component of steel, is the most important metal in industrial soci­
ety. How many Fe atoms are in 95.8 g of Fe? 
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r--
MASS (g) I--of element 

D "' (glmol) 

AMOUNT (mol) 
of element 

� Mog" "" 
number 
(atoms/mol) 

""- ATOMS f----
of element 

Figure 3.3 Summary of the mass­
mole-number relationships for 
elements. The amount (mol) of an 
element is related to its mass (g) through 
the molar mass (JIit in g/mol) and to its 
number of atoms through Avogadro's 
number (6.022 x 1 023 atoms/mol). For 
elements that occur as molecules, 
Avogadro's number gives molecules 
per mole. 
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Amount (mol) of Ag 

multiply by .M of Ag (1 07.9 glmol) 

Mass (g) of Ag 

(a) 

Mass (g) of Fe 

divide by .M of Fe (55.85 glmol) 

Amount (mol) of Fe 

multiply by 6.022 X 1 023 atomslmol 

Number of Fe atoms 

(b) 

Figure 3.4 Summary of the mass­
mole-number relationships for com­
pounds. Moles of a compound are re­
lated to grams of the compound through 
the molar mass (.M in g/mol) and to the 
number of molecules (or formula units) 
through Avogadro's number (6.022 X 1 023 

molecules/mol). To find the number of 
molecules (or formula units) in a given 
mass, or vice versa, convert the in­
formation to moles first. With the 
chemical formula, you can calculate 
mass-mole-number information about 
each component element. 
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(a) Determining the mass (g) of Ag 
Plan We know the number of moles of Ag (0.0342 mol) and have to find the mass (in g). 
To convert moles of Ag to grams of Ag, we multiply by the molar mass of Ag, which we 
find in the periodic table (see roadmap a). 
Solution Converting from moles of Ag to grams: 

1 07.9 g Ag 
Mass (g) of Ag = 0.0342 mel:-A:g X 

1 mel:-A:g 
= 3 .69 g Ag 

Check We rounded the mass to three significant figures because the number of moles has 
three. The units are correct. About 0.03 mol X 1 00 g/mol gives 3 g; the small mass makes 
sense because 0.0342 is a small fraction of a mole. 

(b) Determining the number of Fe atoms 
Plan We know the grams of Fe (95 .8  g) and need the number of Fe atoms. We cannot 
convert directly from grams to atoms, so we first convert to moles by dividing grams of 
Fe by its molar mass. [This is the reverse of the step in part (a).] Then, we multiply num­
ber of moles by Avogadro's number to find number of atoms (see roadmap b). 
Solution Converting from grams of Fe to moles: 

1 mol Fe 
Moles of Fe = 9

5
.8 -g-Fe X 55 .85 -g-Fe = l .72 mol Fe 

Converting from moles of Fe to number of atoms: 

6.022X 10
23 

atoms Fe 
No. of Fe atoms = l .72 fflftI-Pe X --------

1 fflftI-Pe 
1 0.4 X 1 0

23 
atoms Fe = l .04X 1 0

24 
atoms Fe 

Check When we approximate the mass of Fe and the molar mass of Fe, we have 
� 1 00 g/( � 50 g/mol) = 2 mol. Therefore, the number of atoms should be about twice 
Avogadro's number: 2(6X 1 0

23
) = l .2 X  1 0

24
. 

FOLLOW-UP PROBLEM 3. 1 (a) Graphite is the crystalline form of carbon used in 
"lead" pencils. How many moles of carbon are in 3 1 5  mg of graphite? 
(b) Manganese (Mn) is a transition element essential for the growth of bones. What is the 
mass in grams of 3 .22X 1 0

20 
Mn atoms, the number found in 1 kg of bone? 

Converting Moles of Compounds Solving mass-mole-number problems involv­
ing compounds requires a very similar approach to the one for elements. We need 
the chemical formula to find the molar mass and to determine the moles of a given 
element in the compound. These relationships are shown in Figure 3 .4, and an 
example is worked through in Sample Problem 3 .2 .  

.---

-

MASS (g) 
of compound 

U '" (glmol) 

AMOUNT (mol) 
of compound 

�M09'dro 
number 
(molecule 

MOLECULES 
(or formula umts) 

of compound 

chemical 

� 
's 

slmol) 

AMOUNT (mol) 
of elements 

in compound 
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SAMPLE PROBLEM 3 . 2  Calculating the Moles and Number of Formula Units 
in a Given Mass of a Compound 

Problem Ammonium carbonate is a white solid that decomposes with warming. Among 
its many uses, it  is a component of baking powder, fire extinguishers, and smelling salts. 
How many formula units are in 4 1 .6 g of ammonium carbonate? 
Plan We know the mass of compound (4 1 .6 g) and need to find the number of formula 
unit s. As we saw in Sample Problem 3.1 (b), to convert grams to number of entities, we 
have to find number of moles first, so we must divide the grams by the molar mass (JIA.). 
For this, we need JIA., so we determine the formula (see Table 2.5) and take the sum of the 
elements' molar masses. Once we have the number of moles, we mult iply by Avogadro's 
number to find the number of formula units. 
Solution The formula is (NH4hC03. Calculating molar mass: 

JIA. = (2 X JIA. of N) + (8 X J/A, of H) + ( 1  X J/A, of C) + (3 X JIA. of 0) 
= (2 X 14.01 g/mol) + (8 X 1 .008 g/mol) + 1 2.01 glmol + (3 X 1 6.00 g/mol) 
= 96.09 glmol 

Converting from grams to moles: 

Converting from moles to formula units: 
Formula units of (NH4hC03 = 0.433 mol (NH4hC03 

6.022X 1 023 formula units (NH4hC03 
X ------------------���� 

I mol O'tH4hC03 
2 .61  X 1 023 fommla units (NH4hC03 

Check The units are correct. The mass is less than half the molar mass (�42/96 < 0.5), 
so tbe number of formula units should be less than half Avogadro's number 
(�2.6x 1 023/6.0 X 1 023 < 0.5). 
Comment A common mistake is to forget the subscript 2 outside the parentheses in 
(NH4hC03, which would give a much lower molar mass. 

FOLLOW·UP PROBLEM 3 . 2  Tetraphosphorus decaoxide reacts with water to form 
phosphoric acid, a major industr ial  acid. In the laboratory, the oxide is used as a dry­
ing agent. 
(a) What is tbe mass (in g) of 4.65 X 1 022 molecules of tetraphosphorus decaoxide? 
(b) How many P atoms are present in this sample? 

Mass Percent from the Chemical Formula 
Each element in  a compound constitutes its own particular portion of the 
compound's mass. For an individual molecule (or formula unit), we use the molec­
ular (or formula) mass and chemical formula to find the mass percent of any 
element X in the compound: 

atoms of X in formula X atomic mass of X (amu) 
00 Mass % of element X = X I 

molecular (or formula) mass of compound (amu) 
The formula also tells the number of moles of each element in the compound, 
so we can use the molar mass to find the mass percent of each element on a 
mole basis: 

moles of X in formula X molar mass of X (g/mol) 
. 00 (3 6) Mass % of element X = X l . 

mass (g) of 1 mol of compound 

As always, the individual mass percents of the elements in the compound must 

add up to 100% (within rounding). As Sample Problem 3.3 demonstrates, an 
important practical use of mass percent is to determine the amount of an element 
in any size sample of a compound. 

divide by .IM. (g/mol) 

multiply by 6.022X1023 

formula units/mol 

N umber of (NH4)2C03 formula units 

7S 
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Amount (mol) of element X in 
1 mol of compound 

multiply by J[,t (g/mol) of X 

Mass (9) of X in 1 mol of compound 

divide by mass (g) of 
1 mol of compound 

Mass fraction of X 

multiply by 100 

Mass%ofX 

CHAPTER 3 Stoichiometry of Formulas and Equations 

SAMPLE PROBLEM 3.3 Calculating Mass Percents and Masses o f  Elements 
in a Sample of a Compound 

Problem In mammals, lactose (milk sugar) is metabolized to glucose (C6HI 206), the key 
nutr ient for generating chemical potential energy. 
(a) What is the mass percent of each element in glucose? 
(b) How many grams of carbon are in 16.55 g of glucose? 

(a) Determining the mass percent of each element 

Plan We know the relative numbers of moles of the elements in glucose from the formula 
(6 C, 12 H, 6 0). We multiply the number of moles of each element by its molar mass 
to find grams. Dividing each element's  mass by the mass of I mol of glucose gives the 
mass fraction of each element, and multiplying each fraction by 100 gives the mass per­
cent. The calculation steps for any element X are shown in the roadmap. 
Solution Calculating the mass of 1 mol of C6H1 206: 

JIll = (6 X JIll of C) + (12 X JIll of H) + (6 X JIll of 0) 
= (6 X 12.01 g/mol) + (12 X 1.008 g/mol) + (6 X 16.00 g/mol) 
= 180.16 g/mol 

Converting moles of C to grams: There are 6 mol of C in 1 mol of glucose, so 

12.01 g C 
Mass (g) of C = 6 mel.-8 X 

1 
mel.-8 = 72.06 g C 

Finding the mass fraction of C in glucose: 

total mass C 72.06 g 
Mass fraction of C = = = OAOOO 

mass of 1 mol glucose 180.16 g 

Finding the mass percent of C: 
Mass % of C = mass fraction of C X 100 = OAOOO X 100 = 40.00 mass % C 

Combining the steps for each of the other two elements in glucose: 

12 meHI X 1.008 g H 
mol H X JIll of H 1 me!-H 

Mass % of H = X 100 = X 100 
mass of 1 mol glucose 180.16 g 

= 6.714 mass % H 

6 mel-G X 16.00 g O  
mal O X JIll of 0 1 mel-G 

Mass % of 0 = X 100 = ------- X 100 
mass of 1 mol glucose 180.16 g 
53.29 mass % 0 

Check The answers make sense: even though there are equal number s  of moles of 0 and 
C in the compound, the mass % of 0 is greater than the mass % of C because the molar 
mass of 0 is greater than the molar mass of C. The mass % of H is small because the 
molar mass of H is small. The total of the mass percents is 100.00%. 

(b) Determining the mass (g) of carbon 

Plan To find the mass of C in the glucose sample, we multiply the mass of the sample 
by the mass fraction of C from part (a). 
Solution Finding the mass of C in a given mass of glucose (with units for mass fraction) :  

OAOOO g C 
Mass (g) of C = mass of glucose X mass fraction of C = 16.55 g glucose X -----"'--

1 g glucose 
= 6.620 g C 

Check Rounding shows that the answer is "in the right ballpar k" :  16 g times less than 
0.5 parts by mass should be less than 8 g. 
Comment 1. A more direct approach to finding the mass of element in any mass of com­
pound is similar to the approach we used in Sample Problem 2.1 and eliminates the need 
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to calculate the mass fraction. Just multiply the given mass of compound by the ratio of 
the total mass of element to the mass of 1 mol of compound: 

( 
72.06 g C Mass g) of C = 16.55 g glueose X = 6.620 g C 1 80 .16 g glucose 

2. From here on, you should be able to determine the molar mass of a compound, so that 
calculation will no longer be shown. 

FOLLOW-UP PROBLEM 3 . 3  Ammonium nitrate is a common fertil izer. Agronomists 
base the effectiveness of fertilizers on their nitrogen content. 
(a) Calculate the mass percent of N in ammonium nitrate. 
(b) How many grams of N are in 35.8 kg of ammonium nitrate? 

SECTION SUMMARY 
A mole of substance is the amount that contains Avogadro's number (6.022 x 1 023) of 
chemical entities (atoms, molecules, or formula units). The mass (in grams) of a mole 
has the same numerical value as the mass (in amu) of the entity. Thus, the mole al lows 
us to count entities by weighing them. Using the molar mass (.AIt, g/mol) of an ele­
ment (or compound) and Avogadro's number as conversion factors, we can convert 
among amount (mol), mass (g), and number of entities. The mass fraction of element 
X in a compound is used to find the mass of X in any amount of the compound. 

3.2 DETERMINING THE FORMULA OF AN UNKNOWN 
COMPOUND 

In Sample Problem 3.3, we knew the formula and used it to find the mass per­
cent (or mass fraction) of an element in a compound and the mass of the element 
in a given mass of the compound. In this section, we do the reverse: use the 
masses of elements in a compound to find its formula. We' l l  present the mass data 
in several ways and then look briefly at molecular structures. 

Empirical Formulas 
An analytical chemist investigating a compound decomposes it into simpler sub­
stances, finds the mass of each component element, converts these masses to num­
bers of moles, and then arithmetically converts the moles to whole-number 
(integer) subscripts. This procedure yields the empirical formula, the simplest 
whole-number ratio of moles of each element in the compound (see Section 2.8) .  
Let's see how to obtain the subscripts from the moles of each element. 

Analysis of an unknown compound shows that the sample contains 0.21 mol 
of zinc, 0.14 mol of phosphorus, and 0.56 mol of oxygen. Because the subscripts 
in a formula represent individual atoms or moles of atoms, we write a preliminary 
formula that contains  fractional subscripts: ZnO.2IPO.1400.56' Next, we convert 
these fractional subscripts to whole numbers using one or two simple arithmetic 
steps (rounding when needed) :  

1. Divide each subscript by the smallest subscript: 

ZnO. ZIPO. 1 400.56 -- ZnI.5P I.004.0 D.T4 D.T4 0. 14 

This step alone often gives integer subscripts. 
2. If any of the subscripts is stil l  not an integer, multiply through by the small­

est integer that will turn all subscripts into integers . Here, we multiply by 2, 
the smallest integer that will make 1 .5 (the subscript for Zn) into an integer: 

Zn( l .5X Z)P(1.0X Z)O(4.0XZ) -- Zn3.0PZ. OOs.0, or Zn3PZOS 
Notice that the relative number of moles has not changed because we multi­

plied all the subscripts by 2 .  

77 
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Mass (9) of each element 

divide by .M (g/mol) 

Amount (mol) of each element 

use nos. of moles as subscripts 

Preliminary formula 

change to integer subscripts 

Empirical formula 
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Always check that the subscripts are the smallest set of integers with the same 
ratio as the original numbers of moles; that is ,  3:2:8 is in the same ratio as 
0.2 1 :0. 14:0.56. A more conventional way to write this formula is Zn3(P04)z; the 
compound is zinc phosphate, a dental cement. 

The following three sample problems (3.4, 3.5, and 3.6) demonstrate how 
other types of compositional data are used to determine chemical formulas. In the 
first problem, the empirical formula is found from data given as grams of each 
element rather than as moles. 

SAMPLE PROBLEM 3.4 Determining an Empirical Formula from Masses of Elements 

Problem Elemental analysis of a sample of an ionic compound showed 2.82 g of Na, 
4.35 g of Ct, and 7.83 g of 0. What is the empirical formula and name of the compound? 
Plan This problem is similar to the one we just discussed, except that we are given ele­
ment masses, so we must convert the masses into integer subscripts. We first divide each 
mass by the dement's molar mass to find number of moles. Then we construct a prelim­
inary formula and convert the numbers of moles to integers. 
Solution Finding moles of elements: 

1 mol Na 
Moles of Na = 2.82 g-Na X 

22.99 g-Na = 0. 123 mol Na 

1 mol CI 
Moles of CI = 4.35 

g-bl 
X 

35.45 
g-bl = 0.123 mol CI 

1 mal O 
Moles of ° = 7.83 g-G X 

16.00 g-G = 0.489 maI O 

Constructing a preliminary formula: NaO.I23CI0.12300.489 
Converting to integer subscripts (dividing all by the smallest subscript): 

NaO.123Clo.12300.489 � Na1.00CI1.0003.98 = NalC1I04, or NaCt04 
0.123 0.123 0.123 

We rounded the subscript of ° from 3.98 to 4. The empirical formula is NaCI04; the 
name is sodium perchlorate. 
Check The moles seem correct because the masses of Na and CI are slightly more than 
0.1 of their molar masses. The mass of ° is greatest and its molar mass is smallest, so it 
should have the greatest number of moles. The ratio of subscripts, 1: 1:4, is the same as 
the ratio of moles, 0.123:0.123:0.489 (within rounding). 

FOLLOW-UP PROBLEM 3.4 An unknown metal M reacts with sulfur to form a com­
pound with the formula M2S3. If 3. 1 2  g of M reacts with 2.88 g of S, what are the names 
of M and M2S3? (Hint: Determine the number of moles of S and use the formula to find 
the number of moles of M.) 

Molecular Formulas 
If we know the molar mass of a compound, we can use the empirical formula to 
obtain the molecular formula, the actual number of moles of each element in 
1 mol of compound. In some cases, such as water (H20), ammonia (NH3), and 
methane (CH4), the empirical and molecular formulas are identical, but in many 
others the molecular formula is a whole-number multiple of the empirical formula. 
Hydrogen peroxide, for example, has the empirical formula HO and the molecu­
lar formula H202. Dividing the molar mass of H202 (34.02 g/mol) by the empir­
ical formula mass ( 1 7 .01  g/mol) gives the whole-number multiple: 

. molar mass (g/mol) 
Whole-number multIple = --------"=''--'---­

empirical formula mass (g/mo!) 

= 34.02 gfmel = 2.000 = 2 
17.01 gfmel 

Instead of giving compositional data in terms of masses of each element, 
analytical laboratories provide it as mass percents. From this, we determine the 
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empirical formula by ( 1 )  assuming 1 00.0 g of compound, which allows us to 
express mass percent directly as mass, (2) converting the mass to number of 
moles, and (3) constructing the empirical formula. With the molar mass, we can 
also find the whole-number multiple and then the molecular formula. 

SAMPLE PROBLEM 3 . 5  Determining a Molecular Formula from Elemental 
Analysis and Molar Mass 

Problem During excessive physical activity, lactic acid (M = 90.08 g/mol) forms in mus­
cle tissue and is responsible for muscle soreness. Elemental analysis shows that this com­
pound contains 40.0 mass % C, 6.7 1 mass % H, and 53.3 mass % 0. 
(a) Determine the empirical formula of lactic acid. 
(b) Deternllne the molecular formula. 

(a) Determining the empirical formula 
Plan We know the mass % of each element and must convert each to an integer subscript. 
Although the mass of lactic acid is not given, mass % is the same for any mass of compound, 
so we can assume 1 00.0 g of lactic acid and express each mass % directly as grams. Then, we 
convel1 grams to moles and construct the empiIical formula as we did in Sample Problem 3.4. 
Solution Expressing mass % as grams, assuming 1 00.0 g of lactic acid: 

40.0 parts C by mass 
00 0 40 0 C Mass (g) of C = X I . g = . g 

1 00 parts by mass 
Similarly, we have 6.7 1 g of H and 53.3 g of 0. 
Converting from grams of each element to moles: 

1 1 mol C 
Moles of C = mass of C X � = 40.0 g-G X = 3.33 mol C 

JUl of C 1 2 .01 g-G 
Similarly, we have 6.66 mol of H and 3.33 mol of 0. 
Constructing the prelinllnary formula: C3.33H6.6603.33 
Converting to integer subscripts: 

C3.33H6.6603.33 -- Cl.OOH2.000l.oo = C1H201; the empirical formula is CH20 
3.33 3.33 3.33 

Check The numbers of moles seem correct: the masses of C and ° are each slightly more 
than 3 times their molar masses (e.g., for C, 40 g/( 1 2  g/mol) > 3 mol), and the mass of 
H is over 6 times its molar mass. 
(b) Determining the molecular formula 
Plan The molecular formula subscripts are whole-number multiples of the empiIical for­
mula subscripts. To find this whole number, we divide the given molar mass (90.08 g/mol) 
by the empirical formula mass, which we find from the sum of the elements' molar 
masses. Then we multiply the whole number by each subscript in the empirical formula. 
Solution The empirical-formula molar mass is 30.03 glmol. Finding the whole-number 
multiple: 

.AA, of lactic acid 
Whole-number multiple = Ii JUl of empirical formula 

= 3 .000 = 3 
Determining the molecular formula: 

C(IX3)H(2X3P(IX3) = C3H603 

90.08 gfmel-
30.03 gfmel-

Check The calculated molecular formula has the same ratio of moles of elements 
(3:6:3) as the empirical formula ( 1:2 : 1 )  and corresponds to the given molar mass: 

.AA,����d=� X .AA,�q + � X M��+� X .AA,�� 
= (3 X 1 2.0 1 )  + (6 X 1 .008) + (3 X 16.00) = 90.08 glmol 

FOLLOW-UP PROBLEM 3.5 One of the most widespread environmental carcinogens 
(cancer-causing agents) is benzo[a]pyrene (M = 252.30 g/mol) .  It i s  found in coal 
dust, in  cigarette smoke, and even in  charcoal-grilled meat. Analysis of this  hydrocar­
bon shows 95 . 2 1 mass % C and 4 .79 mass % H. What is the molecular formula of 
benzo[a]pyrene? 
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Sample of compound containing 
C, H, and other elements 

Furnace 

Figure 3.5 Combustion apparatus for determining formulas of 
organic compounds. A sample of compound that contains C and H 

(and perhaps other elements) is burned in a stream of O2 gas. The CO2 
and H20 formed are absorbed separately, while any other element 

oxides are carried through by the O2 gas stream. H20 is absorbed 
by Mg(CI04h; CO2 is absorbed by NaOH. The increases in mass of 
the absorbers are used to calculate the amounts (mol) of C and H in 
the sample. 

Co mbustion Analysis of Organic Compo unds Still another type of compositional 
data is obtained through combustion analysis, a method used to measure the 
amounts of carbon and hydrogen in a combustible organic compound. The 
unknown compound is burned in pure O2 in an apparatus that consists of a com­
bustion chamber and chambers containing compounds that absorb either H20 or 
CO2 (Figure 3.5) .  All the H in the unknown is  converted to H20, which is 
absorbed in the first chamber, and all the C is converted to CO2, which is  absorbed 
in the second. By weighing the contents of the chambers before and after com­
bustion, we find the masses of CO2 and H20 and use them to calculate the masses 
of C and H in the compound, from which we find the empirical formula. 

Many organic compounds also contain at least one other element, such as oxy­
gen, nitrogen, or a halogen. As long as a third element doesn't interfere with the 
absorption of CO2 and H20, we calculate its mass by subtracting the masses of C 
and H from the original mass of the compound. 

SAMPLE PROBLEM 3.6 Determining a Molecular Formula from 
Combustion Analysis 

Problem Vitamin C (M = 176.1 2  g/mol) is a compound of C, H, and 0 found in many 
natural sources, especially citrus fruits. When a l .OOO-g sample of vitamin C is placed in 
a combustion chamber and burned, the following data are obtained: 

Mass of CO2 absorber after combustion = 85.35 g 
Mass of CO2 absorber before combustion = 83.85 g 

Mass of H20 absorber after combustion = 37.96 g 
Mass of H20 absorber before combustion = 37.55 g 

What is the molecular formula of vitamin C? 
Plan We find the masses of CO2 and H20 by subtracting the masses of the absorbers 
before the reaction from the masses after. From the mass of CO2, we use the mass frac­
tion of C in  CO2 to find the mass of C (see Comment i n  Sample Problem 3.3) .  S imilarly, 
we find the mass of H from the mass of H20. The mass of vitamin C ( l .000 g) minus the 
sum of the C and H masses gives the mass of 0, the third element present. Then, we pro­
ceed as in Sample Problem 3.5 :  calculate numbe�s of moles using the elements' molar 
masses, construct the empirical formula, determine the whole-number multiple from the 
given molar mass, and construct the molecular formula. 
Solution Finding the masses of combustion products: 

Mass (g) of CO2 = mass of CO2 absorber after - mass before 
= 85.35 g - 83.85 g = 1 .50 g CO2 

Mass (g) of H20 = mass of H20 absorber after - mass before 
= 37.96 g - 37.55 g = 0.4 1  g H20 



3.2 Determining the Formula of an Unknown Compound 

Calculating masses of C and H using their mass fractions: 
mass of element in compound Mass of element = mass of compound X -----------''--­

mass of 1 mol of compound 
1 mol C X Mof C 

Mass (g) of C = mass of CO2 X ------­
mass of 1 mol CO2 

1 .50 g-GG-z X 1 2.0 1 g C 
44.01  g-GG-z 

= 0.409 g C 

2 mol H X M of H 2 .0 1 6  g H Mass (g) of H = mass of H20 X = 0.4 1 g-.HzG X ------='----mass of 1 mol H20 1 8.02 g-.HzG 
= 0.046 g H 

Calculating the mass of 0: 

Mass (g) of 0 = mass of vitamin C sample - (mass of C + mass of H) 

= 1 .000 g - (0.409 g + 0.046 g) = 0.545 g 0 

Finding the amounts (mol) of elements: Dividing the mass in grams of each element by 
its molar mass gives 0.034 1 mol of C, 0.046 mol of H, and 0.034 1 mol of O. 
Constructing the preliminary formula: CO.034J HO.04600.0341 
Determining the empirical formula: Dividing through by the smallest subscript gives 

CO.0341 H 0.046 00.0341 = C 1.00HI.30 1.00 
0.0341 0.0341 0.0341 

By trial and error, we find that 3 is the smallest integer that will make all subscripts approx­
imately into integers: 

C(I.oox3)H(I.3X3)O(l.00X3) = C3.00H3.903.00 = C3H403 

Determining the molecular formula: 
M of vitamin C 1 76. 1 2  gtmBt 

Whole-number multiple = M = = 2.000 = 2 
of empirical formula 88.06 gtmBt 

C(3X2)H(4X2P(3X2) = C6Hs06 

Check The element masses seem correct: carbon makes up slightly more than 0.25 of the 
mass of CO2 ( 1 2  g/44 g > 0.25), as do the masses in the problem (0.409 gl 1 .50 g > 0.25). 
Hydrogen makes up slightly more than 0. 1 0  of the mass of H20 (2 g/ 1 8  g > 0. 1 0),  as 
do the masses in the problem (0.046 g/0.4 1 g > 0. 1 0) .  The molecular formula has the 
same ratio of subscripts (6:8 :6) as the empirical formula (3:4 :3)  and adds up to the given 
molar mass: 

(6 X M of C) + (8 X M of H) + (6 X M of 0) = M of vitamin C 

(6 X 1 2 . 0 1 )  + (8 X 1 .008) + (6 X 1 6.00) = 1 76. 1 2  glmol 
Comment In determining the subscript for H, if we string the calculation steps together, 
we obtain the subscript 4 .0, rather than 3 .9, and don't need to round: 

2 .0 1 6  g H 1 mol H 
Subscript of H = 0.4 1 g H20 X 

1 8 .02 g H20 
X 

1 .008 g H 
X 

0.034 1 mol 
X 3 = 4.0 

FOLLOW-UP PROBLEM 3.6 A dry-cleaning solvent (M = 146.99 g/mol) that con­
tains C, H, and CI is  suspected to be a cancer-causing agent. When a 0.250-g sample was 
studied by combustion analysis, 0.45 1 g of CO2 and 0.06 1 7  g of H20 formed. Find the 
molecular formula. 

Isomers A molecular formula tells the actual number of each type of atom, pro­
viding as much information as possible from mass analysis. Yet different com­
pounds can have the same molecular formula because the atoms can bond to each 
other in different arrangements to give more than one structural formula. Isomers 
are compounds with the same molecular formula but different properties . The sim­
plest type of isomerism, called constitutional, or structural, isomerism, occurs 
when the atoms link together in different arrangements. The pair of constitutional 
isomers shown in Table 3.2 (on the next page) share the molecular formula C2H60 

81 



82 CHAPTER 3 Stoichiometry of Formulas and Equations 

CWIU Constitutional Isomers of C2H60 

Property Ethanol 

Jilt (g/mol) 
Boil ing point 
Density (at 20°C) 

Structural formula 

Space-fi lling model 

46.07 
78.5°C 
0.789 g/mL (liquid) 

H H 
I I 

H-C-C-O-H 
I I 

H H 

Dimethyl Ether 

46.07 
-25°C 
0.00 1 95 g/mL (gas) 

H H 
I I 

H-C-O-C-H 
I I 
H H 

but have very different properties because they are different compounds. In this 
case, they are even different types of compounds-one is an alcohol, and the other 
an ether. 

As the number and kinds of atoms increase, the number of constitutional 
isomers-that is, the number of structural formulas that can be written for a given 
molecular formula-also increases: C2H60 has the two that you've seen, C3HsO 
has three, and C4H100, seven. (We']] discuss this and other types of isomerism 
fully later in the text.) 

SECTION SUMMARY 
From the masses of elements in an unknown compound, the relative amounts (in 
moles) can be found and the empirical formula determined. If the molar mass is 
known, the molecular formula can also be determined . Methods such as combustion 
analysis provide data on the masses of elements in a compound, which can be used 
to obtain the formula. Because atoms can bond in different arrangements, more than 
one compound may have the same molecular formula (constitutional isomers). 

3.3 WRITING AND BALANCING CHEMICAL EQUATIONS 

Perhaps the most important reason for thinking in terms of moles is because it 
greatly clarifies the amounts of substances taking part in a reaction. Comparing 
masses doesn't tell the ratio of substances reacting but comparing numbers of 
moles does. It allows us to view substances as large populations of interacting 
particles rather than as grams of material. To clarify this idea, consider the for­
mation of hydrogen fluoride gas from H2 and F2, a reaction that occurs explo­
sively at room temperature. If we weigh the gases, we find that 

2.0 1 6  g of H2 and 38 .00 g of F2 react to form 40.02 g of HF 
This information tells us little except that mass is conserved. However, if we con­
vert these masses (in grams) to amounts (in moles), we find that 

1 mol of H2 and 1 mol of F2 react to form 2 mol of HF 
This information reveals that equal-size populations of H2 and F2 molecules 
combine to form twice as large a population of HF molecules. Dividing through 
by Avogadro's number shows us the chemical event that occurs between individ­
ual molecules: 

1 H2 molecule and 1 F2 molecule react to form 2 HF molecules 
Figure 3.6 shows that when we express the reaction in terms of moles, the macro­
scopic (molar) change corresponds to the submicroscopic (molecular) change. As 
you ' ll see, a balanced chemical equation shows both changes. 



3.3 Writing and Balancing Chemical Equations 

1 mol H2 
2.016 g 

Divide by 
Avogadro's 
number 

1 molecule H2 
2.016 amu 

+ 

+ 

+ 

1 mol F2 
38 .00 g 

Divide by 
Avogadro's 
number 

1 molecule F 2 
38 .00 amu 

2 mol HF 
40 .02 g 

Divide by 
Avogadro's 
number 

2 molecules HF 
40.02 amu 

2HF(g) 

A chemical equation is a statement in formulas that expresses the identities 
and quantities of the substances involved in a chemical or physical change. Equa­
tions are the "sentences" of chemistry, just as chemical formulas are the "words" 
and atomic symbols the "letters." The left side of an equation shows the amount 
of each substance present before the change, and the right side shows the amounts 
present afterward. For an equation to depict these amounts accurately, it must be 
balanced; that is, the same number of each type of atom must appear on both 
sides of the equation. This requirement follows directly from the mass laws and 
the atomic theory: 

• In a chemical process, atoms cannot be created, destroyed, or changed, only 
rearranged into different combinations. 

• A formula represents a fixed ratio of the elements in a compound, so a differ­
ent ratio represents a different compound. 

Consider the chemical change that occurs in an old-fashioned photographic 
flashbulb: magnesium wire and oxygen gas yield powdery magnesium oxide. 
(Light and heat are produced as well ,  but here we're concerned only with the sub­
stances involved. )  Let's convert this chemical statement into a balanced equation 
through the following steps: 

1. Translating the statement. We first translate the chemical statement into a 
"skeleton" equation: chemical formulas arranged in an equation format. All the 
substances that react during the change, called reactants, are placed to the left of 
a "yield" arrow, which points to all the substances produced, called products: 

reactants 
+ 

yield 

_02' --

product 

magnesium and oxygen yield magnesium oxide 
At the beginning of the balancing process, we put a blank in front of each sub­
stance to remind us that we have to account for its atoms. 

2. Balancing the atoms. The next step involves shifting our attention back and 

forth from right to left in order to match the number of each type of atom on each 
side. At the end of this step, each blank will contain a balancing (stoichiomet­

ric) coefficient, a numerical multiplier of all the atoms in the formula that fol­
lows it. In general, balancing is easiest when we 
• Start with the most complex substance, the one with the largest number of 

atoms or different types of atoms. 
• End with the least complex substance, such as an element by itself. 
In this case, MgO is the most complex, so we place a coefficient 1 in front of 
the compound: 

•• 
_Mg + _02 -.. �MgO 
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Figure 3.6 The formation of HF gas on 
the macroscopic and molecular levels. 
When 1 mol of H2 (2 .016 g) and 1 mol of 
F2 (38.00 g) react, 2 mol of HF (40 .02 g) 
forms. Dividing by Avogadro's number 
shows the change at the molecular level. 
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To balance the Mg in MgO on the right, we place a 1 in front of Mg on the left: 

• •• 
-.LMg + _02 --+ -.LMgO 

The 0 atom on the right must be balanced by one 0 atom on the left. One-half 
an O2 molecule provides one 0 atom: 

. - .. 
-.LMg + � O2 --+ -.LMgO 

In tenns of number and type of atom, the equation is balanced. 

3. Adjusting the coefficients. There are several conventions about the final 
form of the coefficients: 
• In most cases, the smallest whole-number coefficients are preferred. Whole 

numbers allow entities such as O2 molecules to be treated as intact particles. 
One-half of an O2 molecule cannot exist, so we multiply the equation by 2: 

•• 
.. - .. 
2Mg + 1 02 --+ 2MgO 

• We used the coefficient 1 to remind us to balance each substance. In the final 
form, a coefficient of 1 is implied just by the presence of the formula of the 
substance, so we don't  need to write it: 

•• 
.. - .. 
2Mg + O2 --+ 2MgO 

(This convention is similar to not writing a subscript 1 in a formula.) 

4. Checking. After balancing and adjusting the coefficients, always check that 
the equation is balanced: 

•• •• • • •• 
Reactants (2 Mg, 2 0) --+ products (2 Mg, 2 0) 

5. Specifying the states of matter. The final equation also indicates the phys­
ical state of each substance or whether it is dissolved in water. The abbrevia­
tions that are used for these states are solid (s), liquid (I), gas (g), and aqueous 
solution (aq) . From the original statement, we know that the Mg "wire" is solid, 
the O2 is a gas, and the "powdery" MgO is also solid. The balanced equation, 
therefore, is 

2Mg(s) + 02(g) --- 2MgO(s) 
Of course, the key point to realize is, as was pointed out in Figure 3.6, the 

balancing coefficients refer to both individual chemical entities and moles of 
chemical entities. Thus, 2 mol of Mg and 1 mol of O2 yield 2 mol of MgO. Fig­
ure 3.7 shows this reaction from three points of view-as you see it on the macro­
scopic level, as chemists (and you!) can imagine it on the atomic level (darker 
colored atoms represent the stoichiometry), and on the symbolic level of the chem­
ical equation. 

Keep in mind these other key points about the balancing process : 

• A coefficient operates on all the atoms in the formula that follows it: 2MgO 

means 2 X (MgO), or 2 Mg atoms and 2 0 atoms; 2Ca(N03h means 2 X 
[Ca(N03h], or 2 Ca atoms, 4 N atoms, and 1 2  0 atoms. 

• In balancing an equation, chemical formulas cannot be altered. In step 2 of 
the example, we cannot balance the 0 atoms by changing MgO to Mg02 
because Mg02 has a different elemental composition and thus is a differ­
ent compound. 

• We cannot add other reactants or products to balance the equation because 
this would represent a different reaction. For example, we cannot balance the 
o atoms by changing O2 to 0 or by adding one 0 atom to the products, because 
the chemical statement does not say that the reaction involves 0 atoms. 



MACROSCOPIC 
VIEW 

2Mg(s) + 

3.3 Writing and Balancing Chemical Equations 

electricity 
2MgO(s) 

• A balanced equation remains balanced even if you multiply all the coefficients 
by the same number. For example, 

4Mg(s) + 202(g) - 4MgO(s) 
is also balanced: it is just the same balanced equation mUltiplied by 2. How­
ever, we balance an equation with the smallest whole-number coefficients. 

SAMPLE PROBLEM 3.7 Balancing Chemical Equations 
Problem Within the cylinders of a car's engine, the hydrocarbon octane (CsH,s), one of 
many components of gasoline, mixes with oxygen from the air and burns to form carbon 
dioxide and water vapor. Write a balanced equation for this reaction. 
Solution 
1. Translate the statement into a skeleton equation (with coefficient blanks). Octane and 
oxygen are reactants; "oxygen from the air" implies molecular oxygen, 02' Carbon diox­
ide and water vapor are products: 

_CsHlg + _02 - _C02 + _H20 

2. Balance the atoms. We start with the most complex substance, CsHIg, and balance 
O2 last: 

.LCgHlg + _02 - _C02 + _H20 

The C atoms in CgHIS end up in CO2, Each CO2 contains one C atom, so 8 molecules of 
CO2 are needed to balance the 8 C atoms in each CsHIg: 

...l.CgHlg + _02 - �C02 + _H20 

The H atoms in CsHls end up in H20. The 1 8  H atoms in CsH,s require a coefficient 9 
in front of H20: 

...l.CgHIS + _02 - �C02 + ..2..H20 

There are 25 atoms of ° on the right ( 1 6  in 8C02 plus 9 in 9H20), so we place the coef­
ficient ¥ in front of O2: 

.LCgH,s + ¥ O2 - �C02 + ..2..H20 
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Figure 3.7 A three-level view of the 
chemical reaction in a flashbulb. The 
photos present the macroscopic view 

that you see. Before the reaction occurs, 
a fine magnesium filament is surrounded 
by oxygen (left). After the reaction, white, 
powdery magnesium oxide coats the 

bulb's inner surface (right). The blow-up 
arrows lead to an atomic-scale view, a 
representation of the chemist's mental 
picture of the reaction. The darker col­
ored spheres show the stoichiometry. By 

knowing the substances before and after 

a reaction, we can write a balanced equa­

tion (bottom), the chemist's symbolic 

shorthand for the change. 
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3. Adjust the coefficients. Multiply through by 2 to obtain whole numbers: 
2CgHIg + 2502 --+ l 6C02 + l 8H20 

4. Check that the equation is balanced: 
Reactants ( 1 6  C, 36 H, 50 0) --+ products ( 1 6  C, 36 H, 50 0) 

5. Specify states of matter. CgHlg is liquid; O2, CO2, and H20 vapor are gases: 
2CsHIS(l) + 2502(g) -- l6C02(g) + 18H20(g) 

Comment This is an example of a combustion reaction. Any compound containing C and 
H that burns in an excess of air produces CO2 and H20. 

FOLLOW-UP PROBLEM 3.7 Write a balanced equation for each chemical statement: 
(a) A characteristic reaction of Group l A( l )  elements: chunks of sodium react violently 
with water to form hydrogen gas and sodium hydroxide solution. 
(b) The destruction of marble statuary by acid rain: aqueous nitric acid reacts with cal­
cium carbonate to form carbon dioxide, water, and aqueous calcium nitrate. 
(c) Halogen compounds exchanging bonding partners: phosphorus trifluoride is prepared 
by the reaction of phosphorus trichloride and hydrogen fluoride; hydrogen chloride is the 
other product. The reaction involves gases only. 
(d) Explosive decomposition of dynamite: liquid nitroglycerine (C3HSN309) explodes to 
produce a mixture of gases-carbon dioxide, water vapor, nitrogen, and oxygen. 

Viewing an equation in a schematic molecular scene is a great way to focus 
on the essence of the change-the rearrangement of the atoms from reactants to 
products. Here's a simple schematic for the combustion of octane: 

+ + 

+ 

We can also derive a balanced equation from a molecular scene. Let's do this 
for the following change (black = carbon, red = oxygen): 

We can see from the colors that the reactant box includes carbon monoxide (CO) 
and oxygen (02) molecules, and the product box contains carbon dioxide (C02). 
Once we identify the substances with formulas, we count the number of each kind 
of molecule and put the numbers and formulas in equation format. There are six 
CO, three 02, and six CO2, that is, twice as many CO as O2 and the same num­
ber as CO2. So, given that they are all gases, we adjust the coefficients and have 

2CO(g) + 02(g) --+ 2C02(g) 

SECTION SUMMARY 
To conserve mass and maintain the fixed composition of compounds, a chemical 
equation must be balanced in terms of number and type of each atom.  A balanced 
equation has reactant formulas on the left of a yield arrow and product formulas on 
the right. Balancing coefficients are integer multipl iers for all the atoms in a formula 
and apply to the individual entity or to moles of entities. 



3.4 Calculating Amounts of Reactant and Product 

3.4 CALCULATING AMOUNTS OF REACTANT 
AND PRODUCT 

A balanced equation contains a wealth of quantitative information relating indi­
vidual chemical entities, amounts of chemical entities, and masses of substances. 
It is essential for all calculations involving amounts of reactants and products : if 
you know the number of moles of one substance, the balanced equation tells you 
the number of moles of all the others in the reaction. 

Stoichiometrically Equivalent Molar Ratios 
from the Balanced Equation 
In a balanced equation, the number of moles of one substance is stoichiometri­
cally equivalent to the number of moles of any other substance. The term stoi­
chiometrically equivalent means that a definite amount of one substance is formed 
from, produces, or reacts with a definite amount of the other. These quantitative 
relationships are expressed as stoichiometrically equivalent molar ratios that we 
use as conversion factors to calculate these amounts. Table 3.3 presents the quan­
titative information contained in the equation for the combustion of propane, a 
hydrocarbon fuel used in cooking and water heating: 

C3HS(g) + 502(g) --- 3C02(g) + 4H20(g) 
If we view the reaction quantitatively in terms of C3Hs, we see that 

I mol of C3Hs reacts with 5 mol of O2 
1 mol of C3HS produces 3 mol of CO2 
1 mol of C3HS produces 4 mol of H20 

Therefore, in this reaction, 

I mol of C3Hs is stoichiometrically equivalent to 5 mol of O2 
1 mol of C3HS is stoichiometrically equivalent to 3 mol of CO2 
I mol of C3Hs is stoichiometrically equivalent to 4 mol of H20 

11Mlf' Information Contained in a Balanced Equation 

Viewed in Reactants 
Terms of C3HS(g) + 502(g) 

Molecules I molecule C3HS + 5 molecules O2 

+ 

Amount (mol) 1 mol C3HS + 5 mol O2 

Mass (amu) 44.09 amu C3HS + 1 60.00 amu O2 

Mass (g) 44.09 g C3HS + 1 60.00 g O2 

Total mass (g) 204.09 g 

� 

� 

� 

� 
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Products 
3C02(g) + 4H20(g) 

3 molecules CO2 + 4 molecules H20 

+ 

3 mol CO2 + 4 mol H2O 

1 32.03 amu CO2 + 72.06 amu H2O 

1 32.03 g CO2 + 72.06 g H2O 

204.09 g 
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Figure 3.8 Summary of the mass­
mole-number relationships in a chemi­
cal reaction. The amount of one sub­

stance in a reaction is related to that of 

any other. Quantities are expressed in 

terms of grams, moles, or number of enti­

ties (atoms, molecules, or formula units). 

Start at any box in the diagram (known) 
and move to any other box (unknown) by 

using the information on the arrows as 
conversion factors. As an example, if you 
know the mass (in g) of A and want to 
know the number of molecules of B, the 
path involves three calculation steps: 

1. Grams of A to moles of A, using the 

molar mass (Jld.) of A 

2. Moles of A to moles of B, using the 

molar ratio from the balanced equation 
3. Moles of B to molecules of B, using 

Avogadro's number 
Steps 1 and 3 refer to calculations dis­

cussed in Section 3.1 (see Figure 3.4). 
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We chose to look at C3Hs, but any two of the substances are stoichiometrically 
equivalent to each other. Thus, 

3 mol of CO2 is stoichiometrically equivalent to 4 mol of H20 
5 mol of O2 is stoichiometrically equivalent to 3 mol of CO2 

and so on. 
Here's a typical problem that shows how stoichiometric equivalence is used 

to create conversion factors: in the combustion of propane, how many moles of 
O2 are consumed when 1 0.0 mol of H20 are produced? To solve this problem, 
we have to find the molar ratio between O2 and H20. From the balanced equa­
tion, we see that for every 5 mol of O2 consumed, 4 mol of H20 is formed: 

5 mol of O2 is stoichiometrically equivalent to 4 mol of H20 
We can construct two conversion factors from this equivalence, depending on the 
quantity we want to find: 

5 mol O2 4 mol H20 
or 

4 mol H20 5 mol O2 
Because we want to find moles of O2 and we know moles of H20, we choose 
"5 mol 02/4 mol H20" to cancel "mol H20": 

5 mol O2 
Moles of O? consumed = 1 0.0 mol H20 X = 12 .5 mol O2 - 4 mol H20 

mol H20 ;. mol O2 molar ratio as 
conversion faclor 

Obviously, we could not have solved this problem without the balanced equa­
tion. Here is a general approach for solving any stoichiometry problem that 
involves a reaction: 

1 .  Write a balanced equation for the reaction. 
2. Convert the given mass (or number of entities) of the first substance to amount 

(mol). 
3. Use the appropriate molar ratio from the balanced equation to calculate the 

amount (mol) of the second substance. 
4. Convert the amount of the second substance to the desired mass (or number 

of entities). 

This approach is shown in Figure 3.8 and demonstrated in the following sam­
ple problem. 

r-- MASS (g) MASS (g) I"-of compound A of compound B 

D 
" (g/mol) oi " (9imol) oi 

D compound A compound B 
molar ratio from 

balanced equation 
AMOUNT (mol) < :> AMOUNT (mol) 
of compound A of compound B 

U 
A"9,dm', A"9,dm', 

U number number 
(molecules/mol) (molecules/mol) 

MOLECULES MOLECULES 
- (or formula units) (or formula units) 1-

of compound A of compound B 
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SAMPLE PROBLEM 3 . 8  Calculating Amounts of Reactants and products 
Problem In a l ifetime, the average American uses 1 750 lb (794 kg) of copper in coins, 
plumbing, and wiring. Copper is  obtained from sulfide ores, such as chalcocite, or cop­
per(I) sulfide, by a multistep process. After an initial grinding, the first step is to "roast" 
the ore (heat it strongly with oxygen gas) to form powdered copper(I) oxide and gaseous 
sulfur dioxide. 
(a) How many moles of oxygen are required to roast 10.0 mol of copper(I) sulfide? 
(b) How many grams of sulfur dioxide are formed when 10.0 mol of copper(I) sulfide 
is roasted? 
(c) How many kilograms of oxygen are required to form 2.86 kg of copper(I) oxide? 

(a) Determining the moles of O2 needed to roast 10.0 mol of CU2S 
Plan We always write the balanced equation first. The formulas of the reactants are CU2S 
and O2, and the formulas of the products are CU20 and S02, so we have 

2Cu2S(s) + 302(g) - 2Cu20(s) + 2S02(g) 
We are given the moles of CU2S and need to find the moles of O2, The balanced equation 
shows that 3 mol of O2 is needed for every 2 mol of CU2S consumed, so the conversion 
factor is "3 mol O2/2 mol CU2S" (see roadmap a). 
Solution Calculating number of moles of O2: 

3 mol O2 
Moles of O2 = 1 0.0 mel-GH-,.$ X = 1 5 .0 mol O2 - 2 mol CuzS 

Check The units are correct, and the answer is reasonable because this 02/Cu2S molar 
ratio ( 1 5 : 10) is equivalent to the ratio in the balanced equation (3 :2). 
Comment A common mistake is  to use the incorrect conversion factor; the calculation 
would then be 

2 mol CU2S 6.67 mol2 CU2S 
Moles of O2 = 1 0.0 mol Cu?S X ----=---- 3 mol O2 1 mol O2 

Such strange units should signal that you made an error in setting up the conversion fac­
tor. In addition, the answer, 6.67, is less than 1 0.0, whereas the balanced equation shows 
that more moles of O2 than of CU2S are needed. Be sure to think through the calculation 
when setting up the conversion factor and canceling units. 

(b) Determining the mass (g) of S02 formed from 10.0 mol of CU2S 
Plan Here we need the grams of product (S02) that form from the given moles of reac­
tant (CU2S), We first find the moles of S02 using the molar ratio from the balanced equa­
tion (2 mol S02/2 mol CU2S) and then multiply by its molar mass (64.07 g/mol) to find 
grams of S02' The steps appear in roadmap b. 
Solution Combining the two conversion steps into one calculation, we have 

2 mol SQ2 64.07 g S02 
Mass (g) of S02 = 10 .0 mel-Gu.z$ X C S X 

' I  SQ 
= 64 1 g S02 

2 mol U2 1 G.O 2 
Check The answer makes sense, since the molar ratio shows that 1 0.0 mol of S02 are 
formed and each mole weighs about 64 g. We rounded to three significant figures. 

(c) Determining the mass (kg) of O2 that yields 2.86 kg of CU20 
Plan Here the mass of product (CU20) is known, and we need the mass of reactant (02) 
that reacts to form it. We first convert the quantity of CU20 from kilograms to moles (in two 
steps, as shown in roadmap c). Then, we use the molar ratio (3 mol 02/2 mol CU20) to find 
the moles of O2 required. Finally, we convert moles of O2 to kilograms (in two steps). 
Solution Converting from kilograms of CU20 to moles of CU20: Combining the mass unit 
conversion with the mass-to-mole conversion gives 

103 g 1 mol CU20 
Moles of CU20 = 2 . 86 kg CuzQ X -- X = 20.0 mol CU20 

l kg  143. 1 O �  

Converting from moles of CU20 to moles of O2: 
3 mal O? 

Moles of O? = 20.0 mol Cu,Q X -
= 30.0 mol O2 - - 2 mel�  
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Converting from moles of O2 to kilograms of O2: Combining the mole-to-mass conver­
sion with the mass unit conversion gives 

32.00 g O2 1 kg 
Mass (kg) of O� = 30.0 fOOl..G.z X X -

03 = 0.960 kg O� - l aml-Gz  1 g -

Check The units are correct. Round off to check the math: for example, in the final step, 
-30 mol X 30 g/mol X 1 kg/l 03 g = 0.90 kg. The answer seems reasonable: even though 
the amount (mol) of O2 is greater than the amount (mol) of CU20, the mass of O2 is less 
than the mass of CU20 because At of O2 is less than At of CU20. 
Comment This problem highlights a key point for solving stoichiometry problems: con­

vert the information given into moles. Then, use the appropriate molar ratio and any other 
conversion factors to complete the solution. 

FOLLOW-UP PROBLEM 3.8  Thermite is a mixture of iron (III) oxide and aluminum 
powders that was once used to weld railroad tracks. It undergoes a spectacular reaction to 
yield solid aluminum oxide and molten iron. 
(a) How many grams of iron form when 1 35 g of aluminum reacts? 
(b) How many atoms of aluminum react for every 1 .00 g of aluminum oxide formed? 

Chemical Reactions That Involve a Limiting Reactant 
In the problems we've considered up to now, the amount of one reactant was 
given, and we assumed there was enough of any other reactant for the first reac­
tant to be completely used up. For example, to find the amount of S02 that forms 
when 1 00 g of CU2S reacts, we convert the grams of CU2S to moles and assume 
that the CU2S reacts with as much O2 as needed. Because all the CU2S is used 
up, its initial amount determines, or limits, how much S02 can form. We call CU2S 
the limiting reactant (or limiting reagent) because the product stops forming once 
the CU2S is gone, no matter how much O2 is present. 

Suppose, however, that the amounts of both CU2S and O2 are given in the 
problem, and we need to find out how much S02 forms. We first have to deter­
mine whether CU2S or O2 is the limiting reactant (that is, which one is completely 
used up) because the amount of that reactant limits how much S02 can form. 
The other reactant is in excess, and whatever amount of it is not used is left over. 

To clarify the idea of a limiting reactant, let's consider a situation from real 
life. A car assembly plant has 1 500 car bodies and 4000 tires. How many cars 
can be made with the supplies on hand? Does the plant manager need to order 
more car bodies or more tires? Obviously, 4 tires are required for each car body, 
so the "balanced equation" is 

1 car body + 4 tires --+ 1 car 
How much "product" (cars) can we make from the amount of each "reactant"? 

1 car 
1 500 car bodies X = 1 500 cars 

1 car body 
1 car 

4000 tim& X 
4 tim& = 1 000 cars 

The number of tires limits the number of cars because less "product" (fewer cars) 
can be produced from the available tires. There will be 1 500 - 1 000 = 500 car 
bodies in excess, and they cannot be turned into cars until more tires are delivered. 

Now let's apply these ideas to solving chemical problems. In limiting­
reactant problems, the amounts of two (or more) reactants are given, and we must 
first determine which is limiting. To do this, just as we did with the cars, we first 
note how much of each reactant should be present to completely use up the other, 
and then we compare it with the amount that is actually present. Simply put, the 
limiting reactant is the one there is not enough of; that is, it is the reactant that 
limits the amount of the other reactant that can react, and thus the amount of 
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product that can form. In mathematical terms, the limiting reactant is the one that 
yields the lower amount of product. 

We'll examine limiting reactants in the following two sample problems. Sam­
ple Problem 3.9 has two parts, and in both we have to identify the limiting reactant. 
In the first part, we look at a simple molecular view of a reaction and compare 
the number of molecules to find the limiting reactant; in the second part, we start 
with the amounts (mol) of two reactants and perform two calculations, each of 
which assumes an excess of one of the reactants, to see which reactant forms less 
product .  Then, in Sample Problem 3 . 1 0, we go through a similar process but start 
with the masses of the two reactants. 

SAMPLE PROBLEM 3.9  Using Molecular Depictions to Solve 
a Limiting-Reactant Problem 

Problem Nuclear engineers use chlorine trifluoride in the processing of uranium fuel for 
power plants. This extremely reactive substance is formed as a gas in special metal con­
tainers by the reaction of elemental chlorine and fluorine. 
(a) Suppose the box shown at right represents a container of the reactant mixture before 
the reaction occurs (with chlorine colored green). Name the limiting reactant and draw the 
container contents after the reaction is complete. 
(b) When the reaction is run again with 0.750 mol of Cl2 and 3.00 mol of F2, what mass 
of chlorine trifluoride will be prepared? 

(a) Determining the limiting reactant and drawing the container contents 

Plan We first write the balanced equation. From its name, we know that chlorine trifluo­
ride consists of one Cl atom bonded to three F atoms, CIF3 . Elemental chlorine and fluo­
rine refer to the diatomic molecules Cl2 and F2. All the substances are gases. To find the 
limiting reactant, we compare the number of molecules we have of each reactant, with the 
number we need for the other to react completely. The limiting reactant limits the amount 
of the other reactant that can react and the amount of product that will form. 
Solution The balanced equation is 

CI2(g) + 3F2(g) - 2CLF3(g) 
The equation shows that two ClF3 molecules are formed for every one CI2 molecule and 
three F2 molecules that react. Before the reaction, there are three Cl2 molecules (six Cl 
atoms). For all the Cl2 to react, we need three times three, or nine, F2 molecules ( 1 8  F 
atoms). But there are only six F2 molecules ( 1 2  F atoms). Therefore, F2 is the limiting 
reactant because it limits the amount of Cl2 that can react, and thus the amount of CIF3 
that can form. After the reaction, as the box at right depicts, all 1 2  F atoms and four of 
the six CI atoms make four ClF3 molecules, and one Cl2 molecule remains in excess. 
Check The equation is balanced: reactants (2 Cl, 6 F) - products (2 cr, 6 F), and, in 
the boxes, the number of each type of atom before the reaction equals the number after the 
reaction. You can check the choice of l imiting reactant by examining the reaction from the 
perspective of C12 : Two Cl2 molecules are enough to react with the six F2 molecules in 
the container. But there are three Cl2 molecules, so there is not enough F2. 

(b) Calculating the mass of CIF3 formed 
Plan We first determine the limiting reactant by using the molar ratios from the balanced 
equation to convert the moles of each reactant to moles of ClF3 formed, assuming an 
excess of the other reactant. Whichever reactant forms fewer moles of CIF3 is limiting. 
Then we use the molar mass of ClF3 to convert this lower number of moles to grams. 
Solution Determining the limiting reactant: 
Finding moles of CIF3 from moles of Cl2 (assuming F2 is in excess): 

2 mol CIF3 Moles of CIF3 = 0.750 mel-Gl-z X 1 � = l .50 mol CIF3 

Finding moles of ClF3 from moles of F2 (assuming Cl2 is in excess): 
2 mol ClF3 Moles of ClF3 = 3 .00 � X 3 fOO!...Ii.z = 2.00 mol ClF3 

9 1  

BEFORE 

AFTER 

? 
• 
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In this experiment, CIL is limiting because it forms fewer moles of CIF3. 
Calculating grams of ClF3 formed: 

92.45 g ClF3 Mass (g) of ClF3 = 1.50 � X 1 mol elF3 = 1 39 g ClF3 

Check Let's check our reasoning that CIL is the limiting reactant by assuming, for the 
moment, that FL is limiting. In that case, all 3 .00 mol of Fz would react to form 2.00 mol 
of ClF3. Based on the balanced equation, however, that amount of product would require 
that 1 .00 mol of Clz reacted. But that is impossible because only 0.750 mol of Clz is present. 
Comment Note that a reactant can be limiting even though it is present in the greater 
amount. It is the reactant molar ratio in the balanced equation that is the determining factor. 
In both parts (a) and (b), Fz is present in greater amount than ClL' However, in (a), the 
Fz/Ch ratio is 6/3, or 211 ,  which is less than the required molar ratio of 3/ 1 ,  so Fz is lim­
iting; in  (b), the FL/Clz ratio is 3 .00/0.750, greater than the required 3/ 1 ,  so F2 is in excess. 

FOLLOW·UP PROBLEM 3.9 B2 (red spheres) reacts with AB as shown below: 

(a) Write a balanced equation for the reaction, and determine the limiting reactant. 
(b) How many moles of product can form from the reaction of l .5 mol of each reactant? 

SAMPLE PROBLEM 3. 1 0  Calculating Amounts of Reactant and Product 
in a Limiting-Reactant Problem 

Problem A fuel mixture used in the early days of rocketry is composed of two liqu.ids, 
hydrazine (NzH4) and dinitrogen tetraoxide (NZ04), which ignite on contact to form nitro­
gen gas and water vapor. How many grams of nitrogen gas form when 1 .00X I Oz g of 
NzH4 and 2.00X 1 0z g of NZ04 are mixed? 
Plan We first write the balanced equation. Because the amounts of two reactants are given, 

we know this is a limiting-reactant problem. To determine which reactant is limiting, we 
calculate the mass of Nz formed from each reactant assuming an excess of the other. We 
convert the grams of each reactant to moles and use the appropriate molar ratio to find 
the moles of Nz each forms. Whichever yields less Nz is the limiting reactant. Then, we 
convert this lower number of moles of Nz to mass. The roadmap shows the steps. 
Solution Writing the balanced equation: 

2NzH4(l) + NZ04(l) ---4 3Nz(g) + 4HzO(g) 
Finding the moles of Nz from the moles of NzH4 (if NzH4 is limiting): 

z 1 mol NzH4 
Moles of NzH4 = l .OOX I O  g-NA X = 3 . 1 2  mol NzH4 

32.05 g-NA 
3 mol Nz 

Moles of Nz = 3. 1 2  mol NzH4 X = 4.68 mol N2 
2 meJ-NzH" 

Finding the moles of Nz from the moles of NZ04 (if NZ04 is limiting): 
z 1 mol N?04 

Moles of NZ04 = 2.00X 10 g-NA X 
92.02 

� = 2 . 1 7  mol NZ04 

3 mol Nz Moles of Nz = 2 . 17  moJ-NA X = 6.51 mol Nz 
l meJ� 

Thus, NzH4 is the limiting reactant because it yields fewer moles of Nz. 
Converting from moles of Nz to grams: 

28.02 g Nz 
Mass (g) of Nz = 4.68 mel-Nz X ---=---=-

1 mol-Nz 
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Check The mass of N204 is greater than that of N2H4, but there are fewer moles of N204 
because its J!.t is much higher. Round off to check the math: for N2H4, 1 00 g N2H4 X 
1 molJ32 g = 3 mol; -3 mol X � = 4.5 mol N2; -4.5 mol X 30 g/mol = 1 35 g N2. 
Comment 1. Here are two common mistakes in solving limiting-reactant problems: 
• The limiting reactant is not the reactant present in fewer moles (2. 1 7  mol of N204 vs. 

3 . 1 2  mol of N2H4). Rather, it  is the reactant that forms fewer moles of product. 
• Similarly, the limiting reactant is not the reactant present in lower mass. Rather, it is 

the reactant that forms the lower mass of product. 

2. Here is an alternative approach to finding the limiting reactant. Find the moles of each 
reactant that would be needed to react with the other reactant. Then see which amount 
actually given in the problem is sufficient. That substance is in excess, and the other 
substance is l imiting. For example, the balanced equation shows that 2 mol of N2H4 
reacts with 1 mol of N204. The moles of N204 needed to react with the given moles of 
N2H4 are 

1 mol N004 Moles of N204 needed = 3. 1 2  mol N,H4 X - = 1 .56 mol N204 - 2 mol N2� 
The moles of NzH4 needed to react with the given moles of N204 are 

2 mol NzH4 
Moles of NzH4 needed = 2 . 1 7  mol N,� X = 4.34 mol NzH4 - 1 mol NZ04 

We are given 2 . 1 7  mol of NZ04, which is more than the amount of NZ04 needed ( 1 .56 mol) 
to react with the given amount of NzH4, and we are given 3 . 1 2  mol of NzH4, which is 
less than the amount of NzH4 needed (4.34 mol) to react with the given amount of NZ04• 
Therefore, NzH4 is limiting, and NZ04 is in excess. Once we determine this, we continue 
with the final calculation to find the amount of Nz. 

FOLLOW-UP PROBLEM 3 . 1 0  How many grams of solid aluminum sulfide can be 
prepared by the reaction of 10.0 g of aluminum and 1 5 .0 g of sulfur? How much of the 
nonlimiting reactant is in excess? 

Chemical Reactions in Practice: Theoretical, Actual, 
and Percent Yields 
Up until now, we've been optimistic about the amount of product obtained from 
a reaction. We have assumed that 1 00% of the limiting reactant becomes product, 
that ideal separation and purification methods exist for isolating the product, and 
that we use perfect lab technique to collect all the product formed. In other words, 
we have assumed that we obtain the theoretical yield, the amount indicated by 
the stoichiometrically equivalent molar ratio in the balanced equation. 

It's time to face reality. The theoretical yield is never obtained, for reasons 

that are largely uncontrollable. For one thing, although the major reaction pre­
dominates, many reactant mixtures also proceed through one or more side reac­

tions that form smaller amounts of different products (Figure 3 .9). In the rocket 
fuel reaction in Sample Problem 3 . 1 0, for example, the reactants might form some 
NO in the following side reaction: 

2Nz04(l) + NzH4(l) - 6NO(g) + 2HzO(g) 
This reaction decreases the amounts of reactants available for Nz production (see 
Problem 3 . 8 1  at the end of the chapter). Even more impOItant, as we'll discuss 
in later chapters, many reactions seem to stop before they are complete, which 
leaves some limiting reactant unused. But, even when a reaction does go com­
pletely to product, losses occur in virtually every step of the separation procedure 
used to isolate the product from the reaction mixture. With careful technique, you 
can minimize these losses but never eliminate them. 

The amount of product that you actually obtain is the actual yield. Theoret­
ical and actual yields are expressed in units of amount (moles) or mass (grams). 

A + B 
(reactants) 

D 
(side product) 
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Figure 3.9 The effect of side reactions 
on yield. One reason the theoretical yield 
is never obtained is that other reactions 
lead some of the reactants along side 

paths to form undesired products. 
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The percent yield ( %  yield) is the actual yield expressed as a percentage of the 
theoretical yield: 

actual yield 00 % yield = X 1 
theoretical yield 

(3.7) 

Because the actual yield must be less than the theoretical yield, the percent yield 
is always less than 1 00%. In multistep reaction sequences, the percent yield of 
each step is expressed as a fraction and multiplied by the others to find the over­
all yield. The result may sometimes be surprising. For example, suppose a six­
step reaction sequence has a 90.0% yield for each step, which is quite high. Even 
so, the overall percent yield would be 

Overall % yield = (0.900 X 0.900 X 0.900 X 0.900 X 0.900 X 0.900) X 100 = 53. 1 % 

SAMPLE PROBLEM 3. 1 1  Calculating Percent Yield 

Problem Silicon carbide (SiC) is an important ceramic material that is made by allowing 
sand (silicon dioxide, Si02) to react with powdered carbon at high temperature. Carbon 
monoxide is also formed. When 1 00.0 kg of sand is processed, 5 1 .4 kg of SiC is recov­
ered. What is the percent yield of SiC from this process? 
Plan We are given the actual yield of SiC (5 1 .4 kg), so we need the theoretical yield to 
calculate the percent yield. After writing the balanced equation, we convert the given 
mass of Si02 ( 1 00.0 kg) to amount (mol). We use the molar ratio to find the amount 
of SiC formed and convert that amount to mass (kg) to obtain the theoretical yield 
[see Sample Problem 3 .8(c) ] .  Then, we use Equation 3.7 to find the percent yield (see 
the roadmap). 
Solution Writing the balanced equation: 

Si02(s) + 3C(s) - SiC(s) + 2CO(g) 
Converting from kilograms of Si02 to moles: 

1 000 15 1 mol Si02 
Moles of Si02 = 1 00.0 kg-&iGz X -- X = 1 664 mol Si02 

l kg 60.09 � 
Converting from moles of Si02 to moles of SiC: The molar ratio is 1 mol SiC/l mol Si02, so 

Moles of Si02 = moles of SiC = 1 664 mol SiC 
Converting from moles of SiC to kilograms: 

40. l O g SiC l kg 
Mass (kg) of SiC = 1 664 mol SiC X X -- = 66.73 kg SiC 1 mol SiC 1 000 g 

Calculating the percent yield: 
actual yield 5 1 .4 kg 

% yield of SiC = X 1 00 = X 100 = 77.0% 
theoretical yield 66.73 kg 

Check Rounding shows that the mass of SiC seems correct: � 1 500 mol X 40 g/mol X 
1 kg/1000 g = 60 kg. The molar ratio of SiC:Si02 is 1: 1 ,  and the .M of SiC is about two­
thirds ( ��) the .M of Si02, so 1 00 kg of Si02 should form about 66 kg of SiC. 

FOLLOW·UP PROBLEM 3 . 1 1 Marble (calcium carbonate) reacts with hydrochloric 
acid solution to form calcium chloride solution, water, and carbon dioxide. What is 
the percent yield of carbon dioxide if 3 .65 g of the gas i s  collected when 1 0.0 g of 
marble reacts? 

SECTION SUMMA RY 
The substances in a balanced equation are related to each other by stoichiometrically 
equivalent molar ratios, which can be used as conversion factors to find the moles 
of one substance given the moles of another. In l im it ing-reactant problems, the 
amounts of two (or more) reactants are g iven, and one of them l imits the amount of 
product that forms. The l imiting reactant is the one that forms the lower amount of 
product. In practice, side reactions, incomplete reactions, and physical losses result 
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in an actual yield of product that is less than the theoretical yield, the amount based 
solely on the molar ratio. The percent yield is the actual yield expressed as a per­
centage of the theoretical yield. In multistep reaction sequences, the overall yield is 
found by multiplying the percent yields for each step. 

3.5 FUNDAMENTALS OF SOLUTION STOICHIOMETRY 

Many environmental reactions and almost all biochemical reactions occur in solu­
tion, so an understanding of reactions in solution is extremely important in chem­

istry and related sciences. We' l l  discuss solution chemistry at many places in the 

text, but here we focus on solution stoichiometry. Only one aspect of the stoi­
chiometry of dissolved substances is different from what we've seen so far. We 
know the amounts of pure substances by converting their masses directly into 
moles. For dissolved substances, we must know the concentration-the number 
of moles present in a certain volume of solution-to find the volume that con­
tains a given number of moles. Of the various ways to express concentration, the 
most important is molarity, so we discuss it here (and wait until Chapter 1 3  to 
discuss the other ways). Then, we see how to prepare a solution of a specific 
molarity and how to use solutions in stoichiometric calculations. 

Expressing Concentration in Terms of Molarity 
A typical solution consists of a smaller amount of one substance, the solute, dis­
solved in a larger amount of another substance, the solvent. When a solution 
forms, the solute's individual chemical entities become evenly dispersed through­
out the avai lable volume and surrounded by solvent molecules. The concentra­

tion of a solution is usually expressed as the amount of solute dissolved in a given 
amount of solution. Concentration is an intensive quantity (like density or tem­
perature) and thus independent of the volume of solution: a 50-L tank of a given 
solution has the same concentration (solute amount/solution amount) as a 50-mL 
beaker of the solution. Molarity (M) expresses the concentration in units of moles 
of solute per liter of solution: 

moles of solute Molarity = -----­
l iters of solution 

or mol solute 
M = ---­

L soln 

SAMPLE PROBLEM 3 . 1 2  Calculating the Molarity of a Solution 

(3.8) 

Problem Glycine (HzNCH2COOH) is the simplest amino acid. What is the molarity of 
an aqueous solution that contains 0.7 1 5  mol of glycine in 495 mL? 
Plan The molarity is  the number of moles of solute in each l iter of solution. We are given 
the number of moles (0.7 1 5  mol) and the volume (495 mL), so we divide moles by vol­
ume and convert the volume to liters to find the molarity (see the roadmap). 
Solution 

0.7 15  mol glycine 1 000 mb Molarity = 
495 mb-selH x 1 L 

1 .44 M glycine 

Check A quick look at the math shows about 0.7 mol of glycine in about 0.5 L of solu­
tion, so the concentration should be about 1 .4 moJJL, or 1 .4 M. 

FOLLOW-UP PROBLEM 3 . 1 2  How many moles of KI are in 84 mL of 0.50 M KI? 

Mole-Mass-Number Conversions Involving Solutions 
Molarity can be thought of as a conversion factor used to convert between vol­
ume of solution and amount (mol) of solute, from which we then find the mass 

or the number of entities of solute. Figure 3 . 1 0  (on the next page) shows this new 

stoichiometric relationship, and Sample Problem 3. l 3  applies it. 
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Figure 3. 1 0  Summary of mass-mole­
number-volume relationships in 
solution. The amount (in moles) of a 
compound in solution is related to the 
volume of solution in l iters through the 
molarity (M) in moles per l iter. The other 
relationships shown are identical to 
those in Figure 3.4, except that here they 
refer to the quantities in solution. As in 
previous cases, to find the quantity of 
substance expressed in one form or an­
other, convert the given information to 
moles first. 
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MASS (g) 
of compound 

in solution 

Avogadro's 
D M (glmOII 

number 
MOLECULES (molecules/mol) AMOUNT (mol) M (mol/l) VOLUME (L) (or formula units) < :> of compound < :> of compound of solution 

in solution in solution 

SAMPLE PROBLEM 3. 1 3  Calculating Mass of Solute in a Given Volume 
of Solution 

Problem A buffered solution maintains acidity as a reaction occurs. In living cells, phos­
phate ions play a key buffering role, so biochemists often study reactions in such solutions. 
How many grams of solute are in 1.75 L of 0.460 M sodium monohydrogen phosphate? 
Plan We know the solution volume ( 1 .75 L) and molarity (0.460 M),  and we need the 
mass of solute. We use the known quantities to find the amount (mol) of solute and then 
convert moles to grams with the solute molar mass, as shown in the roadmap. 
Solution Calculating moles of solute in solution: 

0.460 mol Na2HP04 
Moles of Na2HP04 = 1 .75 J:,s.effi X = 0.805 mol Na2HP04 

1 J:,s.effi 

Converting from moles of solute to grams: 
1 4 1 .96 g Na2HP04 

Mass (g) NaryHP04 = 0.805 mol NazHP04 X = 1 14 g Na2HP04 - 1 mol NazHP04 

Check The answer seems to be correct: � 1 .8 L of 0.5 mollL contains 0.9 mol, and 
1 50 glmol X 0.9 mol = 1 35 g, which is close to 1 14 g of solute. 

FOLLOW·UP PROBLEM 3 . 1 3  In biochemistry laboratories, solutions of sucrose 
(table sugar, C I 2H2201 1 ) are used in high-speed centrifuges to separate the parts of a bio­
logical cell. How many liters of 3.30 M sucrose contain 135 g of solute? 

Dilution of Molar Solutions 
A concentrated solution (higher molarity) can be converted to a dilute solution 
(lower molarity) by adding solvent to it. The solution volume increases while the 
number of moles of solute remains the same. Thus, a given volume of the final 
(dilute) solution contains fewer solute particles and has a lower concentration 
than the original (concentrated) solution did (Figure 3 . 1 1 ) .  If various low con­
centrations of a solution are used frequently, it is common practice to prepare a 
more concentrated solution (called a stock solution), which is stored and diluted 
as needed. 

SAMPLE PROBLEM 3 . 1 4  Preparing a Dilute Solution from a Concentrated 
Solution 

Problem Isotonic saline is a 0. 1 5  M aqueous solution of NaCI that simulates the total con­
centration of ions found in many cellular fluids. Its uses range from a cleansing rinse for 
contact lenses to a washing medium for red blood cells. How would you prepare 0.80 L 
of isotonic saline from a 6.0 M stock solution? 
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Plan To dilute a concentrated solution, we add only solvent, so the moles of solute are 

the same in both solutions. We know the volume (0.80 L) and molarity (0. 1 5  M) of the 
dilute (dil) NaCI solution we need, so we find the moles of NaCI it contains and then find 
the volume of concentrated (cone; 6.0 M) NaCl solution that contains the same number 
of moles. T hen, we dilute this volume with solvent up to the final volume (see roadmap) .  
Solution Finding moles of  solute in  dilute solution : 

0. 1 5  mol NaCl 
Moles of NaCI in dil soln = 0.80 b-seffi X = 0. 1 2  mol NaCI 

1 b-seffi 
Finding moles of solute in concentrated solution: Because we add only solvent to dilute 
the solution, 

Moles of NaCI in dil soln = moles of NaCI in cone SOID = 0. 1 2  mol NaCI 
Finding the volume of concentrated solution that contains 0. 1 2  mol of NaCl: 

1 L soIn 
Volume (L) of cone NaCI soln = 0. 1 2  mol NaGI X = 0.020 L soln 

6.0 mol NaGI 
To prepare 0.80 L of dilute solution, place 0.020 L of 6.0 M NaCI in a 1 .0-L cylinder, 
add distilled water (�780 mL) to the 0.80-L mark, and stir thoroughly. 

Check T he answer seems reasonable because a small volume of concentrated solution 
is used to prepare a large volume of dilute solution. Also, the ratio of volumes 
(0.020 L:0.80 L) is  the same as the ratio of concentrations (0. 1 5  M:6.0 M). 
Comment An alternative approach to solving dilution problems uses the formula 

Mdil X Vdi1 = number of moles = Meone X Veone (3.9) 
where the M and V terms are the molarity and volume of the dilute and concentrated solu­
tions. In this problem, we need the volume of concentrated solution, Veone: 

_ Mdil X Vdi1 _ O. l S M X  0.80 L 
- 0 0  

a 
Veone - - - . 2 L Meone 6.0 M 

T he method worked out in the Solution (above) is actually the same calculation broken 
into two parts to emphasize the thinking process: 

0. 1 5  mol NaGI 1 L Veone = 0.80 b X 1 b X 
6.0 mol NaGI = 0.020 L 

FOLLOW·UP PROBLEM 3 . 1 4  To prepare a fertilizer, an engineer dilutes a stock solu­
tion of sulfuric acid by adding 25.0 m3 of 7.50 M acid to enough water to make 
500. m3. What is the mass (in g) of sulfuric acid per milliliter of the diluted solution? 

Concentrated solution 
More solute particles per 
unit volume 

Dilute solution 
Fewer solute particles per 
unit volume 

Volume (L) of dilute solution 

multiply by M (mol/L) 
of dilute solution 

Amount (mol) of NaCI 
in dilute solution = 

Amount (mol) of NaCI 
in concentrated solution 

divide by M (mol/L) 
of concentrated solution 

Volume (L) of concentrated solution 
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Figure 3. 1 1 Converting a concentrated 
solution to a dilute solution. When a 
solution is diluted, only solvent is added. 

The solution volume increases while the 
total number of moles of solute remains 
the same. Therefore, as shown in the 
blow-up views, a unit volume of concen­

trated solution contains more solute 

particles than the same unit volume of 

di lute solution. 
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� Animation: Preparing a Solution by Dilution 
� Online Learning Center 

Mass (g) of Mg(OHh 

divide by M (g/mol) 

Amount (mol) of Mg(OHh 

molar ratio 

Amount (mol) of HCI 

divide by M (moI/L) 

Volume (L) of HCI 

CHAPTER 3 Stoichiometry of Formulos and Equations 

Stoichiometry of Chemical Reactions in Solution 
Sol ving stoichiometry problems for reactions in solution requires the same 
approach as before, with the additional step of converting the volume of reactant 
or product to moles: ( 1 )  balance the equation, (2) find the number of moles of 
one substance, (3) relate it to the stoichiometrically equivalent number of moles 
of another substance, and (4) convert to the desired units. 

SAMPLE PROBLEM 3 . 1 5  Calculating Amounts of Reactants and Products 
for a Reaction in Solution 

Problem Spec.ialized cells in the stomach release HCI to aid digestion. If they release too 
much, the excess can be neutralized with an antacid to avoid discomfort. A common 
antacid contains magnesium hydroxide, Mg(OHh, which reacts with the acid to form water 
and magnesium chloride solution. As a government chemist testing commercial antacids, 
you use 0. 1 0  M HCI to simulate the acid concentration in the stomach. How many l iters 
of "stomach acid" react with a tablet containing 0. 1 0  g of Mg(OH)2? 
Plan We know the mass of Mg(OH)z (0. 1 0  g) that reacts and the acid concentration 
(0. 1 0  M), and we must find the acid volume. After writing the balanced equation, we con­
vert the grams of Mg(OHh to moles, use the molar ratio to find the moles of HCI that 
react with these moles of Mg(OHh, and then use the molarity of HCI to find the volume 
that contains this number of moles. The steps appear in the roadmap. 
Solution Writing the balanced equation: 

Mg(OHhCs) + 2HCI(aq) --+ MgCl2(aq) + 2H20(l) 
Converting from grams of Mg(OHh to moles: 

1 mol Mg(OHh 
Moles of Mg(OH)2 = 0. 1 0  g Mg(OHh X 

8 33 0 5 .  gMg( Hh l .7 X l O-3 mol Mg(OH)z 

Converting from moles of Mg(OH)z to moles of HCI: 
2 mol HCI Moles of HCl = 1 .7 X 1 0-3 mol Mg(OH)2 X = 3.4X 1 0-3 mol HCI 

1 mol Mg(OH)z 
Converting from moles of HCI to liters: 

-3 1 L 
Volume (L) of HCI = 3 .4 X l O  mol HCl X ----

0. 1 0  mol HCl 
= 3.4 x l O-2 L 

Check The size of the answer seems reasonable: a small volume of dilute acid (0.034 L 
of 0. 1 0  M) reacts with a small amount of antacid (0.00 17 mol). 
Comment The reaction as written is an oversimplification; in reality, HCI and MgCI2 exist 
as separated ions in solution. This point will be covered in great detail in Chapters 4 and 1 8. 

FOLLOW-UP PROBLEM 3. 1 5  Another active ingredient found in some antacids is alu­
minum hydroxide. Which is more effective at neutralizing stomach acid, magnesium hydrox­
ide or aluminum hydroxide? [Hint: Effectiveness refers to the amount of acid that reacts 
with a given mass of antacid. You already know the effectiveness of 0. 10 g of Mg(OHh-J 

In limiting-reactant problems for reactions in solution, we first determine 
which reactant is limiting and then determine the yield, as demonstrated in the 
next sample problem. 

SAMPLE PROBLEM 3 . 1 6  Solving Limiting-Reactant Problems 
for Reactions in Solution 

Problem Mercury and its compounds have many uses, from fillings for teeth (as a mix­
ture with silver, copper, and tin) to the industrial production of chlorine. Because of their 
toxicity, however, soluble mercury compounds, such as merc.ury(II) nitrate, must be 
removed from industrial wastewater. One removal method reacts the wastewater with 
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sodium sulfide solution to produce solid mercury(Il) sulfide and sodium nitrate solution. 
In a laboratory simulation, 0.050 L of 0.0 10  M mercury(II) nitrate reacts with 0.020 L of 
0. 1 0 M sodium sulfide. How many grams of mercury(II) sulfide form? 
Plan This is a limiting-reactant problem because the amounts of two reactants are given. 
After balancing the equation, we must determine the limiting reactant. The molarity 
(0.010 M) and volume (0.050 L) of the mercury(II) nitrate solution tell us the moles of 
one reactant, and the molarity (0. 1 0  M) and volume (0.020 L) of the sodium sulfide 
solution tell us the moles of the other. Then, as in  Sample Problem 3 . 1 0, we use the 
molar ratio to fi nd the moles of HgS that form from each reactant, assuming the other 
reactant is present in excess. The l imiting reactant is the one that forms fewer moles 
of HgS, which we convert to mass using the HgS molar mass. The roadmap shows 
the process. 
Solution Writing the balanced equation: 

Hg(N03h(aq) + Na2S(aq) - HgS(s) + 2NaN03(aq) 

Finding moles of HgS assuming Hg(N03h is limiting: Combining the steps gives 
0.0 1 0  mol Hg(N8j}" 1 mol HgS 

Moles of HgS = 0.050 b-selft X X I ° \ 1 b-sel:fl 1 mo Hg(N'=13J2 
= 5.0 x lO-4 mol HgS 

Finding moles of HgS assuming Na2S is limiting: Combining the steps gives 
0. 1 0  mol NU2S 1 mol HgS 

Moles of HgS = 0.020 b-selft X X c 1 b-sel:fl I mol Nfr:2u 
= 2.0 x lO-3 mol HgS 

Hg(N03h is the limiting reactant because it forms fewer moles of HgS . 
Converting the moles of HgS formed from Hg(N03h to grams: 

232.7 g HgS 
Mass (g) of HgS = 5.0X 1 0-4 mel HgS X ---=---"-1 mel HgS 

= 0. 1 2  g HgS 
Check As a check, let's use the alternative method for finding the l imiting reactant (see 
Comment in Sample Problem 3 . 1 0) .  Finding moles of reactants available: 

0.01 0  mol Hg(N03h -4 Moles of Hg(N03h = 0.050 b-sel:H X 
1 b-sel:H - = 5.0X 1 0  mol Hg(N03h 

0. 1 0  mol Na2S 3 Moles of Na2S = 0.020 b-sel:fl X I b-sel:H = 2.0X 10- mol Na2S 

Tbe molar ratio of the reactants is 1 Hg(N03)2/1 Na2S, Therefore, Hg(N03h is limiting 
because there are fewer moles of it than are needed to react with the moles of Na2S ,  
Finding grams of  product from moles of  limiting reactant and the molar ratio: 

4 1 mol HgS 232.7 g HgS 
Mass (g) of HgS = 5.0X 1 0- mel Hg(N83h X 

1 I y fAl0 \ X 
1 I H C . me ftg" '='372 mo .go 

= 0. 1 2  g HgS 

FOLLOW-UP PROBLEM 3 . 1 6  Even though gasoline sold in the United States no 
longer contains lead, this metal persists in the environment as a poison. Despite their tox­
icity, many compounds of lead are still used to make pigments. 
(a) What volume of 1 .50 M lead(II) acetate contains 0.400 mol of Pb2+ ions? 
(b) Wben tbis volume reacts with 1 25 mL of 3.40 M sodium chloride, bow many grams 
of solid lead (II) chloride can form? (Sodium acetate solution also forms.) 

SECTION SUMMARY 
When reactions occur in solution, reactant and product amounts are given in terms 
of concentration and volume. Molarity is the number of moles of solute dissolved in 
one liter of solution. Using molarity as a conversion factor, we apply the principles of 
stoichiometry to all aspects of reactions in solution. 

Amount (mol) 
of HgS 

Volume (l) of 
Na2S 

solution 

multiply by 
M (moI/L) 

Amount (mol) 
of HgS 
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choose lower 
number of moles of 
HgS and multiply 
by oM (g/mol) 

Mass (g) of HgS 



1 00 CHAPTER 3 Stoichiometry of Formulas and Equations 

For Review and Reference {Numbers in parentheses refer to pages, unless noted otherwise. }  

[Learning Obiectives 
To help you review these learning objectives, the numbers of re­
lated sections {§}, sample problems {SP}, and upcoming end-of­
chapter problems (EP) are l isted i n  parentheses. 

1 .  Realize the usefulness of the mole concept, and use the relation 
between molecular (or formula) mass and molar mass to calculate 
the molar mass of any substance ( §  3 . 1 )  (EPs 3 . 1 -3.5 ,  3.7-3 . 10 )  
2 .  Understand the relationships among amount of substance (in 
moles), mass (in grams), and number of chemical entities and 
convert from one to any other (§ 3 . 1 )  (SPs 3 . 1 ,  3 .2) (EPs 3.6, 
3. 1 1 -3. 1 6, 3 . 1 9) 
3. Use mass percent to find the mass of element in a given mass 
of compound (§ 3 . 1 )  (SP 3.3) (EPs 3 . 1 7, 3 . 1 8, 3 .20-3.23) 
4.  Determine the empirical and molecular formulas of a com­
pound from mass analysis of its elements (§ 3 .2) (SPs 3.4-3.6) 
(EPs 3.24-3.34) 

Key Terms 
stoichiometry (70) 
Section 3. 1 

Section 3.3 
chemical equation (83) 
reactant (83) mole (mol) (70) 

Avogadro's number (70) 
molar mass (Jilt) (72) 

product (83) 
balancing (stoichiometric) 

coefficient (83) Section 3.2 
combustion analysis (80) 
isomer (8 1 )  

L Key Equations and Relationships 
3. 1 Number of entities in  one mole (70): 

1 mole contains 6.0n x 1 023 entities (to 4 sf) 
3.2 Converting amount (mol) to mass using Jilt (73): 

no. of grams 
Mass (g) = no. of moles X ---=---

1 mol 
3.3 Converting mass to amount (mol) using I IJiIt (73) :  

1 mol 
No. of moles = mass (g) X ----­

no. of grams 
3.4 Converting amount (mol) to number of entities (73): 

. . 6.022 X 1 023 entities 
No. of entities = no. of moles X ------­

I mol 
3.5 Converting number of entities to amount (mol) (73): 

I mol 
No. of moles = no. of entities X ?3 . .  6.0n x 10- entitles 

Brief Solutions to Follow-up Problems 
1 .00 1 mol C 3. 1 (a) Moles of C = 3 1 5  mg-G X � X ---

1 0  mg 1 2.0 1 g-G 
= 2.62 X 10-2 mol C 

(b) Mass (g) of Mn = 3 .22X 1 020 MA atoms 
1 mel-MR 54.94 g Mn X ?3 X ---=:""-

6.0n x 1 0- Mn atoms I mel-MR 
= 2.94 X  10-2 g Mn 

5 .  Balance an equation given formulas or names, and use molar 
ratios to calculate amounts of reactants and products for reactions 
of pure or dissolved substances (§ 3.3 and 3.5) (SPs 3.7,  3 .8 ,  3 . 15) 
(EPs 3 .35-3.46, 3 .62,  3 .7 1 ,  3 .72) 
6. Understand why one reactant limits the yield of product, and 
solve limiting-reactant problems for reactions of pure or dissolved 
substances (§ 3 .4, 3 .5) (SPs 3 .9, 3 . 1 0, 3 . 1 6) (EPs 3 .47-3.54, 3 .6 1 ,  
3 .73, 3 .74) 
7. Explain the reasons for lower-than-expected yields and the dis­
tinction between theoretical and actual yields, and calculate per­
cent yield ( §  3.4) (SP 3 . 1 1 ) (EPs 3.55-3.60, 3 .63) 
8.  Understand the meaning of concentration and the effect of di­
lution, and calculate molarity or mass of dissolved solute (§ 3.5) 
(SPs 3 . l 2-3 . 1 4) (EPs 3 .64-3.70, 3.75) 

Section 3.4 
l imiting reactant (90) 
theoretical yield (93) 
side reaction (93) 
actual yield (93) 

Section 3.5 
solute (95) 
solvent (95) 
concentration (95) 
molarity (M) (95) 

percent yield (% yield) (94) 

3.6 Calculating mass % (75): 
Mass % of element X 

moles of X in formula X molar mass of X (g/mol) 
= X 100 

mass (g) of 1 mol of compound 
3.7 Calculating percent yield (94): 

at actual yield -/0 yield = X 100 
theoretical yield 

3.8 Defining molarity (95) :  

M . moles of solute 
olanty = or 

liters of solution 
3.9 Diluting a concentrated solution (97): 

mol solute M = ---­
L soln 

Mdil X Vdi1 = number of moles = Meone X Veone 

3.2 (a) Mass (g) of P40 lO  
= 4.65 X 1022 molecules P4010 

1 mol P4010 283.88 g P40lO  X X -----"'---'.........:..::. 
6.022X 1 023 molecules P40lO 1 mol P4010 

= 2 1 .9 g P40 1 0 



(b) No. of P atoms = 4.65 X 1022 molecules P40 JO 
4 atoms P 

X ------
1 molecule P40 JO 

= 1 . 86 x 1023 P atoms 
1 4.01  g-N 

2 mel-N X ----"--
I mel-N 3.3 (a) Mass % of N = ------- X 1 00 

80.05 g NH4NOj 
= 35 .00 mass % N 

1 03 g 0.3500 g N 
(b) Mass (g) of N = 35.8 kg NH4NOj X -- X ------=:-

1 kg 1 g NH4NOj 
= 1 .25 X I 04 g N  

1 mol S 3.4 Moles of S = 2.88 g-& X = 0.0898 mol S 
32.07 g-& 

2 moi M 
Moles of M = 0.0898 mBi--S X 

3 mBi--S 
= 0.0599 mol M 

3 . 1 2  g M 
Molar mass of M = = 52. 1 g/mol 

0.0599 mol M 
M is chromium, and M2S3 is chromium(I1I) sulfide. 
3.5 Assuming 100.00 g of compound, we have 95 .2 1  g of C and 
4.79 g of H:  

1 mol C 
Moles of C = 95 .2 1 g-G X 

1 2.01  g-G 
= 7.928 mol C 

Also, 4.75 mol H 
Preliminary formula = C7.92SH4.75 = C l .67H l .oO 
Empirical formula = CSH3 

252.30 gfmel 
Whole-number multiple = = 4 

63.07 g,Lme! 
Molecular formula = C20H 1 2 

1 2.01 g C 3.6 Mass (g) of C = OA5 1 g-OOz X 
0 n rn 44. I �  

= 0. 1 23 g C 
Also, 0.00690 g H 
Mass (g) of CI = 0.250 g - (0. 1 23 g + 0.00690 g) = 0. 1 20 g Cl 
Moles of elements 

= 0.0 1 02 mol C; 0.00685 mol H; 0.00339 mol CI 
Empirical formula = C3H2CI; multiple = 2 
Molecular formula = C6H4CI2 
3.7 (a) 2Na(s) + 2H20(l) --- H2(g) + 2NaOH(aq) 
(b) 2HN03(aq) + CaC03(s) ---

H20(l) + CO2(g) + Ca(N03h(aq) 
(c) PCI3(g) + 3HF(g) --- PF3(g) + 3HCI(g) 
(d) 4C3HsNj09(l) ---

1 2C02(g) + l OH20(g) + 6N2(g) + °2(g) 
3.8 Fe20j(s) + 2AI(s) --- AI203(s) + 2Fe(l) 
(a) Mass (g) of Fe 

I mef....M 2 mel-Fe 55.85 g Fe 
= 135 g-M X 

26.98 g-M 
X 

2 mef....M 
X 

1 mel-Fe 
= 279 g Fe 

1 mol AI,Oj 
(b) No. of Al atoms = 1 .00 g AI20j X 

1 0 1 .96 
� 

2 mef....M 6.022 X 1 02j Al atoms 
X X -------

1 mol AlzOj 1 meJ-.At 
= 1 . 1 8 X  1022 Al atoms 

3.9 (a) 2AB + B2 --- 2AB2 
In the boxes, the AB/B2 ratio is 4/3, which is less than the 21 1 ra­
tio in the equation. Thus, there is not enough AB, so it is the lim­
iting reactant; note that one B2 is in excess. 

For Review and Reference 1 0 1  

2 mol ABo (b) Moles of ABo = 1 .5 mel-AB X - = 1 .5 mol ABo - 2 mel-AB -
2 mol ABo Moles of ABo = 1 .5 =LIL. X - = 3.0 mol ABo - � l mel-Bz -

3. 10  2AI(s) + 3S(s) --- AI2Sj(s) 
Mass (g) of AI2Sj formed from Al 

1 me!--Al 1 mol A12�j 1 50. 1 7  g AI2Sj = 10.0 g-M X X X ------'='-.::......:: 
26.98 g-M 2 mef....M 1 mol AI);j 

= 27.8 g AI2Sj 
Similarly, mass (g) of AI2Sj formed from S = 23A g AI2Sj. 
Therefore, S is limiting reactant, and 23A g of AI2Sj can form. 
Mass (g) of Al in excess 

= total mass of Al - mass of Al used 
= 1 0.0 g Al 

_ ( 15 .0 � X 
1 mBi--S X 2 mef....M X 26.98 g Al) 

b 32.07 g-& 3 mBi--S 1 mel--Al 
= 1 .6 g Al 

(We would obtain the same answer if sulfur were shown more 
correctl y as Ss.) 
3. 1 1  CaCOj(s) + 2HCI(aq) --- CaCI2(aq) + H20(l) + CO2(g) 
Theoretical yield (g) of CO2 

1 mol GaGOj 1 mol GOz 
= 1 0.0 g GaGOj X X ------.::'-

1 00.09 g GaG OJ 1 mol GaGOj 
X 44.01  g CO2 

= 4AO g CO2 
1 mol G02 

3.65 g-OOz 
% yield = X 1 00 = 83.0% 

4AO g-OOz 
1 b 0.50 mol KI 3. 1 2  Moles or KI = 84 fib SOiA X 

IOj mb 
X 

I � 
= 0.042 mol KI 

3. 13  Volume (L) of soln 
1 mol slicrose 1 L soln = 1 35 g sucrose X X ------

342.30 g sucrose 3.30 mol slicrose 
= 0. 1 20 L soln 

7 .50 M X 25.0 � 3. 1 4 Mdil of HOS04 = j = 0.375 M H2S04 - 500. � 
Mass (g) of H2S04/nlL soln 

= 
0.375 mol H))Q4 

X � X 
98 .09 g H2S04 

1 � 1 0j mL 1 mol H))Q4 
= 3.68 X 1 0-2 g/mL soln 

3. 1 5  AI(OH)j(s) + 3HCI(aq) --- AIClj(aq) + 3H20(l) 
Volume (L) of HCI consumed 

1 mol AI(OHh 
= 0. 1 0  g AI(OHh X 

78 .00 g AI(OHh 
3 mol HGI 1 L soln X X -----

1 mol AI(OH)j 0. 1 0  mol HGI 
= 3.8 X 1 0-2 L soln 

Therefore, Al(OHh is more effective than Mg(OH)2' 
3.16 (a) Volume (L) of soln 

= OAOO mol Pb2+ 
1 mol Pb(GzHjOzh 1 L soln 

X . 0 +  X --------
1 mol Pb- 1 .50 mol Pb(G2Hj02)2 

= 0.267 L soln 
(b) Pb(C2Hj02h(aq) + 2NaCI(aq) ---

PbCl2(s) + 2NaC2HjOz(aq) 
Mass (g) of PbCl2 from Pb(C2Hj02h soln = I I I  g PbCI2 
Mass (g) of PbCI2 from NaCI soln = 59. 1 g PbCI2 
Thus, NaCI is the limiting reactant, and 59. 1 g of PbCI2 can form. 
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Problems 
Problems with colored numbers are answered in  Aprendix E. 
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are grouped in  pa irs 
( indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

The Mole 
(Sample Problems 3 . 1  to 3.3) 
3. 1 The atomic mass of CI is 35.45 amu, and the atomic mass of Al 

is 26.98 amu. What are the masses in grams of 2 mol of Al atoms 
and of 3 mol of CI atoms? 

3.2 (a) How many moles of C atoms are in 1 mol of sucrose 
(C I 2H220 1 1 )?  
(b) How many C atoms are in 1 mol of sucrose? 

3.3 Why might the expression " 1  mol of nitrogen" be confusing? 
What change would remove any uncertainty? For what other el­
ements might a similar confusion exist? Why? 

3.4 How is the molecular mass of a compound the same as the mo­
lar mass, and how is it different? 

3.5 What advantage is there to using a counting unit (the mole) in 
chemistry rather than a mass unit? 

3.6 Each of the following balances weighs the indicated numbers 
of atoms of two elements: 

(a) 

(c) 

Which element-left, right, or neither, 
(a) Has the higher molar mass? 
(b) Has more atoms per gram? 
(c) Has fewer atoms per gram? 
(d) Has more atoms per mole? 

13.7 Calculate the molar mass of each of the following: 
(a) Sr(OH)2 (b) N20 (c) NaCI03 (d) Cr203 

3.8 Calculate the molar mass of each of the following: 
(a) (NH4)3P04 (b) CH2CI2 (c) CuS04'5H20 (d) BrFs 

3.9 Calculate the molar mass of each of the following: 
(a) Sn02 (b) BaF2 (c) AI2(S04)3 (d) MnCI2 

3. 10  Calculate the molar mass of each of the following: 
(a) N204 (b) CsH l o  (c) MgS04'7H20 (d) Ca(C2H302h 

3. 1 1 Calculate each of the following quantities: 
(a) Mass in grams of 0.57 mol of KMn04 
(b) Moles of 0 atoms in 8 . 1 8  g of Mg(N03)2 
(c) Number of 0 atoms in 8 . 1  X 1 0 -3 g of CuS04'5H20 

3. 1 2  Calculate each of the following quantities: 
(a) Mass in kilograms of 3 . 8 X  1 020 molecules of N02 
(b) Moles of Cl atoms in 0.0425 g of C2H4CI2 
(c) Number of H- ions in 4.92 g of SrH2 

3. 1 3  Calculate each of the following quantities: 
(a) Mass in grams of 0.64 mol of MnS04 
(b) Moles of compound in 15 .8  g of Fe(CI04h 
(c) Number of N atoms in 92.6 g of NH4N02 

3. 1 4  Calculate each of the following quantities: 
(a) Total number of ions in 38. 1 g of CaF2 
(b) Mass in mj][ igrams of 3.58 mol of CuCI2'2H20 
(c) Mass in kilograms of 2.88 X l022 formula units of 
B i(N03h'5H20 

3. 1 5  Calculate each of the following quantities: 
(a) Mass in grams of 8 .41 mol of copper(I) carbonate 
(b) Mass in grams of 2.04X 1 02 1 molecules of dinitrogen penta­
oxide 
(c) Number of moles and formula units in 57.9 g of sodium per­
chlorate 
(d) Number of sodium ions, perchlorate ions, CI atoms, and 0 
atoms in the mass of compound in part (c) 

3. 1 6  Calculate each of the following quantities: 
(a) Mass in grams of 3.52 mol of chromium(III) sulfate deca­
hydrate 
(b) Mass in grams of 9.64X 1 024 molecules of dichlorine 
heptaoxide 
(c) Number of moles and formula units in 56.2 g of lithium 
sulfate 
(d) Number of lithium ions, sulfate ions, S atoms, and 0 atoms 
in the mass of compound in part (c) 

3. 1 7  Calculate each of the following: 
(a) Mass % of H in ammonium bicarbonate 
(b) Mass % of 0 in sodium dihydrogen phosphate heptahydrate 

3. 1 8  Calculate each of the following: 
(a) Mass % of I in strontium periodate 

I (b) Mass % of Mn in potassium permanganate 

3. 1 9  Cisplatin (right), or Platinol, is a 
powerful drug used in the treatment of CI 

certain cancers. Calculate (a) the moles 
of compound in 285.3 g of cisplatin; 
(b) the number of hydrogen atoms in 
0.98 mol of cisplatin. 

3.20 Propane is widely used in liquid form as a fuel for barbecue 
grills and camp stoves. For 75.3 g of propane, calculate (a) the 
moles of compound; (b) the grams of carbon. 

3.21 The effectiveness of a nitrogen fertil izer is determined mainly 
by its mass % N. Rank the following ferti lizers in terms of their 
effectiveness: potassium nitrate; ammonium nitrate; ammonium 
sulfate; urea, CO(NH2h. 

3.22 The mineral galena is composed of lead(II) sulfide and 
has an average density of 7 .46 g/cm3 . (a) How many moles of 
lead(II) sulfide are in 1 .00 ft3 of galena? (b) How many lead 
atoms are in 1 .00 dm3 of galena? 

3.23 Hemoglobin, a protein in red blood cells, carries O2 from the 
lungs to the body's cells. Iron (as felTous ion, Fe2+) makes up 



0.33 mass % of hemoglobin. If the molar mass of hemoglobin is 
6 .8X 104 g/mol, how many Fe2+ ions are in one molecule? 

Determining the Formula of an Unknown Compound 
(Sample Problems 3 .4 to 3 .6) 
3.24 Which of the following sets of information allows you to obtain 

the molecular formula of a covalent compound? In each case that 
allows it, explain how you would proceed (write a solution "Plan"). 
(a) Number of moles of each type of atom in a given sample of 
the compound 
(b) Mass % of each element and the total number of atoms in a 
molecule of the compound 
(c) Mass % of each element and the number of atoms of one el­
ement in a molecule of the compound 
(d) Empirical formula and the mass % of each element in the 
compound 
(e) Structural formula of the compound 

13.25 What is the empirical formula and empirical formula mass 
for each of the following compounds? 
(a) C2H4 (b) C2H602 (c) N20S (d) Ba3(P04h (e) Te4I1 6 

3.26 What is the empirical formula and empirical formula mass 
for each of the following compounds? 
(a) C4HS (b) C3H603 (c) P40IO (d) Ga2(S04)3 (e) Al2Br6 

3.27 What is the molecular formula of each compound? 
(a) Empirical formula CH2 (M = 42.08 g/mol) 
(b) Empirical formula NH2 (M = 32.05 g/mol) 
(c) Empirical formula N02 (M = 92.02 g/mol) 
(d) Empirical formula CHN (Jill = 1 35 . 1 4  g/mol) 

3.28 What is the molecular formula of each compound? 
(a) Empirical formula CH (M = 78 . 1 1  g/mol) 
(b) Empirical formula C3H602 (M = 74.08 g/mol) 
(c) Empirical formula HgCl (M = 472. 1 g/mol) 
(d) Empirical formula C7H402 (M = 240.20 g/mol) 

3.29 Determine the empirical formula of each of the following 
compounds: 
(a) 0.063 mol of chlorine atoms combined with 0.22 mol of oxy­
gen atoms 
(b) 2.45 g of silicon combined with 1 2.4 g of chlorine 
(c) 27.3 mass % carbon and 72.7 mass % oxygen 

3.30 Determine the empirical formula of each of the following 
compounds: 
(a) 0.039 mol of iron atoms combined with 0.052 mol of oxygen 
atoms 
(b) 0.903 g of phosphorus combined with 6.99 g of bromine 
(c) A hydrocarbon with 79.9 mass % carbon 

3.31 A sample of 0.600 mol of a metal M reacts completely with 
excess fluorine to form 46.8 g of MF2. 
(a) How many moles of F are in the sample of MF2 that forms? 
(b) How many grams of M are in this sample of MF2? 
(c) What element is represented by the symbol M? 

3.32 A sample of 0.370 mol of a metal oxide (M203) weighs 
55.4 g. 
(a) How many moles of ° are in  the sample? 
(b) How many grams of M are in the sample? 
(c) What element is represented by the symbol M? 

3.33 Cortisol (Jill = 362.47 g/mol), one of the major steroid hor­
mones, is a key factor in the synthesis of protein. Its profound 
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effect on the reduction of inflammation explains its use in the 
treatment of rheumatoid arthritis. Cortisol is 69.6% C, 8.34% H, 
and 22. 1  % ° by mass. What is its molecular formula? 

3.34 Menthol (Jill = 1 56.3 g/mol), a strong-smelling substance 
used in cough drops, is a compound of carbon, hydrogen, and 
oxygen. When 0. 1 595 g of menthol was subjected to combustion 
analysis, it produced 0.449 g of CO2 and 0. 1 84 g of H20. What 
is menthol 's molecular formula? 

Writing and Balancing Chemical Equations 
(Sample Problem 3.7) 
3.35 In the process of balancing the equation 

AI + CI2 -->- AICI3 
Student I writes: AI + CI2 -->- AlCI2 
Student II writes: AI  + CI2 + CI -->- AICl3 
Student III writes: 2AI + 3Cl2 -->- 2AICI3 
Is the approach of Student I valid? Student IT? Student Ill? Explain. 

3.36 The boxes below represent a chemical reaction between ele­
ments A (red) and B (green): 

Which of the following best represents the balanced equation for 
the reaction? 
(a) 2A + 2B -->- A2 + B2 
(c) B2 + 2AB -->- 2B2 + A2 

(b) A2 + B2 -->- 2AB 
(d) 4A2 + 4B2 -->- 8AB 

13.37 Write balanced equations for each of the following by insert­
ing the correct coefficients in the blanks: 
(a) _Cu(s) + _Ss(s) -->- _CU2S(S) 
(b) _P40 10(S) + _H20(l) -->- _H3P04(l) 
(c) _B203(S) + _NaOH(aq) -->-

_Na3B03(aq) + _H20(l) 
(d) _CH3NH2(g) + _02(g) -->-

_C02(g) + _H20(g) + _N2(g) 
3.38 Write balanced equations for each of the following by insert­

ing the correct coefficients in the blanks: 
(a) _Cu(N03hCaq) + _KOH(aq) -->-

_Cu(OHhCs) + _KN03(aq) 
(b) _BCI3(g) + _H20(l) -->- _H3B03(S) + _HCl(g) 
(c) _CaSi03(s) + _HF(g) -->-

_SiF4(g) + _CaF2(s) + _H20 (I) 
(d) _(CN)2(g) + _H20(l) -->- _H2C204(aq) + _NH3(g) 

3.39 Convert the following into balanced equations: 
(a) When gallium metal is heated in oxygen gas, it melts and 
forms solid gallium(m) oxide. 
(b) Liquid hexane burns in oxygen gas to form carbon dioxide 
gas and water vapor. 
(c) When solutions of calcium chloride and sodium phosphate 
are mixed, solid calcium phosphate forms and sodium chloride 
remains in solution. 

3.40 Convert the following into balanced equations: 
(a) When lead(II) nitrate solution is added to potassium iodide 
solution, solid lead(U) iodide forms and potassium nitrate solu­
tion remains. 
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(b) Liquid disilicon hexachloride reacts with water to form solid 
silicon dioxide, hydrogen chloride gas, and hydrogen gas. 
(c) When nitrogen dioxide is bubbled into water, a solution of ni­
tric acid forms and gaseous nitrogen monoxide is released. 

Calculating Amounts of Reactant and Product 
(Sample Problems 3 .8 to 3 . 1 1 )  

13.41 Potassium nitrate decomposes on heating, producing potas­
sium oxide and gaseous nitrogen and oxygen: 

4KN03(s) -- 2K20(s) + 2N2(g) + 502(g) 
To produce 88.6 kg of oxygen, how many' (a) moles of KN03 
must be heated? (b) Grams of KN03 must be heated? 

3.42 Chromium(III) oxide reacts with hydrogen sulfide (H2S) gas 
to form chromium(III) sulfide and water: 

Cr203(S) + 3H2S(g) -- Cr2S3(S) + 3H20(I) 
To produce 42 1 g of CrZS3, (a) how many moles of Cr203 are 
required? (b) How many grams of Cr203 are required? 

3.43 Calculate the mass of each product formed when 33 .61  g of 
diborane (B2H6) reacts with excess water: 

B2H6(g) + Hz0(l) -- H3B03(s) + Hz(g) [unbalanced] 
3.44 Calculate the mass of each product formed when 174 g of 

silver sulfide reacts with excess hydrochloric acid: 
Ag2S(s) + HCl(aq) -- AgCI(s) + H2S(g) [unbalanced] 

3.45 Elemental phosphorus occurs as tetratomic molecules, P 4. 
What mass of chlorine gas is needed to react completely with 
355 g of phosphorus to form phosphorus pentachloride? 

3.46 Elemental sulfur occurs as octatomic molecules, Ss. What 
mass of fluorine gas is needed to react completely with 1 7.8  g 
of sulfur to form sulfur hexafluoride? 

3.47 Many metals react with oxygen gas to form the metal oxide. 
For example, calcium reacts as follows: 

2Ca(s) + 02(g) -- 2CaO(s) 
You wish to calculate the mass of calcium oxide that can be pre­
pared from 4.20 g of Ca and 2.80 g of Oz. 
(a) How many moles of CaO can form from the given mass of Ca? 
(b) How many moles of CaO can form from the given mass 
of Oz? 
(c) Which is the limiting reactant? 
(d) How many grams of CaO can form? 

3.48 Metal hydrides react with water to form hydrogen gas and the 
metal hydroxide. For example, 

SrHz(s) + 2Hz0(l) -- Sr(OHh(s) + 2Hz (g) 
You wish to calculate the mass of hydrogen gas that can be pre­
pared from 5 .63 g of SrH2 and 4.80 g of HzO. 
(a) How many moles of Hz can form from the given mass of SrH2? 
(b) How many moles of H2 can form from the given mass of H20? 
(c) Which is the limiting reactant? 
(d) How many grams of H2 can form? 

3.49 Calculate the maximum numbers of moles and grams of iodic 
acid (HI03) that can form when 685 g of iodine trichloride reacts 
with 1 17.4 g of water: 

ICl3 + H20 -- ICI + HI03 + HCI [unbalanced] 
What mass of the excess reactant remains? 

3.50 Calculate the maximum numbers of moles and grams of HzS 
that can form when 1 5 8  g of aluminum sulfide reacts with 1 3 1  g 
of water: 

Al2S3 + H20 -- AI(OHh + H2S [unbalanced] 
What mass of the excess reactant remains? 

3.5 1 When 0. 1 00 mol of carbon is burned in a closed vessel with 
8.00 g of oxygen, how many grams of carbon dioxide can form? 
Which reactant is in excess, and how many grams of it remain 
after the reaction? 

3.52 A mixture of 0.0359 g of hydrogen and 0.0 1 75 mol of oxygen 
in a closed container is sparked to initiate a reaction. How many 
grams of water can form? Which reactant is in excess, and how 
many grams of it remain after the reaction? 

3.53 Aluminum nitrite and ammonium chloride react to form alu­
minum chloride, nitrogen, and water. What mass of each sub­
stance is present after 62.5 g of aluminum nitrite and 54.6 g of 
ammonium chloride react completely?  

3.54 Calcium nitrate and ammonium fluoride react to form cal­
cium fluoride, dinitrogen monoxide, and water vapor. What mass 
of each substance is present after 1 6.8 g of calcium nitrate and 
1 7.50 g of ammonium fluoride react completely? 

3.55 Two successive reactions, A - B and B -- C, have 
yields of 82% and 65%, respectively. What is the overall percent 
yield for conversion of A to C? 

3.56 Two successive reactions, D - E and E -- F, have 
yields of 48% and 73%, respectively. What is the overall percent 
yield for conversion of D to F? 

3.57 What is the percent yield of a reaction in which 4 1 .5 g of 
tungsten(VI) oxide (W03) reacts with excess hydrogen gas to 
produce metallic tungsten and 9.50 mL of water (d = 1 .00 g/mL)? 

3.58 What is the percent yield of a reaction in which 200. g of 
phosphorus trichloride reacts with excess water to form 1 28 g of 
HCI and aqueous phosphorous acid (H3P03)? 

3.59 When 1 8.5 g of methane and 43.0 g of chlorine gas undergo 
a reaction that has an 80.0% yield, what mass of chloromethane 
(CH3CI) forms? Hydrogen chloride also forms. 

3.60 When 56.6 g of calcium and 30.5 g of nitrogen gas undergo a re­

I action that has a 93.0% yield, what mass of calcium nitride forms? 

3.61 Cyanogen, (CN)z, has been observed in the atmosphere ofTi-
tan, Saturn's largest moon, and in the gases of interstellar nebu­
las. On Earth, it is used as a welding gas and a fumigant. In its 
reaction with fluorine gas, carbon tetrafluoride and nitrogen tri­
fluoride gases are produced. What mass of carbon tetrafluoride 
forms when 80.0 g of each reactant is used? 

3.62 Gaseous butane is compressed and used as a liquid fuel in 
disposable cigarette lighters and lightweight camping stoves. 
Suppose a lighter contains 6.50 mL of butane (d = 0.579 g/mL). 
(a) How many grams of oxygen are needed to bum the butane 
completely? 
(b) How many moles of CO2 form when all  the butane burns? 
(c) How many total molecules of gas form when the butane 
burns completely? 

3.63 Sodium borohydride (NaBH4) is used industrially in many 
organic syntheses. One way to prepare it is by reacting sodium 
hydride with gaseous diborane (BzH6). Assuming a 95.5% yield, 



how many grams of NaBH4 can be prepared by reacting 7 .88 g 
of sodium hydride and 8 . 1 2  g of diborane? 

Fundamentals of Solution Stoichiometry 
(Sample Problems 3 . 1 2  to 3 . 1 6) 
3.64 Box A represents a unit volume of a solution. Choose from 

boxes B and C the one representing the same unit volume of so­
lution that has (a) more solute added; (b) more solvent added; 
(c) higher molarity; (d) lower concentration. 

13.65 Calculate each of the following quantities: 
(a) Grams of solute in 1 75 . 8  mL of 0.207 M calcium acetate 
(b) Molarity of 500. mL of solution containing 2 1 . 1  g of potas­
sium iodide 
(c) Moles of solute in 145.6 L of 0.850 M sodium cyanide 

3.66 Calculate each of the following quantities: 
(a) Volume in liters of 2.26 M potassium hydroxide that contains 
8.42 g of solute 
(b) Number of Cu2+ ions in 52 L of 2.3 M copper(IJ) chloride 
(c) Molarity of 275 mL of solution containing 1 35 mmol of glucose 

3.67 Calculate each of the following quantities: 
(a) Molarity of a solution prepared by diluting 37.00 mL of 
0.250 M potassium chloride to 1 50.00 mL 
(b) Molarity of a solution prepared by diluting 25 . 7 1  mL of 
0.0706 M ammonium sulfate to 500.00 mL 
(c) Molarity of sodium ion in a solution made by mixing 
3.58 mL of 0.288 M sodium chloride with 500. mL of 
6.5 1 X 10-3 M sodium sulfate (assume volumes are additive) 

3.68 Calculate each of the following quantities: 
(a) Volume of 2.050 M copper(II) nitrate that must be diluted 
with water to prepare 750.0 mL of a 0.8543 M solution 
(b) Volume of 1 .03 M calcium chloride that must be diluted with 
water to prepare 350. mL of a 2.66X 10-2 M chloride ion solution 
(c) Final volume of a 0.0700 M solution prepared by diluting 
1 8 .0 mL of 0. 155  M lithium carbonate with water 

3.69 A sample of concentrated nitric acid has a density of 
1 .4 1  g/mL and contains 70.0% HN03 by mass. 
(a) What mass of HN03 is present per liter of solution? 
(b) What is the molarity of the solution? 

3.70 Concentrated sulfuric acid ( 1 8 .3 M) has a density of 1 .84 glmL. 
(a) How many moles of sulfuric acid are present per milliliter of 
solution? 
(b) What is the mass % of H2S04 in the solution? 

3.71 How many milliliters of 0.383 M HCl are needed to react 
with 1 6.2 g of CaC03? 
2HCl(aq) + CaC03(s) -- CaCI2(aq) + CO2(g) + H20(l) 

3.72 How many grams of NaH2P04 are needed to react with 
38.74 mL of 0.275 M NaOH? 

NaH2P04(S) + 2NaOH(aq) -- Na3P04(aq) + 2H20(l) 

3.73 How many grams of solid barium sulfate form when 25.0 mL 
of 0 . 1 60 M barium chloride reacts with 68.0 mL of 0.055 M 
sodium sulfate? Aqueous sodium chloride is the other product. 
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3.74 Which reactant is in excess and by how many moles when 
350.0 mL of 0.2 1 0  M sulfuric acid reacts with 0.500 L of 0. 1 96 M 

I sodium hydroxide to form water and aqueous sodium sulfate? 

3.75 Muriatic acid, an industrial grade of concentrated HCI, is 
used to clean masonry and etch cement for painting. Its concen­
tration is 1 1 .7 M. 
(a) Write instructions for diluting the concentrated acid to 
make 5.0 gallons of 3.5 M acid for routine use ( 1  gal = 4 qt; 
1 qt = 0.946 L). 
(b) How many milliliters of the muriatic acid solution contain 
9.55 g of HCI? 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 
3.76 Narceine is a narcotic in opium. It crystallizes from water so­

lution as a hydrate that contains 10 .8  mass % water. If the molar 
mass of narceine hydrate is 499.52 g/mol, determine x in nar­
ceine·xH20. 

3.77 Hydrogen-containing fuels have a "fuel value" based on their 
mass % H. Rank the following compounds from highest mass % 
H to lowest: ethane, propane, benzene, ethanol, cetyl palmitate 
(whale oil, C32H6402)' 

ethane 

o 

3.78 Convert the following descriptions of reactions into balanced 
equations: 
(a) In a gaseous reaction, hydrogen sulfide burns in oxygen to 
fOlm sulfur dioxide and water vapor. 
(b) When crystalline potassium chlorate is heated to just above 
its melting point, it reacts to form two different crystalline com­
pounds, potassium chloride and potassium perchlorate. 
(c) When hydrogen gas is passed over powdered iron (III) oxide, 
iron metal and water vapor form. 
(d) The combustion of gaseous ethane in air forms carbon diox­
ide and water vapor. 
(e) lron(Il) chloride is converted to iron (III) fluoride by treat­
ment with chlorine trifluoride gas. Chlorine gas is also formed. 

3.79 Isobutylene is a hydrocarbon used in the manufacture of syn­
thetic rubber. When 0.847 g of isobutylene was analyzed by com­
bustion (using an apparatus sirnilar to that in Figure 3.5), the gain 
in mass of the CO2 absorber was 2.657 g and that of the H20 ab­
sorber was 1 .089 g. What is the empirical formula of isobutylene? 

3.80 One of the compounds used 
to increase the octane rating 
of gasoline is toluene (right). 
Suppose 1 5 .0 mL of toluene 
(d = 0.867 g/mL) is consumed 
when a sample of gasoline burns 
in air. 
(a) How many grams of oxygen are needed for complete com­
bustion of the toluene? 
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(b) How many total moles of gaseous products form? 
(c) How many molecules of water vapor form? 

3.8 1 During studies of the reaction in Sample Problem 3 . 1 0, 
N204(l) + 2N2H4(l) ->- 3N2(g) + 4H20(g) 

a chemical engineer measured a less-than-expected yield of N2 
and discovered that the following side reaction occurs: 

2N204(l) + N2H4(l) --- 6NO(g) + 2H20(g) 
In one experiment, 1 0.0 g of NO formed when 1 00.0 g of each 
reactant was used. What is the highest percent yield of N2 that 
can be expected? 

3.82 The following boxes represent a chemical reaction between 
AB2 and B2: 

(a) Write a balanced equation for the reaction. 
(b) What is the limiting reactant in this reaction? 
(c) How many moles of product can be made from 3.0 mol of B2 
and 5.0 mol of AB2? 
(d) How many moles of excess reactant remain after the reaction 
in part (c)? 

3.83 Seawater is approximately 4.0% by mass dissolved ions. 
About 85% of the mass of the dissolved ions i s  from NaCl. 
(a) Calculate the mass percent of NaCI in seawater. 
(b) Calculate the mass percent of Na + ions and of Cl- ions in 
seawater. 
(c) Calculate the molarity of NaCl in seawater at 1 5°C (d of sea­
water at 1 5°C = 1 .025 g/mL). 

3.84 Is each of the following statements true or false? Correct any 
that are false: 
(a) A mole of one substance has the same number of atoms as a 
mole of any other substance. 
(b) The theoretical yield for a reaction is based on the balanced 
chemical equation. 
(c) A limiting-reactant problem is presented when the quantity of 
available material is given in moles for one of the reactants. 
(d) The concentration of a solution is an intensive property, but 
the amount of solute in a solution is an extensive property. 

3.85 Box A represents one unit volume of solution A. Which 
box-B, C, or D-represents one unit volume after adding 
enough solvent to solution A to (a) triple its volume; (b) double 
its volume; (c) quadruple its volume? 

A 

solvent � 

B c D 

3.86 In each pair, choose the larger of the indicated quantities or 
state that the samples are equal: 
(a) Entities: 0.4 mol of 03 molecules or 0.4 mol of 0 atoms 
(b) Grams: 0.4 mol of 03 molecules or 0.4 mol of 0 atoms 

(c) Moles: 4.0 g of N204 or 3 .3 g of S02 
(d) Grams : 0.6 mol of C2H4 or 0.6 mol of F2 
(e) Total ions: 2.3 mol of sodium chlorate or 2.2 mol of magne­
sium chloride 
(f) Molecules: l .0 g of H20 or l .0 g of H202 
(g) Na + ions: 0.500 L of 0.500 M NaBr or 0.0 1 46 kg of NaCl 
(h) Mass: 6.02X 1 023 atoms of 23SU or 6.02 X 1 023 atoms of 23SU 

3.87 Balance the equation for the reaction between solid tetraphos­
phorus trisulfide and oxygen gas to form solid tetraphosphorus 
decaoxide and gaseous sulfur dioxide. Tabulate the equation (see 
Table 3 .2) in terms of (a) molecules, (b) moles, and (c) grams. 

3.88 Hydrogen gas has been suggested as a clean fuel because it 
produces only water vapor when it burns. If the reaction has a 
98.8% yield, what mass of hydrogen forms 85.0 kg of water? 

3.89 Assuming that the volumes are additive, what is the concen­
tration of KBr in a solution prepared by mixing 0.200 L of 
0.053 M KEr with 0.550 L of 0.078 M KEr? 

3.90 Calculate each of the following quantities: 
(a) Moles of compound in 0.588 g of ammonium bromide 
(b) Number of potassium ions in 68.5 g of potassium nitrate 
(c) Mass in grams of 5 .85 mol of glycerol (C3Hs03) 
(d) Volume of 2.55 mol of chloroform (CHCI3 ; d = 1 .48 g/mL) 
(e) Number of sodium ions in 2. 1 1  mol of sodium carbonate 
(f) Number of atoms in 1 0.0 f.Lg of cadmium 
(g) Number of atoms in 0.00 1 5  mol of fluorine gas 

3.91 Elements X (green) and Y (purple) react according to the fol­
lowing equation: X2 + 3Y 2 ->- 2XY 3 ' Which molecular scene 
represents the product of the reaction? 

A � ______________ � B '--______________ � 

c D '--______________ � 

3.92 Hydrocarbon mixtures are used as fuels. How many grams of 
CO2(g) are produced by the combustion of 200. g of a mixture 
that is 25.0% CH4 and 75.0% C3Hs by mass? 

* 3.93 Nitrogen (N), phosphorus (P), and potassium (K) are the 
main nutrients in plant fertilizers. According to an industry con­
vention, the numbers on the label refer to the mass percents of N, 
P20S, and K20, in that order. Calculate the N:P:K ratio of a 
30: 1 0: 1 0  fertilizer in terms of moles of each element, and ex­
press it as x:y: l .O. 

3.94 A 0.652-g sample of a pure strontium halide reacts with ex­
cess sulfuric acid, and the solid strontium sulfate formed is sep­
arated, dried, and found to weigh 0.755 g. What is the formula of 
the original halide? 

* 3.95 When carbon-containing compounds are burned in a limited 
amount of air, some CO(g) as well as CO2(g) is produced. A 



gaseous product mixture is 35.0 mass % CO and 65.0 mass % 
CO2. What is the mass % C in the mixture? 

3.96 Ferrocene, first synthesized in 1 95 1 ,  was the first organic iron 
compound with Fe-C bonds. An understanding of the struc­
ture of ferrocene gave rise to new ideas about chemical bonding 
and led to the preparation of many useful compounds. In the 
combustion analysis of ferrocene, which contains only Fe, C, 
and H, a 0.9437-g sample produced 2.233 g of CO2 and 
0.457 g of H20. What is the empirical formula of ferrocene? 

* 3.97 Citric acid (right) is concen-
trated in citrus fruits and plays a 
central metabolic role in nearly 
every animal and plant cel l .  
(a) What are the molar mass and 
formula of citric acid? 
(b) How many moles of citric 
acid are in 1 .50 qt of lemon 
juice (d = 1 .09 g/mL) that is 
6.82% citric acid by mass? 

* 3.98 Fluorine is so reactive that it forms compounds with materi­
als inert to other treatments. 
(a) When 0.327 g of platinum is heated in fluorine, 0.5 1 9  g of a 
dark red, volatile solid forms. What i s  its empirical formula? 
(b) When 0.265 g of this red solid reacts with excess xenon gas, 
0.378 g of an orange-yellow solid forms. What is the empirical 
formula of this compound, the first noble gas compound formed? 
(c) Fluorides of xenon can be formed by direct reaction of the 
elements at high pressure and temperature. Depending on 
conditions, the product mixture may include the difluoride, the 
tetrafluoride, and the hexafluoride. Under conditions that pro­
duce only the tetra- and hexafluorides, 1 . 85 X 1 0-4 mol of xenon 
reacted with 5 .00X 1 0 -4 mol of fluorine, and 9.00X 1 0-6 mol of 
xenon was found in excess. What are the mass percents of each 
xenon fluoride in the product mixture? 

3.99 Hemoglobin is 6.0% heme (C34H32FeN404) by mass. To re­
move the heme, hemoglobin is treated with acetic acid and NaCI 
to form hemin (C34H32N404FeCI). At a crime scene, a blood 
sample contains 0.45 g of hemoglobin. 
(a) How many grams of heme are in the sample? 
(b) How many moles of heme? 
(c) How many grams of Fe? 
(d) How many grams of hemin could be formed for a forensic 
chemist to measure? 

* 3.100 Manganese is a key component of extremely hard steel. The 
element occurs naturally in many oxides. A 542.3-g sample of a 
manganese oxide has an Mn:O ratio of 1 .00: 1 .42 and consists of 
braunite (Mn203) and manganosite (MnO). 
(a) What masses of braunite and manganosite are in the ore? 
(b) What is the ratio Mn3 + :Mn2+ in the ore? 

3. 10 1  Sulfur dioxide is a major industrial gas used primarily for 
the production of sulfuric acid, but also as a bleach and food pre­
servative. One way to produce it is by roasting iron pyrite (iron 
disulfide, FeS2) in oxygen, which yields the gas and solid 
iron(III) oxide. What mass of each of the other three substances 
are involved in producing 1 .00 kg of sulfur dioxide? 

Problems 1 07 

3. 1 02 The human body excretes nitrogen in the form of urea, 
NH2CONH2· The key biochemical step in urea formation is the 
reaction of water with arginine to produce urea and ornithine: 

+ - + 

Arginine Water Urea Ornithine 

(a) What is the mass percent of nitrogen in urea, arginine, and 
ornithine? (b) How many grams of nitrogen can be excreted as 
urea when 143.2 g of ornithine is produced? 

3.103 Aspirin (acetylsalicylic acid, C9Hs04) can be made by re­
acting salicylic acid (C7H603) with acetic anhydride 
[(CH3CO)z0] : 
C7H603(s) + (CH3CO)z0(l) - C9Hs04(s) + CH3COOH(l) 
In one reaction, 3.027 g of salicylic acid and 6.00 mL of acetic 
anhydride react to form 3 .26 1 g of aspirin. 
(a) Which is the l imiting reactant (d of acetic anhydride 
1 .080 g/mL)? 
(b) What is the percent yield of this reaction? 

* 3. 1 04 When powdered zinc is heated with sulfur, a violent reaction 
occurs, and zinc sulfide forms: 

Zn(s) + S8(S) - ZnS(s) [unbalanced] 
Some of the reactants also combine with oxygen in air to form 
zinc oxide and sulfur dioxide. When 85.2 g of Zn reacts with 
52.4 g of S8, 1 05.4 g of ZnS forms. What is the percent yield of 
ZnS? (b) If all the remaining reactants combine with oxygen, 
how many grams of each of the two oxides form? 

* 3. 1 05 High-temperature superconducting oxides hold great prom­
ise in the utility, transportation, and computer industries. (a) One 
superconductor is La2-xSr�Cu04. Calculate the molar mass of 
this oxide when x = 0, x = 1 ,  and x = 0. 1 63 (the last character­
izes the compound with optimum superconducting properties). 
(b) Another common superconducting oxide is made by heating 
a mixture of barium carbonate, copper(ll) oxide, and yttrium(III) 
oxide, followed by further heating in 02: 
4BaC03(s) + 6CuO(s) + Y203(S) -

2YBa2Cu306 S(S) + 4C02(g) 
2YBa2Cu306 S(S) + �02(g) - 2YBa2Cu307(S) 

When equal masses of the three reactants are heated, which re­
actant is l imiting? 
(c) After the product in part (b) is removed, what is the mass per­
cent of each reactant in the solid mixture remaining? 

* 3. 1 06 The zirconium oxalate K2Zr(C204h(H2C204)· H20 was 
synthesized by mixing 1 .60 g of ZrOCI2·8H20 with 5 .20 g of 
H2C204·2H20 and an excess of aqueous KOH. After 2 months, 
1 .20 g of crystalline product was obtained, as well as aqueous 
KCl and water. Calculate the percent yield. 



C HAPTER FOUR 

The Ma jor Classes of 
Chemica l  Reactions 

Key Principles 
• Many chemical reactions occur in water. Because of the shape of its 

molecules and their distribution of electrons, water is a polar mol­
ecule. In water, many ionic compounds and a few simple covalent 
compounds, such as HCI,  dissociate into ions. 

• To describe an aqueous ionic reaction, chemists use a net ionic equa­
tion because it eliminates spectator ions (those not involved in the 
reaction) and shows the actual chemical change taking place. 

• Precipitation reactions occur when soluble ionic compounds exchange 
ions (metathesis) and form an insoluble product (preCipitate) in 
which the ions attract each other so strongly that water cannot pull 
them apart. 

• In solution, an acid produces H+ ions, and a base produces OH- ions. 
In an acid-base (neutralization) reaction, the H +  and the OH- ions 
form water. Another way to view such a reaction is to see an acid as 
a substance that transfers a proton (H+) to a base. 

Outl ine 

Classifying the Countless There are countless chemical reactions but only a 
few reaction classes. These swirling particles of silver chromate form through 
one of the three major classes discussed in this chapter. 

• Oxidation is defined as electron loss, and reduction as electron gain. In  
an oxidation-reduction (redox) reaction, electrons move from one re­
actant to the other: the reducing agent is oxidized (loses electrons), 
and the oxidizing agent is reduced (gains electrons). Chemists use 
oxidation numbers, the numbers of electrons "owned" by the atoms 
in reactants and products, to follow these changes. 

• Many common redox reactions involve elements as reactants or prod­
ucts. In an activity series, metals are ranked according to their ability 
to displace H2 (reduce H+) from water or acid or reduce the cation 
of another metal from solution. 

4.1 The Role of Water as a Solvent 
Polar Nature of Water 

4.3 Precipitation Reactions 4.5 Oxidation-Reduction (Redox) Reactions 
The Key Event: Movement of Electrons 
Redox Terminology Ionic Compounds in Water 

Covalent Compounds in Water 

4.2 Writing Equations for Aqueous Ionic 
Reactions 

1 08 

The Key Event: Formation of a Solid 
Predicting Whether a Precipitate Will Form 

4.4 Acid-Base Reactions 
The Key Event: Formation of Water 
Acid-Base Titrations 
Proton Transfer in Acid-Base Reactions 

Oxidation Numbers 

4.6 Elements in Redox Reactions 



4. 1 The Role of Water as a Solvent 

Rapid chemical changes occur among gas molecules as sunlight bathes the atmo­
sphere or lightning rips through a stormy sky. Aqueous reactions go on unceas­

ingly in the gigantic containers we know as oceans. And, in every cell of your body, 
thousands of reactions taking place right now allow you to function. Indeed, the 
amazing variety in nature is largely a consequence of the amazing variety of chem­
ical reactions. 

Of the millions of chemical reactions occurring in and around you, we have 
examined only a tiny fraction so far, and it would be impossible to examine them 
all .  FOltunately, it isn ' t  necessary to catalog every reaction, because when we sur­
vey even a small percentage of reactions, a few major patterns emerge. In this 
chapter, we examine the underlying nature of the three most common reaction 
processes. Many reactions occur in aqueous solution, so first we'll highlight the 
importance of water. 

4. 1 THE ROLE OF WATER AS A SOLVENT 

Our first step toward comprehending aqueous reactions is to understand how water 
acts as a solvent. The role a solvent plays in a reaction depends on its chemical 
nature. Some solvents play a passive role, dispersing the dissolved substances into 
individual molecules but doing nothing further. Water plays a much more active 
role, interacting strongly with the substances and, in some cases, even reacting 
with them. To understand this active role, we' ll examine the structure of water 

and how it interacts with ionic and covalent solutes. 

The Polar Nature of Water 
Of the many thousands of reactions that occur in the environment and in organ­
isms, nearly all take place in water. Water's remarkable power as a solvent results 
from two features of its molecules: the distribution of the bonding electrons and 
the overall shape. 

Recall from Section 2.7 that the electrons in a covalent bond are shared 
between the bonded atoms. In a covalent bond between identical atoms (as in H2, 
Clb O2, etc.), the sharing is equal, so no imbalance of charge appears (Figure 
4. 1 A) .  On the other hand, in covalent bonds between nonidentical atoms,  the shar­
ing is unequal : one atom attracts the electron pair more strongly than the other. 
For reasons discussed in Chapter 9, an 0 atom attracts electrons more strongly 
than an H atom. Therefore, in each O-H bond in water, the shared electrons 
spend more time closer to the 0 atom. 

This unequal distribution of negative charge creates partially charged "poles" 
at the ends of each O-H bond (Figure 4 . 1B) .  The 0 end acts as a slightly 
negative pole (represented by the red shading and the 0 - ), and the H end acts as 
a slightly positive pole (represented by the blue shading and the 0 + ). Figure 4. 1 C  
indicates the bond's polarity with a polar arrow (the arrowhead points to the 
negative pole and the tail is crossed to make a "plus"). 

The H -0-H arrangement forms an angle, so the water molecule is bent. 
The combined effects of its bent shape and its polar bonds make water a polar 

molecule: the 0 portion of the molecule is the partially negative pole, and the 
region midway between the H atoms is the partially positive pole (Figure 4. 1 D) .  

Ionic Compounds in Water 
In an ionic solid, the oppositely charged ions are held next to each other by elec­
trostatic attraction (see Figure 1 .3C). Water separates the ions by replacing that 
attraction with one between the water molecules and the ions. Imagine a granule 

Concepts & Ski l ls to Review 
Before You Study This Chapter 

• names and formulas of compounds 
(Section 2.8) 

1 09 

• nature of ionic and covalent bonding 
(Section 2.7) 

• mole-mass-number conversions 
(Section 3.1) 

• molarity and mole-volume conversions 
(Section 3.5) 

• balancing chemical equations 
(Section 3.3) 

• calculating amounts of reactants and 
products (Section 3.4) 

A 

6-

B 
6-

c 
6-

D 

Figure 4. 1  Electron distribution in 
molecules of H2 and H20. A, In H2, the 
identical nuclei attract the electrons 
equally. The central region of higher elec­

tron density (red) is balanced by the two 
outer regions of lower electron density 

(blue). B, In H20, the 0 nucleus attracts 

the shared electrons more strongly than 

the H nucleus. C, In this ball-and-stick 

model, a polar arrow points to the nega­
tive end of each O-H bond. D, The two 
polar O-H bonds and the bent shape 

give rise to the polar H20 molecule. 

1 09 



1 1 0 

Figure 4.2 The dissolution of an ionic 
compound. When an ionic compound 
dissolves in water, H20 molecules sepa­
rate, surround, and disperse the ions into 
the l iquid. The negative ends of the H20 
molecules face the positive ions and the 
positive ends face the negative ions. 

Animation: Dissolution of an Ionic 
and a Covalent Compound 
Online Learning Center 
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of an ionic compound surrounded by bent, polar water molecules. The negative 
ends of some water molecules are attracted to the cations, and the positive ends 
of others are attracted to the anions (Figure 4.2).  Gradually, the attraction between 
each ion and the nearby water molecules outweighs the attraction of the ions for 
each other. By this process, the ions separate (dissociate) and become solvated, 

surrounded tightly by solvent molecules, as they move randomly in the solution. 
A similar scene occurs whenever an ionic compound dissolves in water. 

Although many ionic compounds dissolve in water, many others do not. In 
the latter cases, the electrostatic attraction among ions in the compound remains 
greater than the attraction between ions and water molecules, so the solid stays 
largely intact. Actually, these so-called insoluble substances do dissolve to a very 
small extent, usually several orders of magnitude less than so-called soluble sub­
stances. Compare, for example, the solubilities of NaCl (a "soluble" compound) 
and AgCI (an "insoluble" compound) : 

Solubility of NaCI in H20 at 20°C = 365 gIL 
Solubility of AgCI in H20 at 20°C = 0.009 gIL 

When an ionic compound dissolves, an important change occurs in the solu­
tion. Figure 4.3 shows this change with a simple apparatus that demonstrates elec­
trical conductivity, the flow of electric current. When the electrodes are immersed 
in pure water or pushed into an ionic solid, such as potassium bromide (KEr), no 
current flows. In an aqueous KEr solution, however, a significant current flows, 
as shown by the brightly lit bulb. This current flow implies the movement of 
charged particles: when KEr dissolves in water, the K+ and Br- ions dissociate, 
become solvated, and move toward the electrode of opposite charge. A substance 
that conducts a current when dissolved in water is an electrolyte. Soluble ionic 
compounds are called strong electrolytes because they dissociate completely into 
ions and create a large current. We express the dissociation of KEr into solvated 
ions in water as follows: 

KBr(s) � K+(aq) + Br-(aq) 
The "H20" above the arrow indicates that water is required as the solvent but is 
not a reactant in the usual sense. 

The formula of the compound tells the number of moles of different ions that 
result when the compound dissolves. Thus, 1 mol of KEr dissociates into 2 mol 
of ions-l mol of K+ and 1 mol of Br-.  The upcoming sample problem goes 
over this idea. 



A Distilled water does not 
conduct a current 

4. 1 The Role of Water as a Solvent 

B Positive and negative ions 
fixed in a solid do not 
conduct a current 

SAMPLE PROBLEM 4. 1 Determining Moles of Ions in Aqueous Ionic Solutions 
Problem How many moles of each ion are in each solution? 
(a) 5.0 mol of ammonium sulfate dissolved in water 
(b) 78.5 g of cesium bromide dissolved in water 
(c) 7.42 X 1 022 formula units of copper(II) nitrate dissolved in water 
(d) 35 mL of 0.84 M zinc chloride 
Plan We write an equation that shows 1 mol of compound dissociating into ions. In (a), 

we multiply the moles of ions by 5 .0.  In (b), we first convert grams to moles. In (c), we 
first convert formula units to moles. In (d), we first convert molarity and volume to moles. 
Solution (a) (NH4)2S04(S) H20 I 2NH4+ (aq) + SO/-(aq) 
Remember that, in general, polyatomic iof,ls remain as intact units in solution. 

Calculating moles of NH4 + ions: 
2 mol NH4+ 

Moles of NH4 + = 5.0 mol (NH4hS04 X 
SO 

10. mol NH4 + 
1 mol (NH4h 4 

5.0 mol of S O/- is also present. 

(b) CsBr(s) H20 I Cs+(aq) + Br-(aq) 
Converting from grams to moles: 

1 mol CsBr 
Moles of CsBr = 78.5 g-Gs& X = 0.369 mol CsBr 

2 1 2.8 g-Gs& 
Thus, 0.369 mol of Cs + and 0.369 mol of Br - are present. 

C In solution, positive and 
negative ions move and 
conduct a current 

1 1 1  

Figure 4.3 The electrical conductivity 
of ionic solutions. A, When electrodes 

connected to a power source are placed 

in distilled water, no current flows and the 

bulb is unlit. B, A solid ionic compound, 

such as KBr, conducts no current be­
cause the ions are bound tightly together. 

C, When KBr dissolves in H20, the ions 
separate and move through the solution 
toward the oppositely charged elec­
trodes, thereby conducting a current. 

� Animation: Strong Electrolytes, 
� Weak Electrolytes, and Nonelectrolytes 

Online Learning Center 
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(c) Cu(N03h(s) H20, Cu2+(aq) + 2N03-(aq) 
Converting from formula units to moles: 

Moles of Cu(N03h = 7.42 X 1 022 f-Gfmu-la--Hffit&-C--H{NQ�2 
1 mol Cu(N03h 

X ?3 6.022 X 10- formula units GuEN03h 
= 0. 1 23 mol Cu(N03h 

_ 2 mol N03-
Moles of N03 = 0. 1 23 mel--GuEN03h X 

1 
1 c ("'\10 ) 

0. 1 23 mol of Cu2+ is also present. 
(d) ZnCI2(aq) - Zn2+(aq) + 2Cl-Caq) 
Converting from liters to moles: 

rna bU�±" '='312 0.246 mol N03 -

1 -b 0.84 mol ZnCl2 -2 Moles of ZnCl2 = 35 rn-b X -3-- X = 2.9 X 1 0  mol ZnCl2 
10 rn-b 1 -b 

2 mol CI-
Moles of Cl- = 2.9X 10-2 mol ZnGl2 X 

GI 1 mol Zn 2 
2.9X 1 0-2 mol of Zn2+ is also present. 

5 . 8 X  1 0-2 mol Cl-

Check After you round off to check the math, see if the relative moles of ions are con­
sistent with the formula. For instance, in (a), 10 mol NH4 + 15.0 mol SO/- = 2 NH4 + 1 
1 SO/-, or (NH4hS04' In (d), 0.029 mol Zn2+/0.058 mol Cl- = 1 Zn2+12 Cl-, or ZnCh. 

FOLLOW·UP PROBLEM 4. 1 How many moles of each ion are in each solution? 
(a) 2 mol of potassium perchlorate dissolved in water 
(b) 354 g of magnesium acetate dissolved in water 
(c) 1 .88 X 1 024 formula units of ammonium chromate dissolved in water 
(d) 1 .32 L of 0.55 M sodium bisulfate 

Covalent Compounds in Water 
Water dissolves many covalent compounds also. Table sugar (sucrose, C' 2H220 , , ) ,  
beverage (grain) alcohol (ethanol, CH3CH20H), and automobile antifreeze 
(ethylene glycol, HOCH2CH20H) are some familiar examples. All contain their 
own polar bonds, which interact with those of water. However, even though these 
substances dissolve, they do not dissociate into ions but remain as intact mol­
ecules. As a result, their aqueous solutions do not conduct an electric current, and 
these substances are called nonelectrolytes. Many other covalent substances, such 
as benzene (C6H6) and octane (CsH , s) ,  do not contain polar bonds, and these sub­
stances do not dissolve appreciably in water. 

Acids and the Solvated Proton A small, but extremely important, group of 
H-containing covalent compounds interacts so strongly with water that their mol­
ecules do dissociate into ions. In aqueous solution, these substances are acids, as 
you ' l l  see shortly. The molecules contain polar bonds to hydrogen, in which 
the atom bonded to H pulls more strongly on the shared electron pair. A good 
example is hydrogen chloride gas . The CI end of the HCI molecule is partially 
negative, and the H end is partially positive. When HCI dissolves in water, the 
partially charged poles of H20 molecules are attracted to the oppositely charged 
poles of HCl. The H -Cl bond breaks, with the H becoming the solvated cation 
H+ (aq) (but see the discussion following the next sample problem) and the CI 
becoming the solvated anion CI- (aq). Hydrogen bromide behaves similarly when 
it dissolves in water: 

H,O + _ HBr(g) ------"-+ H (aq) + Br (aq) 



4.2 Writing Equations for Aqueous Ionic Reactions 

SAMPLE PROBLEM 4 . 2  Determining the Molarity o f  W Ions in an Aqueous 
Solution of an Acid 

Problem Nitric acid is a major chemical in the fertilizer and explosives industries. In aque­
ous solution, each molecule dissociates and the H becomes a solvated H+ ion. What is 
the molarity of H + (aq) in 1 .4 M nitric acid? 
Plan We know the molarity of acid ( 1 .4 M), so we just need the formula to find the num­
ber of moles of H+ (aq) present in I L of solution. 
Solution Nitrate ion is N03 -, so nitric acid is HN03. Thus, 1 mol of H+(aq) is released 
per mole of acid: 

HN03(1) � H+(aq) + N03-(aq) 

Therefore, 1 .4 M HN03 contains 1 .4 mol of H+(aq) per liter and is 1 .4 M H+(aq). 
FOLLOW-UP PROBLEM 4.2 How many moles of H+ (aq) are present in 45 1 mL of 
3.20 M hydrobromic acid? 

Water interacts strongly with many ions, but most strongly with the hydro­
gen cation, H+ , a very unusual species. The H atom is a proton surrounded by 
an electron, so the H+ ion is just a proton. Because its full positive charge is con­
centrated in such a tiny volume, H + attracts the negative pole of surrounding water 
molecules so strongly that it actually forms a covalent bond to one of them. We 
usually show this interaction by writing the aqueous H+ ion as H30+ (hydronium 
ion). Thus, to show more accurately what takes place when HBr(g) dissolves, we 
should write 

SECTION SUMMARY 
Water plays an active role in dissolving ionic compounds because it consists of polar 
molecules that are attracted to the ions. When an ionic compound dissolves in water, 
the ions dissociate from each other and become solvated by water molecules. 
Because the ions are free to move, their solutions conduct electricity. Water also 
dissolves many covalent substances with polar bonds. It interacts with some 
H-containing molecules so strongly it breaks their bonds and dissociates them into 
H+(aq) ions and anions. In water, the H+ ion is bonded to an H20, forming H30+.  

4.2 WRITING EQUATIONS FOR AQUEOUS IONIC REACTIONS 

Chemists use three types of equations to represent aqueous ionic reactions: molec­

ular, total ionic, and net ionic equations. As you' ll see in the two types of ionic 
equations, by balancing the atoms, we also balance the charges. 

Let's examine a reaction to see what each of these equations shows. When 
solutions of silver nitrate and sodium chromate are mixed, the brick-red solid sil­
ver chromate (Ag2Cr04) forms .  Figure 4.4 (on the next page) depicts three views 
of this reaction: the change you would see if you mixed these solutions in the lab, 
how you might imagine the change at the atomic level among the ions, and how 
you can symbolize the change with the three types of equations. (The ions that 
are reacting are shown in red type. )  

The molecular equation (top) reveals the least about the species in solution 
and is actually somewhat misleading because it shows all the reactants and prod­
ucts as if they were intact, undissociated compounds: 

2AgN03(aq) + Na2CrOiaq) ----+ Ag2CrOis) + 2NaN°3(aq) 
Only by examining the state-of-matter designations (s) and (aq), can you tell the 
change that has occurred. 

1 1 3 
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Figure 4.4 An aqueous ionic reaction 
and its equations. When silver nitrate 
and sodium chromate solutions are 
mixed, a reaction occurs that forms solid 
silver chromate and a solution of sodium 
nitrate. The photos present the macro­
scopic view of the reaction, the view the 

chemist sees in the lab. The blow-up 
arrows lead to an atomic-scale view, a 
representation of the chemist's mental 
picture of the reactants and products. 
(The pale ions are spectator ions, present 
for electrical neutrality, but not involved in 
the reaction.) Three equations represent 

the reaction in symbols. (The ions that are 

reacting are shown in red type.) The mo­
lecular equation shows all substances in­

tact. The total ionic equation shows all 

soluble substances as separate, solvated 
ions. The net ionic equation eliminates 
the spectator ions to show only the 

reacting species. 
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Molecular equation 
2AgN03(aq) 
Silver nitrate 

Total ionic equation 

+ Na2Cr04(aq) 
Sodium chromate 

---Jl�-- Ag2Cr04(s) + 2NaN03(aq) 
Silver chromate Sodium nitrate 

2Ag+(aq) + 2N03-(aq) + 2Na+(aq) + Cr042-(aq) ---Jl�-- Ag2Cr04(s) + 2Na+(aq) 
+ 2N03-(aq) 

Net ionic equation 

2Ag+(aq) + 

The total ionic equation (middle) is a much more accurate representation of 
the reaction because it shows all the soluble ionic substances dissociated into ions. 
Now the Ag2Cr04(S) stands out as the only undissociated substance: 

2Ag+ (aq) + 2N03 -(aq) + 2Na+(aq) + CrO/- (aq) --+ 
Ag2Cr04(S) + 2Na+(aq) + 2N03 -(aq) 

Notice that charges balance: there are four positive and four negative charges on 
the left for a net zero charge, and there are two positive and two negative charges 
on the right for a net zero charge. 

Note that Na+ (aq) and N03 - (aq) appear in the same form on both sides of 
the equation. They are called spectator ions because they are not involved in the 
actual chemical change. These ions are present as part of the reactants to balance 
the charge. That is, we can 't  add an Ag + ion without also adding an anion, in 
this case, N03 - ion. 

The net ionic equation (bottom) is the most useful because it eliminates the 
spectator ions and shows the actual chemical change taking place: 

2Ag+ (aq) + Cr042-(aq) --+ Ag2Cr04(S) 
The formation of solid silver chromate from silver ions and chromate ions 
is the only change. In fact, if we had originally mixed solutions of potassium 
chromate, K2Cr04(aq), and silver acetate, AgC2H302(aq), instead of sodium 
chromate and silver nitrate, the same change would have occurred. Only the 



4.3 Precipitation Reactions 

spectator ions would differ-K+ (aq) and C2H302 - (aq) instead of Na+(aq) and 
N03 - (aq) . 

Now, let's apply these types of equations to the three most important types 
of cherrrical reactions-precipitation, acid-base, and oxidation-reduction. 

SECTION SUMMARY 
A molecular equation for an aqueous ionic reaction shows undissociated substances. 
A total ionic equation shows all soluble ionic compounds as separate, solvated ions. 
Spectator ions appear unchanged on both sides of the equation. By eliminating them, 
you see the actual chemical change in  a net ionic equation. 

4.3 PRECIPITATION REACTIONS 

Precipitation reactions are common in  both nature and commerce. Many geolog­
ical formations, including coral reefs, some gems and rrrinerals, and deep-sea 
structures form, in part, through this type of cherrrical process. And the cherrri­
cal industry employs precipitation methods to produce several important inor­
ganic compounds. 

The Key Event: Formation of a Solid from Dissolved Ions 
In precipitation reactions, two soluble ionic compounds react to form an insol­
uble product, a precipitate. The reaction you just saw between silver nitrate and 
sodium chromate is an example. Precipitates form for the same reason that some 
ionic compounds do not dissolve: the electrostatic attraction between the ions out­
weighs the tendency of the ions to remain solvated and move randomly through­
out the solution. When solutions of such ions are rrrixed, the ions collide and stay 
together, and the resulting substance "comes out of solution" as a solid, as shown 
in Figure 4.5 for calcium fluoride. Thus, the key event in a precipitation reaction 
is the formation of an insoluble product through the net removal of solvated ions 
from solution. 

� Animation: Precipitation Reactions 
� Online Learning Center 
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Figure 4.5 The precipitation of calcium 
fluoride. When an aqueous solution of 
NaF is added to a solution of CaCI2• Ca

2+ 

and F- ions form particles of solid CaF2. 
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Figure 4.6 The reaction of Pb(N03b and 
Nal. When aqueous solutions of these 
ionic compounds are mixed, the yellow 

solid Pbl2 forms. 

CHAPTER 4 The Major Classes of Chemical Reactions 

Predicting Whether a Precipitate Will Form 
If you mix aqueous solutions of two ionic compounds, can you predict if a pre­
cipitate will form? Consider this example. When solid sodium iodide and potas­
sium nitrate are each dissolved in water, each solution consists of separated ions 
dispersed throughout the solution: 

H20 + -NaI(s) ---'---+ Na (aq) + I (aq) 
HoO + -KN03(s) ----=--- K (aq) + N03 (aq) 

Let's follow three steps to predict whether a precipitate will form: 

1 .  Note the ions present in the reactants. The reactant ions are 

Na+(aq) + I-(aq) + K +(aq) + N03-(aq) - ?  

2. Consider the possible cation-anion combinations. In addition to the two orig­
inal ones, NaI and KN03, which you know are soluble, the other possible 
cation-anion combinations are NaN03 and KI. 

3. Decide whether any of the combinations is insoluble. A reaction does not occur 
when you mix these starting solutions because all the combinations-NaI, 
KN03, NaN03, and KI-are soluble. All the ions remain in solution. (You' l l  
see shortly a set of  rules for deciding if a product is soluble or  not.) 

Now, what happens if you substitute a solution of lead (II) nitrate, Pb(N03h 
for the KN03? The reactant ions are Na + , 1-,  Pb

2+ , and N03 -. In addition to the 
two soluble reactants, Nal and Pb(N03h the other two possible cation-anion com­
binations are NaN03 and PbI2. Lead(II) iodide is insoluble, so a reaction does 
occur because ions are removed from solution (Figure 4.6) : 

2Na+ (aq) + 2I-(aq) + Pb2+(aq) + 2N03 -(aq) -->- 2Na+(aq) + 2N03- (aq) + PbI2(s) 
A close look (with color) at the molecular equation shows that the ions are 
exchanging partners: 

2NaI(aq) + Pb(N03 h(aq) -->- PbI2(s) + 2NaN03(aq) 
Such reactions are called double-displacement, or metathesis (pronounced meh­
TA-tluth-sis) reactions. Several are important in industry, such as the preparation 
of silver bromide for the manufacture of black-and-white fi lm: 

AgNO}(aq) + KBr(aq) -->- AgBr(s) + KN03(aq) 
As we said, there is no simple way to decide whether any given ion combi­

nation is soluble or not, so Table 4. 1 provides a short list of solubility rules to 
memorize. They allow you to predict the outcome of many precipitation reactions. 

11MI", Solubility Rules for Ionic Compounds in Water 

Soluble Ionic Compounds 

I .  All common compounds of Group l A( l )  ions (Li + , Na+, 
K+ , etc . )  and ammonium ion (NH4 +) are soluble. 

2.  All common nitrates (N03 -), acetates (CH3COO- or 
C2H302 -),  and most perchlorates (CI04 - ) are soluble. 

3.  Al l common chlorides (CI-),  bromides (Br-), and 
iodides ( 1-)  are soluble, except those of Ag + , Pb2 + , Cu + , 
and Hgl+ . All common fluorides (F-) are soluble, 
except those of Pb2+ and Group 2A(2). 

4. All common sulfates (S042-)  are soluble, except those of 
Ca2+ , Sr2+, Ba2+,  Ag+ , and Pb2 + . 

Insoluble Ionic Compounds 

1 .  All common metal hydroxides are insoluble, except those 
of Group l A( l )  and the larger members of Group 2A(2) 
(beginning with Ca2 +) .  

2.  All common carbonates (COl-)  and phosphates (POl-) 
are insoluble, except those of Group l A( l )  and NH4 + . 

3. All common sulfides are insoluble except those of Group 
I A( l) ,  Group 2A(2), and NH4 + .  
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SAMPLE PROBLEM 4.3 Predicting Whether a Precipitation Reaction 
Occurs; Writing Ionic Equations 

Problem Predict whether a reaction occurs when each of the following pairs of solutions 
are mixed. If a reaction does occur, write balanced molecular, total ionic, and net ionic 
equations, and identify the spectator ions. 
(a) Sodium sulfate(aq) + strontium nitrate(aq) --
(b) Ammonium perchiorate(aq) + sodium bromide(aq) --
Plan For each pair of solutions, we note the ions present in the reactants, write the cation­
anion combinations, and refer to Table 4. 1 to see if any are insoluble. For the molecular 
equation, we predict the products. For the total ionic equation, we write the soluble com­
pounds as separate ions. For the net ionic equation, we eliminate the spectator ions. 
Solution (a) In addition to the reactants, the two other ion combinations are strontium sul­
fate and sodium nitrate. Table 4. 1 shows that strontium sulfate is insoluble, so a reaction 
does occur. Writing the molecular equation: 

Na2S0iaq) + Sr(N03h(aq) -- SrSOis) + 2NaN03(aq) 
Writing the total ionic equation: 
2Na+(aq) + SO/-(aq) + Sr2+(aq) + 2N03 -(aq) --

SrSOis) + 2Na+(aq) + 2N03 -(aq) 
Writing the net ionic equation: 

Sr2+(aq) + S042-(aq) -- SrSOis) 
The spectator ions are Na + and N03 - . 
(b) The other ion combinations are ammonium bromide and sodium perchlorate. Table 4. 1 
shows that all ammonium, sodium, and most perchlorate compounds are soluble, and all 
bromides are soluble except those of Ag +, Pb2+ , Cu +, and Hg/+ . Therefore, no reaction 
occurs. The compounds remain dissociated in solution as solvated ions. 

FOLLOW-UP PROBLEM 4.3 Predict whether a reaction occurs, and write balanced 
total and net ionic equations: 
(a) Iron(III) chloride(aq) + cesium phosphate(aq) -­
(b) Sodium hydroxide(aq) + cadmium nitrate(aq) --
(e) Magnesium bromide(aq) + potassium acetate(aq) -­
(d) Silver sulfate(aq) + barium chloride(aq) --

SECTION SUMMARY 
Precipitation reactions involve the formation of an insoluble ionic compound from two 
soluble ones. They occur because electrostatic attractions among certain pairs of sol­
vated ions are strong enough to cause their removal from solution. Such reactions 
can be predicted by noting whether any possible ion combinations are insoluble, 
based on a set of solubi l ity rules. 

4.4 ACID-BASE REACTIONS 

Aqueous acid-base reactions involve water not only as solvent but also in  the more 
active roles of reactant and product. These reactions occur in processes as diverse 
as the biochemical synthesis of proteins, the industrial production of fertilizer, and 
some of the methods for revitalizing lakes damaged by acid rain. 

Obviously, an acid-base reaction (also called a neutralization reaction) 
occurs when an acid reacts with a base, but the definitions of these terms and the 
scope of this reaction class have changed considerably over the years. For our 
purposes at this point, we ' l l  use definitions that apply to chemicals you commonly 

encounter in the lab: 

• An acid is a substance that produces H+ ions when dissolved in water. 

HX H20. H+(aq) + X-(aq) 

1 1 7  
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li'MID Strong and Weak Acids 
and Bases 

Acids 
Strong 

Hydrochloric acid, HCI 
Hydrobromic acid, HBr 
Hydriodic acid, HI 
Nitric acid, HN03 
Sulfuric acid, H2S04 
Perchloric acid, HCI04 
Weak 

Hydrofluoric acid, HF 
Phosphoric acid, H3P04 
Acetic acid, CH3COOH 

(or HC2H302) 

Bases 
Strong 

Sodium hydroxide, NaOH 
Potassium hydroxide, KOH 
Calcium hydroxide, Ca(OHh 
Strontium hydroxide, Sr(OHh 
Barium hydroxide, Ba(OHh 
Weak 

Ammonia, NH3 

Strong acids and 
bases are strong 
electrolytes. 

Weak acids and 
bases are weak 

electrolytes. 

CHAPTER 4 The Major Classes of Chemical Reactions 

• A base is a substance that produces OH- ions when dissolved in water. 

MOH H20, M+(aq) + OH-(aq) 

(Other definitions of acid and base are presented later in this section and again 
in Chapter 1 8, along with a fuller meaning of neutralization.) 

Acids and bases are electrolytes. Table 4.2 lists some acids and bases cate­
gorized in terms of their "strength"-the degree to which they dissociate into ions 
in aqueous solution. In water, strong acids and strong bases dissociate completely 
into ions. Therefore, like soluble ionic compounds, they are strong electrolytes 
and conduct a current well (see left photo in margin). In contrast, weak acids and 
weak bases dissociate into ions very little, and most of their molecules remain 
intact. As a result, they conduct only a small current and are weak electrolytes 
(see right photo). 

Strong and weak acids have one or more H atoms as part of their structure. 
Strong bases have either the OH- or the 0

2
- ion as part of their structure. Sol­

uble ionic oxides, such as K20, are strong bases because the oxide ion is not sta­
ble in water and reacts immediately to form hydroxide ion: 

K20(s) + H20(l) ----+ 2K+(aq) + 20H-(aq) 
Weak bases, such as ammonia, do not contain OH- ions, but they produce them 
in a reaction with water that occurs to a small extent: 

NH3(g) + H20(l) � NH4 +(aq) + OH-(aq) 
(Note the reaction arrow in the preceding equation. This type of arrow indicates 
that the reaction proceeds in both directions; we' ll discuss this important idea fur­
ther in Chapter 1 7.) 

The Key Event: Formation of H20 from H+ and OH-
Let's use ionic equations to see what occurs in acid-base reactions. We begin with 
the molecular equation for the reaction between the strong acid HCI and the strong 
base Ba(OH)2: 

2HCI(aq) + Ba(OHMaq) ----+ BaCI2(aq) + 2H20(l) 
Because HCI and Ba(OH)z dissociate completely and H20 remains undissociated, 
the total ionic equation is 

2H+(aq) + 2CI-(aq) + Ba2+(aq) + 20H-(aq) ----+ Ba2+(aq) + 2CI-(aq) + 2H20(I) 
In the net ionic equation, we eliminate the spectator ions Ba

2 + (aq) and Cl- (aq) 
and see the actual reaction: 

2H+(aq) + 20H-(aq) ----+ 2HzO(l) 
Or 

H+(aq) + OH-(aq) ----+ H20(l) 
Thus, the essential change in all aqueous reactions between a strong acid and a 
strong base is that an H+ ion from the acid and an OH- ion from the base form 
a water molecule. In fact, only the spectator ions differ from one strong 
acid-strong base reaction to another. 

Now it's easy to understand how these reactions take place: like precipitation 
reactions, acid-base reactions occur through the electrostatic attraction of ions and 
their removal from solution in the formation of the product. In this case, the ions 
are H+ and OH- and the product is H20, which consists almost entirely of undis­
sociated molecules. (Actually, water molecules do dissociate, but very slightly. As 
you ' l l  see in Chapter 1 8, this slight dissociation is very important, but the for­
mation of water in a neutralization reaction nevertheless represents an enormous 
net removal of H+ and OH- ions.) 
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Evaporate the water from the above reaction mixture, and the ionic solid bar­
ium chloride remains. An ionic compound that results from the reaction of an 
acid and a base is called a salt. Thus, in a typical aqueous neutralization reac­
tion, the reactants are an acid and a base, and the products are a salt sol�tion 
and water: 

HX(aq) + MOH(aq) ----+ MX(aq) + H20(l) 
acid base salt water 

The color shows that the cation of the salt comes from the base and the anion 
comes from the acid. 

As you can see, acid-base reactions, like precipitation reactions, are metathesis 
(double-displacement) reactions. The molecular equation for the reaction of alu­
minum hydroxide, the active ingredient in some antacid tablets, with HCI, the 
major component of stomach acid, shows this clearly: 

3HCI(aq) + Al(OHhCs) ----+ AICI3(aq) + 3H20(l) 
Acid-base reactions occur frequently in the synthesis and breakdown of large bio­
logical molecules. 

SAMPLE PROBLEM 4.4 Writing Ionic Equations for Acid-Base Reactions 
Problem Write balanced molecular, total ionic, and net ionic equations for each of the fol­
lowing acid-base reactions and identify the spectator ions: 
(a) Strontium hydroxide(aq) + perchloric acid(aq) ----+ 
(b) Barium hydroxide(aq) + sulfuric acid(aq) ----+ 
Plan All are strong acids and bases (see Table 4.2), so the essential reaction is between 
H+ and OH- . The products are H20 and a salt solution consisting of the spectator ions. 
Note that in (b), the salt (BaS04) is insoluble (see Table 4. 1 ), so virtually all ions are 
removed from solution. 
Solution (a) Writing the molecular equation: 

Sr(OHh(aq) + 2HCI04(aq) ----+ Sr(CI04h(aq) + 2H20(l) 
Writing the total ionic equation: 
Sr2+(aq) + 20H-(aq) + 2H+ (aq) + 2CI04 -(aq) ----+ 

Sr2+(aq) + 2CI04 - (aq) + 2H20(I) 
Writing the net ionic equation: 

20H-(aq) + 2H+ (aq) ----+ 2H20(l) or OH-(aq) + H+ (aq) ----+ H20(l) 
Sr2+(aq) and Cl04 -(aq) are the spectator ions. 

(b) Writing the molecular equation: 
Ba(OHhCaq) + H2S04(aq) ----+ BaS04(s) + 2H20(l) 

Writing the total ionic equation: 
Ba2+(aq) + 20H-(aq) + 2H+ (aq) + SO/-(aq) ----+ BaSOis) + 2H20(l) 

The net ionic equation is the same as the total ionic equation. This is a precipitation and 
a neutralization reaction. There are no spectator ions because all the ions are used to 
form the two products. 

FOLLOW-UP PROBLEM 4.4 Write balanced molecular, total ionic, and net ionic 
equations for the reaction between aqueous solutions of calcium hydroxide and nitric acid. 

Acid-Base Titrations 
Chemists study acid-base reactions quantitatively through titrations. In any titra­

tion, one solution of known concentration is used to determine the concentration 
of another solution through a monitored reaction. 

1 1 9 
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Figure 4.7 An acid-base titration. 
A, In  this procedure, a measured volume 
of the unknown acid solution is placed in 
a flask beneath a buret containing the 
known (standardized) base solution. A 

few drops of indicator are added to the 
flask; the indicator used here is phenol­
phthalein, which is colorless in acid and 
pink in base. After an initial buret reading, 
base (OH- ions) is added slowly to the 
acid (H + ions). B, Near the end of the 
titration, the indicator momentarily 
changes to its base color but reverts to 
its acid color with swirling. C, When the 

end point is reached, a tiny excess of 

OH- is present, shown by the permanent 
change in color of the indicator. The dif­
ference between the final buret reading 

and the initial buret reading gives the vol­
ume of base used. 

CHAPTER 4 The Major Classes of Chemical Reactions 

A B c 

W(aq) + X-(aq) + M+(aq) + OW(aq) 

In a typical acid-base titration, a standardized solution of base, one whose 
concentration is known, is added slowly to an acid solution of unknown concen­
tration (Figure 4.7) .  A known volume of the acid solution is placed in a flask, and 
a few drops of indicator solution are added. An acid-base indicator is a substance 
whose color is different in acid than in base. (We examine indicators in Chapters 
1 8  and 1 9.) The standardized solution of base is added slowly to the flask from 
a buret. As the titration is close to its end, indicator molecules near a drop of 
added base change color due to the temporary excess of OH- ions there. As soon 
as the solution is swirled, however, the indicator's acidic color returns. The equiv­

alence point in the titration occurs when all the moles of H+ ions present in the 
original volume of acid solution have reacted with an equivalent number of moles 
of OH- ions added from the buret: 

Moles of H+ (originally in flask) = moles of OH- (added from buret) 

The end point of the titration occurs when a tiny excess of OH- ions changes 
the indicator permanently to its color in base. In calculations, we assume this tiny 
excess is insignificant, and therefore the amount of base needed to reach the end 
point is the same as the amount needed to reach the equivalence point. 

SAMPLE PROBLEM 4.5 Finding the Concentration of  Acid 
from an Acid-Base Titration 

Problem You perform an acid-base titration to standardize an HCl solution by placing 
50.00 mL of HCl in a flask with a few drops of indicator solution. You put 0. 1 524 M 
NaOH into the buret, and the initial reading is 0.55 mL. At the end point, the buret read­
ing is 33.87 mL. What is the concentration of the HCl solution? 
Plan We must find the molarity of acid from the volume of acid (50.00 mL), the initial 
(0.55 mL) and final (33.87 mL) volumes of base, and the molarity of base (0. 1 524 M). 
First, we balance the equation. We find the volume of base added from the difference in  
buret readings and use the base's molarity to calculate the amount (mol) of base added. 
Then, we use the molar ratio from the balanced equation to find the amount (mol) of acid 
originally present and divide by the acid's original volume to find the molarity. 
Solution Writing the balanced equation: 

NaOH(aq) + HCI(aq) � NaCI(aq) + H20(l) 
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Finding volume (L) of NaOH solution added: 

Volume (L) of solution = (33.87 fFIb soln - 0.55 fFIb soln) X 
I L 

1 000 fFlb 
= 0.03332 L soln 

Finding amount (mol) of NaOH added: 

Moles of NaOH = 0.03332 weill X 
0. 1 524 mol NaOH 

1 b-&ele 
= 5.07 8 X l O-3 mol NaOH 

Finding amount (mol) of HCI originally present: Because the molar ratio is 1 :  1 ,  

Moles of HCI = 5 .078 X l O-3 mol NaOH X 
1 mol HCI = 5.078 X l O-3 mol HCI 1 mol NaOH 

Calculating molarity of HCI: 

M I ·  f HC 
5.078 x l O-3 mol HCI 1000 fFlb 

o arlty 0 I = X ---
50.00 fFIb 1 L 

= 0. 1 0 1 6  M HCI 
Check The answer makes sense: a larger volume of less concentrated acid neutralized a 
smaller volume of more concentrated base. Rounding shows that the moles of H+ and 
OH- are about equal: 50 mL X 0. 1 M H + = 0.005 mol = 33 mL X 0. 1 5  M OH-. 

FOLLOW·UP PROBLEM 4.5 What volume of 0. 1 292 M Ba(OHh would neutralize 
50.00 mL of the HCI solution standardized in the preceding sample problem? 

Proton Transfer: A Closer Look at Acid-Base Reactions 
We gain deeper insight into acid-base reactions if we look closely at the species 
in solution. Let's see what takes place when HCI gas dissolves in water. Polar 
water molecules pull apart each HCI molecule, and the H+ ion ends up bonded 
to a water molecule. In essence, HCl transfers its proton to H20: 

r H' transfer , 
HCl(g) + H20(l) ----- H30+ (aq) + Cl- (aq) 

Thus, hydrochloric acid (an aqueous solution of HCI gas) actually consists of sol­
vated H30+ and Cl- ions. 

When sodium hydroxide solution is added, the H30+ ion transfers a proton 
to the OH- ion of the base (with the product water shown here as HOH) : 

( 1-1-+ transfer , 
[H30+(aq) + Cl-(aq)] + [Na+ (aq) + OH-(aq)] -----

H20(l) + Cl- (aq) + Na+(aq) + HOH(l) 
Without the spectator ions, the transfer of a proton from H30+ to OH- is obvious: 

1 1-1 -'- transfer , 
H30+(aq) + OH- (aq) ----- H20(l) + HOH(l) [or 2H20(l)] 

This net ionic equation is identical with the one we saw earlier (see p. 1 1 8) ,  

H+ (aq) + OH-(aq) - H20(l) 
with the additional H20 molecule coming from the H30+ . Thus, an acid-base 
reaction is a proton-transfer process. In this case, the Cl- and Na + ions remain 
in solution, and if the water is evaporated, they crystallize as the salt NaCl .  
Figure 4 .8  (on the next page) shows this process on the atomic level. 

In the early 20th century, the chemists Johannes Brpnsted and Thomas Lowry 
realized the proton-transfer nature of acid-base reactions. They defined an acid as 
a molecule (or ion) that donates a proton, and a base as a molecule (or ion) that 
accepts a proton. Therefore, in the aqueous reaction between strong acid and 

Volume (L) of base 
(difference in buret readings) 

multiply by M (moI/L) of base 

Amount (mol) of base 

molar ratio 

Amount (mol) of acid 

divide by volume (L) of acid 

M (moI/L) of acid 

1 2 1  
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M+ and X- ions 
remain in solution 
as spectator ions 

+ 
Aqueous solutions of 

strong acid and strong 
base are mixed 

H30+(aq) + X-(aq) 
+ 

M+(aq) + OW(aq) 

ow 

Figure 4.8 An aqueous strong acid­
strong base reaction on the atomic 
scale. When solutions of a strong acid 
(HX) and a strong base (MOH) are mixed, 
the H30+ from the acid transfers a proton 
to the O H - from the base to form an H20 
molecule. Evaporation of the water leaves 

the spectator ions, X- and M+,  as a solid 

ionic compound called a salt. 

� 

Chemical change 
is transfer of H+ 

from H30+ to OH­
forming H20 

mix 2H20(g) + MX(s) 

strong base, H30+ ion acts as the acid and OH- ion acts as the base. Because 
it ionizes completely, a given amount of strong acid (or strong base) creates an 
equivalent amount of H30+ (or OH-)  when it dissolves in water. (We discuss the 
Br¢nsted-Lowry concept thoroughly in Chapter 1 8 .) 

Reactions of Weak Acids Ionic equations are written differently for the reactions 
of weak acids. When solutions of sodium hydroxide and acetic acid (CH3COOH) 
are mixed, the molecular, total ionic, and net ionic equations are 

Molecular equation: 
CH3COOH(aq) + NaOH(aq) � CH3COONa(aq) + HzO(l) 

Total ionic equation: 
CH3COOH(aq) + Na+(aq) + OH-(aq) � CH3COO-(aq) + Na+(aq) + HzO(l) 

Net ionic equation: 
r H+ transfer , 

CH3COOH(aq) + OH-(aq) -- CH3COO-(aq) + H20(l) 
Acetic acid dissociates very little because it is a weak acid (see Table 4.2). To 
show this, it appears undissociated in both ionic equations. Note that H30+ does 
not appear; rather, the proton is transferred from CH3COOH. Therefore, only 
Na+ (aq) is a spectator ion; CH3COO- (aq) is not. 

SECTION SUMMARY 
Acid-base (neutralization) reactions occur when an acid (an H + -yielding substance) 
and a base (an OH--yielding substance) react and the H + and OH- ions form a water 
molecule. Strong acids and bases dissociate completely in water; weak acids and 
bases dissociate slightly. In a titration, a known concentration of one reactant is used 
to determine the concentration of the other. An acid-base reaction can also be viewed 
as the transfer of a proton from an acid to a base. Because weak acids dissociate 
very little, equations involving them show the acid as an intact molecule. 
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4.5 OXIDATION-REDUCTION (REDOX) REACTIONS 

Redox reactions are the third and, perhaps, most important type of chemical process. 
They include the formation of a compound from its elements (and vice versa), all 
combustion reactions, the reactions that generate electricity in batteries, the reac­
tions that produce cellular energy, and many others. In this section, we examine 
the process and introduce some essential terminology. 

The Key Event: Movement of Electrons Between Reactants 
In oxidation-reduction (or redox) reactions, the key chemical event is the net 
movement of electrons from one reactant to the other. This movement of elec­
trons occurs from the reactant (or atom in the reactant) with less attraction for 
electrons to the reactant (or atom) with more attraction for electrons. 

Such movement of electron charge occurs in the fonnation of both ionic and 
covalent compounds. As an example, let's reconsider the flashbulb reaction (see 
Figure 3 .7), in which an ionic compound, Mga, forms from its elements: 

2Mg(s) + 02(g) ---+ 2MgO(s) 
Figure 4.9A shows that during the reaction, each Mg atom loses two electrons 
and each a atom gains them; that is, two electrons move from each Mg atom to 
each a atom. This change represents a transfer of electron charge away from 
each Mg atom toward each a atom, resulting in  the formation of Mg

2+ and a
2

-
ions. The ions aggregate and form an ionic soljd. 

During the formation of a covalent compound from its elements, there is again 
a net movement of electrons, but it is more of a shift in electron charge than a 
full transfer. Thus, ions do not form. Consider the formation of HCI gas : 

H2(g) + C12(g) ---+ 2HCl(g) 
To see the electron movement here, compare the electron charge distributions in 
the reactant bonds and in the product bonds. As Figure 4.9B shows, H2 and Ch 
molecules are each held together by covalent bonds in which the electrons are 
shared equally between the atoms (the tan shading is symmetrical). In the HCI 
molecule, the electrons are shared unequally because the CI atom attracts them 
more strongly than the H atom does. Thus, in HCI, the H has less electron charge 
(blue shading) than it had in H2, and the CI has more charge (red shading) than 
it had in C12. In other words, in the formation of HCI, there has been a relative 
shift of electron charge away from the H atom toward the CI atom. This electron 

Transfer of 
electrons 

A Formation of an ionic compound 

Electrons 
distributed 
evenly 

+ 

B Formation of a covalent compound 

+ 

Shift of 
electrons Electrons 

distributed 
unevenly 
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� Animation: Oxidation-Reduction Reactions 
� Online Learning Center 

Figure 4.9 The redox process in 
compound formation_ A, In forming the 
ionic compound MgO, each Mg atom 

transfers two electrons to each 0 atom. 

(Note that atoms become smaller when 

they lose electrons and larger when they 

gain electrons.) The resulting Mg2+ and 

02 - ions aggregate with many others to 
form an ionic solid. B, In the reactants H2 
and C12, the electron pairs are shared 
equally (indicated by even electron den­
sity shading). In the covalent product HCI, 
CI attracts the shared electrons more 
strongly than H does. In effect, the H 
electron shifts toward CI ,  as shown by 

higher electron density (red) near the CI 

end of the molecule and lower electron 
density (blue) near the H end. 
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shift is not nearly as extreme as the electron transfer during MgO formation. In 
fact, in some reactions, the net movement of electrons may be very slight, but the 
reaction is still a redox process. 

Some Essential Redox Terminology 
Chemists use some important terminology to describe the movement of electrons 
in oxidation-reduction reactions. Oxidation is the loss of electrons, and reduc­

tion is the gain of electrons. (The original meaning of reduction comes from the 
process of reducing large amounts of metal ore to smaller amounts of metal, but 
you' l l  see shortly why we use the term "reduction" for the act of gaining.) 

For example, during the formation of magnesium oxide, Mg undergoes oxi­
dation (electron loss) and O2 undergoes reduction (electron gain). The loss and 
gain are simultaneous, but we can imagine them occurring in separate steps: 

Oxidation (electron loss by Mg): Mg - Mg2+ + 2e-

Reduction (electron gain by O2): �02 + 2e - _ 02-
One reactant acts on the other. Thus, we say that O2 oxidizes Mg, and that O2 is 
the oxidizing agent, the species doing the oxidizing. Similarly, Mg reduces O2, 
so Mg is the reducing agent, the species doing the reducing. 

Note especially that O2 takes the electrons that Mg loses or, put the other way 
around, Mg gives up the electrons that O2 gains. This give-and-take of electrons 
means that the oxidizing agent is reduced because it takes the electrons (and thus 
gains them), and the reducing agent is oxidized because it gives up the electrons 
(and thus loses them). In the formation of HCI, Cl2 oxidizes H2 (H loses some 
electron charge and CI gains it), which is the same as saying that H2 reduces C12. 
The reducing agent, H2o is oxidized and the oxidizing agent, Cl20 is reduced. 

Using Oxidation Numbers to Monitor the Movement 
of Electron Charge 
Chemists have devised a useful "bookkeeping" system to monitor which atom 
loses electron charge and which atom gains it. Each atom in a molecule (or ionic 
compound) is assigned an oxidation number (O.N.), or oxidation state, the 
charge the atom would have if electrons were not shared but were transferred 
completely. Oxidation numbers are determined by the set of rules in Table 4.3.  
[Note that an oxidation number has the sign before the number ( +2), whereas an 
ionic charge has the sign after the number (2+ ) .] 

fiMII' Rules for Assigning an Oxidation Number (O.N.) 

General Rules 

l .  For an atom in its elemental form (Na, O2, C12, etc.): O.N. = 0 
2. For a monatomic ion: O.N. = ion charge 
3. The sum of O.N. values for the atoms in a molecule or formula unit of a compound 

equals zero. The sum of O.N. values for the atoms in a polyatomic ion equals the ion's 
charge. 

Rules for Specific Atoms or Periodic Table Groups 

l .  For Group l A( l ) : 
2. For Group 2A(2): 
3 .  For hydrogen: 

4. For fluorine: 
S. For oxygen: 

6. For Group 7 A( l 7) :  

O.N. = + 1 i n  a l l  compounds 
O.N. = +2 in all compounds 
O.N. = + 1 in combination with nonmetals 
O.N. = - 1  in combination with metals and boron 
O.N. = - 1  in all compounds 
O.N. = - 1  in peroxides 
O.N. = -2 in all other compounds (except with F) 
O.N. = - 1 in combination with metals, nonmetals (except 0), 

and other halogens lower in the group 



4.5 Oxidation-Reduction (Redox) Reactions 

SAMPLE PROBLEM 4.6 Determining the Oxidation Number 
of an Element 

Problem Determine the oxidation number (O.N.) of each element in these compounds: 
(a) Zinc chloride (b) Sulfur trioxide (c) Nitric acid 
Plan We apply Table 4.3, noting the general rules that the O.N. values in a compound add 
up to zero, and the O.N. values in a polyatomic ion add up to the ion's charge. 
Solution (a) ZnCI2. The sum of O.N.s for the monatomic ions in the compound must 
equal zero. The O.N. of the Zn2+ ion is +2. The O.N. of each Cl- ion is - 1 , for a 
total of -2. The sum of O.N.s is +2 + ( -2),  or O. 
(b) S03' The O.N. of each oxygen is - 2, for a total of -6.  The O.N.s must add 
up to zero, so the O.N. of S is +6. 
(c) HN03. The O.N. of H is + 1, so the O.N.s of the N03 group must add up to - 1  to 
give zero for the compound. The O.N. of each 0 is -2 for a total of -6.  Therefore, 
the O.N. of N is +5. 

FOLLOW·UP PROBLEM 4.6 Determine the O.N. of each element in the following: 
(a) Scandium oxide (SC203) (b) Gallium chloride (GaCI3) 
(c) Hydrogen phosphate ion (d) Iodine trifluoride 

The periodic table is a great help in learning the highest and lowest oxida­
tion numbers of most main-group elements, as Figure 4.10 shows: 

• For most main-group elements, the A-group number (lA, 2A, and so on) is the 
highest oxidation number (always positive) of any element in the group. The 
exceptions are 0 and F (see Table 4.3).  • For main-group nonmetals and some metalloids, the A-group number minus 8 
is the lowest oxidation number (always negative) of any element in the group. 

For example, the highest oxidation number of S (Group 6A) is +6, as in SF6, 
and the lowest is (6 - 8), or - 2, as in FeS and other metal sulfides. 

Thus, another way to define a redox reaction is one in which the oxidation 
numbers of the species change, and the most important use of oxidation numbers 
is to monitor these changes: 

• If a given atom has a higher (more positive or less negative) oxidation num­
ber in the product than it had in the reactant, the reactant species that contains 
the atom was oxidized (lost electrons). Thus, oxidation is represented by an 

increase in oxidation number. • If an atom has a lower (more negative or less positive) oxidation number in 
the product than it had in the reactant, the reactant species that contains the 
atom was reduced (gained electrons). Thus, the gain of electrons is represented 
by a decrease (a "reduction") in oxidation number. 

Figure 4. 1 1  summarizes redox terminology. Oxidation numbers are assigned 
according to the relative attraction of an atom for electrons, so they are ultimately 
based on atomic properties, as you ' ll see in Chapters 8 and 9. (For the remain­
der of this section, blue oxidation numbers represent oxidation, and red oxidation 
numbers indicate reduction. )  

SAMPLE PROBLEM 4.7  Recognizing Oxidizing and Reducing Agents 

Problem Identify the oxidizing agent and reducing agent in each of the following: 
(a) 2AI(s) + 3H2S04(aq) --+ AI2(S04h(aq) + 3H2(g) 
(b) PbO(s) + CO(g) --+ Pb(s) + CO2(g) 
(c) 2H2(g) + Oig) --+ 2H20(g) 
Plan We first assign an oxidation number (O.N.) to each atom (or ion) based on the rules 
in Table 4.3.  The reactant is the reducing agent if it contains an atom that is oxidized 
(O.N. increased from left side to right side of the equation). The reactant is the oxidizing 
agent if it contains an atom that is reduced (O.N. decreased). 
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Group number 
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Figure 4. 1 0  Highest and lowest 
oxidation numbers of reactive 
main-group elements. The A-group 
number shows the highest possible oxi­
dation number (O.N.) for a main-group 
element. (fwo important exceptions are 
0, which never has an O.N. of +6, and F, 
which never has an O.N. of + 7.) For non­
metals (ye//ow) and metalloids (green), 
the A-group number minus 8 gives the 
lowest possible oxidation number. 
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Figure 4.1 1 A summary of terminology 
for oxidation-reduction (redox) reactions. 
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Solution (a) Assigning oxidation numbers: 
+6 +6 

� I I il2 1 3 il2 � 
2Al(s) + 3H2S04(aq) � Al2(S04h(aq) + 3H2(g) 

The O.N. of Al increased from 0 to +3 (Al lost electrons), so Al was oxidized; 
Al is the reducing agent. 

The O.N. of H decreased from + 1 to 0 (H gained electrons), so H+ was reduced; 
H2S04 is the oxidizing agent. 

(b) Assigning oxidation numbers: 
-2 -2 -2 

Y 1 y l � 14 1 
PbO(s) + CO(g) � Pb(s) + CO2(g) 

Pb decreased its O.N. from +2 to 0, so PbO was reduced; PbO is the oxidizing agent. 
C increased its O.N. from +2 to +4, so CO was oxidized; CO is the reducing agent. 
In general, when a substance (such as CO) becomes one with more 0 atoms (as in COz), 
it  is oxidized; and when a substance (such as PbO) becomes one with fewer 0 atoms (as 
in Pb), it is reduced. 
(c) Assigning oxidation numbers: 

o 0 +1-2 
I I I I 

2Hz(g) + 02(g) � 2H20(g) 
Oz was reduced (O.N. of 0 decreased from 0 to - 2);  Oz is the oxidizing agent. 
H2 was oxidized (O.N. of H increased from 0 to + 1 ) ;  Hz is the reducing agent. 
Oxygen is always the oxidizing agent in a combustion reaction. 
Comment 1. Compare the O.N. values in (c) with those in another common reaction that 
forms water-the net ionic equation for an acid-base reaction: 

+1 
+1 -2 1 +1-2 
I 

+ 
I I I 

H (aq) + OH-(aq) � H20(l) 
Note that the O.N. values remain the same on both sides of the acid-base equation. There­
fore, an acid-base reaction is not a redox reaction. 
2. If a substance occurs in its elemental form on one side of an equation, it can't possi­
bly be in its elemental form on the other side, so the reaction must be a redox process. 
Notice that elements appear in all three parts of this problem. 

FOLLOW-U P  PROBLEM 4.7  Identify each oxidizing agent and each reducing agent: 
(a) 2Fe(s) + 3Clz(g) -+ 2FeCI3(s) 
(b) 2C2H6(g) + 70z(g) -+ 4COz(g) + 6HzO(g) 
(c) 5CO(g) + I20s(s) -+ I2(s) + 5C02(g) 

S E C T I O N  S U M MA RY 
When one reactant has a greater attraction for electrons than another, there is a net 

movement of electron charge, and a redox reaction takes place. Electron gain (reduc­

tion) and electron loss (oxidation) occur simultaneously. The redox process is tracked 

by assigning oxidation numbers to each atom in a reaction. The species that is oxi­

dized (contains an atom that increases in  oxidation number) is the reducing agent; 

the species that is reduced (contains an atom that decreases in oxidation number) is 

the oxidizing agent. 

4.6 ELEMENTS IN REDOX REACTIONS 

As we saw in Sample Problem 4.7, whenever atoms appear in the form of a free 
element on one side of an equation and as part of a compound on the other, there 

must have been a change in oxidation state, and the reaction is a redox process. 
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And, while there are many redox reactions that do not involve free elements, we' l l  
focus here on the many others that do. One way to classify these is by comparing 
the numbers of reactants and products. By that approach, we have three types: 

• Combination reactions: two or more reactants form one product: 

x +y--z • Decomposition reactions: one reactant forms two or more products: 

Z--X+Y • Displacement reactions: the number of substances is the same but atoms (or 
ions) exchange places: 

x +YZ--xZ+Y 

Combining Two Elements Two elements may react to form binary ionic or cova­
lent compounds. Here are some important examples: 

1.  Metal and nonmetal form an ionic compound. A metal, such as aluminum, 
reacts with a nonmetal, such as oxygen. The change in O.N. 's shows that the 
metal is oxidized, so it is the reducing agent; the nonmetal is reduced, so it is the 
oxidizing agent. 

2. Two nonmetals form a covalent compound. In one of thousands of exam­
ples, ammonia forms from nitrogen and hydrogen in a reaction that occurs in 
industry on an enormous scale: 

+1 
� � 1 3 1 
N2(g) + 3H2(g) -- 2NH3(g) 

Combining Compound and Element Many binary covalent compounds react with 
nonmetals to form larger compounds. Many nonmetal oxides react with additional 02 
to form "higher" oxides (those with more a atoms in each molecule). For example, 

-2 -2 yl � 14 1 
2NO(g) + 02(g) -- 2N02(g) 

Similarly, many nonmetal halides combine with additional halogen: 

- I  -I 1 3 1 � 1 5 1 
PC13(1) + C12(g) -- PCls(s) 

Decomposing Compounds into Elements A decomposition reaction occurs when 
a reactant absorbs enough energy for one or more of its bonds to break. The 
energy can take many forms; we'l l  focus in this discussion on heat and electricity. 
The products are either elements or elements and smaller compounds. Following 
are several common examples : 

l .  Thermal decomposition. When the energy absorbed is heat, the reaction is 
a thermal decomposition. (A Greek delta, Ll., above a reaction arrow indicates that 
heat is required for the reaction.) Many metal oxides, chlorates, and perchlorates 
release oxygen when strongly heated. Heating potassium chlorate is a method for 
forming small amounts of oxygen in the laboratory ; the same reaction occurs in 
some explosives and fireworks : 

+5 
+1 1 -2 
I I Ll 2KCI03(s) --

- I  

o +1 1 I I 
2KCl(s) + 302(g) 

Notice that the lone reactant is the oxidizing and the reducing agent. 
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Figure 4. 1 2  An active metal displacing 
hydrogen from water. Lithium displaces 
hydrogen from water in  a vigorous reac­
tion that yields an aqueous solution of 
lithium hydroxide and hydrogen gas, as 
shown on the macroscopic scale (top), 
at the atomic scale (middle), and as a 
balanced equation (bottom). (For clarity, 
the atomic-scale view of water has been 
greatly simplified, and only water mol­
ecules involved in the reaction are 
colored red and blue.) 

CHAPTER 4 The Major Classes of Chemical Reactions 

2. Electrolytic decomposition. In the process of electrolysis, a compound 
absorbs electrical energy and decomposes into its elements. Observing the elec­
trolysis of water was crucial in the establishment of atomic masses: 

+1-2 0 0 
I I I ' . I I 

2H20(l) e ectnclty ) 2H2(g) + 02(g) 
Many active metals, such as sodium, magnesium, and calcium, are produced 
industrially by electrolysis of their molten halides: 

+2-1 0 0 
I I I ' . I I 

MgC12(l) e ectnclty • Mg(l) + Clig) 
(We' l l  examine the details of electrolysis in Chapter 2 1 .) 

Displacing One Element by Another; Activity Series As we said, displacement 
reactions have the same number of reactants as products. We mentioned double­
displacement (metathesis) reactions in discussing precipitation and acid-base reac­
tions. The other type, single-displacement reactions, are all oxidation-reduction 
processes. They occur when one atom displaces the ion of a different atom from 
solution. When the reaction involves metals, the atom reduces the ion ; when it 
involves nonmetals (specifically halogens), the atom oxidizes the ion. Chemists 
rank various elements into activity series-one for metals and one for halogens­
in order of their ability to displace one another. 

1 .  The activity series of the metals. Metals can be ranked by their ability to 
displace H2 (actually reduce H+) from various sources or by their ability to dis­
place one another from solution. • A metal displaces H2 from water or acid. The most reactive metals, such as 

those from Group l A ( 1 )  and Ca, Sr, and B a  from Group 2A(2), displace H2 
from water, and they do so vigorously. Figure 4. 1 2  shows this reaction for 

o 
2Li(s) 
Lithium 

+ 
+1 -2 
2H2°(/) 

Water 

+1 -2 +1 0 
2LiOH(aq) + H2(g) 

Lithium hydroxide Hydrogen 



4.6 Elements in Redox Reoctions 

lithium. Heat is needed to speed the reaction of slightly less reactive metals, 
such as Al and Zn, so these metals displace H2 from steam: +1 

o +1-2 +3-2 1 0 
I I I I I I 

2Al(s) + 6H20(g) -- 2Al(OHh(s) + 3H2(g) 
Sti l l  less reactive metals, such as nickel and tin, do not react with water but 
do react with acids. Because the concentration of H+ is higher in acid solu­
tions than in water, H2 is displaced more easily. Here is the net ionic equation: 

o + I +2 0 
I I + I 2+ I 

Ni(s) + 2H (aq) -- Ni (aq) + H2(g) 
Notice that in al l  such reactions, the metal is the reducing agent (O.N. of 
metal increases), and water or acid is the oxidizing agent (O.N. of H decreases). 
The least reactive metals, such as silver and gold, cannot displace H2 from 
any source. • A metal displaces another metal ion from solution. Direct comparisons of metal 
reactivity are clearest in these reactions . For example, zinc metal displaces 
copper(II) ion from (actually reduces Cu

2+ in) copper(II) sulfate solution, as 
the total ionic equation shows: +6 +2 1-2 0 

I 0+ I 2- I 
Cu- (aq) + 504 (aq) + Zn(s) --

+6 
o +2 1-2 I I 0+ I 0 
Cu(s) + Zn- (aq) + 504-- (aq) 

Figure 4. 1 3  demonstrates in atomic detail that copper metal can displace silver 
ion from solution. Thus, zinc is more reactive than copper, which is more reac­
tive than silver. 

Copper 
wire 

Silver ---++­
nitrate 
solution 

coating 
wire 

silver 
'----11-- Copper 

nitrate 
solution 

Ag atoms -��ll'!!!.� in wire 

+1 +5 -2 0 
2AgN03(aq) + Cu(s) 

+2+5 -2 0 
� Cu(N03h(aq) + 2Ag(s) 
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Figure 4. 1 3  Displacing one metal by 
another. More reactive metals displace 
less reactive metals from solution. In this 
reaction, Cu atoms each give up two 
electrons as they become Cu2+ ions and 
leave the wire. The electrons are trans­
ferred to two Ag+ ions that become Ag 
atoms and deposit on the wire. With time, 
a coating of crystalline silver coats the 
wire. Thus, copper has displaced silver 
(reduced silver ion) from solution. The re­
action is depicted as the laboratory view 
(top), the atomic-scale view (middle), and 
the balanced redox equation (bottom). 
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Li 
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Figure 4. 1 4  The activity series of the 
metals. This list of metals (and H2) is 
arranged with the most active metal 
(strongest reducing agent) at the top and 
the least active metal (weakest reducing 
agent) at the bottom. The four metals be­
low H2 cannot displace it from any source. 
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The results of many such reactions between metals and water, aqueous acids, 
and metal-ion solutions form the basis of the activity series of the metals. In Fig­
ure 4.14 elements higher on the list are stronger reducing agents than elements lower 
down; that is, for those that are stable in water, elements higher on the list can 
reduce aqueous ions of elements lower down. The list also shows whether the metal 
can displace H2 (reduce H+) and, if so, from which source. Look at the metals in 
the equations we' ve just discussed. Note that Li, AI, and Ni lie above H2, while Ag 
lies below it; also, Zn lies above Cu, which lies above Ag. The most reactive met­
als on the list are in Groups I A( l )  and 2A(2) of the peliodic table, and the least 
reactive lie at the right of the transition elements in Groups lE( 1 l )  and 2B( 1 2) .  

2. The activity series of the halogens. Reactivity decreases down Group 
7 A ( 17) ,  so we can arrange the halogens into their own activity series: 

F2 > Cl2 > Br2 > 12 
A halogen higher in the periodic table is a stronger oxidizing agent than one lower 
down. Thus, chlorine can oxidize bromide ions or iodide ions from solution, and 
bromine can oxidize iodide ions. Here, chlorine displaces bromine: 

- I 0 0 -I 
I I I I 

2Br-(aq) + CI2(aq) � Br2(aq) + 2CI-(aq) 

Combustion Reactions Combustion is the process of combining with oxygen, 
often with the release of heat and light, as in a flame. Combustion reactions do 
not fall neatly into classes based on the number of reactants and products, but all 
are redox processes because elemental oxygen is a reactant: 

2CO(g) + 02(g) ----+ 2C02(g) 

The combustion reactions that we commonly use to produce energy in­
volve organic mixtures such as coal, gasoline, and natural gas as reactants. These 
mixtures consist of substances with many carbon-carbon and carbon-hydrogen 
bonds. During the reaction, these bonds break, and each C and H atom combines 
with oxygen. Therefore, the major products are CO2 and H20. The combustion 
of the hydrocarbon butane, which is used in camp stoves, is typical: 

2C4HIO(g) + 1 3 02(g) ----+ 8C02(g) + lOH20(g) 

Biological respiration is a multistep combustion process that occurs within our 
cells when we "burn" organic foodstuffs, such as glucose, for energy: 

C6H1206(S) + 602(g) ----+ 6C02(g) + 6H20(g) 

SAMPLE PROBLEM 4.8 Identifying the Type of Redox Reaction 
Problem Classify each of the following redox reactions as a combination, decomposition, 
or displacement reaction, write a balanced molecular equation for each, as well as total 
and net ionic equations for part (c), and identify the oxidizing and reducing agents: 
(a) Magnesium(s) + nitrogen(g) ----+ magnesium nitride(s) 
(b) Hydrogen peroxide(l) ----+ water + oxygen gas 
(c) Aluminum(s) + lead(II) nitrate(aq) ----+ aluminum nitrate(aq) + lead(s) 
Plan To decide on reaction type, recall that combination reactions produce fewer products 
than reactants, decomposition reactions produce more products, and displacement reac­
tions have the same number of reactants and products. The oxidation number (O.N.) 
becomes more positive for the reducing agent and less positive for the oxidizing agent. 
Solution (a) Combination: two substances form one. This reaction occurs, along with 
formation of magnesium oxide, when magnesium burns in air: 

Mg is the reducing agent; N2 is the oxidizing agent. 
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(b) Decomposition: one substance forms two. This reaction occurs within every bottle 
of this common household antiseptic. Hydrogen peroxide is very unstable and breaks down 
from heat, light, or just shaking: 

-I +1-1 +1 -2 0 
I I I I I 

2H202(l) -----. 2H20(l) + °2(g) 

H202 is both the oxidizing and the reducing agent. The O.N. of 0 in peroxides is -l. 
It increases to 0 in O2 and decreases to -2 in H20. 

(c) Displacement: two substances form two others. As Figure 4. 1 4  shows, Al is more 
active than Pb and, thus, displaces it from aqueous solution: 

-2 -2 
o +2 +5 / +3+5 / 0 
I I I I I I 

2Al(s) + 3Pb(N03h(aq) -----. 2AI(N03h(aq) + 3Pb(s) 
Al is the reducing agent; Pb(N03h is the oxidizing agent. 

The total ionic equation is 

2Al(s) + 3Pb2
+(aq) + 6N03 -(aq) � 2Al

3
+(aq) + 6N03 -(aq) + 3Pb(s) 

The net ionic equation is 

2AI(s) + 3Pb2
+(aq) � 2AI

3
+(aq) + 3Pb(s) 

FOLLOW-UP PROBLEM 4.8  Classify each of the following redox reactions as a com­
bination, decomposition, or displacement reaction, write a balanced molecular equation for 
each, as well as total and net ioruc equations for parts (b) and (c), and identify the oxidizing 
and reducing agents: 
(a) S8(S) + F2(g) � SF4(g) (b) CsI(aq) + CI2(aq) � CsCl(aq) + I2(aq) 
(c) Ni(N03h(aq) + Cr(s) � Ni(s) + Cr(N03h(aq) 

S E C T I O N  S U MM A RY 
Any reaction that includes a free element as reactant or product is a redox reaction. 

In combination reactions, elements combine to form a compound, or a compound 

and an element combine. Decomposition of compounds by absorption of heat or elec­

tricity can form elements or a com pound and an element. In displacement reactions, 

one element displaces another from solution.  Activity series rank elements in order of 

reactivity. The activity series of the metals ranks metals by their abil ity to displace H2 

from water, steam , or acid, or to d isplace one another from solution. Combustion typ­

ically releases heat and light energy through reaction of a substance with 02' 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 

Learning Obiectives 

1 3 1  

To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are l isted in parentheses. 

concentration from a titration (§ 4 .3 ,  4.4) (SPs 4.3-4.5) 
(EPs 4.20-4.43) 

1. Understand how water dissolves an ionic compound compared 
to a covalent compound and which solution contains an elec­
trolyte; use a compound's formula to find moles of ions (including 
H+) in solution (§ 4. 1 )  (SPs 4. 1 ,  4.2) (EPs 4 . 1 - 4. 1 9) 
2. Understand the key events in precipitation and acid-base reac­
tions and use ionic equations to describe them; distinguish be­
tween strong and weak acids and bases and calculate an unknown 

3. Understand the key event in the redox process; determine the 
oxidation number of any element in a compound; identify the ox­
idizing and reducing agents in a reaction (§ 4.5) (SPs 4.6, 4.7) 
(EPs 4.44-4.58) 
4.  Identify three important types of redox reactions that include 
elements: combination, decomposition, displacement (§ 4.6) 
(SP 4.8) (EPs 4.59-4.73) 
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Key Terms 
Section 4. 1 
polar molecule ( 1 09) 
solvated (1 to) 
electrolyte ( 1 1 0) 
nonelectrolyte ( 1 1 2) 
Section 4.2 
molecular equation ( 1 1 3) 
total ionic equation ( 1 1 4) 
spectator ion ( 1 1 4) 

net ionic equation ( 1 14) 
Section 4.3 
precipitation reaction ( 1 1 5) 
precipitate ( 1 1 5 )  
metathesis reaction ( 1 1 6) 
Section 4.4 
aci d -base reacti on ( 1 1 7) 
neutralization reaction ( 1 1 7) 
acid ( 1 1 7) 

Brief Solutions to Follow-up Problems 
) C H20 + -4. 1 (a K 104(s) ----"---->- K (aq) + CI04 (aq); 

2 mol of K+ and 2 mol of C104 -

(b) Mg(C2H302h(S) H20, Mg2+(aq) + 2C2H302-(aq); 
2.49 mol of Mg2+ and 4.97 mol of C2H302-

(c) (NH4hCr04(S) H20, 2NH4 + (aq) + Cr042- (aq); 
6.24 mol of NH4 + and 3 . 1 2  mol of CrOl-

(d) NaHS04(s) H20. Na+ (aq) + HS04 - (aq); 
0.73 mol of Na + and 0.73 mol of HS04 -

Ib 
4.2 Moles of H+ = 45 1 rub X -3--

1 0  rub 
3 .20 mol HEr 1 mol H+ X X 

1 b-wI-R 1 mol HEr 
= 1 .44 mol H+ 

4.3 (a) Fe3+(aq) + 3CI- (aq) + 3Cs+(aq) + POl-(aq) -
FeP04(s) + 3CI-(aq) + 3Cs+(aq) 

Fe3+(aq) + P043 -(aq) - FeP04(s) 
(b) 2Na+(aq) + 20H-(aq) + Cd2+(aq) + 2N03 -(aq) -

2Na+(aq) + 2N03 -(aq) + Cd(OHh(s) 
20H-(aq) + Cd2

+(aq) - Cd(OHh(s) 
(c) No reaction occurs 
(d) 2Ag+(aq) + SOl -(aq) + Ba2+ (aq) + 2CI- (aq) -

2AgCI(s) + BaS04(s) 
Total and net ionic equations are identical. 
4.4 Ca(OHhCaq) + 2HN03(aq) - Ca(N03hCaq) + 2H20(l) 
Ca2+(aq) + 20H- (aq) + 2H+(aq) + 2N03 - (aq) -

Ca2+ (aq) + 2N03 - (aq) + 2H20(l) 
H+(aq) + OH-(aq) - H20(l) 

Problems 
Problems with colored numbers are answered in Aprendix E. 
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are grouped in pairs 
(indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or previ­
ous chapter. 

base ( 1 1 8) 
salt ( 1 19) 
titration ( 11 9) 
equivalence point ( 1 20) 
end point (120) 
Section 4.5 
oxidation-reduction (redox) 

reaction ( 1 23)  
oxidation ( 1 24) 

reduction ( 1 24) 
oxidizing agent ( 1 24) 
reducing agent ( 1 24) 
oxidation number (O.N.) 

(or oxidation state) (124) 
Section 4.6 
activity series of the 

metals ( 1 30) 

4.5 Ba(OHh(aq) + 2HCI(aq) - BaCI2(aq) + 2H20(l) 
Volume (L) of soln 

= 50.00 rub HCl solA X � X 
0. 1 0 1 6  mol HCI 

103 rub 1 b-wI-R 
1 mol Ea(OH)z ___ I_b-.:.,.so:....,I_A __ 

X X 
2 mol HCI 0. 1 292 mol Ea(OHh 

= 0.0 1 966 L 
4.6 (a) O.N. of Sc = +3; O.N. of 0 = - 2  
(b) O.N. of G a  = +3; O.N. of C I  = - 1  
(c) O.N. of H = + 1 ;  O.N. of P = +5; O.N. of 0 = - 2  
(d) O.N. of I = +3; 0.N. of F=- 1  
4.7 (a) Fe is the reducing agent; Cl2 is the oxidizing agent. 
(b) C2H6 is the reducing agent; O2 is the oxidizing agent. 
(c) CO is the reducing agent; 1205 is the oxidizing agent. 
4.8 (a) Combination: 
S8(S) + 1 6F2(g) - 8SF4(g) 
S8 is the reducing agent; F2 is the oxidizing agent. 
(b) Displacement: 
2CsI(aq) + Cl2(aq) - 2CsCI(aq) + 12(aq) 
Cl2 is the oxidizing agent; CsI is the reducing agent. 
2Cs+(aq) + 21-(aq) + CI2(aq) -

2Cs+ (aq) + 2CI-(aq) + 12(aq) 
21- (aq) + CI2(aq) - 2Cl- (aq) + 12(aq) 
(c) Displacement: 
3Ni(N03hCaq) + 2Cr(s) - 3Ni(s) + 2Cr(N03Maq) 
3Ni2+(aq) + 6N03 - (aq) + 2Cr(s) -

3Ni(s) + 2Cr3+ (aq) + 6N03 - (aq) 
3Ni2+(aq) + 2Cr(s) - 3Ni(s) + 2Cr3 +(aq) 
Cr is the reducing agent; Ni(N03h is the oxidizing agent. 

The Role of Water as a Solvent 
(Sample Problems 4. 1 and 4.2) 

4. 1 What two factors cause water to be polar? 
4.2 What must be present in an aqueous solution for it to conduct 

an electric current? What general classes of compounds form so­
lutions that conduct? 



4.3 What occurs on the molecular level when an ionic compound 
dissolves in water? 

4.4 Which of the following best represents how the ions occur in 
aqueous solutions of (a) CaCI2, (b) Li2S04, and (c) NH4Br? 

o o o 0 

(1 ) (2) (3) 0 

4.5 Which of the following best represents a volume from a solu­
tion of magnesium nitrate? 

= magnesium ion = nitrate ion 

(1 ) (2) (3) 

4.6 Why are some ionic compounds soluble in water and others 
are not? 

4.7 Some covalent compounds dissociate into ions when they dis­
solve in water. What atom do these compounds have in their 
structures? What type of aqueous solution do they form? Name 
three examples of such an aqueous solution. 

14.8 State whether each of the following substances is likely to be 
very soluble in water. Explain. 
(a) Benzene, C6H6 (b) Sodium hydroxide 
(c) Ethanol, CH3CH20H (d) Potassium acetate 

4.9 State whether each of the following substances is likely to be 
very soluble in water. Explain. 
(a) Lithium nitrate (b) Glycine, H2NCH2COOH 
(c) Pentane (d) Ethylene glycol, HOCH2CH20H 

4.10 State whether an aqueous solution of each of the following 
substances conducts an electric current. Explain your reasoning. 
(a) Cesium iodide (b) Hydrogen bromide 

4. 1 1  State whether an aqueous solution of each of the following 
substances conducts an electric current. Explain your reasoning. 
(a) Potassium hydroxide (b) Glucose, C6HI206 

4.12 How many total moles of ions are released when each of the 
following samples dissolves completely in water? 
(a) 0.83 mol of K3P04 (b) 8.ll X 1 0 -3 g of NiBr2'3H20 
(c) 1 .23 X 1 02 1 formula units of FeCl3 

4. 1 3  How many total moles of ions are released when each of the 
following samples dissolves completely in water? 
(a) 0.734 mol of Na2HP04 (b) 3 .86 g of CuS04'5H20 
(c) 8.66X 1 020 formula units of NiCl2 

4. 1 4  How many moles and numbers of ions of each type are pres­
ent in the following aqueous solutions? 
(a) 1 00 mL of 2.45 M aluminum chloride 
(b) 1.80 L of a solution containing 2.59 g lithium sulfatelL 
(c) 225 mL of a solution containing 1.68 X 1 0

22 formula units of 
potassium bromide per liter 
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4. 1 5  How many moles and numbers of ions of each type are pres­
ent in the following aqueous solutions? 
(a) 88 mL of 1 .75 M magnesium chloride 
(b) 321 mL of a solution containing 0.22 g aluminum sulfate/L 
(c) 1 .65 L of a solution containing 8.83 X 1 02 1 formula units of 
cesium nitrate per liter 

4. 1 6  How many moles of H+ ions are present in the following 
aqueous solutions? 
(a) 1 .40 L of 0.25 M perchloric acid 
(b) 1 . 8  mL of 0.72 M nitric acid 
(c) 7.6 L of 0.056 M hydrochloric acid 

4. 1 7  How many moles of H + ions are present in the following 
aqueous solutions? 
(a) 1 .4 mL of 0.75 M hydrobromic acid 
(b) 2.47 mL of 1 .98 M hydriodic acid 
(c) 395 mL of 0.270 M nitric acid 

4. 1 8  To study a marine organism, a biologist prepares a l .OO-kg 
sample to simulate the ion concentrations in seawater. She mixes 
26.5 g of NaCI, 2.40 g of MgCI2, 3 .35 g of MgS04' 1 .20 g of 
CaClz, 1.05 g of KCI, 0.315 g of NaHC03, and 0.098 g of NaBr 
in distilled water. (a) If the density of this solution is 1 .04 g/cm3, 
what is the molarity of each ion? (b) What is the total molarity of 
alkali metal ions? (c) What is the total molarity of alkaline earth 
metal ions? (d) What is the total molarity of anions? 

4. 1 9  Water "softeners" remove metal ions such as Ca2+ and Fe3+ 
by replacing them with enough Na + ions to maintain the same 
number of positive charges in the solution. If 1 .0 X  1 03 L of 
"hard" water is 0.0 1 5  M Ca2+ and 0.00 1 0  M Fe3+ , how many 
moles of Na + are needed to replace these ions? 

Writing Equations for Aqueous Ionic Reactions 
4.20 Write two sets of equations (both molecular and total ionic) 

with different reactants that have the same net ionic equation as 
the following equation: 
Ba(N03)z(aq) + Na2C03(aq) - BaC03(s) + 2NaN03(aq) 

Precipitation Reactions 
(Sample Problem 4.3) 
4.2 1 Why do some pairs of ions precipitate and others do not? 
4.22 Use Table 4. 1 to determine which of the following combina-

tions leads to a reaction. How can you identify the spectator ions 
in the reaction? 
(a) Calcium nitrate(aq) + sodium chloride(aq) -
(b) Potassium chloride(aq) + leaden) nitrate(aq) -

4.23 The beakers represent the aqueous reaction of AgN03 and 
NaCI. Silver ions are gray. What colors are used to represent 
N03 -, Na + , and Cl- ? Write molecular, total ionic, and net ionic 
equations for the reaction. 
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14.24 Complete the following precipitation reactions with balanced 
molecular, total ionic, and net ionic equations: 
(a) Hg2(N03hCaq) + KI(aq) -
(b) FeS04(aq) + Ba(OHhCaq) -

4.25 Complete the fol lowing precipitation reactions with balanced 
molecular, total ionic, and net ionic equations: 
(a) CaCI2(aq) + Cs3P04(aq) -
(b) Na2S(aq) + ZnS04(aq) -

4.26 When each of the following pairs of aqueous solutions is 
mixed, does a precipitation reaction occur? If so, write balanced 
molecular, total ionic, and net ionic equations: 
(a) Sodium nitrate + copper(II) sulfate 
(b) Ammonium iodide + si lver nitrate 

4.27 When each of the following pairs of aqueous solutions is 
mixed, does a precipitation reaction occur? If so, write balanced 
molecular, total ionic, and net ionic equations: 
(a) Potassium carbonate + barium hydroxide 
(b) Aluminum nitrate + sodium phosphate 

4.28 If 35.0 mL of lead(II) nitrate solution reacts completely with 
excess sodium iodide solution to yield 0.628 g of precipitate, 
what is the molarity of lead(II) ion in the original solution? 

4.29 If 25.0 mL of silver nitrate solution reacts with excess potas­
sium chloride solution to yield 0.842 g of precipitate, what is the 

1 molarity of silver ion in the original solution? 

4.30 The mass percent of CI- in a seawater sample is determined 
by titrating 25.00 mL of seawater with AgN03 solution, causing 
a precipitation reaction. An indicator is used to detect the end 
point, which occurs when free Ag + ion is present in solution af­
ter all the Cl- has reacted. If43.63 mL of O.3020 M AgN03 is re­
quired to reach the end point, what is the mass percent of CI- in 
the seawater (d of seawater = 1 .04 g/mL)?  

4.31 Aluminum sulfate, known as  cake alum, has a wide range of 
uses, from dyeing leather and cloth to purifying sewage. In aque­
ous solution, it reacts with base to form a white precipitate. 
(a) Write balanced total and net ionic equations for its reaction 
with aqueous NaOH. (b) What mass of precipitate forms when 
185.5 mL of 0.533 M NaOH is added to 627 mL of a solution 
that contains 1 5.8 g of aluminum sulfate per liter? 

Acid-Base Reactions 
(Sample Problems 4.4 and 4.5) 

4.32 Is the total ionic equation the same as the net ionic equation 
when Sr(OHh(aq) and H2S04(aq) react? Explain. 

4.33 (a) Name three common strong acids. (b) Name three com­
mon strong bases. (c) What is a characteristic behavior of a 
strong acid or a strong base? 

4.34 (a) Name three common weak acids. (b) Name one common 
weak base. (c) What is the major difference between a weak acid 
and a strong acid or between a weak base and a strong base, and 
what experiment would you perform to observe it? 

4.35 The net ionic equation for the aqueous neutra\jzation reaction 
between acetic acid and sodium hydroxide is d ifferent from that 
for the reaction between hydrochloric acid and sodium hydrox­
ide. Explain by writing balanced net ionic equations. 

14.36 Complete the following acid-base reactions with balanced 
molecular, total ionic, and net ionic equations: 
(a) Potassium hydroxide(aq) + hydriodic acid(aq) -
(b) Ammonia(aq) + hydrochloric acid(aq) -

4.37 Complete the fol lowing acid-base reactions with balanced 
molecular, total ionic, and net ionic equations: 
(a) Cesium hydroxide(aq) + nitric acid(aq) -
(b) Calcium hydroxide(aq) + acetic acid(aq) -

4.38 Limestone (calcium carbonate) is insoluble in water but dis­
solves when a hydrochloric acid solution is added. Write bal­
anced total ionic and net ionic equations, showing hydrochloric 
acid as it actually exists in water and the reaction as a proton­
transfer process. [Hint: The H2C03 that forms decomposes to 
H20 and gaseous CO2.] 

4.39 Zinc hydroxide is insoluble in water but dissolves when a ni­
tric acid solution is added. Write balanced total ionic and net 
ionic equations, showing nitric acid as it actually exists in water 
and the reaction as a proton-transfer process. 

4.40 If 25.98 mL of a standard 0. 1 1 80 M KOH solution reacts with 
52.50 mL of CH3COOH solution, what is the molarity of the 
acid solution? 

4.41 If 36.25 mL of a standard 0. 1 750 M NaOH solution is re­
quired to neutralize 25.00 mL of H2S04, what is the molarity of 

1 the acid solution? 

4.42 An auto mechanic spills 78 mL of 2.6 M H2S04 solution from 
a rebuilt auto battery. How many milli liters of 1 .5 M NaHC03 
must be poured on the spill to react completely with the sulfuric 
acid? [Hint: H20 and CO2 are among the products.] 

4.43 One of the first steps in the enrichment of uranium for use in 
nuclear power plants involves a displacement reaction between 
U02 and aqueous HF: 

UOis) + HF(aq) - UF4(s) + H20(l) [unbalanced] 
How many liters of 2.50 M HF will react with 2.25 kg of U02? 

Oxidation-Reduction (Redox) Reactions 
(Sample Problems 4.6 and 4.7) 

4.44 Why must every redox reaction involve an oxidizing agent 
and a reducing agent? 

4.45 In which of the following equations does sulfuric acid act as 
an oxidizing agent? In which does it act as an acid? Explain. 
(a) 4H+(aq) + SO/-(aq) + 2NaI(s) -

2Na + (aq) + I2(s) + S02(g) + 2H20(l) 
(b) BaF2(s) + 2H+ (aq) + SO/- (aq) -

2HF(aq) + BaSOis) 

14.46 Give the oxidation number of nitrogen in the following: 
(a) NH20H (b) N2H4 (c) NH4 + (d) HN02 

4.47 Give the oxidation number of sulfur in the following: 
(a) SOCl2 (b) H2S2 (c) H2S03 (d) Na2S 

4.48 Give the oxidation number of arsenic in the following: 
(a) AsH3 (b) H3As04 (c) AsCI3 

4.49 Give the oxidation number of phosphorus in the following: 
(a) H2P2ol- (b) PH4 + (c) PCls 

4.50 Give the oxidation number of manganese in the following: 
(a) Mn042- (b) Mn203 (c) KMn04 

4.51 Give the oxidation number of chromium in the following: 
(a) Cr03 (b) Cr2072- (c) Cr2(S04h 

4.52 Identify the oxidizing and reducing agents in the fol lowing: 
(a) 5H2C204(aq) + 2Mn04 -(aq) + 6H+(aq) -

2Mn2+(aq) + 1 0C02(g) + 8H20(l) 
(b) 3Cu(s) + 8H+ (aq) + 2N03 - (aq) -

3Cu
2
+(aq) + 2NO(g) + 4H20(l) 



4.53 Identify the oxidizing and reducing agents in the following: 
(a) Sn(s) + 2H+ (aq) ---+ Sn2+(aq) + H2(g) 
(b) 2H+(aq) + H202(aq) + 2Fe2+(aq) ---+ 

2Fe3+(aq) + 2H20(l) 

4.54 Identify the oxidizing and reducing agents in the following: 
(a) 8H+(aq) + 6Cl -(aq) + Sn(s) + 4N03 - (aq) ---+ 

SnCll-(aq) + 4N02(g) + 4H20(l) 
(b) 2Mn04 - (aq) + l OCl-(aq) + J6H+(aq) ---+ 

5CI2(g) + 2Mn2+ (aq) + 8H20(l) 
4.55 Identify the oxidizing and reducing agents in the following: 

(a) 8H+(aq) + Cr20/ - (aq) + 3S0/-(aq) ---+ 
2Cr3 +(aq) + 3S0/- (aq) + 4H20(l) 

(b) N03 -(aq) + 4Zn(s) + 70H-(aq) + 6H20(l) ---+ 
4Zn(OH)/-(aq) + NH3(aq) 

4.56 Discuss each conclusion from a study of redox reactions: 
(a) The sulfide ion functions only as a reducing agent. 
(b) The sulfate ion functions only as an oxidizing agent. 
(c) Sulfur dioxide functions as an oxidizing or a reducing agent. 

4.57 Discuss each conclusion from a study of redox reactions: 
(a) The nitride ion functions only as a reducing agent. 
(b) The nitrate ion functions only as an oxidizing agent. 
(c) The nitrite ion functions as an oxidizing or a reduc­
ing agent. 

4.58 A person's blood alcohol (C2HsOH) level can be determined 
by titrating a sample of blood plasma with a potassium dichro­
mate solution. The balanced equation is 
16H+(aq) + 2Cr20/-(aq) + C2HsOH(aq) ---+ 

4Cr3+ (aq) + 2C02(g) + l lH20(l) 
If 35.46 mL of 0.0596 1 M Cr20/- is required to titrate 28.00 g 
of plasma, what is the mass percent of alcohol in the blood? 

Elements in Redox Reactions 
(Sample Problem 4.8) 
4.59 Which type of redox reaction leads to the following? 

(a) An increase in the number of substances 
(b) A decrease in the number of substances 
(c) No change in the number of substances 

4.60 Why do decomposition reactions typically have compounds 
as reactants, whereas combination and displacement reactions 
have one or more elements? 

4.61 Which of the three types of reactions discussed in this section 
commonly produce one or more compounds? 

14.62 Balance each of the following redox reactions and classify it 
as a combination, decomposition, or displacement reaction: 
(a) Sb(s) + CI2(g) ---+ SbCI3(s) 
(b) AsH3(g) ---+ As(s) + H2(g) 
(c) Mn(s) + Fe(N03Maq) ---+ Mn(N03Maq) + Fe(s) 

4.63 Balance each of the following redox reactions and classify it 
as a combination, decomposition, or displacement reaction: 
(a) Mg(s) + H20(g) ---+ Mg(OHMs) + H2(g) 
(b) Cr(N03h(aq) + Al(s) ---+ AI(N03Maq) + Cr(s) 
(c) PF3(g) + F2(g) ---+ PFs(g) 

4.64 Predict the product(s) and write a balanced equation for each 
of the following redox reactions: 
(a) N2(g) + H2(g) ---+ 
(b) NaCl03(s) � 
(c) Ba(s) + H20(l) ---+ 
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4.65 Predict the product(s) and write a balanced equation for each 
of the following redox reactions: 
(a) Fe(s) + HCl04(aq) ---+ 
(b) Ss(s) + 02(g) ---+ 
(c) BaCI2(l) electricity. 

4.66 Predict the product(s) and write a balanced equation for each 
of the following redox reactions: 
(a) Cesium + iodine ---+ 
(b) Aluminum + aqueous manganese(II) sulfate ---+ 
(c) Sulfur dioxide + oxygen ---+ 
(d) Propane and oxygen ---+ 
(e) Write a balanced net ionic equation for (b). 

4.67 Predict the product(s) and write a balanced equation for each 
of the following redox reactions: 
(a) Pentane (CsHd + oxygen ---+ 
(b) Phosphorus trichloride + chlorine ---+ 
(c) Zinc + hydrobromic acid ---+ 
(d) Aqueous potassium iodide + bromine ---+ 
(e) Write a balanced net ionic equation for (d). 

4.68 How many grams of O2 can be prepared from the thermal de­
composition of 4.27 kg of HgO? Name and calculate the mass 
(in kg) of the other product. 

4.69 How many grams of chlorine gas can be produced from the 
electrolytic decomposition of 874 g of calcium chloride? Name 
and calculate the mass (in g) of the other product. 

4.70 In a combination reaction, 1.62 g of lithium is mixed 
with 6.00 g of oxygen. (a) Which reactant is present in ex­
cess? (b) How many moles of product are formed? (c) After 
reaction, how many grams of each reactant and product 
are present? 

4.71 In a combination reaction, 2 .22 g of magnesium is heated 
with 3 .75 g of nitrogen. (a) Which reactant is present in 
excess? (b) How many moles of product are formed? (c) After 
reaction, how many grams of each reactant and product 
are present? 

4.72 A mixture of CaC03 and CaO weighing 0.693 g was heated 
to produce gaseous CO2. After heating, the remaining solid 
weighed 0.508 g.  Assuming all the CaC03 broke down to 
CaO and CO2, calculate the mass percent of CaC03 in the origi­
nal mixture. 

4.73 Before arc welding was developed, � displacement reaction 
involving aluminum and iron(III) oxide was commonly used to 
produce molten iron (the thermi te process) .  This reaction was 
used, for example, to connect sections of iron railroad track. Cal­
culate the mass of molten iron produced when 1 .00 kg of alu­
minum reacts with 2.00 mol of iron (III) oxide. 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

4.74 Nutritional biochemists have known for decades that acidic 
foods cooked in cast-iron cookware can supply significant 
amounts of dietary iron (ferrous ion). 
(a) Write a balanced net ionic equation, with oxidation numbers, 
that supports this fact. 
(b) Measurements show an increase from 3 .3  mg of iron to 
49 mg of iron per �-cup ( l 25-g) serving during the slow prepa­
ration of tomato sauce in a cast-iron pot. How many ferrous ions 
are present in a 26-oz (737-g) jar of the tomato sauce? 



1 36 CHAPTER 4 The Maior Classes of Chemical Reactions 

4.75 The brewing industry uses yeast microorganisms to convert 
glucose to ethanol for wine and beer. The baking industry uses 
the carbon dioxide produced to make bread rise: 

C6HI206(s) � 2C2HsOH(l) + 2C02(g) 
How many grams of ethanol can be produced from 1 0.0 g of glu­
cose? What volume of CO2 is produced? (Assume 1 mol of gas 
occupies 22.4 L at the conditions used.) 

* 4.76 A chemical engineer determines the mass percent of iron in 
an ore sample by converting the Fe to Fe2+ in acid and then 
titrating the Fe2 + with Mn04 - . A 1 . 1 08 1 -g sample was dis­
solved in acid and then titrated with 39.32 mL of 0.03 1 90 M 
KMn04' The balanced equation is 

8H+(aq) + 5Fe2+(aq) + Mn04-(aq) --
5Fe3+(aq) + Mn2+(aq) + 4H20(l) 

Calculate the mass percent of iron in the ore. 
4.77 You are given solutions of HCl and NaOH and must deter­

mine their concentrations. You use 27.5 mL of NaOH to titrate 
1 00. mL of HCI and 1 8.4 mL of NaOH to titrate 50.0 mL of 
0.0782 M H2S04, Find the unknown concentrations. 

4.78 The flask (right) represents the products 
of the titration of 25 mL of sulfuric acid 
with 25 mL of sodium hydroxide. 
(a) Write balanced molecular, total ionic, 
and net ionic equations for the reaction. 
(b) If each orange sphere represents 
0.0 1 0  mol of sulfate ion, how many moles 
of acid and of base reacted? 
(c) What are the molarities of the acid and 
the base? 

4.79 On a lab exam, you have to find the concentrations of the 
monoprotic (one proton per molecule) acids HA and HE. You 
are given 43.5 mL of HA solution in one flask. A second flask 
contains 37.2 mL of HA, and you add enough HB solution to it 
to reach a final volume of 50.0 mL. You titrate the first HA solu­
tion with 87.3 mL of O.0906 M NaOH and the mixture of HA and 
HB in the second flask with 96.4 mL of the NaOH solution. Cal­
culate the molarity of the HA and HB solutions. 

4.80 Nitric acid, a major industrial and laboratory acid, is pro­
duced commercially by the multistep Ostwald process, which 
begins with the oxidation of ammonia: 

Step 1. 
Step 2. 
Step 3. 

4NH3(g) + 502(g) --+ 4NO(g) + 6H20(L) 
2NO(g) + 02(g) --+ 2N02(g) 
3N02(g) + H20(l) --+ 2HN03(L) + NO(g) 

(a) What are the oxidizing and reducing agents in each step? 
(b) Assuming 100% yield in each step, what mass (in kg) of 
ammonia must be used to produce 3 .0X 1 04 kg of HN03? 

4.81 For the following aqueous reactions, complete and balance 
the molecular equation and write a net ionic equation: 
(a) Manganese(II) sulfide + hydrobromic acid 
(b) Potassium carbonate + strontium nitrate 
(c) Potassium nitrite + hydrochloric acid 
(d) Calcium hydroxide + nitric acid 
(e) Barium acetate + iron(II) sulfate 
(f) Barium hydroxide + hydrocyanic acid 
(g) Copper(II) nitrate + hydrosulfuric acid 
(h) Magnesium hydroxide + chloric acid 
(i) Potassium chloride + ammonium phosphate 

4.82 Sodium peroxide (Na202) is often used in self-contained 
breathing devices, such as those used in fire emergencies, be­
cause it reacts with exhaled CO2 to form Na2C03 and O2, How 
many liters of respired air can react with 80.0 g of Na202 if each 
liter of respired air contains 0.0720 g of CO2? 

4.83 Magnesium is used in  airplane bodies and other lightweight 
alloys. The metal is obtained from seawater in a process that in­
cludes precipitation, neutralization, evaporation, and electroly­
sis. How many kilograms of magnesium can be obtained from 
1 .00 km3 of seawater if the initial Mg2+ concentration is 0. 1 3 %  
b y  mass ( d  o f  seawater = 1 .04 g/mL)? 

4.84 Physicians who specialize in sports medicine routinely treat 
athletes and dancers. Ethyl chloride, a local anesthetic com­
monly used for simple injuries, is the product of the combination 
of ethylene with hydrogen chloride: 

C2H4(g) + HCl(g) -- C2HsCl(g) 

If 0. 1 00 kg of C2H4 and 0. 1 00 kg of HCI react: 
(a) How many molecules of gas (reactants plus products) are 
present when the reaction is complete? 
(b) How many moles of gas are present when half the prod­
uct forms? 

4.85 Carbon dioxide is removed from the atmosphere of space 
capsules by reaction with a solid metal hydroxide. The products 
are water and the metal carbonate. 
(a) Calculate the mass of CO2 that can be removed by reaction 
with 3 .50 kg of lithium hydroxide. 
(b) How many grams of CO2 can be removed by 1 .00 g of each 
of the following: lithium hydroxide, magnesium hydroxide, and 
aluminum hydroxide? 

* 4.86 Calcium dihydrogen phosphate, Ca(H2P04h, and sodium 
hydrogen carbonate, NaHC03, are ingredients of baking powder 
that react with each other to produce COl> which causes dough 
or batter to rise: 

Ca(H2P04h(S) + NaHC03(s) --
CO2(g) + H20(g) + CaHP04(s) + Na2HP04(S) [unbalanced] 

If the baking powder contains 3 1 %  NaHC03 and 35% 
Ca(H2P04h by mass: 
(a) How many moles of CO2 are produced from 1 .00 g of bak­
ing powder? 
(b) If 1 mol of CO2 occupies 37.0 L at 350°F (a typical baking 
temperature),  what volume of CO2 is produced from 1 .00 g of 
baking powder? 

4.87 In a titration of HN03, you add a few drops of phenol­
phthalein indicator to 50.00 mL of acid in a flask. You quickly 
add 20.00 mL of 0.0502 M NaOH but overshoot the end point, 
and the solution turns deep pink. Instead of starting over, you 
add 30.00 mL of the acid, and the solution turns colorless. Then, 
it takes 3.22 mL of the NaOH to reach the end point. (a) What is 
the concentration of the HN03 solution? (b) How many moles of 
NaOH were in excess after the first addition? 

* 4.88 The active compound in Pepto-Bismol contains C, H, 0, 
and Bi. 
(a) When 0.22 1 05 g of it was burned in excess O2, 0. 1 422 g 
of bismuth(III) oxide, 0. 1 880 g of carbon dioxide, and 0.02750 g 
of water were formed. What is the empirical formula of 
this compound? 
(b) Given a molar mass of 1 086 g/mol, determine the molecu­
lar formula. 



(c) Complete and balance the acid-base reaction between bis­
muth(III) hydroxide and salicylic acid (HC7Hs03), which is 
used to form this compound. 
(d) A dose of Pepto-Bismol contains 0.600 mg of the active ingre­
dient. If the yield of the reaction in part (c) is 88.0%, what mass (in 
mg) of bismuth(ill) hydroxide is required to prepare one dose? 

4.89 Two aqueous solutions contain the ions indicated below. 

= Na+ 

250. mL 
+ 

(a) Write balanced molecular, total ionic, and net ionic equations 
for the reaction that occurs when the solutions are mixed. (b) If 
each sphere represents 0.050 mol of ion, what mass (in g) of pre­
cipitate forms, assuming 100% reaction. (c) What is the concen­
tration of each ion in solution after reaction? 

* 4.90 In 1 997, at the United Nations Conference on Climate Change, 
the major industrial nations agreed to expand their research efforts 
to develop renewable sources of carbon-based fuels. For more 
than a decade, Brazil has been engaged in a program to replace 
gasoline with ethanol derived from the root crop manioc (cassava). 
(a) Write separate balanced equations for the complete combus­
tion of ethanol (C2HsOH) and of gasoline (represented by the 
formula CsH l s). 
(b) What mass of oxygen is required to burn completely 1 .00 L 
of a mixture that is 90.0% gasoline (d = 0.742 g/mL) and 1 0.0% 
ethanol (d = 0.789 g/mL) by volume? 
(c) If 1 .00 mol of O2 occupies 22.4 L, what volume of O2 is 
needed to burn 1 .00 L of the mixture? 
(d) Air is 20.9% O2 by volume. What volume of air is needed to 
burn 1 .00 L of the mixture? 

* 4.91 In a car engine, gasoline (represented by CgHl g) does not 
burn completely, and some CO, a toxic pollutant, forms along 
with CO2 and H20. If 5 .0% of the gasoline forms CO: 
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(a) What is the ratio of CO2 to CO molecules in the exhaust? 
(b) What is the mass ratio of CO2 to CO? 
(c) What percentage of the gasoline must form CO for the mass 
ratio of CO2 to CO to be exactly I :  1 ? 

* 4.92 The amount of ascorbic acid (vitamin C; C6Hg06) in tablets 
is determined by reaction with bromine and then titration of the 
hydrobromic acid with standard base: 

C6Hg06 + Brz � C6H606 + 2HBr 
HBr + NaOH � NaBr + H20 

A certain tablet is advertised as containing 500 mg of vitamin C. 
One tablet was dissolved in water and reacted with Br2. The so­
lution was then titrated with 43.20 mL of 0. 1 350 M NaOH. Did 
the tablet contain the advertised quantity of vitamin C? 

4.93 In the process of pickling, rust is removed from newly pro­
duced steel by washing the steel in hydrochloric acid: 
( 1 )  6HCI(aq) + Fe203(s) � 2FeCliaq) + 3H20(l) 
During the process, some iron is lost as well: 
(2) 2HCI(aq) + Fe(s) � FeClz(aq) + H2(g) 
(a) Which reaction, if either, is a redox process? (b) If reaction 2 
did not occur and all the HCI were used, how many grams of 
Fe203 could be removed and FeCI3 produced in a 2.50x 1 03-L 
bath of 3 .00 M HCl? (c) If reaction 1 did not occur and all the 
HCI were used, how many grams of Fe could be lost and FeC12 
produced in a 2.50x 1 03-L bath of 3 .00 M HCI? (d) If 0.280 g of 
Fe is lost per gram of Fe203 removed, what is the mass ratio of 
FeCI2 to FeCl3 ? 

4.94 At liftoff, the space shuttle uses a solid mixture of ammonium 
perchlorate and aluminum powder to obtain great thrust from the 
volume change of solid to gas. In the presence of a catalyst, the 
mixture forms solid aluminum oxide and aluminum trichloride 
and gaseous water and nitrogen monoxide. (a) Write a balanced 
equation for the reaction, and identify the reducing and oxidizing 
agents. (b) How many total moles of gas (water vapor and nitrogen 
monoxide) are produced when 50.0 kg of ammonium perchlo­
rate reacts with a stoichiometric amount of AI? (c) What is the 
volume change from this reaction? (d of NH4CI04 = 1 .95 glcc, 
Al = 2.70 glcc, AI203 = 3 .97 glcc, and AICI3 = 2.44 g/cc; as­
sume 1 mol of gas occupies 22.4 L.) 
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Key Principles 
• Properties of gases differ significantly from those of liquids and solids 

because gas particles are very far apart. 

• Pressure is a force acting on an area; atmospheric gases exert a pres­
sure on Earth's surface that is measured with a barometer. 

• Measurable gas variables-volume (V), pressure (P), temperature (T), 
and amount (n)-are interdependent. For a hypothetical ideal gas, 
volume changes linearly with a change in any one of the other 
variables, as long as the remaining two are held constant. These 
behaviors are described by gas laws (Boyle's, Charles's, and 
Avogadro's), which are combined into the ideal gas law (PV = nRT). 
Most simple gases behave ideally at ordinary conditions (low pres­
sure and high temperature) . 

• Rearrangements of the ideal gas law are used to calculate the molar 
mass of a gas, the density of a gas, the partial pressure of each gas 
in a mixture of gases, and the amounts of gaseous reactants or 
products in a reaction. 

Outl ine 

Floating on a Gas Law Ballooning , bread-making, breathing, and many other 
familiar phenomena operate through a few simple behaviors of gases that you'll 
learn in this chapter. t 

• To explain the gas laws, the kinetic-molecular theory postulates that an 
ideal gas consists of points of mass moving randomly in straight lines 
between elastic collisions (no loss of energy). A key result is that all 
gases have the same average kinetic energy at a given temperature. 
Thus, temperature is a measure of energy of molecular motion. 

• Heavier gas molecules move more slowly than lighter ones, which 
helps explain why gases effuse (move out of a container through a 
tiny hole into a vacuum) or diffuse (move through one another) at 
rates inversely proportional to the square root of their molar mass 
(Graham's law). 

• At extreme conditions (low temperature and high pressure),  real gas 
behavior deviates from ideal behavior because the volume of the 
gas molecules and the attractions (and repulsions) they experience 
during collisions become important factors. The van der Waals 
equation, an adjusted version of the ideal gas law, accounts for 
these effects. 

5.1 An Overview of the Physical States 
of Matter 

5.4 Further Applications of the Ideal 
Gas Law 

5.6 The Kinetic-Molecular Theory: 
A Model for Gas Behavior 
Explaining the Gas Laws 
Effusion and Diffusion 

5.2 Gas Pressure and Its Measurement 
Measuring Atmospheric Pressure 
Units of Pressure 

5.3 The Gas Laws and Their Experimental 
Foundations 
Boyle's Law 
Charles's Law 
Avogadro's Law 
Standard Conditions 
The Ideal Gas Law 
Solving Gas Law Problems 
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Density of a Gas 
Molar Mass of a Gas 
Partial Pressure of a Gas 

5.5 The Ideal Gas Law and Reaction 
Stoichiometry 

5.7 Real Gases: Deviations from 
Ideal Behavior 
Effects of Extreme Conditions 
The van der Waals Equation 



5. 1 An Overview of the Physicol Stotes of Motter 

Gases are everywhere. People have been observing their behavior, and that of 
matter in other states, throughout history-three of the four "elements" of the 

ancients were air (gas), water (liquid), and earth (solid). However, many questions 
remain. In this chapter and its companion, Chapter 1 2, we examine these states 
and their interrelations. Here, we highlight the gaseous state, the one we under­
stand best. 

Although the chemical behavior of a gas depends on its composition, all gases 
have remarkably similar physical behavior, which is the focus of this chapter. For 
instance, although the particular gases differ, the same physical behaviors are at 
work in the operation of a car and in the baking of bread, in the thrust of a rocket 
engine and in the explosion of a kernel of popcorn, in the process of breathing 
and in the creation of thunder. 

5. 1 AN OVERVIEW OF THE PHYSICAL STATES OF MATTER 

Under appropriate conditions of pressure and temperature, most substances can 
exist as a solid, a liquid, or a gas. In Chapter 1 we described these physical states 
in terms of how each fills a container and began to develop a molecular view that 
explains this macroscopic behavior: a solid has a fixed shape regardless of the 
container shape because its particles are held rigidly in place; a liquid conforms 
to the container shape but has a definite volume and a surface because its parti­
cles are close together but free to move around each other; and a gas fills the con­
tainer because its particles are far apart and moving randomly. Several other 
aspects of their behavior distinguish gases from liquids and solids: 

1 .  Gas volume changes greatly with pressure. When a sample of gas is confined 
to a container of variable volume, such as the piston-cylinder assembly of a 
car engine, an external force can compress the gas. Removing the external force 
allows the gas volume to increase again. In contrast, a liquid or solid resists 
significant changes in volume. 

2. Gas volume changes greatly with temperature. When a gas sample at constant 
pressure is heated, its volume increases; when it is cooled, its volume 
decreases. This volume change is 50 to 1 00 times greater for gases than for 
liquids or solids. 

3 .  Gases have relatively low viscosity. Gases flow much more freely than liquids 
and solids. Low viscosity allows gases to be transported through pipes over 
long distances but also to leak rapidly out of small holes. 

4. Most gases have relatively low densities under normal conditions. Gas density 
is usually tabulated in units of grams per liter, whereas liquid and solid den­
sities are in grams per milliliter, about 1000 times as dense. For example, at 
20°C and normal atmospheric pressure, the density of 02(g) is 1 .3 gIL, whereas 
the density of H20(l) is 1 .0 g/mL and that of NaCI(s) is 2.2 g/mL. When a 
gas is cooled, its density increases because its volume decreases: at O°C, the 
density of 02(g) increases to 1 .4 gIL. 

5. Gases are miscible. Miscible substances mix with one another in any propor­
tion to form a solution. Dry air, for example, is a solution of about 1 8  gases. 
Two liquids, however, may or may not be miscible: water and ethanol are, but 
water and gasoline are not. Two solids generally do not form a solution unless 
they are mixed as molten liquids and then allowed to solidify. 

Each of these observable properties offers a clue to the molecular properties 
of gases. For example, consider these density data. At 20°C and normal atmo­
spheric pressure, gaseous N2 has a density of 1 .25 gIL. If cooled below - 1 96°C, 
it condenses to liquid N2 and its density becomes 0.808 g/mL. (Note the change 

Concepts & Ski l l s to Review 
Before You Study This Chapter 
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• physical states of matter (Section 1 .1 )  • SI unit conversions (Section 1 .4) • mole-mass-number conversions 
(Section 3 . 1 )  
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Figure 5 . 1  The three states of matter. 
Many pure substances, such as bromine 

(Br2), can exist under appropriate con­

ditions of pressure and temperature as 

A, a gas; B, a liquid; or C, a solid. The 

atomic-scale views show that molecules 

are much farther apart in a gas than in a 

liquid or solid. 
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A Gas: Molecules are 
far apart, move freely, 
and fill the available 
space 

B Liquid: Molecules are 
close together but move 
around one another 

C Solid: Molecules are 
close together in a regular 
array and do not move 
around one another 

in units.) The same amount of nitrogen occupies less than 660 as much space ! 
Further cooling to below -210°C yields solid N2 (d = 1 .03 g/mL), which is only 
slightly more dense than the liquid. These values show again that the molecules 
are much farther apart in the gas than in either the liquid or the solid. Moreover, 
a l arge amount of space between molecules is consistent with gases' miscibility, 
low viscosity, and compressibility. Figure 5 . 1 compares macroscopic and atomic­
scale views of the physical states of a real substance. 

S E C T I O N  S U M M A RY 
The volume of a gas can be altered significantly by changing the applied external 

force or the temperature. The corresponding changes for liquids and solids are much 

smaller. Gases flow more freely and have lower densities than l iquids and solids, and 

they mix in any proportion to form solutions. The reason for these differences is the 

greater distance between particles in a gas than in a liquid or a solid. 

5.2 GAS PRESSURE AND ITS MEASUREMENT 

Blowing up a balloon provides clear evidence that a gas exerts pressure on the 
walls of its container. Pressure (P) is defined as the force exerted per unit of sur­
face area: 

force 
Pressure = --

area 

Earth's gravitational attraction pulls the atmospheric gases toward its surface, 
where they exert a force on all objects. The force, or weight, of these gases cre­
ates a pressure of about 14.7 pounds per square inch (lb/in

2
; psi) of surface. 

The molecules in a gas are moving in every direction, so the pressure of the 
atmosphere is exerted uniformly on the floor, walls, ceiling, and every object in 
a room. The pressure on the outside of your body is equalized by the pressure on 



5.2 Gas Pressure and Its Measurement 

the inside, so there is no net pressure on your body's outer surface. What would 
happen if this were not the case? As an analogy, consider the empty metal can 
attached to a vacuum pump in Figure 5 .2. With the pump off, the can maintains 
its shape because the pressure on the outside is equal to the pressure on the inside. 
With the pump on, the internal pressure decreases greatly, and the ever-present 
external pressure easily crushes the can. A vacuum-filtration flask (and tubing), 
which you may have used in the lab, has thick walls that can withstand the exter­
nal pressure when the flask is evacuated. 

Measuring Atmospheric Pressure 
The barometer is a common device used to measure atmospheric pressure. 
Invented in 1643 by Evangelista Torricelli ,  the barometer is still basically just a 
tube about 1 m long, closed at one end, filled with mercury, and inverted into a 
dish containing more mercury. When the tube is inverted, some of the mercury 
flows out into the dish, and a vacuum forms above the mercury remaining in the 
tube, as shown in Figure 5 .3 .  At sea level under ordinary atmospheric conditions, 
the outward flow of mercury stops when the surface of the mercury in the tube 
is about 760 mm above the surface of the mercury in the dish. It stops at 760 mm 
because at that point the column of mercury in the tube exerts the same pressure 
(weight/area) on the mercury surface in the dish as does the column of air that 
extends from the dish to the outer reaches of the atmosphere. All that air push­
ing down keeps any more of the mercury in the tube from flowing out. Likewise, 
if you place an evacuated tube into a dish filled with mercury, the mercury rises 
about 760 mm into the tube because the atmosphere pushes the mercury up to 
that height. 

Notice that we did not specify the diameter of the barometer tube. If the 
mercury in a I -cm diameter tube rises to a height of 760 mm, the mercury in a 
2-cm diameter tube will rise to that height also. The weight of mercury is greater 
in the wider tube, but the area is l arger also; thus the pressure, the ratio of weight 
to area, is the same. 

Since the pressure of the mercury column is directly proportional to its height, 
a unit commonly used for pressure is mmHg, the height of the column in millime­
ters (mm). At sea level and oce, normal atmospheric pressure is 760 mmHg; at the 
top of Mt. Everest (29,028 ft, or 8848 m), the atmospheric pressure is only about 
270 mmHg. Thus, pressure decreases with altitude: the column of air above the sea 
is taller and weighs more than the column of air above Mt. Everest. 

Laboratory barometers contain mercury because its high density allows the 
barometer to be a convenient size. For example, the pressure of the atmosphere 
would equal the pressure of a column of water about 10,300 mm, almost 34 ft, 
high. Note that, for a given pressure, the ratio of heights (h) of the liquid columns 
is inversely related to the ratio of the densities (d) of the liquids: 

Units of Pressure 

hH20 = dHg 
hHg dH20 

Pressure results from a force exerted on an area. The SI unit of force is the new­
ton (N): I N = 1 kg·m/s

2
. The SI unit of pressure is the pascal (Pa), which equals 

a force of one newton exerted on an area of one square meter: 

1 Pa = 1 N/m
2 

A much larger unit is the standard atmosphere (atm), the average atmospheric 
pressure measured at sea level and oce. It is defined in terms of the pascal: 

1 atm = 1 0 1 .325 kilopascals (lcPa) = l .0 1 325 X 105 Pa 

1 4 1  

Figure 5.2 Effect o f  atmospheric pres­
sure on objects at Earth's surface. 
A, A metal can filled with air has equal 
pressure on the inside and outside. 
B, When the air inside the can is re­
moved, the atmospheric pressure 
crushes the can. 

Vacuum -
above 
mercury 
column 

Pressure 
due to 
weight of 

M 760 mmHg 

Dish filled with 
mercury 

Pressure 
due to 
weight of 
atmosphere 
(atmospheric 

Figure 5.3 A mercury barometer. 
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11M'" Common Units of Pressure 

Unit 

pascal (Pa); kilopascal (kPa) 
atmosphere (atm) 
millimeters of mercury (mmHg) 
torr 
pounds per square inch (lb/in2 or psi) 
bar 

CHAPTER 5 Gases and the Kinetic-Molecular Theory 

Atmospheric Pressure 

1 .0 1325 X 1 05 Pa; 10 1 .325 kPa 
1 atm* 
760 mmHg* 
760 torr* 
1 4.7 Ib/in2 

1 .0 1325 bar 

Scientific Field 

SI unit; physics, chemistry 
Chemistry 
Chemistry, medicine, biology 
Chemistry 
Engineering 
Meteorology, chemistry, physics 

*This is an exact quantity; in calculations, we use as many significant figures as necessary. 

Another common unit is the millimeter of mercury (mmHg), mentioned above, 
which is based on measurement with a barometer. In honor of Torricelli, this unit 
has been named the torr: 

1 10 1 . 325 
1 torr = 1 mmHg = 

760 
atm = 

760 
kPa = 1 33.322 Pa 

The bar is coming into more common use in chemistry: 

1 bar = 1 x 102 kPa = 1 X 105 Pa 
Despite a gradual change to S1 units, many chemists still express pressure in 

torrs and atmospheres. Table 5 . 1  lists some important pressure units used in var­
ious scientific fields. 

SAMPLE PROBLEM 5. 1 Converting Units of Pressure 
Problem A geochemist heats a limestone (CaC03) sample and collects the CO2 released 
in an evacuated flask. The CO2 pressure is 29 1 .4 mmHg. Calculate the CO2 pressure in 
torrs, atmospheres, and kilopascals. 
Plan The CO2 pressure is given in units of mrnHg, so we construct conversion factors 
from Table 5. 1 to find the pressure in the other units. 
Solution Converting from rrunHg to torr: 

1 torr 
Peo, (torr) = 29 1.4 mmHg X 

1 ffiff!Hg 

Converting from torr to atm: 

1 atm 

291 .4 torr 

Peo2 (atm) = 291 .4 teff X = 0.3834 atm 
760 teff 

Converting from atm to kPa: 

1 0 1 .325 kPa 
PC02 (kPa) = 0.3834 fttm X 

1 fttm 38.85 kPa 

Check There are 760 torr in 1 atm, so -300 torr should be <0.5 atm. There are 
- 100 kPa in 1 atm, so <0.5 atm should be <50 kPa. 
Comment 1. In the conversion from torr to atm, we retained four significant figures 
because this unit conversion factor involves exact numbers; that is ,  760 torr has as many 
significant figures as the calculation requires. 
2. From here on, except in particularly complex situations, the canceling of units in cal­
culations is no longer shown. 

FOLLOW- U P  PROBLEM 5. 1 The CO2 released from another mineral sample was col­
lected in an evacuated flask. If the pressure of the CO2 is 579.6 torr, calculate Peo, in 
mmHg, pascals, and Ib/in2• 



5.3 The Gas Laws and Their Experimental Foundations 

S E C T I O N  S U M M A RY 
Gases exert pressure (force/area) on al l  surfaces with which they make contact. A 

barometer measures atmospheric pressure in terms of the height of the mercury col­

umn that the atmosphere can support (760 mmHg at sea level and O°C). Chemists 
measure pressure in un its of atmospheres (atm) , torrs (equivalent to mmHg), and pas­

cals (Pa, the 81 unit). 

S.3 THE GAS LAWS AND THEIR EXPERIMENTAL 
FOUNDATIONS 

The physical behavior of a sample of gas can be described completely by four vari­
ables: pressure (P), volume ( V) ,  temperature (T), and amount (number of moles, 
n). The variables are interdependent: any one of them can be determined by mea­
suring the other three. We know now that this quantitatively predictable behavior 
is a direct outcome of the structure of gases on the molecular level. Yet, it was dis­
covered, for the most part, before Dalton's atomic theory was published ! 

Three key relationships exist among the four gas variables-Boyle's, 
Charles's, and Avogadro's laws. Each of these gas laws expresses the effect of one 
variable on another, with the remaining two variables held constant. Because gas 
volume is so easy to measure, the laws are expressed as the effect on gas volume 
of a change in pressure, temperature, or amount of gas. 

These three laws are special cases of an all-encompassing relationship among 
gas variables called the ideal gas law. This unifying observation quantitatively 
describes the state of a so-called ideal gas, one that exhibits simple linear rela­
tionships among volume, pressure, temperature, and amount. Although no ideal 
gas actually exists, most simple gases, such as N2, O2, H2, and the noble gases, 
show nearly ideal behavior at ordinary temperatures and pressures. We discuss the 
ideal gas law after the three special cases. 

The Relationship Between Volume and Pressure: Boyle's Law 
The great 1 7th -century English chemist Robert Boyle performed a series of exper­
iments that led him to conclude that at a given temperature, the volume occupied 
by a gas is inversely related to its pressure. Figure 5 .4 shows Boyle's experiment 
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PV 
(torromL) 

1 .56x1 04 
1 .56x104 
1 .56x104 
1 .56x1 04 

0.0005 0.001 0 0.0015 
_1_ (torr -1 )  Plaia I 

Figure 5.4 The relationship between the volume and pressure of a 
gas. A, A small amount of air (the gas) is trapped in the short arm of a 
J tube; n and T are fixed. The total pressure on the gas (Ptotal) is the 
sum of the pressure due to the d ifference in heights of the mercury 
columns (l1h) plus the pressure of the atmosphere (Patm) . If Patm = 
760 torr, Ptotal = 780 torr. B, As mercury is added, the total pressure on 

the gas increases and its volume (V) decreases. Note that if Ptotal is 
doubled (to 1 560 torr). V is halved (not drawn to scale). C, Some typical 
pressure-volume data from the experiment. D, A plot of V vs. Ptotal 
shows that V is inversely proportional to P. E, A plot of V vs. 1 /Ptotal is a 
straight l ine whose slope is a constant characteristic of any gas that 
behaves ideally. 
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and some typical data he might have collected. Boyle fashioned a J-shaped glass 
tube, sealed the shorter end, and poured mercury into the longer end, thereby 
trapping some air, the gas in the experiment From the height of the trapped air 
column and the diameter of the tube, he calculated the air volume. The total 
pressure applied to the trapped air was the pressure of the atmosphere (measured 
with a barometer) plus that of the mercury column (part A) . By adding mercury, 
Boyle increased the total pressure exerted on the air, and the air volume decreased 
(part B) .  With the temperature and amount of air constant, Boyle could directly 
measure the effect of the applied pressure on the volume of air. 

Note the following results, shown in Figure S.4: 

• The product of corresponding P and V values is a constant (part C, right­
most column). • V is inversely proportional to P (part D). • V is directly proportional to l iP (part E) and generates a linear plot of V against 
l iP. This linear relationship between two gas variables is a hallmark of ideal 
gas behavior. 

The generalization of Boyle's observations is known as Boyle's law: at con­
stant temperature, the volume occupied by a fixed amount of gas is inversely pro­
portional to the applied (external) pressure, or 

1 
V C< ­

P 
[T and n fixed] 

This relationship can also be expressed as 

PV = constant or 
constant 

V = ---
P 

(5.1) 

[T and n fixed] 

The constant is the same for the great majority of gases. Thus, tripling the exter­
nal pressure reduces the volume to one-third its initial value; halving the external 
pressure doubles the volume; and so forth. 

The wording of Boyle's law focuses on external pressure. In his experiment, 
however, adding more mercury caused the mercury level to rise until the pressure 
of the trapped air stopped the rise at some new level. At that point, the pressure 
exerted on the gas equaled the pressure exerted by the gas. In other words, by 
measuring the applied pressure, Boyle was also measuring the gas pressure. Thus, 
when gas volume doubles, gas pressure is halved. In general, if Vgas increases, 
P gas decreases, and vice versa. 

The Relationship Between Volume and Temperature: 
Charles's Law 
One question raised by Boyle's work was why the pressure-volume relationship 
holds only at constant temperature. It was not until the early 1 9th century, through 
the separate work of the French scientists J. A. C. Charles and 1. L Gay-Lussac, 
that the relationship between gas volume and temperature was clearly understood. 

Let's examine this relationship by measuring the volume of a fixed amount 
of a gas under constant pressure but at different temperatures. A straight tube, 
closed at one end, traps a fixed amount of air under a small mercury plug. The 
tube is immersed in a water bath that can be warmed with a heater or cooled with 
ice. After each change of water temperature, we measure the length of the air col­
umn, which is proportional to its volume. The pressure exerted on the gas is 
constant because the mercury plug and the atmospheric pressure do not change 
(Figure S.SA and B) .  

Some typical data are shown for different amounts and pressures of gas in 
Figure S.Sc. Again, note the linear relationships, but this time the variables are 
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1 00 200 300 400 500 (0C) 

o 73 1 73 273 373 473 573 673 773 (K) 
A Ice water bath: ooe (273 K) 

B Boiling water bath: 
100°C (373 K) 

c Temperature 

Figure 5.5 The relationship between the volume and temperature of 
a gas. At constant P, the volume of a given amount of gas is directly 
proportional to the absolute temperature. A fixed amount of gas (air) is 
trapped under a small plug of mercury at a fixed pressure. A, The sam­
ple is in an ice water bath. B, The sample is in a boiling water bath. As 

the temperature increases, the volume of the gas increases. e, The 
three lines show the effect of amount (n) of gas (compare red and green) 
and pressure (P) of gas (compare red and blue). The dashed lines ex­
trapolate the data to lower temperatures. For any amount of an ideal 
gas at any pressure, the volume is theoretically zero at -273.1 5°C (0 K). 

directly proportional: for a given amount of gas at a given pressure, volume 
increases as temperature increases. For example, the red line shows how the vol­
ume of 0.04 mol of gas at 1 atm pressure changes as the temperature changes. 
Extending (extrapolating) the line to lower temperatures (dashed portion) shows 
that the volume shrinks until the gas occupies a theoretical zero volume at 
- 273 . 1 5°C (the intercept on the temperature axis). Similar plots for a different 
amount of gas (green) and a different gas pressure (blue) show lines with differ­
ent slopes, but they all converge at this temperature, called absolute zero (0 K or 
-273. 1 5°C). Of course, no sample of matter can have zero volume, and every real 
gas condenses to a liquid at some temperature higher than 0 K. Nevertheless, this 
linear relationship between volume and absolute temperature holds for most com­
mon gases over a wide temperature range. 

The modern statement of the volume-temperature relationship is known as 
Charles's law: at constant pressure, the volume occupied by a fixed amount of 
gas is directly proportional to its absolute (Kelvin) temperature, or 

V ex: T [P and n fixed] (5.2) 

This relationship can also be expressed as 

V 
T = constant or V = constant X T [P and n fixed] 

If T increases, V increases, and vice versa. Once again, for any given P and n, 
the constant is the same for the great majority of gases. 

The dependence of gas volume on absolute temperature means that you must 
use the Kelvin scale in gas law calculations. For instance, if the temperature 
changes from 200 K to 400 K, the volume of 1 mol of gas doubles. But, if the 
temperature changes from 200°C to 400°C, the volume increases by a factor of (4000C + 273. 1 5 ) 673 
1 .42; that is, 

2000C + 273 . 1 5  
= 

473 
= 1 .42. 



1 46 CHAPTER 5 Gases and the Kinetic-Molecular Theory 

Other Relationships Based on Boyle's and Charles's Laws Two other important 
relationships in gas behavior emerge from an understanding of Boyle's  and 
Charles's laws: 

L The pressure-temperature relationship. Charles's law is expressed as the 
effect of a temperature change on gas volume. However, volume and pressure are 
interdependent, so the effect of temperature on volume is  closely related to its 
effect on pressure (sometimes referred to as Amontons 's law). Measure the pres­
sure in your car's tires before and after a long drive, and you will find that it has 
increased. Frictional heating between the tire and the road increases the air tem­
perature inside the tire, but since the tire volume doesn't change appreciably, the 
air exerts more pressure. Thus, at constant volume, the pressure exerted by a fixed 
amount of gas is directly proportional to the absolute temperature: 

or 

p rx T [V and n fixed] (5.3) 

p - = constant T or P = constant X T 

2. The combined gas law. A simple combination of Boyle's and Charles's 
laws gives the combined gas law, which applies to situations when two of the 
three variables (V, P, T) change and you must find the effect on the third: 

T T PV 
V rx - or V = constant X - or - = constant 

P P T 

The Relationship Between Volume and Amount: Avogadro's Law 
Boyle's and Charles 's laws both specify a fixed amount of gas . Let's see why. 
Figure 5 .6 shows an experiment that involves two small test tubes, each fitted 
with a piston-cylinder assembly. We add 0. 1 0  mol (4.4 g) of dry ice (frozen CO2) 
to the first (tube A) and 0.20 mol (8.8 g) to the second (tube B) .  As the sojid 
warms, it changes directly to gaseous CO2, which expands into the cylinder and 
pushes up the piston. When all the solid has changed to gas and the temperature 
i s  constant, we find that cylinder A has half the volume of cylinder B .  (We can 
neglect the volume of the tube because it is so much smaller than the volume of 
the cylinder.) 

This experimental result shows that twice the amount (mol) of gas occupies 
twice the volume. Notice that, for both cylinders, the T of the gas equals room 
temperature and the P of the gas equals atmospheric pressure. Thus, at fixed 

Figure 5.6 An experiment to study the relationship between the 
volume and amount of a gas. A, At a given external P and T, a given 
amount (n1 )  of CO2(s) is put into the tube. When the CO2 changes from 
solid to gas, it pushes up the piston until Pgas = Patm, at which point it 

occupies a given volume of the cylinder. B, When twice the amount (n2) 
of CO2(s) is used, twice the volume of the cylinder becomes occupied. 
Thus, at fixed P and T, the volume (V) of a gas is d irectly proportional 
to the amount of gas (n). 
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temperature and pressure, the volume occupied by a gas is directly proportional 
to the amount (mol) of gas: 

[P and T fixed] (5.4) 

As n increases, V increases, and vice versa. This relationship is also expressed as 

V - = constant or V = constant X n 
n 

The constant is the same for all gases at a given temperature and pressure. This 
relationship is another way of expressing Avogadro's law, which states that at 
fixed temperature and pressure, equal volumes of any ideal gas contain equal 
numbers of particles (or moles). 

The gas laws apply to many familiar phenomena: gasoline burning in a car 
engine, dough rising-even the act of breathing. When you inhale, the downward 
movement of your diaphragm and the expansion of your rib cage increase your 
lung volume, which decreases the air pressure inside, so air rushes in (Boyle's  
law). The greater amount of air stretches the lung tissue, which expands the vol­
ume further (Avogadro's law), and the air expands slightly as it warms to body 
temperature (Charles's law). When you exhale, these steps occur in reverse. 

Gas Behavior at Standard Conditions 
To better understand the factors that influence gas behavior, chemists use a set of 
standard conditions called standard temperature and pressure (STP): 

STP: ooe (273 . 1 5  K) and 1 atm (760 torr) (5.5) 

Under these conditions, the volume of 1 mol of an ideal gas is called the stan­
dard molar volume: 

Standard molar volume = 22.41 4 1  L or 22.4 L [to 3 sf] (5.6) 

Figure 5 .7 compares the properties of three simple gases at STP. 

n = 1 mol 

P = 1 atm (760 torr) 

T = OOG (273 K) 

v= 22.4 L 

Number of gas particles 
= 6.022x1023 

Mass = 4.003 g 

d= 0.179 gIL 

P = 1 atm (760 torr) 

T = OOG (273 K) 

v= 22.4 L 

Number of gas particles 

= 6.022x1 023 

Mass = 28.02 g 

d =  1 .25 gIL 

n =  1 mol 

P = 1 atm (760 torr) 

T = OOG (273 K) 

v = 22.4 L 

Number of gas particles 

= 6.022x1023 

Mass = 32.00 g 

d =  1 .43 giL 

Figure 5.7 Standard molar volume. One mole of an ideal gas occupies 22.4 L at STP (DOC and 

1 atm). At STP, helium, nitrogen, oxygen, and most other simple gases behave ideally. Note that the 

mass of a gas, and thus its density (d), depends on its molar mass. 
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Figure 5.8 The volumes of 1 mol of an 
ideal gas and some familiar objects. 
A basketball (7.5 L), 5-gal fish tank 
(1 8.9 L), 1 3-in television (21 .6 L), and 
22.4 L of He gas in a balloon. 

Figure 5.9 Relationship between the 
ideal gas law and the individual gas 
laws. Boyle's, Charles's, and Avogadro's 
laws are contained within the ideal gas law. 

� Animation: Properties of Gases � Online Learning Center 
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Figure 5 .8  compares the volumes of some familiar objects with the standard 
molar volume of an ideal gas. 

The Ideal Gas Law 
Each of the gas laws focuses on the effect that changes in one variable have on 
gas volume: 

o Boyle's  law focuses on pressure (V ex: l iP) . o Charles's law focuses on temperature ( V ex: T) .  o Avogadro's law focuses on amount (mol) of gas ( V  ex: n). 

We can combine these individual effects into one relationship, called the ideal 
gas law (or ideal gas equation) :  

nT 
V ex: ­

P 
or PV ex: nT or PV 

- = R  
nT 

where R is a proportionality constant known as the universal gas constant. 
Rearranging gives the most common form of the ideal gas law: 

PV = nRT (5.7) 

We can obtain a value of R by measuring the volume, temperature, and pres­
sure of a given amount of gas and substituting the values into the ideal gas law. 
For example, using standard conditions for the gas variables, we have 

PV 1 atm X 22.4 1 4 1  L atm'L atm'L 
R = - = = 0.082058 -- = 0.082 1 -- [3 sf) (5.8) 

nT 1 mol X 273. 1 5  K mo!· K  mo! · K  

This numerical value of  R corresponds to the gas variables P ,  V, and T expressed 
in these units. R has a different numerical value when different units are used. 
For example, later in this chapter, R has the value 8 .3 1 4  .T/mo] · K (J stands for 
joule, the SI unit of energy). 

Figure 5.9 makes a central point: the ideal gas law becomes one of the indi­
vidual gas laws when two of the four variables are kept constant. When initial 
conditions (subscript , ) change to final conditions (subscript 2) ,  we have 

PI VI = n lRTI and P2V2 = n2RT2 

Thus, 
PI VI = R and P2 V2 

= R so 
PI VI P2V2 

n l TI n2T2 '  n l TI n2T2 

Notice that if two of the variables remain constant, say P and T, then PI P2 
and TI = T2, and we obtain an expression for Avogadro's law: 

.J2,.VI �V2 VI v2 or - = -
We use rearrangements of the ideal gas law such as this one to solve gas law 
problems, as you ' ll see next. The point to remember is that there is no need to 
memorize the individual gas laws. 

fixed 
n and T 

Boyle's law 

V=� P 

IDEAL GAS LAW 
PV= nRT or V- nRT - P 

fixed 
n and P 

Charles's law 

v = constant x T 

fixed 
P and T 

Avogadro's law 

v = constant x n 
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Solving Gas Law Problems 
Gas law problems are phrased in many ways, but they can usually be grouped 
into two main types: 

1 .  A change in one of the four variables causes a change in another, while 
the two remaining variables remain constant. In this type, the ideal gas law 
reduces to one of the individual gas laws, and you solve for the new value of the 
variable. Units must be cons istent, T must always be in kelvins, but R is not 
involved. Sample Problems 5 .2 to 5 .4  and 5 .6  are of this type. (A variation on 
this type involves the combined gas law for simultaneous changes in two of the 
variables that cause a change in a third.) 

2. One variable is unknown, but the other three are known and no change 
occurs. In this type, exemplified by Sample Problem 5.5,  the ideal gas law is 
applied directly to find the unknown, and the units must conform to those in R. 

These problems are far easier to solve if you follow a systematic approach: • Summarize the information: identify the changing gas variables-knowns and 
unknown-and those held constant. • Predict the direction of the change, and later check your answer against 
the prediction. • Perform any necessary unit conversions. • Rearrange the ideal gas law to obtain the appropriate relationship of gas vari­
ables, and solve for the unknown variable. 

The following series of sample problems applies the various gas behaviors. 

SAMPLE PROBLEM 5 . 2  Applying the Volume-Pressure Relationship 
Problem Boyle's apprentice finds that the air trapped in a J tube occupies 24.8 cm3 at 
1 . 1 2 atm. By adding mercury to the tube, he i ncreases the pressure on the trapped air to 
2.64 atm. Assuming constant temperature, what is the new volume of air (in L)? 
Plan We must find the final volume ( V2) in liters, given the initial volume ( VI )' initial 
pressure (PI)'  and final pressure (P2). The temperature and amount of gas are fixed. We 
convert the units of Vj from cm3 to mL and then to L, rearrange the ideal gas law to the 
appropriate form, and solve for V2. We can predict the direction of the change: we know 
that P increases, so V will decrease; thus, V2 < VI . (Note that the roadmap has two parts.)  
Solution Summarizing the gas variables: 

PI  = 1 . 12 atm P2 = 2.64 atm 
VI = 24.8 cm3 (convert to L) V2 = unknown T and n remain constant 

Converting VI from cm3 to L:  

3 1 mL I L  
VI = 24.8 cm X 

1 cm3 X 
1 000 mL 

= 0.0248 L 

Arranging the ideal gas law and solving for Vz: At fixed n and T, we have 

P I Vl P2V2 
or 

P I  1 . 1 2  atm 
V2 = VI X - = 0.0248 L X ---

P2 2.64 atrn 
0.0 1 05 L 

Check As we predicted, V2 < Vl . Let's think about the relative values of P and V as we 
check the math. P more than doubled, so V2 should be less than � VI (0.010510.0248 < �). 
Comment Predicting the direction of the change provides another check on the problem 
setup: To make V2 < VI > we must multiply VI by a number less than 1 .  This means the 
ratio of pressures must be less than 1 ,  so the larger pressure (P2) must be in the denom­
inator, PI/P2• 

FOLLOW·U P  PROBLEM 5 . 2  A sample of argon gas occupies 1 05 mL at 0.87 1 atm. 
If the temperature remains constant, what is the volume (in L) at 26.3 kPa? 
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Vl (cm3) l 1 cm3 = 1 mL 

Vl (mL) unit 
conversion 

1 000 mL = 1 L J 
V1 (L) I 

multiply by Pl/P2 gas law 
calculation 

V2 (L) � 
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P1 (atm) 

1 aIm = 
760 torr 

P1 (torr) 

multiply by 
T21T1 

P2 (torr) 

°C -I- 273. 1 5  = K 

n1 (mol) of He 

n2 (mol) of He 

subtract n1 

nadd'i (mol) of He 

multiply by .At (g/mol) 

Mass (g) of He 
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SAMPLE PROBLEM 5.3 Applying the Pressure-Temperature Relationship 
Problem A steel tank used for fuel delivery is fitted with a safety valve that opens if the 
internal pressure exceeds 1 .00 X 1 03 tOIT. It is filled with methane at 23°C and 0.99 1 atrn 
and placed in boiling water at exactly 1 00DC. Will the safety valve open? 
Plan The question "Wil l  the safety valve open?" translates into "Is P2 greater than 
1 .00 X 1 03 tOIT at T2?" Thus, P2 is the unknown, and TI , T2, and p ]  are given, with V (steel 
tank) and n fixed. We convert both T values to kelvins and PI to tOITS in order to com­
pare P2 with the safety-limit pressure. We rearrange the ideal gas law to the appropriate 
form and solve for P2. We predict that P2 > PI because T2 > TI . 
Solution Summary of gas variables: 

PI = 0.991 atm (convert to torr) 
TI = 23DC (convert to K) 

P2 = unknown 
T2 = 1 00°C (convert to K) 

V and n remain constant 

Converting T from DC to K: 

TI (K) = 23DC + 273 . 1 5  = 296 K T2 (K) = 1 00DC + 273. 1 5  = 373 K 

Converting P from atrn to torr: 
760 torr 

P, (torr) = 0.99 1 atm X = 753 torr 
1 atm 

Arranging the ideal gas law and solving for P2: At fixed n and V, we have 

PI� P2� P1 P2 
or 

I'/rrT] I!!-zT2 TI T2 
T2 373 K 

P2 = PI X - = 753 torr X -- = 949 torr 
T1 296 K 

P2 is less than 1 .00X 1 03 torr, so the valve will not open. 
Check Our prediction is correct: because T2 > T" we have P2 > P I '  Thus, the tempera­
ture ratio should be > 1 (T2 in the numerator). The T ratio is about 1 .25 (373/296), so the 
P ratio should also be about 1 .25 (950/750 = 1 .25). 

FOLLOW·U P  PROBLEM 5.3  An engineer pumps air at ODC into a newly designed 
piston-cylinder assembly. The volume measures 6.83 cm3. At what temperature (in K) will 
the volume be 9.75 cm3? 

SAMPLE PROBLEM 5.4 Applying the Volume-Amount Relationship 
Problem A scale model of a blimp rises when it  is filled with helium to a volume of 
55.0 dm3. When 1 . 1 0  mol of He is added to the blimp, the volume is 26.2 dm3. How many 
more grams of He must be added to make it rise? Assume constant T and P. 
Plan We are given the initial amount of helium (n l ), the initial volume of the blimp ( V, ), 
and the volume needed for it to rise (V2), and we need the additional mass of helium to 
make it rise. So we first need to find 172' We rearrange the ideal gas law to the appropri­
ate form, solve for 172, subtract n ,  to find the additional amount (nadd']), and then convert 
moles to grams. We predict that n2 > n ,  because V2 > VI ' 
Solution Summary of gas variables: 

n, = 1 . 10 mol 
VI = 26.2 dm3 

n2 = unknown (find, and then subtract n 1 ) 
V2 = 55.0 dm3 

P and T remain constant 
Arranging the ideal gas law and solving for 172: At fixed P and T, we have 

.e,.V, __ .f!..zV2 V, V2 
or 

n,+r n21; n] n2 
V2 55.0 dm3 

n2 = n ,  X - = 1 . 10 mol He X 3 = 2.3 1 mol He 
V] 26.2 dm 
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Finding the additional amount of He: 

l1add' l = 112 - I1j = 2.3 1 mol He - 1 . 1 0  mol He = 1 .2 1  mol He 

Converting moles of He to grams :  

4.003 g He 
Mass (g) of He = 1 .2 1  mol He X = 4.84 g He 

1 mol He 
Check V2 is about twice VI (55/26 = 2), so 112 should be about twice 11 1 (2.3/1 . 1  = 2). 
Because 112 > 11 1 ,  we were right to multiply 111 by a number > 1  (that is, V2IVI ) .  About 
1 .2 mol X 4 g/mol = 4.8 g .  
Comment 1 .  A different sequence of steps will give you the same answer: first find the 
additional volume (Vadd'i = V2 - Vj), and then solve directly for l1add'I' Try it for yourself. 
2. You saw that Charles's law (V ex T at fixed P and n) translates into a similar relationship 
between P and T at fixed V and n. The follow-up problem demonstrates that Avogadro's law 
(V ex 11 at fixed P and T) translates into an analogous relationship at fixed V and T. 
FOLLOW-U P  P ROBLEM 5 .4  A rigid plastic container holds 35.0 g of ethylene gas 
(C2H4) at a pressure of 793 torr. What is the pressure if 5.0 g of ethylene is removed at 
constant temperature? 

SAMPLE PROBLEM 5 . 5  Solving for an Unknown Gas Variable 
at Fixed Conditions 

Problem A steel tank has a volume of 438 L and is filled with 0.885 kg of O2, Calculate 
the pressure of O2 at 2 1 °C. 
Plan We are given V, T, and the mass of O2, and we must find P. Conditions are not 
changing, so we apply the ideal gas law without rearranging it. We use the given V in 
liters, convert T to kelvins and mass of O2 to moles, and solve for P. 
Solution Summary of gas variables: 

V = 438 L 
11 = 0.885 kg O2 (convert to mol) 

T = 2 1 °C (convert to K) 
P = unknown 

Converting T from °C to K:  

T (K) = 2 1 °C + 273. 1 5  = 294 K 
Converting from mass of O2 to moles: 

1 000 g 1 mol O? 
11 = mol of O2 = 0.885 kg O2 X -- X - = 27.7 mol O2 1 kg 32.00 g O2 

Solving for P (note the unit canceling here): 

atm'b 
27.7 HlBl X 0.082 1 -- X 294 K: 

I1RT ffiBl·K: 
P = V = 438 b 

= 1 .53 atm 

Check The amount of O2 seems correct: -900 g/(30 g/mol) = 30 mol. To check the 
approximate size of the final calculation, round off the values, including that for R: 

atm'L 
30 mol O2 X 0. 1 -- X 300 K 

mol· K  
P = -----

4
-

5
-
0
-

L
----- = 2 atm 

which is reasonably close to 1 .5 3  atm. 

FOLLOW-U P  PROBLEM 5 . 5  The tank in the sample problem develops a slow leak 
that is discovered and sealed. The new measured pressure is 1 .37 atm. How many grams 
of O2 remain? 

Finally, in a slightly different type of problem that depicts a simple labo­
ratory scene, we apply the gas laws to determine the correct balanced equation 
for a process. 

1 5 1  
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SAMPLE PROBLEM 5.6 Using Gas Laws to Determine a Balanced Equation 
Problem The piston-cylinders below depict a gaseous reaction carried out at constant pres­
sure. Before the reaction, the temperature is 1 50 K; when it is complete, the temperature 
is 300 K. 

Before 
1 50 K 

Which of the fol lowing balanced equations describes the reaction? 
( 1 )  A2(g) + B2(g) - 2AB(g) (2) 2AB(g) + B2(g) - 2AB2(g) 
(3) A(g) + B2(g) - AB2(g) (4) 2AB2(g) - A2(g) + 2B2(g) 
Plan We are shown a depiction of a gaseous reaction and must choose the balanced equa­
tion. The problem says that P is constant, and the pictures show that T doubles and V 
stays the same. If n were also constant, the gas laws tell us that V should double when T 
doubles. Therefore, n cannot be constant, and the only way to maintain V with P constant 
and T doubling is for n to be halved. So we examine the four balanced equations and 
count the number of moles on each side to see in which equation n is halved. 
Solution In equation ( 1 ) , n does not change, so doubling T would double V. 
In equation (2), n decreases from 3 mol to 2 mol, so doubling T would increase V by 
one-third. 
In equation (3), n decreases from 2 mol to 1 mol. Doubling T would exactly balance the 
decrease from halving n, so V would stay the same. 
In equation (4), n increases, so doubling T would more than double V. 
Equation (3) is correct: 

A(g) + B2(g) - AB2(g) 

FOLLOW-U P  PROBLEM 5 .6 The gaseous reaction depicted below is carried out at 
constant pressure and an initial temperature of - 73°C: 

The unbalanced equation is CD - C2 + D2. What is the final temperature (in 0C)? 

S E CT I O N  S U M M A RY 
Four variables define the physical behavior of an ideal gas: volume (V), pressure (P) , 
temperature (T), and amount (number of moles, n). Most simple gases display nearly 

ideal behavior at ordinary temperatures and pressures. Boyle's, Charles's, and Avo­

gadro's laws relate volume to pressure, to temperature, and to amount of gas, respec­

tively. At STP (GoC and 1 atm), 1 mol of an ideal gas occupies 22.4 L. The ideal gas 

law incorporates the individual gas laws into one equation: PV = nRT, where R is the 

universal gas constant. 

5.4 FURTHER APPLICATIONS OF THE IDEAL GAS LAW 

The ideal gas law can be recast in additional ways to determine other properties 
of gases. In this section, we use it to find gas density, molar mass, and the par­
tial pressure of each gas in a mixture. 
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The Density of a Gas 
One mole of any gas occupies nearly the same volume at a given temperature and 
pressure, so differences in gas density (d = mlV) depend on differences in molar 
mass (see Figure 5 .7).  For example, at STP, 1 mol of O2 occupies the same vol­
ume as 1 mol of N2, but each O2 molecule has a greater mass than each N2 mol­
ecule, so O2 is denser. 

All gases are miscible, but if two or more gases are not thoroughly mixed, a 
more dense gas will sink below the less dense one(s). A common example of this 
behavior occurs with carbon dioxide fire extinguishers. Carbon dioxide is denser 
than air, so it sinks onto the fire and prevents air (containing oxygen) from feed­
ing the fire. By the same principle, dense gases in smog blanket urban centers, 
contributing to respiratory i llnesses. 

We can rearrange the ideal gas law to calculate the density of a gas from its 
molar mass. Recall that the number of moles (n) is the mass (m) divided by the 
molar mass (M), n = miM . Substituting for n in the ideal gas law gives 

Rearranging to isolate mlV gives 

m .M. x P  - = d = --
V RT 

Two important ideas are expressed by Equation 5 .9 :  

(5.9) 

• The density of a gas is directly proportional to its molar mass because a given 
amount of a heavier gas occupies the same volume as that amount of a lighter 
gas (Avogadro's law). • The density of a gas is inversely proportional to the temperature. As the vol­
ume of a gas increases with temperature (Charles 's law), the same mass occu­
pies more space; thus, the density is lower. 

The second of these relationships explains why, for example, safety experts 
recommend staying near the floor when escaping from a fire to avoid the hot, and 
therefore less dense, noxious gases. We use Equation 5.9 to find the density of a 
gas at any temperature and pressure near standard conditions. 

SAMPLE PROBLEM 5 .7  Calculating Gas Density 
Problem A chemical engineer uses waste CO2 from a manufacturing process, instead of 
chlorofluorocarbons, as a "blowing agent" in the production of polystyrene containers. 
Find the density ( in gIL) of CO2 and the number of molecules per liter (a) at STP (ODe 
and 1 atm) and (b) at room conditions (20.DC and 1 .00 atm). 
plan We must find the density (d) and number of molecules of CO2, given the two sets 
of P and T data. We find At, convert T to kelvins, and calculate d with Equation 5.9. Then 
we convert the mass per liter to molecules per liter with Avogadro's number. 
Solution (a) Density and molecules per liter of CO2 at STP. Summary of gas properties: 

T = ODC + 273. 1 5  = 273 K P = 1 atm .M. of CO2 = 44.0 1 glmol 

Calculating density (note the unit canceling here): 

d = .M. X P = 44.0 1 g/mel X 1 .00 atm = 1 96 IL 
RT atm·L 

. g 
0.082 1 -- X 273 K 

mel·K 

Converting from masslL to moleculeslL: 

1 .96 g CO2 1 mol CO2 6.022 X 1 Q23 molecules CO2 
Molecules C021L = ----="----=- X X ---------....:: 

1 L 44.01 g CO2 1 mol CO2 
2.68 X 1 022 molecules C02/L 
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(b) Density and molecules of CO2 per liter at room conditions_ Summary of gas properties: 

T = 20.oC + 273 . 1 5  = 293 K P = 1 .00 atm .M of CO2 = 44.01 g/mol 

Calculating density: 
.M X P 44.01 glmol X 1 .00 atm 

d = --- = --.::------
RT 

0.0821  
atm'L 

X 293 K 
1 .83 gIL 

mol · K  

Converting from masslL to moleculeslL: 
1 .83 g CO2 1 mol COry 6.022X 1023 molecules COry 

Molecules C021L = X - X -
1 L 44.01 g CO2 1 mol CO2 

2.50X 1 022 molecules C021L 

Check Round off to check the density values; for example, in (a), at STP: 

50 glmol X 1 atm 
I 96 IL ---=----- = 2 g L = 1 .  g 

atm'L 
0. 1 -- X 250 K 

mol· K  

A t  the higher temperature i n  (b), the density should decrease, which can happen only if 
there are fewer molecules per liter, so the answer is reasonable. 
Comment 1. An alternative approach for finding the density of most simple gases, but at 
STP only, is to divide the molar mass by the standard molar volume, 22.4 L: 

.M 44.01  glmol 
d = - = = 1 .96 giL 

V 22.4 Llmol 

Once you know the density at one temperature (O°C), you can find it at any other tem­
perature with the following relationship: dl /d2 = T2/T1 . 
2. Note that we have different numbers of significant figures for the pressure values. In 
(a), "1 atm" is part of the definition of STP, so it is an exact number. In (b), we specified 
" 1 .00 atm" to allow three significant figures in the answer. 

FOLLOW·UP PROBLEM 5 .7  Compare the density of CO2 at O°C and 380 torr with 
its density at STP. 

In Sample Problem 5.7, we knew the identity of the gas. Finding the density 
of an unknown gas is a straightforward experimental procedure. You evacuate a 
flask of known volume, weigh the empty flask, then fill it with the gas at known 
temperature and pressure, and weigh it again. The difference in weights is the 
mass of the gas, and dividing this mass by the flask's volume gives the density. 

The Molar Mass of a Gas 
Through another simple rearrangement of the ideal gas law, we can determine the 
molar mass of an unknown gas or volatile liquid (one that is easily vaporized): 

m PV 
n = - = -

.M RT 
so .M = 

mRT 

PV 
or .M = dRT 

P 

Notice that this equation is just a rearrangement of Equation 5 .9. 

SAMPLE PROBLEM 5 .8  Finding the Molar Mass of a Volatile Liquid 

(5.10) 

Problem An organic chemist isolates a colorless liquid from a petroleum sample. She places 
the liquid in a flask and puts the flask in a boiling water bath, which vaporizes the liquid 
and fills the flask with gas. She closes the flask, reweighs it, and obtains the following data: 

Volume ( V) of flask = 2 1 3  mL T = 1 00.0°C P = 754 torr 
Mass of flask + gas = 78.4 1 6  g 

Calculate the molar mass of the liquid. 
Mass of empty flask = 77.834 g 



5.4 Further Applications of the Ideal Gas Law 

Plan We are given V, T, P, and mass data and must find the molar mass (M) of the liquid, 
which is the same as M of the gas. The flask was closed when the gas had reached the 
surrounding temperature and pressure, so we convert V to liters, T to kelvins, and P to 
atmospheres, find the mass of gas by subtracting the mass of the empty flask, and use 
Equation 5 . 1 0  to solve for M. 
Solution Summary of gas variables: 

m = 78.4 1 6  g - 77.834 g = 0.582 g 

l L  

1 atm 
P (atm) = 754 torr X = 0.992 atm 

760 torr 

V eL) = 2 1 3  mL X = 0.2 1 3  L 
1 000 mL T (K) = 100.Ooe + 273 . 1 5  = 373.2 K 

Solving for M: 
atm'L 

0 .582 g X 0.0821 -- X 373.2 K 
M = mRT = mol · K  

P V  0.992 atm X 0.2 1 3  L 

Check Rounding to check the arithmetic, we have 
atm'L 

0.6 g X 0.08 -- X 375 K 

= 84.4 g/mol 

mol · K  
---

I
---

0
-

2
-
L
--- = 90 g/mol 

atm X . 
which is close to 84.4 glmol 

FOLLOW-U P  PROBLEM 5 . 8  At l O.Ooe and 1 02.5 kPa, the density of dry air is 
1 .26 gIL. What is the average "molar mass" of dry air at these conditions? 

The Partial Pressure of a Gas in a Mixture of Gases 
All of the behaviors we've discussed so far were observed from experiments with 
air, which is a complex mixture of gases. The ideal gas law holds for virtually 
any gas, whether pure or a mixture, at ordinary conditions for two reasons: 

• Gases mix homogeneously (form a solution) in any proportions. • Each gas in a mixture behaves as if it were the only gas present (assuming no 
chemical interactions) .  

Dalton's Law of Partial Pressures The second point above was discovered by 
John Dalton in his life-long study of humidity. He observed that when water vapor 
is added to dry air, the total air pressure increases by an increment equal to the 
pressure of the water vapor: 

Phumid uir = Pdry air + Padded water vapor 

In other words, each gas in the mixture exerts a partial pressure, a portion of 
the total pressure of the mixture, that is the same as the pressure it would exert 
by itself Tills. observation is formulated as Dalton's law of partial pressures: in 
a mixture of unreacting gases, the total pressure is the sum of the partial pres­
sures of the individual gases: 

(5.1 1 )  
As an example, suppose you have a tank of fixed volume that contains nitro­

gen gas at a certain pressure, and you introduce a sample of hydrogen gas into 
the tank. Each gas behaves independently, so we can write an ideal gas law 
expression for each: 

Because each gas occupies the same total volume and is at the same temperature, 
the pressure of each gas depends only on its amount, n. Thus, the total pressure is 

I1NoRT I1HoRT (I1No + I1HJRT I1lOtalRT 
P = P + P = --- + --- = - - = --total N2 H2 V V V V 

1 55 
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divide by 1 00 

Mole fraction, X1802 

multiply by Ptotal 

Partial pressure, P1802 

� Animation: Collecting a Gas over Water 
� Online Learning Center 
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Each component in a mixture contributes a fraction of the total number of 
moles in the mixture, which is the mole fraction (X) of that component. Multi­
plying X by 1 00 gives the mole percent. Keep in mind that the sum of the mole 
fractions of all components in any mixture must be 1 ,  and the sum of the mole 
percents must be 1 00%. For N2, the mole fraction is 

nN? nN2 
XN2 = --- = 

ntotal nN2 + nH2 

The total pressure is due to the total number of moles, so the partial pressure of 
gas A is the total pressure multiplied by the mole fraction of A, XA: 

PA = XA X Ptotal (5.12) 
Equation 5 . 1 2  is a very important result. To see that it is valid for the mixture of 
N2 and H2, we recall that XN2 + XH2 = 1 and obtain 

Ptotal = PN2 + PH2 = (XN2 X Ptotal) + (XH2 X Ptotal) = (XN2 + XH,)Ptotal = I X Ptotal 

SAMPLE PROBLEM 5.9 Applying Dalton's Law of Partial Pressures 
Problem In a study of O2 uptake by muscle at high altitude, a physiologist prepares 
an atmosphere consisting of 79 mole % N2, 17 mole % 1 602, and 4.0 mole % 1 802, 
(The isotope 1 80 wiJl be measured to determine O2 uptake.) The total pressure is 
0.75 atm to simulate high altitude. Calculate the mole fraction and partial pressure of 1 802 
in the mixture. 
Plan We must find X1802 and PI '02 from Ptotal (0.75 atm) and the mole % of 1 802 (4.0). 
Dividing the mole % by 100 gives the mole fraction, X1802. Then, using Equation 5 . 1 2, 
we multiply XI'02 by Ptotal to find P1 802' 

Solution Calculating the mole fraction of 1 802: 

4.0 mol % 1 802 
XI802 = 

1 00 
Solving for the partial pressure of 1 802: 

0.040 

PI'02 = XIS02 X Ptotal = 0.040 x 0.75 atm = 0.030 atm 
Check XI802 is small because the mole % is small, so P IS02 should be small also. 
Comment At high altitudes, specialized brain cells that are sensitive to O2 and CO2 lev­
els in the blood trigger an increase in rate and depth of breathing for several days, until 
a person becomes acclimated. 

FOLLOW·UP PROBLEM 5.9 To prevent the presence of air, noble gases are placed 
over highly reactive chemicals to act as inert "blanketing" gases. A chemical engineer 
places a mixture of noble gases consisting of 5 .50 g of He, 1 5 .0 g of Ne, and 35.0 g of 
Kr in a piston-cylinder assembly at STP. Calculate the partial pressure of each gas. 

Collecting a Gas over Water The law of partial pressures is frequently used to 
determine the yield of a water-insoluble gas formed in a reaction. The gaseous 
product bubbles through water and is collected into an inverted container, as 
shown in Figure 5 . 10. The water vapor that mixes with the gas contributes a por­
tion of the total pressure, called the vapor pressure, which depends only on the 
water temperature. 

In order to determine the yield of gaseous product, we find the appropriate 
vapor pressure value from a list, such as the one in Table 5.2, and subtract it 
from the total gas pressure (corrected to barometric pressure) to get the partial 
pressure of the gaseous product. With V and T known, we can calculate the 
amount of product. 



5.4 Further Applications of the Ideal Gas law 

CD Water-insoluble ® Pgas adds to vapor pressure of 

gaseous product water (PH2D) to give Plalal. 

water into / collection vessel 

® Plalal is made equal to 

Palm by adjusting height 
of vessel until water level 
equals that in beaker 

bubbles through � As shown Plalal < Palm / 
fj �I �gas 

Palm Palm = 
2D 

@ Plalal equals Pgas plus 
PH2D at temperature of 
experiment. Therefore, 
Pgas = Plalal - PH2D 

Figure 5. 1 0  Collecting a water-insoluble gaseous product and determining its pressure. 

SAMPLE PROBLEM 5 . 1 0  Calculating the Amount of Gas Collected over Water 
Problem Acetylene (C2H2), an important fuel in welding, is produced in the laboratory 
when calcium carbide (CaC2) reacts with water: 

CaC2(s) + 2H20(l) -- C2H2(g) + Ca(OHhCaq) 
For a sample of acetylene collected over water, total gas pressure (adjusted to barometric 
pressure) is 738 torr and the volume is 523 mL. At the temperature of the gas (23°C), the 
vapor pressure of water is 2 1  torr. How many grams of acetylene are collected? 
Plan In order to find the mass of C2H2, we first need to find the number of moles of 
C2H2, n�H2' which we can obtain from the ideal gas law by calculating P �H2' The barom­
eter reading gives us Ptota!> which is the sum of P�H2 and PH2D, and we are given PH20, 
so we subtract to find PC2H2' We are also given V and T, so we convert to consistent units, 
and find n�H2 from the ideal gas law. Then we convert moles to grams using the molar 
mass from the formula. 
Solution Summary of gas variables: 

P�H2 (torr) = PlOtal - PH20 = 738 torr - 2 1  torr = 7 1 7  torr 
1 atm P�H2 (atm) = 7 1 7  torr X 

760 torr 
= 0.943 atm 

Solving for nC2H2: 

l L  V (L) = 523 mL X 
1 000 mL 

= 0.523 L 

T (K) = 23°C + 273 . 1 5  = 296 K 
nC2H2 = unknown 

n�H = PV 
= 

0.943 atm X 0.523 L 
= 0.0203 mol 2 

RT atm'L 
0.0821 -- X 296 K 

mol ·K 

Converting nC2H2 to mass:  

26.04 g C2H2 
Mass (g) of C2H2 = 0.0203 mol C2H2 X 

I C H 
= 0.529 g C2H2 

1 rna 2 2 

Check Rounding to one significant figure, a quick arithmetic check for n gives 

n = 1 atm X 0.5 L = 0.02 mol = 0.0203 mol 
atm·L 

0.08 -- X 300 K 
mol·K 

(i'MOIfI Vapor Pressure of 
Water IPH20) at Different T 

T (OC) P (torr) 
o 4.6 
5 6.5 

1 0  9.2 
1 2  1 0.5 
1 4  1 2.0 
1 6  1 3.6 
1 8  1 5.5 
20 17.5 
22 1 9.8 
24 22.4 
26 25.2 
28 28.3 
30 3 1 .8 
35 42.2 
40 55.3 
45 7 1 .9 
50 92.5 
55 1 1 8 .0 
60 1 49.4 
65 1 87.5 
70 233.7 
75 289 . 1  
80 355 . 1  
8 5  433.6 
90 525 .8 
95 633.9 

1 00 760.0 

PV 
n =  

RT 

PIOlal 

multiply by .M. (g/mal) 

1 57 



1 58 

Figure 5.1 1 Summary of the stoichio­
metric relationships among the amount 
(mol, n) of gaseous reactant or product 
and the gas variables pressure (P), vol­
ume (V), and temperature (T). 

ideal 
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FOLLOW-UP PROBLEM 5 . 1 0  A small piece of zinc reacts with dilute HCI to form 
Hz, which is collected over water at 1 6°C into a large flask The total pressure is adjusted 
to barometric pressure (752 torr), and the volume is 1 495 mL. Use Table 5.2 to help cal­
culate the partial pressure and mass of Hz. 

S E C T I O N  S U M MARY 
The ideal gas law can b e  rearranged to calculate the density and molar mass of a 

gas. In a mixture of gases, each component contributes its own partial pressure to 

the total pressure (Dalton's law of partial pressures). The mole fraction of each com­

ponent is the ratio of its partial pressure to the total pressure. When a gas is in con­

tact with water, the total pressure is the sum of the gas pressure and the vapor 

pressure of water at the given temperature. 

5.5 THE IDEAL GAS LAW AND REACTION STOICHIOMETRY 

In Chapters 3 and 4, we encountered many reactions that involved gases as reac­
tants (e.g., combustion with 02) or as products (e.g., a metal displacing H2 from 
acid). From the balanced equation, we used stoichiometrically equivalent molar 
ratios to calculate the amounts (moles) of reactants and products and converted 
these quantities into masses, numbers of molecules, or solution volumes (see Fig­
ure 3 . 1 0).  Figure 5 . 11  shows how you can expand your problem-solving reper­
toire by Llsing the ideal gas law to convert between gas variables (P, T, and V) 
and amounts (moles) of gaseous reactants and products. In effect, you combine a 
gas law problem with a stoichiometry problem; it is more realistic to measure the 
volume, pressure, and temperature of a gas than its mass. 

molar ratio from ideal 

P, V, T  gas law 
AMOUNT (mol) 

balanced equation 
AMOUNT (mol) 

gas law 
P, V,T < :> < :> < :> of gas A 

Mass (g) of CuO � divide by At (g/mol) 

Amount (mol) of CuO 
stoichiometry 

portion 

molar ratio J 
Amount (mol) of H2 I 

use known P gas law 
and Tto find V portion 

Volume (L) of H2 � 

of gas A of gas B 

SAMPLE PROBLEM 5 . 1 1 Using Gas Variables to Find Amounts 
of Reactants or Products 

of gas B 

... 

Problem Hot Hz can reduce copper(II) oxide, forming the pure metal and HzO. What 
volume of Hz at 765 torr and 225°C is needed to reduce 35.5 g of copper(II) ox.:ide? 
Plan This is a stoichiometry and gas law problem. To find VH2, we first need nH2' We 
write and balance the equation. Next, we convert the given mass of CuO (35.5  g) to amount 
(mol) and use the molar ratio to find moles of Hz needed (stoichiometry portion). Then, 
we use the ideal gas law to convert moles of Hz to liters (gas law portion) .  A roadmap is 
shown, but you are familiar with all the steps. 
Solution Writing the balanced equation: 

CuO(s) + H2(g) -----+ Cu(s) + HzO(g) 
Calculating nH2: 

1 mol CuO 1 mol H2 
nH, = 35.5 g CuO X X 1 mol CuO 

= 0.446 mol H2 - 79.55 g CuO 
Summary of other gas variables: 

1 atm 
V = unknown P (atm) = 765 torr X = 1 .0 1  atm 

760 torr 
T (K) = 225°C + 273 . 1 5  = 498 K 

Solving for VH2:  

atm·L 
0.446 mol X 0.0821 -- X 498 K 

nRT mol · K  
V = - = ------------P 1 .0 1  atm 

1 8 . 1  L 



5.5 The Ideal Gas Law and Reaction Stoichiometry 

Check One way to check the answer is to compare it with the molar volume of an ideal 
gas at STP (22.4 L at 273 . 1 5  K and 1 atm). One mole of Hz at STP occupies about 22 L, 
so less than 0.5 mol occupies less than 1 1  L. T is  less than twice 273 K, so V should be 
less than twice 1 1  L. 
Comment The main point here is that the stoichiometry provides one gas variable (n), 
two more are given, and the ideal gas law is used to find the fourth. 

FOLLOW·U P  P ROBLEM 5 . 1 1 Sulfuric acid reacts with sodium chloride to form 
aqueous sodium sulfate and hydrogen chloride gas. How many milliliters of gas form at 
STP when 0. 1 17 kg of sodium chloride reacts with excess sulfuric acid? 

SAMPLE P ROBLEM 5 . 1 2  Using the Ideal Gas Law in a Limiting-Reactant Problem 
Problem What mass of potassium chloride forms when 5.25 L of chlorine gas at 0.950 atm 
and 293 K reacts with 1 7.0 g of potassium? 
Plan The only difference between this and previous limiting-reactant problems (see Sam­
ple Problem 3 . 1 0) is that here we use the ideal gas law to find the amount (n) of gaseous 
reactant from the known V, P, and T. We first write the balanced equation and then use 
it to find the limiting reactant and the amount of product. 
Solution Writing the balanced equation: 

2K(s) + Clz(g) --+ 2KCI(s) 

Summary of gas variables: 

Solving for nCl2: 

P = 0.950 atm 
T = 293 K 

V = 5.25 L 
n = unknown 

PV 0.950 atm X 5 .25 L nCi = - = = 0.207 mol 2 RT atm'L 
0.082 1 -- X 293 K 

mol · K  

Converting from grams o f  potassium (K) t o  moles: 

1 mol K 
Moles of K = 1 7.0 g K X = 0.435 mol K 

39. lO g K  

Determining the limiting reactant: If Cl2 is limiting, 
2 mol KCl 

Moles of KCI = 0.207 mol Cl2 X = 0.414  mol KCI 
1 mol Clz 

If K is limiting, 
2 mol KCl 

Moles of KCI = 0.435 mol K X = 0.435 mol KCl 
2 mol K 

CI2 is the limiting reactant because it forms less KCI. 
Converting from moles of KCl to grams: 

74.55 g KCl 
Mass (g) of KCl = 0.41 4  mol KCI X 

1 mol KCI = 30.9 g KCl 

Check The gas law calculation seems correct. At STP, 22 L of Clz gas contains about 
1 mol, so a 5-L volume would contain a bit less than 0.25 mol of Clz. Moreover, the fact 
that P (in numerator) is slightly lower than STP and T (in denominator) is slightly higher 
than STP should lower the calculated n further below the ideal value. The mass of KCl 
seems correct: less than 0.5 mol of KCI gives <0.5 X JIlt (30.9 g < 0.5 X 75 g). 

FOLLOW·U P  PROBLEM 5 . 1 2  Ammonia and hydrogen chloride gases react to form 
solid ammonium chloride. A 1 0.0-L reaction flask contains ammonia at 0.452 atrn and 
22°C, and 155 mL of hydrogen chloride gas at 7.50 atm and 27 1 K is introduced. After 
the reaction occurs and the temperature returns to 22°C, what is the pressure inside the 
flask? (Neglect the volume of the solid product.) 

1 59 



1 60 CHAPTER 5 Gases and the Kinetic-Molecular Theory 

S E C T I O N  S U M M A RY 
By converting the variables P, V, and T of gaseous reactants (or products) to amount 

(n, mol), we can solve stoichiometry problems for gaseous reactions. 

5.6 THE KINETIC-MOLECULAR THEORY: 
A MODEL FOR GAS BEHAVIOR 

So far we have discussed observations of macroscopic samples of gas: decreas­
ing cylinder volume, increasing tank pressure, and so forth. This section presents 
the central model that explains macroscopic gas behavior at the level of individ­
ual particles: the kinetic-molecular theory. The theory draws conclusions through 
mathematical derivations, but here our discussion will be largely qualitative. 

How the Kinetic-Molecular Theory Explains the Gas Laws 
Developed by some of the great scientists of the 1 9

t
h century, most notably James 

Clerk Maxwell and Ludwig Boltzmann, the kinetic-molecular theory was able to 
explain the gas laws that scientists of the century before had arrived at empirically. 

Questions Concerning Gas Behavior To model gas behavior, we must rationalize 
certain questions at the molecular level: 

1 .  Origin of pressure. Pressure is a measure of the force a gas exerts on a sur­
face. How do individual gas particles create this force? 

2. Boyle 's law ( V  ex: l iP). A change in  gas pressure in one direction causes 
a change in gas volume in the other. What happens to the particles when 
external pressure compresses the gas volume? And why aren't  liquids and 
solids compressible? 

3. Dalton 's law (Ptota1 = PI + P2 + P3). The pressure of a gas mixture is the 
sum of the pressures of the individual gases. Why does each gas contribute to 
the total pressure in proportion to its mole fraction? 

4. Charles 's law ( V ex: T). A change in temperature is accompanied by a corre­
sponding change in volume. What effect does higher temperature have on gas 
particles that increases the volume-or increases the pressure if volume is 
fixed? This question raises a more fundamental one: what does temperature 
measure on the molecular scale? 

5. Avogadro 's law ( V ex: n). Gas volume (or pressure) depends on the number of 
moles present, not on the nature of the particular gas. But shouldn't 1 mol of 
larger molecules occupy more space than 1 mol of smaller molecules? And 
why doesn't 1 mol of heavier molecules exert more pressure than 1 mol of 
lighter molecules? 

Postulates of the Kinetic-Molecular Theory The theory is based on three postu­
lates (assumptions) : 

Postulate 1 .  Particle volume. A gas consists of a large collection of individual par­
ticles. The volume of an individual particle is extremely small compared with 
the volume of the container. In essence, the model pictures gas particles as 
points of mass with empty space between them. 

Postulate 2. Particle motion. Gas particles are in constant, random, straight-line 
motion, except when they collide with the container walls or with each other. 

Postulate 3 .  Particle collisions. Collisions are elastic, which means that the col­
liding molecules exchange energy but they do not lose any energy through 
friction. Thus, their total kinetic energy (Ek) is constant. Between collisions, 
the molecules do not influence each other by attractive or repulsive forces. 



5.6 The Kinetic-Molecular Theory: A Model for Gas Behavior 

Gas behavior that conforms to these postulates is called ideal. As you ' ll see in 
the next section, most real gases behave almost ideally at ordinary temperatures 
and pressures. 

Picture the scene envisioned by the postulates: Countless particles moving in 
every direction, smashing into the container walls and one another. Any given par­
ticle changes its speed with each collision, perhaps one instant standing nearly 
still from a head-on crash and the next instant zooming away from a smash on 
the side. Thus, the particles have an average speed, with most moving near the 
average speed, some moving faster, and some slower. 

Figure 5 . 1 2  depicts the distribution of molecular speeds (u) for N2 gas at three 
temperatures. The curves flatten and spread at higher temperatures. Note especially 
that the most probable speed (the peak of each curve) increases as the tempera­
ture increases. This increase occurs because the average kinetic energy of the mol­
ecules (Ek: the overbar indicates the average value of a quantity), which incorporates 
the most probable speed, is proportional to the absolute temperature: Ek cc T, or 
Ek = c X T, where c is a constant that is the same for any gas. (We'l l  return to 
this equation shortly.) Thus, a major conclusion based on the distIibution of speeds, 
which arises directly from postulate 3, is that at a given temperature, all gases have 
the same average kinetic energy. 

A Molecular View of the Gas Laws Let's continue visualizing the particles to 
see how the theory explains the macroscopic behavior of gases and answers the 
questions posed above: 

1 .  Origin of pressure. When a moving object collides with a surface, it exerts 
a force. We conclude from postulate 2, which describes particle motion, that when 
a particle collides with the container wall, it too exerts a force. Many such colli­
sions result in the observed pressure. The greater the number of molecules in a 
given container, the more frequently they collide with the walls,  and the greater 
the pressure is .  

2. Boyle 's law (V cc l iP). Gas molecules are points of mass with empty space 
between them (postulate 1 ) , so as the pressure exerted on the sample increases at 
constant temperature, the distance between molecules decreases, and the sample 
volume decreases. The pressure exerted by the gas increases simultaneously 
because in a smaller volume of gas, there are shorter distances between gas mol­
ecules and the walls and between the walls themselves; thus, collisions are more 
frequent (Figure 5 . 1 3) .  The fact that liquids and solids cannot be compressed 
means there is little, if any, free space between the molecules. 

Pgas = Pext 

Pext increases, 
Tand n fixed 

Higher Pext 
causes lower V. 
which causes 
more collisions 
until Pgas = Pext 

3 .  Dalton 's law of partial pressures (Ptotal = P A + PB). Adding a given amount 
of gas A to a given amount of gas B causes an increase in the total number of 
molecules in proportion to the amount of A that is added. This increase causes a 
corresponding increase in the number of collisions per second with the walls (pos­
tulate 2), which causes a corresponding increase in the pressure (Figure 5 . 1 4, next 
page). Thus, each gas exerts a fraction of the total pressure based on the fraction of 
molecules (or fraction of moles; that is, the mole fraction) of that gas in the mixture. 
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Figure 5 . 1 2  Distribution of molecular 
speeds at three temperatures. At a 

given temperature, a plot of the relative 
number of N2 molecules vs. molecular 
speed (u) results in a skewed bell-shaped 
curve, with the most probable speed at 
the peak. Note that the curves spread at 
higher temperatures and the most proba­
ble speed is directly proportional to the 
temperature. 

Figure 5 . 1 3  A molecular description of 
Boyle's law. At a given T, gas molecules 
collide with the walls across an average 
distance (d1) and give rise to a pressure 
(P gas) that equals the external pressure 

(PexJ. If Pex! increases, V decreases, and 

so the average distance between a mol­
ecule and the walls is shorter (d2 < d1). 
Molecules strike the walls more often, 
and Pgas increases until it again equals 

P ext. Thus, V decreases when P increases. 
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Figure 5. 1 4  A molecular description 
of Dalton's law of partial pressures. A 
piston-cylinder assembly containing 
0.30 mol of gas A at 0.50 atm is con­
nected to a tank of fixed volume contain­
ing 0.60 mol of gas B at 1 .0 atm. When 
the piston is depressed at fixed tempera­
ture, gas A is forced into the tank of gas 
B and the gases mix. The new total pres­
sure, 1 .5 atm, equals the sum of the par­
tial pressures, which is related to the new 
total amount of gas, 0.90 mol. Thus, each 
gas undergoes a fraction of the total colli­
sions related to its fraction of the total 
number of molecules (moles), which is 
equal to its mole fraction .  

Figure 5 . 1 5  A molecular description 
of Charles's law. At a given temperature 
(T1), Pgas = Patm. When the gas is heated 
to T2, the molecules move faster and 
collide with the walls more often, which 
increases P gas' This increases V, and so 
the molecules collide less often until Pgas 
again equals Patm. Thus, V increases 
when T increases. 

Figure 5.16 A molecular description of 
Avogadro's law. At a given T, a certain 
amount (n) of gas gives rise to a pressure 

(P gas) equal to P atm' When more gas is 
added (n increases), collisions with the 
walls become more frequent, and P gas 
increases. This leads to an increase in V 
until Pgas = Palm again. Thus, V increases 
when n increases. 
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PA = Plolal = 0.50 aim 
nA = 0.30 mol 

PB = Plolal = 1 .0 aim 
nB = 0.60 mol 

Pislon 
depressed 

.. 

Plolal = PA + PB = 1 .5 aim 

nlolal = 0.90 mol 

XA = 0.33 mol XB = 0.67 mol 

4. Charles 's law (V rx T). As the temperature increases, the most probable 
molecular speed and the average kinetic energy increase (postulate 3). Thus, the 
molecules hit the walls more frequently and more energetically. A higher frequency 
of collisions causes higher internal pressure. As a result, the walls move outward, 
which increases the volume and restores the starting pressure (Figure 5 . 1 5). 

Pgas = Palm 

V increases 
.. 

Higher T increases V increases until 
collision frequency: Pgas = Palm 
Pgas > Palm 

5 .  Avogadro 's law ( V  rx n). Adding more molecules to a container increases 
the total number of collisions with the walls and, therefore, the internal pressure. 
As a result, the volume expands until the number of collisions per unit of wall 
area is the same as it was before the addition (Figure 5 . 1 6) .  

Pgas = Palm More molecules 
increase collisions: 

Pgas > Palm 

V increases until 

Pgas = Palm 



5.6 The Kinetic-Molecular Theory: A Model for Gas Behavior 

Relation Between Molecular Speed and Mass We still need to explain why equal 
numbers of molecules of two different gases, such as O2 and H2, occupy the same 
volume. Let's first see why heavier O2 particles do not hit the container walls with 
more energy than lighter H2 particles. Recall that the kinetic energy of an object 
is the energy associated with its motion (Chapter 1 ) . This energy is related to the 
mass and the speed of the object: 

Ek = � mass X speed2 

This equation shows that if a heavy object and a light object have the same kinetic 
energy, the heavy object must be moving more slowly. For a large population of 
molecules, the average kinetic energy is 

Ek = �mu2 

where m is the molecular mass and u2 is the average of the squares of the molec­
ular speeds. The square root of u2 is called the root-mean-square speed, or rms 
speed (urms)' A molecule moving at this speed has the average kinetic energy. 
The rms speed is  somewhat higher than the most probable speed, but the speeds 
are proportional to each other and we will use them interchangeably. The rms 
speed is related to the temperature and the molar mass as follows: 

Urms = y3:T (5.13) 

where R is the gas constant, T is the absolute temperature, and .M is the molar 
mass. (Because we want u in mis, and R includes the joule, which has units of 
kg·m

2
/s

2
, we use the value 8.3 14 J/mol·K for R and express .M in kg/mol.)  

Postulate 3 leads to the conclusion that different gases at the same tempera­
ture have the same average kinetic energy. Therefore, Avogadro's law requires that, 
on average, molecules with a higher mass have a lower speed. In other words, at 
the same temperature, O2 molecules move more slowly, on average, than H2 mol­
ecules. Figure 5 . 1 7  shows that, in general, at the same temperature, lighter gases 
have higher speeds. This means that H2 molecules collide with the walls more often 
than do O2 molecules, but each collision has less force. Because, at the same T, 
lighter and heavier molecules hit the walls with the same average kinetic energy, 
lighter and heavier gases have the same pressure and, thus, the same volume. 

The Meaning of Temperature Earlier we said that the average kinetic energy of 
a particle was equal to the absolute temperature times a constant, that is, Ek = 
constant X T. A derivation of the full relationship gives the following equation: - 3( R ) Ek = '2 NA T 

where R is the gas constant and N A is Avogadro's number. This equation expresses 
the important point that temperature is related to the average energy of molecu­
lar motion. Note that it is not related to the total energy, which depends on the 
size of the sample, but to the average energy: as T increases, Ek increases. 

Ul OJ :; u OJ -o  (5 OJ E � - Ul 
o C � OJ OJ > .0 .­E Ol :J til C .c OJ :=: .� !: C;; Qi a: 

02 (32) 

N2 (28) 

H20 ( 1 8) 

He (4) 
/" H2 (2) 

� 
Molecular speed at a given T 
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Figure 5. 1 7  Relationship between mo­
lar mass and molecular speed. At a 
given temperature, gases with lower mo­
lar masses (numbers in parentheses) have 
higher most probable speeds (peak of 
each curve) . 
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Effusion and Diffusion 
The movement of gases, either through one another or into regions of very low 
pressure, has many important applications. 

The Process of Effusion One of the early triumphs of the kinetic-molecular the­
ory was an explanation of effusion, the process by which a gas escapes from its 
container through a tiny hole into an evacuated space. In 1 846, Thomas Graham 
studied this process and concluded that the effusion rate was inversely propor­
tional to the square root of the gas density. The effusion rate is the number of 
moles (or molecules) of gas effusing per unit time. Because density is directly 
proportional to molar mass, we can state Graham's law of effusion as follows: 
the rate of effusion of a gas is inversely proportional to the square root of its 
molar mass, 

1 
Rate of effusion C( vJii[ 

Argon (Ar) is lighter than krypton (Kr), so it effuses faster, assuming equal pres­
sures of the two gases. Thus, the ratio of the rates is 

RateAr 
RateKr 

or, in general, (5.14) 

The kinetic-molecular theory explains that, at a given temperature and pressure, 
the gas with the lower molar mass effuses faster because the most probable speed 
of its molecules is higher; therefore, more molecules escape per unit time. 

One of the most important applications of Graham's law is the enrichment of 
nuclear reactor fuel: separating nonfissionable, more abundant 

238U from fission­
able 

235U to increase the proportion of 
235U in the mixture. The two isotopes have 

identical chemical properties, so they are separated by differences in physical 
properties-the effusion rates of their gaseous compounds. Uranium ore is con­
verted to gaseous UF6 (a mixture of 

238UF6 and 
235UF6), which is pumped through 

a series of chambers with porous barriers. Because they are a bit lighter and thus 
move very slightly faster, molecules of 

235UF6 (M = 349.03) effuse through each 
barrier 1 .0043 times faster than do molecules of 

238UF6 (M = 352.04): 

Rate235UF V.M,238UF6 
�
352.04 g/mol __ --=..:.26 = --- = = 1 .0043 

Rate238UF6 .M,235UF6 349.03 g/mol 

Many passes are made, each increasing the fraction of 
235UF6 until a mixture is 

obtained that contains enough 
235UF6. This isotope-enrichment process was devel­

oped during the latter years of World War II and produced enough 
235U for two 

of the world's first three atomic bombs. The principle is still used to prepare nuclear 
fuel for power plants. 

SAMPLE PROBLEM 5 . 1 3  Applying Graham's Law of Effusion 
Problem Calculate the ratio of the effusion rates of helium and methane (CH4)' 
Plan The effusion rate is inversely proportional to vJii[, so we find the molar mass of 
each substance from the formula and take its square root. The inverse of the ratio of the 
square roots is the ratio of the effusion rates. 
Solution 

M of CH4 = 1 6.04 g/mol M of He = 4.003 g/mol 
Calculating the ratio of the effusion rates: 

RateHe VMCH4 �"1-6.-04-g/-m-O-1 , r:;-;:;;;;::; -- = -- = = v 4.007 = 2.002 
RatecH4 MHe 4.003 g/mol 



5.7 Real Gases: Deviations from Ideal Behavior 

Check A ratio > 1 makes sense because the lighter He should effuse faster than the heav­
ier CH4. Because the molar mass of He is about one-fourth that of CH4, He should effuse 
about twice as fast (the inverse of \/'I). 
FOLLOW-U P  P ROBLEM 5 . 1 3  If it  takes 1 .25 min for 0.0 1 0  mol of He to effuse, 
how long will it take for the same amount of ethane (C2H6) to effuse? 

Graham's law is also used to determine the molar mass of an unknown gas, 
X, by comparing its effusion rate with that of a known gas, such as He: 

Ratex = � MHe 
RateHe Mx 

Squaring both sides and solving for the molar mass of X gives 

,, _ (rateHe)2 
JVlx - MHe X 

ratex 

The Process of DiHusion Closely related to effusion is the process of gaseous dif­
fusion, the movement of one gas through another. Diffusion rates are also 
described generally by Graham's law: 

1 
Rate of diffusion CI: , ;-.; v At 

For two gases at equal pressures, such as NH3 and HCI, moving through another 
gas or a mixture of gases, such as air, we find 

RateNH3 = � JlitHC1 
RateHcl MNH3 

The reason for this dependence on molar mass is the same as for effusion rates: 
lighter molecules have higher molecular speeds than heavier molecules, so they 
move farther in a given amount of time. 

If gas molecules move at hundreds of meters per second at ordinary temper­
atures (see Figure 5 . 1 2) ,  why does it take a second or two after you open a bot­
tle of perfume to smell the fragrance? Although convection plays an important 
role, a molecule moving by diffusion does not travel very far before it collides 
with a molecule in the air. As you can see from Figure 5 . 1 8, the path of each 
molecule is tortuous. Imagine your walking speed through an empty room and 
then through a room crowded with other moving people. 

Diffusion also occurs in liquids (and even to a small extent in solids). How­
ever, because the distances between molecules are much shorter in a liquid than 
in a gas, collisions are much more frequent; thus, diffusion is much slower. 

S E C T I O N  S U M MA RY 
The kinetic-molecular theory postulates that gas molecules take up a negligible por­

tion of the gas volume, move in straight-l ine paths between elastic coll isions, and 

have average kinetic energies proportional to the absolute temperature of the gas. 

This theory explains the gas laws in terms of changes in  distances between molecules 

and the container walls and changes in molecular speed. Temperature is a measure 

of the average kinetic energy of molecules. Effusion and d iffusion rates are inversely 

proportional to the square root of the molar mass (Graham's law) because they are 

directly proportional to molecular speed. 

5.7 REAL GASES: DEVIATIONS FROM IDEAL BEHAVIOR 

A fundamental principle of science is that simpler models are more useful than 
complex ones-as long as they explain the data. You can certainly appreciate the 
usefulness of the kinetic-molecular theory. With simple postulates, it explains the 
behavior of the ideal gases in terms of particles acting like infinitesimal billiard 
balls, moving at speeds governed by the absolute temperature, and experiencing 
only perfectly elastic collisions. 

. . . . 

. . . 
. ' .  
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Figure 5. 1 8  Diffusion of a gas particle 
through a space filled with other 
particles. In traversing a space, a gas 
molecule collides with many other mol­
ecules, which gives it a tortuous path. For 
clarity, the path of only one particle (red 
dot) is shown (red lines). 
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11M'!' Molar Volume of Some 
Common Gases at STP 
(O°C and 1 atm) 

Molar Condensa-
Volume tion Point 

Gas (L/mol) ('e) 

He 22.435 - 268.9 
H2 22.432 - 252.8 
Ne 22.422 - 246. 1 
Ideal gas 22.414 
Ar 22.397 - 1 85.9 
N2 22.396 - 195 .8  
O2 22.390 - 1 83.0 
CO 22.388 - 1 9 1 .5 
CI2 22. 1 84 - 34.0 
NH3 22.079 -33 .4 

Figure 5. 1 9  The behavior of several 
real gases with increasing external 
pressure. The horizontal line shows the 
behavior of 1 mol of ideal gas: PVIRT = 1 
at all P ext. At very high pressures, all real 
gases deviate significantly from such 
ideal behavior. Even at ordinary pres­
sures, these deviations begin to appear 
(expanded portion). 

CHAPTER 5 Gases and the Kinetic-Molecular Theory 

In reality, however, you know that molecules are not points of mass. They 
have volumes determined by the sizes of their atoms and the lengths and direc­
tions of their bonds. You also know that atoms contain charged particles and many 
bonds are polar, giving rise to attractive and repulsive forces among molecules. 
Therefore, we expect these properties of real gases to cause deviations from ideal 
behavior under some conditions, and this is indeed the case. We must alter the 
simple model and the ideal gas law to predict gas behavior at low temperatures 
and very high pressures. 

Effects of Extreme Conditions on Gas Behavior 
At ordinary conditions-relatively high temperatures and low pressures-most real 
gases exhibit nearly ideal behavior. Even at STP (O°C and 1 atm), however, real gases 
deviate slightly from ideal behavior. Table 5.3 shows the standard molar volumes of 
several gases to five significant figures. Note that they do not quite equal the ideal 
value. The phenomena that cause these slight deviations under standard conditions 
exert more influence as the temperature decreases toward the condensation point of 
the gas, the temperature at which it liquefies. As you can see, the largest deviations 
from ideal behavior in Table 5.3 are for Cl2 and NH3, because, at the standard tem­
perature of O°C, they are already close to their condensation points. 

At pressures greater than 10 atm, we begin to see significant deviations from 
ideal behavior in many gases. Figure 5 . 1 9  shows a plot of PVIRT versus Pexl for 
1 mol of several real gases and an ideal gas. For 1 mol of an ideal gas, the ratio 
PVIRT is equal to 1 at any pressure. The values on the horizontal axis are the exter­
nal pressures at which the PVIRT ratios are calculated. The pressures range from 
normal (at 1 atm, PVIRT = 1 )  to very high (at � 1000 atm, PVlRT = 1 .6 to 2.3). 

The PVIRT curve shown in Figure 5 . 1 9  for 1 mol of methane (CH4) is typical 
of that for most real gases: it decreases below the ideal value at moderately high 
pressures and then rises above it as pressure increases further. This shape arises from 
two overlapping effects of the two characteristics of real molecules just mentioned: 

1 .  At moderately high pressure, values of PVIRT lower than ideal (less than 1 )  
are due predominantly to intermolecular attractions. 

2. At very high pressure, values of PVIRT greater than ideal (more than 1 )  are 
due predominantly to molecular volume. 

2.0 

1 .5 

H2 
� He PV 1 .0 �:;=::;;---f Ideal gas RT \ 

C02 

o 1 0  20 
Pext (atm) 

PVIRT> 1 
Effect of molecular 

PV volume predominates 

RT 
1 .0 tI<i:""------r-r---------..:......----- Ideal gas 

0.5 

0.0 -t-----,r----,--,----r---,--
o 200 400 600 800 1 000 

Pext (atm) 

PVIRT < 1 
Effect of intermolecular 
attractions predominates 



5.7 Real Gases: Deviations from Ideal Behavior 

Let's examine these effects on the molecular level: 
1 .  Intermolecular attractions. Attractive forces between molecules are much 

weaker than the covalent bonding forces that hold a molecule together. Most inter­
molecular attractions are caused by slight imbalances in electron distributions and 
are important only over relatively short distances. At normal pressures, the spaces 
between the molecules of any real gas are so large that attractions are negligible 
and the gas behaves nearly ideally. As the pressure rises and the volume of the 
sample decreases, however, the average intermolecular distance becomes smaller 
and attractions have a greater effect. 

Picture a molecule at these higher pressures (Figure 5 .20) . As it approaches 
the container wall, nearby molecules attract it, which lessens the force of its 
impact. Repeated throughout the sample, this effect results in decreased gas pres­
sure and, thus, a smaller numerator in the PVIRT ratio. Lowering the tempera­
ture has the same effect because it slows the molecules, so attractive forces exert 
an influence for a longer time. At a low enough temperature, the attractions among 
molecules become overwhelming, and the gas condenses to a liquid. 

Ordinary Pext: 
molecules too far 
apart to interact 

Pext 
increases 

� 

Moderately high Pext: 
molecules close 
enough to interact 

Attractions lower 
force of collision 
with wall 

2. Molecular volume. At normal pressures, the space between molecules of 
a real gas (free volume) is enormous compared with the volume of the molecules 
themselves (molecular volume), so the free volume is essentially equal to the con­
tainer volume. As the applied pressure increases, however, and the free volume 
decreases, the molecular volume makes up a greater proportion of the container 
volume, which you can see in Figure 5 .2 1 .  Thus, at very high pressures, the free 
volume becomes significantly less than the container volume. However, we con­
tinue to use the container volume as the V in the PVIRT ratio, so the ratio is arti­
ficially high. This makes the numerator artificially high. The molecular volume 
effect becomes more important as the pressure increases, eventually outweighing 
the effect of the intermolecular attractions and causing PVIRT to rise above the 
ideal value. 

Ordinary Pext: 
free volume '" 
container volume 

Pext increases 

� 
Very high Pexf 
free volume < 
container volume 
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Figure 5.20 The effect of intermolecular 
attractions on measured gas pressure. 
At ordinary pressures, the volume is large 
and gas molecules are too far apart to 
experience significant attractions. At 
moderately high external pressures, the 
volume decreases enough for the mol­
ecules to influence each other. As the 
close-up shows, a gas molecule ap­
proaching the container wall experiences 
intermolecular attractions from neighbor­
ing molecules that reduce the force of its 
impact. As a result, real gases exert less 
pressure than the ideal gas law predicts. 

Figure 5.21 The effect of molecular 
volume on measured gas volume. At 
ordinary pressures, the volume between 
molecules of a real gas (free volume) is 
essentially equal to the container volume 
because the molecules occupy only a tiny 
fraction of the available space. At very 
high external pressures, however, the 
free volume is significantly less than the 
container volume because of the volume 
of the molecules themselves. 
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I1MI!' Van der Waals 
Constants for Some 
Common Gases 

Gas a (atm.L2 ) mol2 b (mLol ) 
He 0.034 0.0237 
Ne 0.2 1 1  0.0 1 7 1  
Ar 1 .35 0.0322 
Kr 2.32 0.0398 
Xe 4 . 1 9  0.05 1 1  
H2 0.244 0.0266 
N2 1 .39 0.039 1 
O2 1 .36 0.03 1 8  
Cl2 6.49 0.0562 
CH4 2.25 0.0428 
CO 1 .45 0.0395 
CO2 3.59 0.0427 
NH3 4. 1 7  0.037 1 
H2O 5 .46 0.0305 

CHAPTER 5 Gases and the Kinetic-Molecular Theory 

In Figure 5 . 1 9, the H2 and He curves do not show the typical dip at moder­
ate pressures. These gases consist of particles with such weak intermolecular 
attractions that the molecular volume effect predominates at all pressures. 

The van der Waals Equation: The Ideal Gas Law Redesigned 
To describe real gas behavior more accurately, we need to "redesign" the ideal 
gas equation to do two things: 

1 .  Adjust the measured pressure up by adding a factor that accounts for inter­
molecular attractions, and 

2. Adjust the measured volume down by subtracting a factor from the entire con­
tainer volume that accounts for the molecular volume. 

In 1 873, Johannes van der Waals realized the limitations of the ideal gas law 
and proposed an equation that accounts for the behavior of real gases. The van 
der Waals equation for n moles of a real gas is ( n2a) 

P + VZ ( V  - nb) = nRT 

adjusts adjusts 
P lip V down 

where P is the measured pressure, V is the container volume, n and T have their 
usual meanings, and a and b are van der Waals constants, experimentally deter­
mined positive numbers specific for a given gas. Values of these constants for 
several gases are given in Table 5 .4. The constant a relates to the number of elec­
trons, which in turn relates to the complexity of a molecule and the strength of 
its intermolecular attractions. The constant b relates to molecular volume. 

Consider this typical application of the van der Waals equation to calculate a 
gas variable. A 1 .98-L vessel contains 2 1 5  g (4.89 mol) of dry ice. After stand­
ing at 26°C (299 K), the CO2(s) changes to CO2(g). The pressure is measured 
(Preal) and calculated by the ideal gas law (P1GL) and, using the appropriate val­
ues of a and b, by the van del' Waals equation (PyDW)' The results are revealing: 

Preal = 44.8 atm P1GL = 60.6 atm PyDW = 45.9 atm 
Comparing the real with each calculated value shows that P1GL is 35 .3% greater 
than Preal, but PyDW is only 2.5% greater than Preal . At these conditions, CO2 
deviates so much from ideal behavior that the ideal gas law is not very useful .  

S E C T I O N  S U M M A RY 
At very high pressures or low temperatures, all gases deviate greatly from ideal behav­

ior. As pressure increases, most real gases exhibit first a lower and then a higher 

PVIRT ratio than the value for the same amount (1 mol) of an ideal gas. These devi­

ations are d ue to attractions between molecules, which lower the pressure (and the 
ratio), and to the larger fraction of the container volume occupied by the molecules, 

which increases the ratio. By including parameters characteristic of each gas, the van 

der Waals equation corrects for these deviations. 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise. )  

Learning Objectives 
To help you review these learning objectives, the numbers of related 
sections (§), sample problems (SP), and end-of-chapter problems (EP) 
are l isted in parentheses. 

1 .  Explain how gases differ from liquids and solids (§ 5 . 1 )  
(EPs 5 . 1 ,  5 .2) 
2. Understand how a barometer works and interconvert units of 
pressure (§ 5.2) (SP 5 . 1 )  (EPs 5 .3-5. 1 1 ) 

3. Describe Boyle's, Charles 's, and Avogadro 's laws, understand 
how they relate to the ideal gas law, and apply them in calculations 
(§ 5.3) (SPs 5 .2-5.6) (EPs 5 . 1 2-5.26) 
4. Apply the ideal gas Jaw to determine the molar mass of a gas, 
the density of a gas at different temperatures, and the partial pres­
sure (or mole fraction) of each gas in a mixture (Dalton'S law) 
(§ 5 .4) (SPs 5 .7-5 . 1 0) (EPs 5 .27-5.43) 



5. Use stoichiometry and the gas laws to calculate amounts of re­
actants and products (§ 5 .5)  (SPs 5 . 1 1 , 5 . 1 2) (EPs 5.44-5.52) 
6. Understand the kinetic-molecular theory and how it explains the 
gas laws, average molecular speed and kinetic energy, and the 
processes of effusion and diffusion (§ 5 .6) (SP 5 . 1 3) (EPs 5 .53-5.65) 

Key Terms 
Section 5.2 Section 5.3 
pressure (P) ( 1 40) ideal gas ( 143) 
barometer ( 1 4 1 )  Boyle's law ( 1 44) 
pascal (Pa) ( 1 4 1 )  Charles 's law ( 145) 
standard atmosphere Avogadro's law ( 1 47) 

(atm) ( 1 4 1 )  standard temperature and 
mill imeter of mercury pressure (STP) ( 1 47) 

(mmHg) ( 1 42) standard molar 
torr ( 1 42) volume ( 1 47) 

Key Equations and Relationships 
5. 1 Expressing the volume-pressure relationship (Boyle 's 
law) ( 1 44):  

I 
V o:: ­

P 
or PV = constant [T and n fixed] 

5.2 Expressing the volume-temperature relationship (Charles's 
law) ( 1 45) :  

v 
V 0:: T or T = constant [P and n fixed] 

5.3 Expressing the pressure-temperature relationship (Amontons's 
law) ( 1 46): 

P o:: T or 
P - = constant 
T 

[V and n fixed] 

5.4 Expressing the volume-amount relationship (Avogadro's 
law) ( 1 47) :  

V o:: n or 
V - = constant 
n 

[P and T fixed] 

5.5 Defining standard temperature and pressure ( 1 47): 
STP: O°C (273 . 1 5  K) and 1 atm (760 torr) 

5.6 Defining the volume of 1 mol of an ideal gas at STP ( 1 47): 
Standard molar volume = 22.4 1 4 1  L = 22.4 L [3 sf] 

5.7 Relating volume to pressure, temperature, and amount (ideal 
gas law) ( 148) :  

PV = nRT and 
Pl Y' P2V2 

n I T, n2T2 

Brief Solutions to Follow-up Problems 
1 mmHg 

5.1 Pea (mmHg) = 579.6 torr X ---.::.. 2 1 torr 
= 579.6 mmHg 

1 atm 1 .0 1 325X l Os Pa 
Pea (Pa) = 579.6 torr X 

60 
X 2 7 torr 1 atm 

= 7.727 X 104 Pa 
1 atm 14.7 Ib/in2 

Pco (lb/in2) = 579.6 torr X 
760 

X ----, torr 1 atm 
= 1 1 .2 Ib/in2 
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7. Explain why intermolecular attractions and molecular volume 
cause real gases to deviate from ideal behavior and how the 
van der Waals equation corrects for the deviations (§ 5 .7) 
(EPs 5 .66-5 .69) 

ideal gas law ( 1 48) Section 5.6 
universal gas constant kinetic-molecular theory ( 1 60) 

(R) ( 1 48) rms speed (unns) ( 1 63) 
Section 5.4 effusion ( 1 64) 
partial pressure ( 1 55) Graham's law of effusion ( 1 64) 
Dalton's law of partial diffusion ( 1 65)  

pressures ( 1 55) Section 5.7 
mole fraction (X) ( 156) van der Waals equation ( 168) 

5.8 Calculating the value of R ( 1 48) :  
PV 1 atm X 22.4 141  L 

R = - = ---:--:-=-:---:-::-:-
nT 1 mol X 273 . 1 5  K 

atm'L atm'L = 0.082058 -- = 0.082 1 -- [3 sf] 
mol ·K mol · K  

5.9 Rearranging the ideal gas law t o  find gas density ( 153) :  
m m JIIl x p  

PV = JIll RT so V = d = ----;rr-
5. 1 0  Rearranging the ideal gas law to find molar mass ( 1 54): 

n = !!!... = PV 
so JIll = mRT 

or .All = dRT 

JIll RT PV P 

5.1 1 Relating the total pressure of a gas mixture to the partial 
pressures of the components (Dalton 's law of partial pres­
sures) ( 1 55) :  

Ptota' = P , + P2 + P3 + . . .  

5.1 2 Relating partial pressure to mole fraction ( 156):  
PA = XA X Ptota' 

5.1 3 Defining rms speed as a function of molar mass and 
temperature ( 1 63) :  /3RT 

unns = \ M 
5.1 4 Applying Graham 's law of effusion ( 1 64): 

RateA _ v:M:; _ {M;; 
Rates - '\I.A4 - VAt. 

1 atm 
5.2 P2 (atm) = 26.3 kPa X 

1 0 1 .325 kPa 
= 0.260 atm 

1 L 0.87 1 atm 
Vo (L) = 1 05 mL X X = 0.352 L - 1 000 mL 0.260 atm 

9.75 cm3 
5.3 T2 (K) = 273 K X 

6.83 cm3 = 390. K 

35.0 g - 5.0 g 
5.4 Po (torr) = 793 torr X = 680. torr - 35.0 g 
(There is no need to convert mass to moles because the ratio of 
masses equals the ratio of moles.) 
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PV 1 .37 atm X 438 L 
5.5 n = - = = 24.9 mol O2 

RT 0.082 1 atm'L X 294 K 
mol -K 

32.00 g O? ? Mass (g) of O? = 24.9 mol 00 X - = 7.97X 1 0- g O2 
- - 1 mol O2 

5.6 The balanced equation is 2CD(g) 

-
C2(g) + D2(g), so n 

does not change. Therefore, given constant P, the absolute tem­
perature T must double: Tl = -73°C + 273. 1 5  = 200 K; so 
T2 = 400 K, or 400 K - 273 . 1 5 = 1 27°C . 

380 torr 44.0 1 g/mol X 
6 I 7 0 torr atm 

5.7 d (at O°C and 380 torr) = --------­
atm-L 

0.082 1 -- X 273 K 
mol -K 

= 0.982 giL 
The density is lower at the smaller P because V is larger. In this 
case, d is lowered by one-half because P is one-half as much. 

atm-L 1 .26 g X 0.082 1 -- X 283.2 K 
mol-K 

5.8 .M. = ----------- = 29.0 g/mol 
1 02.5 kPa ------ X 1 .00 L  

1 0 1 .325 kPall atm 

( 
1 mol He ) 

5.9 nlotal = 5.50 g He X 4.003 g He 

+ 
(
1 5 .0 g Ne X 

1 mol Ne ) 
20. 1 8  g Ne 

( 
1 mol Kr ) 

+ 35.0 g Kr X 
83.80 g Kr 

= 2.53 mol 

(
5.50 g He X 

1 mol He ) 
4.003 g He PHe = X 1 atm = 0.543 atm 

2.53 mol 
PNe = 0.294 atm PKr = 0. 1 65 atm 

Problems 
Problems with colored numbers are answered in Aprendix E .  
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are grouped in pairs 
( indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

An Overview of the Physical States of Matter 
5. 1  How does a sample of gas differ in its behavior from a sample 

of liquid in each of the fol lowing situations? 
(a) The sample is transferred from one container to a larger one. 
(b) The sample is heated in an expandable container, but no 
change of state occurs. 
(c) The sample is placed in a cylinder with a piston, and an ex­
ternal force is applied. 

5.2 Are the particles in a gas farther apart or closer together 
than the particles in a liquid? Use your answer to this question in 
order to explain each of the following general observations: 
(a) Gases are more compressible than liquids. 
(b) Gases have lower viscosities than liquids. 

5.1 0  PH2 = 752 tOIT( 
�6i��:�:�x

7

:

8

4:�'L ) 
2.0 16 g H2 

Mass (g) of H2 = L
X

I I H atm- rna ? 0.082 1 -- X 289 K -
mol -K 

= 0. 1 23 g H2 
5. 1 1  H2S04(aq) + 2NaCI(s) - Na2S04(aq) + 2HCl(g) 

1 03 g 1 mol NaCl 2 mol HCI nl-lCl = 0. 1 1 7 kg NaCI X 1 kg 
X 58.44 g NaCI 

X 2 mol NaCI 
= 2.00 mol HCl 

22.4 L 1 03 mL 
At STP, V (mL) = 2.00 mol X -- X --

1 mol 1 L 
= 4.48X 1 04 mL 

5. 1 2  NH3(g) + HCl(g) 

-
NH4Cl(s) 

nNH3 = 0. 1 87 mol nHCl = 0.0522 mol 
nNH3 after reaction 

( 
1 mol NH3) = 0. 1 87 mol NH3 - 0.0522 mol HCI X 1 mol HCI 

= 0. 1 35 mol NH3 
atm-L 

0. 1 35 mol X 0.0821 -- X 295 K 
mol -K P = = 0.327 atm 

1 0.O L 
Rate of He 30.07 g/mol 

5. 13  = 2.74 1 
Rate of C2H6 4.003 g/mol 

Time for C2H6 to effuse = l .25 min X 2.74 1 = 3 .43 min 

(c) After thorough stirring, al l gas mixtures are solutions. 
(d) The density of a substance in the gas state is lower than in the 
liquid state. 

Gas Pressure and Its Measurement 
(Sample Problem 5. 1 )  
5.3 How does a barometer work? 
5.4 How can a unit of length such as millimeter of mercury (rrunHg) 

be used as a unit of pressure, which has the dimensions of force 
per unit area? 

5.5 Is the column of mercury in a barometer shorter when it is on 
a mountaintop or at sea level? Explain. 

15.6 On a cool, rainy day, the barometric pressure is 725 mmHg. 
Calculate the barometric pressure in centimeters of water (cmH20) 
(d of Hg = 1 3 .5 g/mL; d of H20 = 1 .00 g/mL). 

5.7 A long glass tube, sealed at one end, has an inner diameter 
of 1 0.0 mm. The tube is filled with water and inverted into a pail 
of water. If the atmospheric pressure is 755 mmHg, how high 
(in mmH20) is the column of water in the tube (d of Hg 
1 3 .5 g/mL; d of H20 = 1 .00 g/mL)? 



5.8 Convert the following: 
(a) 0.745 atm to mmHg 
(c) 365 kPa to atm 

5.9 Convert the following: 
(a) 74.8 cmHg to atm 

I (c) 8.50 atm to bar 

(b) 992 ton' to bar 
(d) 804 mmHg to kPa 

(b) 27.0 atm to kPa 
(d) 0.907 kPa to torr 

5.1 0  Convert each of the pressures described below into atmo­
spheres: 
(a) At the peak of Mt. Everest, atmospheric pressure is only 
2.75X 1 02 mmHg. 
(b) A cyclist fills her bike tires to 91 psi. 
(c) The surface of Venus has an atmospheric pressure of 
9. 1 5 X 1 06 Pa. 
(d) At 1 00 ft below sea level, a scuba diver experiences a pres­
sure of 2.44X 104 torr. 

5.1 1 The gravitational force exerted by an object is given by 
F = mg, where F is the force in newtons, m is the mass in kilo­
grams, and g is the acceleration due to gravity (9. 8 1 m/s2) . 
(a) Use the definition of the pascal to calculate the mass ( in kg) 
of the atmosphere on 1 m2 of ocean. 
(b) Osmium (2 = 76) has the highest density of any element 
(22.6 g/rnL). If an osmium column is 1 m2 in area, how high 
must it be for its pressure to equal atmospheric pressure? [Use 
the answer from part (a) in your calculation.] 

The Gas Laws and Their Experimental Foundations 
(Sample Problems 5.2 to 5.6) 
5. 12  When asked to state Boyle's law, a student replies, "The volume 
of a gas is inversely proportional to its pressure." How is this state­
ment incomplete? Give a COlTect statement of Boyle's law. 

5. 1 3  Which quantities are variables and which are fixed in 
(a) Charles's law; (b) Avogadro's law? 

5.1 4 Boyle's law relates gas volume to pressure, and Avogadro 's 
law relates gas volume to number of moles. State a relationship 
between gas pressure and number of moles. 

5.15 Each of the following processes caused the gas volume to 
double, as shown. For each process, state how the remaining gas 
variable changed or that it remained fixed: 
(a) T doubles at fixed P 
(b) T and n are fixed. 
(c) At fixed T, the reaction is CD2(g) - C(g) + D2(g). 
(d) At fixed P, the reaction is A2(g) + B2(g) - 2AB(g). 

15.1 6 What is the effect of the following on the volume of 1 mol of 
an ideal gas? 
(a) The pressure is tripled (at constant T). 
(b) The absolute temperature is increased by a factor of 2.5 (at 
constant P). 
(c) Two more moles of the gas are added (at constant P and T). 
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5.1 7 What is the effect of the following on the volume of 1 mol of 
an ideal gas? 
(a) The pressure is reduced by a factor of 4 (at constant T). 
(b) The pressure changes from 760 torr to 202 kPa, and the tem­
perature changes from 37°C to 1 55 K. 
(c) The temperature changes from 305 K to 32°C, and the pres­
sure changes from 2 atm to 1 0 1  kPa. 

5.1 8 A sample of sulfur hexafluoride gas occupies a volume of 
5 . l D L at 198°e. Assuming that the pressure remains constant, 
what temperature (in °C) is needed to reduce the volume to 2.50 L? 

5.1 9 A 93-L sample of dry air is cooled from 145°C to -22°C 
while the pressure is maintained at 2.85 atm. What is the final 
volume? 

5.20 A sample of Freon- 12 (CF2CI2) occupies 25.5 L at 298 K and 
1 53 .3 kPa. Find its volume at STP. 

5.21 Calculate the volume of a sample of carbon monoxide that is 
at - 1 4°C and 367 torr if it occupies 3.65 L at 298 K and 
745 torr. 

5.22 A sample of chlorine gas is confined in a 5 .0-L container at 
228 torr and 27°e. How many moles of gas are in the sample? 

5.23 If 1 .47 X 1 0-3 mol of argon occupies a 75 .0-mL container at 
26°C, what is the pressure (in torr)? 

5.24 You have 207 rnL of chlorine trifluoride gas at 699 mmHg 
and 45°e. What is the mass (in g) of the sample? 

5.25 A 75 .0-g sample of dinitrogen monoxide is confined in a 
I 3 . 1 -L vessel. What is the pressure (in atm) at 1 1 5°C? 
5.26 In preparation for a demonstration, your professor brings a 
1 .5-L bottle of sulfur dioxide into the lecture hall before class to 
allow the gas to reach room temperature. If the pressure gauge 
reads 85 psi and the lecture hall is 23°C, how many moles of sul­
fur dioxide are in the bottle? (Hint: The gauge reads zero when 
1 4.7 psi of gas remains.) 

Further Applications of the Ideal Gas Law 
(Sample Problems 5 .7 to 5 . 1 0) 
5.27 Why is moist air less dense than dry air? 
5.28 To collect a beaker of H2 gas by displacing the air already in 
the beaker, would you hold the beaker upright or inverted? Why? 
How would you hold the beaker to collect CO2? 

5.29 Why can we use a gas mixture, such as air, to study the gen­
eral behavior of an ideal gas under ordinary conditions? 

5.30 How does the partial pressure of gas A in a mixture compare 
to its mole fraction in the mixture? Explain. 

15.31 What is the density of Xe gas at STP? 
5.32 What is the density of Freon- l l  (CFCI3) at J 20°C and 
1 .5 atm? 

5.33 How many moles of gaseous arsine (AsH3) will occupy 
0.0400 L at STP? What is the density of gaseous arsine? 

5.34 The density of a noble gas is 2.7 1 giL at 3 .00 atm and Doe. 
Identify the gas. 

5.35 Calculate the molar mass of a gas at 388 torr and 45°C if 
206 ng occupies 0.206 f.LL. 

5.36 When an evacuated 63.8-mL glass bulb is filled with a gas at 
22°C and 747 mmHg, the bulb gains 0. 1 03 g in mass. Is the gas 
N2, Ne, or Ar? 
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5.37 When 0_600 L of Ar at 1 .20 atm and 227°C is mixed with 
0.200 L of O2 at 50 1 torr and 1 27°C in a 400-mL flask at 27°C, 
what is the pressure in the flask? 

5.38 A 355-mL container holds 0. 146 g of Ne and an unknown 
amount of Ar at 35°C and a total pressure of 626 mmHg. Calcu­

I late the moles of Ar present. 
5.39 The air in a hot-air balloon at 744 torr is heated from 17°C to 
60.0°C. Assuming that the moles of air and the pressure remain 
constant, what is the density of the air at each temperature? (The 
average molar mass of air is 28.8 g/mol .) 

5.40 On a certain winter day in Utah, the average atmospheric 
pressure is 650. torr. What is the molar density (in moUL) of air 
if the temperature is -25°C? 

5.41 A sample of a liquid hydrocarbon known to consist of mol­
ecules with five carbon atoms is vaporized in a 0.204-L flask by 
immersion in a water bath at 1 0 1 °C. The barometric pressure is 
767 torr, and the remaining gas weighs 0.482 g. What is the mo­
lecular formula of the hydrocarbon? 

5.42 A sample of air contains 78 .08% nitrogen, 20.94% oxygen, 
0.05% carbon dioxide, and 0.93% argon, by volume. How many 
molecules of each gas are present in 1 _00 L of the sample at 25°C 
and 1 .00 atm? 

5.43 An environmental chemist sampling industrial exhaust gases 
from a coal-burning plant collects a C0z-SOz-H20 mixture in a 
2 l -L steel tank until the pressure reaches 850. torr at 45°C. 
(a) How many moles of gas are collected? 
(b) If the S02 concentration in the mixture is 7.95 X 1 03 parts per 
million by volume (ppmv), what is its partial pressure? [Hint: 
ppmv = (volume of component/volume of mixture) X 1 06_] 

The Ideal Gas Law and Reaction Stoichiometry 
(Sample Problems 5 . 1 1  and 5 . 1 2) 

15.44 How many grams of phosphorus react with 35.5 L of O2 at 
STP to form tetraphosphorus decaoxide? 

P4(s) + 502(g) - P40 IO(S) 
5.45 How many grams of potassium chlorate decompose to potas­
sium chloride and 638 mL of O2 at 1 28°C and 752 torr? 

2KCI03(s) - 2KCI(s) + 302(g) -----
5.46 How many grams of phosphine (PH3) can form when 37.5 g 
of phosphorus and 83.0 L of hydrogen gas react at STP? 

P4(s) + H2(g) - PH3(g) [unbalanced] 
5.47 When 35.6 L of ammonia and 40.5 L of oxygen gas at STP 
burn, nitrogen monoxide and water are produced. After the 
products return to STP, how many grams of nitrogen monoxide 
are present? 

NH3(g) + 02(g) - NO(g) + H20(l) [unbalanced] 
5.48 Aluminum reacts with excess hydrochloric acid to form 
aqueous aluminum chloride and 35_8 mL of hydrogen gas 
over water at 27°C and 75 1 mmHg. How many grams of alu­
minum reacted? 

5.49 How many liters of hydrogen gas are collected over wa­
ter at 1 8°C and 725 mmHg when 0.84 g of lithium reacts with 

I water? Aqueous lithium hydroxide also forms. 
5.50 "Strike anywhere" matches contain the compound tetraphos­
phorus trisulfide, which burns to form tetraphosphorus decaoxide 

and sulfur dioxide gas. How many milliliters of sulfur dioxide, 
measured at 725 torr and 32°C, can be produced from burning 
0.800 g of tetraphosphorus trisulfide? 

5.51 Xenon hexafluoride was one of the first noble gas compounds 
synthesized_ The solid reacts rapidly with the silicon dioxide in 
glass or quartz containers to form liquid XeOF4 and gaseous sil­
icon tetrafluoride. What is the pressure in a 1 .00-L container at 
25°C after 2.00 g of xenon hexafluoride reacts? (Assume that sil­
icon tetrafluoride is the only gas present and that it occupies the 
entire volume.) 

5.52 Roasting galena [lead(U) sulfide] is an early step in the in­
dustrial isolation of lead. How many liters of sulfur dioxide, 
measured at STP, are produced by the reaction of 3.75 kg of 
galena with 228 L of oxygen gas at 220°C and 2.0 atm? Lead(lI) 
oxide also forms. 

The Kinetic-Molecular Theory: A Model for Gas Behavior 
(Sample Problem 5 . 1 3) 
5.53 Use the kinetic-molecular theory to explain the change in gas 
pressure that results from warming a sample of gas. 

5.54 How does the kinetic-molecular theory explain why I mol of 
krypton and 1 mol of helium have the same volume at STP? 

5.55 Is the rate of effusion of a gas higher than, lower than, or 
equal to its rate of diffusion? Explain. For two gases with mol­
ecules of approximately the same size, is the ratio of their effu­
sion rates higher than, lower than, or equal to the ratio of their 
diffusion rates? Explain. 

5.56 Consider two l -L samples of gas: one is H2 and the other is 
O2. Both are at 1 atm and 25°C. How do the samples compare in 
terms of (a) mass, (b) density, (c) average molecular kinetic en­
ergy, (d) average molecular speed, and (e) time for a given frac­
tion of molecules to effuse? 

5.57 Three 5-L flasks, fixed with pressure gauges and small 
valves, each contain 4 g of gas at 273 K. Flask A contains Hz, 
flask B contains He, and flask C contains CH4_ Rank the flask 
contents in terms of (a) pressure, (b) average molecular kinetic 
energy, (c) diffusion rate after the valve is opened, (d) total 
kinetic energy of the molecules, and (e) density. 

15.58 What is the ratio of effusion rates for the lightest gas, H2, and 
the heaviest known gas, UF6? 

5.59 What is the ratio of effusion rates for O2 and Kr? 
5.60 The graph below shows the distribution of m�lecular speeds 
for argon and helium at the same temperature. 

Q; .0 '"  E �  ::J ::J c:: '-' Ql � > 0 += E  � ­Ql 0 
a: 

Malecular speed 

(a) Does curve 1 or 2 better represent the behavior of argon? 
(b) Which curve represents the gas that effuses more slowly? 
(c) Which curve more closely represents the behavior of fluorine 
gas? Explain. 



5.61 The graph below shows the distribution of molecular speeds 
for a gas at two different temperatures. 

Q; .0 00  E � :::J :::J C () Q) � > 0 ';0; E � ­Q) 0 a: 

Molecular speed 

(a) Does curve 1 or 2 better represent the behavior of the gas at 
the lower temperature? 
(b) Which curve represents the sample with the higher Ek? 
(c) Which curve represents the sample that diffuses more 
quickly? 

5.62 At a given pressure and temperature, it takes 4.55 min for a 
1 .5-L sample of He to effuse through a membrane. How long 
does it take for 1 .5 L of F2 to effuse under the same conditions? 

5.63 A sample of an unknown gas effuses in 1 1 . 1  min. An equal 
volume of H2 in the same apparatus at the same temperature and 
pressure effuses in 2.42 min. What is the molar mass of the un­
known gas? 

5.64 Solid white phosphorus melts and then vaporizes at high tem­
perature. Gaseous white phosphorus effuses at a rate that is 
0.404 times that of neon in the same apparatus under the same 
conditions. How many atoms are in a molecule of gaseous white 
phosphorus? 

5.65 Helium is the lightest noble gas component of air, and xenon 
is the heaviest. [For this problem, use R = 8 .3 1 4  J/(mol' K) and M 
in kg/mol.]  
(a) Calculate the rms speed of helium in winter (O.°C) and in 
summer (30.oC). 
(b) Compare the rms speed of helium with that of xenon 
at 30.°C. 
(c) Calculate the average kinetic energy per mole of helium and 
of xenon at 30.oC. 
(d) Calculate the average kinetic energy per molecule of helium 
at 30.°C. 

Real Gases: Deviations from Ideal Behavior 

15.66 Do intermolecular attractions cause negative or positive de­
viations from the PV/RT ratio of an ideal gas? Use data from 
Table 5.4 to rank Kr, CO2, and N2 in order of increasing magni­
tude of these deviations. 

5.67 Does molecular size cause negative or positive deviations 
from the PV/RT ratio of an ideal gas? Use data from Table 5 .4 to 
rank C12, Hb and O2 in order of increasing magnitude of these 
deviations. 

5.68 Does N2 behave more ideally at 1 atm or at 500 atm? Explain. 
5.69 Does SF6 (boiling point = 1 6°C at 1 atm) behave more ide­
I ally at 1 50°C or at 20°C? Explain. 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

5.70 An "empty" gasoline can with dimensions 1 5 .0 cm by 40.0 cm 
by 1 2.5 cm is attached to a vacuum pump and evacuated. If the 
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atmospheric pressure is 14.7 Ib/in2, what is the total force (in 
pounds) on the outside of the can? 

5.71 Hemoglobin is the protein that transports O2 through the 
blood from the lungs to the rest of the body. In doing so, each 
molecule of hemoglobin combines with four molecules of 00 . If 
1 .00 g of hemoglobin combines with 1 .53 mL of O2 at 37°C �nd 
743 torr, what is the molar mass of hemoglobin? 

5.72 A baker uses sodium hydrogen carbonate (baking soda) as the 
leavening agent in a banana-nut quickbread. The baking soda de­
composes according to two possible reactions: 
Reaction 1 .  2NaHC03(s) -----+ Na2C03(S) + H20(l) + CO2(g) 
Reaction 2. NaHC03(s) + H+ (aq) -----+ 

H20(I) + COig) + Na + (aq) 
Calculate the volume (in mL) of CO2 that forms at 200.oC and 
0.975 atm per gram of NaHC03 by each of the reaction processes. 

* 5.73 Chlorine is produced from concentrated seawater by the elec­
trochemical chlor-alkali process. During the process, the chlo­
rine is collected in a container that is isolated from the other 
products to prevent unwanted (and explosive) reactions. If a 
1 5 .00-L container holds 0.5850 kg of CI2 gas at 225°C, calculate 

(a) PrGL 
( atm'L ) 

(b) PVDW use R = 0.08206 --
mol ·K 

* 5.74 In a certain experiment, magnesium boride (Mg3B2) reacted 
with acid to form a mixture of four boron hydrides (BxHy), three 
as liquids (labeled I, II ,  and III) and one as a gas (IV). 
(a) When a O. I OOO-g sample of each liquid was transferred to an 
evacuated 750.0-mL container and volatilized at 70.00°C, sam­
ple I had a pressure of 0.0595 1 atm, sample II 0.07045 atm, and 
sample III 0.05767 atm. What is the molar mass of each liquid? 
(b) The mass of boron was found to be 85.63% in sample I, 
8 1 . 10% in II, and 82.98% in III. What is the molecular formula 
of each sample? 
(c) Sample IV was found to be 78. 1 4% boron. Its rate of effusion 
was compared to that of sulfur dioxide and under identical 
conditions, 350.0 mL of sample IV effused in 1 2 .00 min and 
250.0 mL of sulfur dioxide effused in 1 3 .04 min. What is the 
molecular formula of sample IV? 

5.75 When air is inhaled, it enters the alveoli of the lungs, and 
varying amounts of the component gases exchange with dis­
solved gases in the blood. The resulting alveolar gas mixture is 
quite different from the atmospheric mixture. The following 
table presents selected data on the composition and partial pres­
sure of four gases in the atmosphere and in the alveoli :  

Gas 
N2 
O2 
CO2 
H2O 

Atmosphere (sea level) Alveoli 
Partia l  Partial 

Mole % Pressure (torr) Mole % Pressure (torr) 
78.6 569 
20.9 104 

0.04 40 
0.46 47 

If the total pressure of each gas mixture is 1 .00 atm, calculate the 
following: 
(a) The partial pressure (in torr) of each gas in the atmosphere 
(b) The mole % of each gas in the alveoli 
(c) The number of O2 molecules in 0.50 L of alveolar air (vol­
ume of an average breath at rest) at 37°C 
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5.76 Radon (Rn) is the heaviest, and only radioactive, member of 
Group 8A( 1 8) (noble gases). It is a product of the disintegration 
of heavier radioactive nuclei found in minute concentrations in 
many common rocks used for building and construction. In 
recent years, health concerns about the cancers caused from 
inhaled residential radon have grown. If I .OX 1 0 1 5 atoms of ra­
dium (Ra) produce an average of 1 .373 X 104 atoms of Rn per 
second, how many l iters of Rn, measured at STP, are produced 
per day by 1 .0 g of Ra? 

5.77 At 1400. mmHg and 286 K, a skin diver exhales a 208-mL 
bubble of air that is 77% Nz, 1 7% 0z, and 6.0% COz by volume. 
(a) How many milliliters would the volume of the bubble be if it 
were exhaled at the surface at 1 atm and 298 K? 
(b) How many moles of N2 are in the bubble? 

5.78 Nitrogen dioxide is used industrially to produce nitric acid, 
but it contributes to acid rain and photochemical smog. What 
volume of nitrogen dioxide is formed at 735 torr and 28.2°C by 
reacting 4.95 cm3 of copper (d = 8.95 g/cm3) with 230.0 mL of 
nitric acid (d = 1 .42 g/cm3, 68.0% HN03 by mass): 
Cu(s) + 4HN03(aq) ---+ Cu(N03)z(aq) + 2N02(g) + 2H20(l) 

5.79 In the average adult male, the residual volume (RV) of the 
lungs, the volume of air remaining after a forced exhalation, is 
1 200 mL. (a) How many moles of air are present in the RV at 
1 .0 atm and 37°C? (b) How many molecules of gas are present 
under these conditions? 

5.80 In a collision of sufficient force, automobile air bags respond 
by electrically triggering the explosive decomposition of sodium 
azide (NaN3) to its elements. A 50.0-g sample of sodium azide 
was decomposed, and the nitrogen gas generated was collected 
over water at 26°C. The total pressure was 745 .5 mmHg. How 
many liters of dry Nz were generated? 

5.8 1 An anesthetic gas contains 64.8 1 %  carbon, 1 3 .60% hydro­
gen, and 2 1 .59% oxygen, by mass. If 2.00 L of the gas at 25°C 
and 0.420 atm weighs 2.57 g, what is the molecular formula of 
the anesthetic? 

5.82 Aluminum chloride is easily vaporized at temperatures above 
1 80°C. The gas escapes through a pinhole 0. 1 22 times as fast as 
helium at the same conditions of temperature and pressure in the 
same apparatus. What is the molecular formula of gaseous alu­
minum chloride? 

* 5.83 (a) What is the total volume of gaseous products, measured at 
350°C and 735 torr, when an automobile engine burns 1 00. g of 
CsH IS (a typical component of gasoline)? 
(b) For part (a), the source ofOz is air, which is about 78% Nz, 21 % 
02, and 1 .0% Ar by volume. Assurning all the O2 reacts, but none 
of the Nz or Ar does, what is the total volume of gaseous exhaust? 

* 5.84 An atmospheric chemist studying the reactions of the pollu­
tant SOz places a mixture of S02 and 0z in a 2.00-L container at 
900. K and an initial pressure of 1 .95 atm. When the reaction 
occurs, gaseous S03 forms, and the pressure eventually falls to 
1 .65 atm. How many moles of S03 form? 

5.85 Liquid nitrogen trichloride is heated in a 2.50-L closed reac­
tion vessel until it decomposes completely to gaseous elements. 
The resulting mixture exerts a pressure of 754 mmHg at 95°C. 
(a) What is the partial pressure of each gas in the container? 
(b) What is the mass of the original sample? 

5.86 Ammonium nitrate, a common fertilizer, is used as an explo­
sive in fireworks and by terrorists. It was the material used in the 
devastating and tragic explosion of the Oklahoma City federal 
building in 1 995. How many liters of gas at 307°C and 1 .00 atm 
are formed by the explosive decomposition of 1 5 .0 kg of ammo­
nium nitrate to nitrogen, oxygen, and water vapor? 

5.87 Analysis of a newly discovered gaseous silicon-fluorine com­
pound shows that it contains 33 .01  mass % silicon. At 27°C, 
2.60 g of the compound exerts a pressure of 1 .50 atm in a 0.250-L 
vessel .  What is the molecular formula of the compound? 

5.88 A gaseous organic compound containing only carbon, hydro­
gen, and nitrogen is burned in oxygen gas, and the individual 
volume of each reactant and product is measured under the same 
conditions of temperature and pressure. Reaction of four vol­
umes of the compound produces four volumes of CO2, two vol­
umes of N2, and ten volumes of water vapor. (a) What volume of 
oxygen gas was required? (b) What is the empirical formula of 
the compound? 

5.89 Containers A, B, and C are attached by closed stopcocks of 
negligible volume. 

• 

A 8 

• 

• 

c 

If each particle shown in the picture represents 1 06 particles, 
(a) How many blue particles and black particles are in B after the 
stopcocks are opened and the pressure stops changing? 
(b) How many blue particles and black particles are in A after the 
stopcocks are opened and the pressure stops changing? 
(c) If the pressure in C, Pc, is 750 torr before the stopcocks are 
opened, what is Pc afterward? (d) What is PB afterward? 

* 5.90 By what factor would a scuba diver's lungs expand if she as­
cended rapidly to the surface from a depth of 1 25 ft without in­
haling or exhaling? If an expansion factor greater than 1 .5 causes 
lung rupture, how far could she safely ascend from 1 25 ft with­
out breathing? Assume constant temperature (d of seawater = 
1 .04 g/mL; d of Hg = l 3 .5 g/mL). 

5.91 When 1 5 .0 g of fluorite (CaF2) reacts with excess sulfuric 
acid, hydrogen fluoride gas is collected at 744 torr and 25.5°C. 
Solid calcium sulfate is the other product. What gas temper­
ature is required to store the gas in an 8 .63-L container at 
875 torr? 



5.92 At a height of 300 km above Earth's surface, an astronaut 
finds that the atmospheric pressure is about 1 0 -8 nunHg and the 
temperature is 500 K. How many molecules of gas are there per 
milli liter at this altitude? 

5.93 What is the rms speed of O2 molecules at STP? [Use R = 
8.3 1 4  J/(mol'K) and M in kg/mol.] 

5.94 Standard conditions are based on relevant environmental 
conditions. If normal average surface temperature and pressure 
on Venus are 730. K and 90 atm, respectively, what is the stan­
dard molar volume of an ideal gas on Venus? 

5.95 The Hawaiian volcano Kilauea emits an average of 
1 .5 X 1 03 m3 of gas each day, when corrected to 298 K and 
1 .00 atm. The mixture contains gases that contribute to global 
warming and acid rain, and some are toxic. An atmospheric 
chemist analyzes a sample and finds the following mole 
fractions: 0.4896 CO2, 0.0 1 46 CO, 0.37 1 0  H20, 0. 1 1 85 S02> 
0.0003 S2, 0.0047 H2, 0.0008 HCI, and 0.0003 H2S. How many 
metric tons (t) of each gas is emitted per year ( 1  t = 1 000 kg)? 

5.96 To study a key fuel-cell reaction, a chemical engineer has 
20.0-L tanks of H2 and of O2 and wants to use up both tanks to 
form 28.0 mol of water at 23.8°C. (a) Use the ideal gas law to 
find the pressure needed in each tank. (b) Use the van der Waals 
equation to find the pressure needed in each tank. (c) Compare 
the results from the two equations.  

5.97 For each of the following, which shows the greater devi­
ation from ideal behavior at the same set of conditions? Explain 
your choice. 
(a) Argon or xenon (b) Water vapor or neon 
(c) Mercury vapor or radon (d) Water vapor or methane 

5.98 How many l i ters of gaseous hydrogen bromide at 27°C and 
0.975 atm will a chemist need if she wishes to prepare 3 .50 L of 
1 .20 M hydrobromic acid? 

5.99 Sulfur dioxide is used primarily  to make sulfuric acid. 
One method of producing it is by roasting mineral sulfides, for 
example, 

[ unbalanced] 

A production error leads to the sulfide being placed in a 950-L 
vessel with insufficient oxygen. The partial pressure of O2 is 
0.64 atm and the total pressure is initially 1.05 atm, with the 
balance N2. The reaction is run until 85% of the O2 is con­
sumed, and the vessel is then cooled to its initial temperature. 
What is the total pressure and partial pressure of each gas in 
the vessel? 

* 5.100 A mixture of CO2 and Kr weighs 35.0 g and exerts a pres­
sure of 0.708 atm in its container. Since Kr is expensive, you 
wish to recover it from the mixture. After the CO2 is completely 
removed by absorption with NaOH(s), the pressure in the con­
tainer is 0.250 atm. How many grams of CO2 were originally 
present? How many grams of Kr can you recover? 

* 5. 10 1  Aqueous sulfurous acid (H2S03) was made by dissolving 
0.200 L of sulfur dioxide gas at 20.oC and 740. mmHg in water 
to yield 500.0 mL of solution. The acid solution required 
1 0.0 mL of sodium hydroxide solution to reach the titration end 
point. What was the molarity of the sodium hydroxide solution? 

* 5. 102 A person inhales air richer in O2 and exhales air richer in 
CO2 and water vapor. During each hour of sleep, a person 
exhales a total of about 300 L of this COrenriched and H20-
enriched air. (a) If the partial pressures of CO2 and H20 in 
exhaled air are each 30.0 torr at 37 .0°C, calculate the masses of 
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CO2 and of H20 exhaled in 1 h of sleep. (b) How many grams of 
body mass does the person lose in an 8-h sleep if all the CO2 and 
H20 exhaled come from the metabolism of glucose? 

C6HI206(S) + 602(g) - 6C02(g) + 6H20(g) 

5 . 103 Given these relationships for average kinetic energy, 

and Ek = �(:JT 
where In is molecular mass, u is rms speed, R is the gas constant 
[in J/(mol 'K)], N A is Avogadro's number, and T is absolute tem­
perature: (a) derive Equation 5 . 1 3; (b) derive Equation 5 . 1 4. 

5. 1 04 Cylinder A in the picture below contains 0. 1 mol of a gas 
that behaves ideally. Choose the cylinder (B, C, or D) that cor­
rectly represents the volume of the gas after each of the follow­
ing changes. If none of the cylinders is correct, specify "none": 
(a) P is doubled at fixed nand T 
(b) T is reduced from 400 K to 200 K at fixed nand P 
(c) T is increased from 1 00°C to 200°C at fixed nand P 
(d) 0. 1 mol of gas is added at fixed P and T 
(e) 0 . 1 mol of gas is added and P is doubled at fixed T 

A B c D 

5. 1 05 Ammonia is essential to so many industries that, on a molar 
basis, it is the most heavily produced substance in the world. 
Calculate PIGL and PVDW (in atm) of 5 1 . 1  g of ammonia in a 
3 .000-L container at O°C and 400.oC, the industrial temper­
ature. (From Table 5 .4, for NH3, a = 4. 1 7  atm' L 

2
/mo1

2 
and 

b = 0.037 1 Limo!.) 
5. 1 06 A 6.0-L flask contains a mixture of methane (CH4), argon, 

and helium at 45°C and 1 .75 atm. If the mole fractions of helium 
and argon are 0.25 and 0.35, respectively, how many molecules 
of methane are present? 

5. 1 07 A large portion of metabolic energy arises from the biologi­
cal combustion of glucose: 

C6HI206(S) + 602(g) - 6C02(g) + 6H20(g) 

(a) If this reaction is carried out in an expandable container at 
35°C and 780.  torr, what volume of CO2 is produced from 
1 8.0 g of glucose and excess 02? (b) If the reaction is carried out 
at the same conditions with the stoichiometric amount of O2, 
what is the partial pressure of each gas when the reaction is 50% 
complete (9.0 g of glucose remains)? 

5. 1 08 According to the American Conference of Governmental 
Industrial Hygienists, the 8-h threshold limit value is 5000 ppmv 
for CO2 and 0. 1 ppm v for Br2 ( 1  ppmv is 1 part by volume in 1 06 
parts by volume). Exposure to either gas for 8 h above these lim­
its is unsafe. At STP, which of the following would be unsafe for 
8 h of exposure? 
(a) Air with a partial pressure of 0.2 torr of Br2 
(b) Air with a partial pressure of 0.2 torr of CO2 
(c) 1 000 L of air containing 0.0004 g of Br2 gas 
(d) 1 000 L of air containing 2 . 8X 1 0

22 
molecules of CO2 
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5. 1 09 One way to prevent emission of the pollutant NO from in­
dustrial plants is to react it  with NH3 : 

(a) If the NO has a partial pressure of 4.5 X 10-5 atm in the flue 
gas, how many liters of NH3 are needed per l i ter of flue gas at 
1.00 atm? (b) If the reaction takes place at 1 .00 atm and 1 50°C, 
how many grams of NH3 are needed per kL of flue gas? 

* 5. 1 1 0 An equimolar mixture of Ne and Xe is accidentally placed 
in a container that has a tiny leak. After a short while, a very 
small proportion of the mixture has escaped. What is the mole 
fraction of Ne in the effusing gas? 

* 5.1 1 1  One way to utilize naturally occurring uranium (0.72% 235U 
and 99.27% 238U) as a nuclear fuel is to enrich it (increase its 
235U content) by allowing gaseous UF6 to effuse through a 
porous membrane (see p. 1 64). From the relative rates of effusion 
of 235UF6 and 238UF6, find the number of steps needed to pro­
duce uranium that is 3 .0 mole % 235U, the enriched fuel used in 
many nuclear reactors. 

* 5. 1 1 2  In preparation for a combustion demonstration, a profes­
sor's assistant fills a balloon with equal molar amounts of H2 and 
O2 , but the demonstration has to be postponed until the next day. 
During the night, both gases leak through pores in the balloon. If 

45% of the H2 leaks, what is the OJH2 ratio in the balloon the 
next day? 

* 5. 1 1 3 Phosphorus trichloride is important in the manufacture of 
insecticides, fuel additives, and flame retardants. Phosphorus has 
only one naturally occurring isotope, 31 P, whereas chlorine has 
two, 75% 35Ci and 25% 37Ci. (a) What different molecular 
masses (amu) can be found for PCI3? (b) What is the ratio of the 
effusion rates for the heaviest and the lightest PCl3 molecules? 

5.1 1 4  A truck tire has a volume of 208 L and is filled with air to 
35 .0 psi at 295 K. After a drive, the air heats up to 3 1 9  K. (a) If 
the tire volume is constant, what is the pressure? (b) If the tire 
volume increases 2.0%, what is the pressure? (c) If the tire leaks 
1 .5 g of air per m inute and the temperature is constant, how 
many minutes will it take for the tire to reach the original pres­
sure of 35.0 psi (M of air = 28.8 g/mol)? 

* 5. 1 1 5  Many water treatment plants use chlorine gas to kill 
microorganisms before the water is released for residential use. 
A plant engineer has to maintain the chlorine pressure in a tank 
below the 85 .0-atm rating and, to be safe, decides to fill the tank 
to 80.0% of this maximum pressure. (a) How many moles of Cl2 
gas can be kept in the 850.-L tank at 298 K if she uses the ideal 
gas law in the calculation? (b) What is the tank pressure if she 
uses the van der Waals equation for this amount of gas? (c) Did 
the engineer fi l l  the tank to the desired pressure? 



Measuring the Burn When a forest burns or a lake melts, indeed in any chemical 
or physical change, the reactants contain different quantities of energy than the 
products. In this chapter, you'll apply natural law to measure these changes. 

Key Principles 
• Chemical or physical change is always accompanied by a change in 

the energy that the matter contains. 

• To study a change in energy (!JE), scientists conceptually divide the 
universe into system (the part being studied) and surroundings 
(everything else). All energy changes occur as heat (q) and/or work (w) 
transferred either from the surroundings to the system or from the 
system to the surroundings (DE = q + w). Thus, the total energy of 
the universe is constant (law of energy conservation, or first law 
of thermodynamics). 

• No matter how a particular change in energy occurs, the magnitude 
of DE is the same. The internal energy of a system (E) is a state 
function, a thermodynamic variable whose change depends only 
on its initial and final values. 

• Enthalpy (H) is related to E. The change in enthalpy (tlH) equals the 
heat transferred at constant pressure, qp. Most laboratory, environ­
mental, and biological changes occur at constant P, so tlH is more 
relevant than tlE and easier to measure. 

Outline 

CHAPTER SIX 

thermochemistry: 
Energy Flow and 
Chemical Change 

• The enthalpy change of a reaction, called the heat of reaction (tlHrxn), is 
negative (< 0) if the reaction releases heat (exothermic) and positive 
(> 0) if it absorbs heat (endothermic); for example, the combustion 
of methane is exothermic (tlHrxn < 0), and the melting of ice is 
endothermic (tlHrxn > 0). 

• The more heat a substance absorbs, the higher its temperature be­
comes, but each substance has its own heat capacity, the heat 
required for a given temperature rise. Knowing this capacity and 
measuring tl T in a calorimeter, we can find tlHrxn. 

• The quantity of heat lost or gained in a reaction is related stoichiometri­
cally to the amounts of reactants and products. 

• Because H is a state function, we can find tlH of any reaction by imag­
ining that it occurs as the sum of other reactions whose tlH values 
we know or can measure (Hess's law of heat summation). 

• Chemists define a set of conditions, called standard states, in order to 
compare heats of different reactions. Each substance has a stan­
dard heat of formation (tlH'f), the heat of reaction when the sub­
stance is formed from its elements under these conditions. tlH'f val­
ues are used to calculate the standard heat of reaction (tlH�n)' 

6.1 Forms of Energy and Their 
Interconversion 

6.2 Enthalpy: Heats of Reaction and 
Chemical Change 

6.4 Stoichiometry of Thermochemical 
Equations 

System and Surroundings 
Energy Flow to and from a System 
Heat and Work 
Energy Conservation 
Units of Energy 
State Functions 

Meaning of Enthalpy 
Exothermic and Endothermic Processes 

6.3 Calorimetry: Laboratory Measurement 
of Heats of Reaction 
Specific Heat Capacity 
Practice of Calorimetry 

6.5 Hess's Law of Heat Summation 

6.6 Standard Heats of Reaction (il.H':xn) 
Formation Equations 
Determining tlH�n from tlHj 
Fossil Fuels and Climate Change 
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Concepts & Skills to Review 
Before You Study This Chapter 

• energy and its interconversion 
(Section 1 . 1 )  

• distinction between heat and 
temperature (Section 1 .4) 

• nature of chemical bonding 
(Section 2.7) 

• calculations of reaction stoichiometry 
(Section 3.4) 

• properties of the gaseous state 
(Section 5.1) 

• relation between kinetic energy and 
temperature (Section 5.6) 

CHAPTER 6 Thermochemistry: Energy Flow ond Chemical Change 

Whenever matter changes, whether chemically or physically, the energy con­
tent of the matter changes also. In the inferno of a forest fire, the wood and 

oxygen reactants contain more energy than the ash and gas products, and this dif­
ference in energy is released as heat and light. In contrast, some of the energy in 
a flash of lightning is absorbed when lower energy N2 and O2 in the air react to 
form higher energy NO. Energy is absorbed when snow melts and is released 
when water vapor condenses. 

The production and utilization of energy in its many forms have an enormous 
impact on society. Some of the largest industries manufacture products that release, 
absorb, or limit the flow of energy. Common fuels-oil, wood, coal, and natural 
gas-release energy for heating and for poweling combustion engines and steam 
turbines. Fertilizers help crops absorb solar energy and convert it to the chemical 
energy of food, which our bodies convert into other forms. Numerous plastic, fiber­
glass, and ceramic materials serve as insulators that limit the flow of energy. 

Thermodynamics is the branch of physical science concerned with heat and 
its transformations to and from other forms of energy. It will be our focus here 
and again in Chapter 20. In this chapter, we highlight thermochemistry, which 
deals with the heat involved in chemical and physical changes. 

6.1 FORMS OF ENERGY AND THEIR I NTERCONVERSION 

As we discussed in Chapter 1 ,  all energy is either potential or kinetic, and these 
forms are convertible from one to the other. An object has potential energy by 
virtue of its position and kinetic energy by virtue of its motion. The potential 
energy of a weight raised above the ground is converted to kinetic energy as it 
falls (see Figure 1 .3). When the weight hits the ground, it transfers some of that 
kinetic energy to the soil and pebbles, causing them to move, and thereby doing 
work. In addition, some of the transferred kinetic energy appears as heat, as it 
slightly warms the soil and pebbles. Thus, the potential energy of the weight is 
converted to kinetic energy, which is transferred to the ground as work and 
as heat. 

Modern atomic theory allows us to consider other forms of energy-solar, 
electrical, nuclear, and chemical-as examples of potential and kinetic energy on 
the atomic and molecular scales. No matter what the details of the situation, when 
energy is transferred from one object to another, it appears as work and/or as 
heat. In this section, we examine this idea in terms of the loss or gain of energy 
that takes place during a chemical or physical change. 

The System and Its Surroundings 
In order to observe and measure a change in energy, we must first define the 
system, that part of the universe that we are going to focus on. The moment 
we define the system, everything else relevant to the change is defined as the 
surroundings. For example, in a flask containing a solution, the system is the 
contents of the flask; the flask itself, the other equipment, and perhaps the rest of 
the laboratory are the surroundings. In principle, the rest of the universe is the 
surroundings, but in practice, we need to consider only the portions of the uni­
verse relevant to the system. That is, it's not likely that a thunderstorm in central 
Asia or a methane blizzard on Neptune will affect the contents of the flask, but 
the temperature, pressure, and humidity of the lab might. 

Energy F low to and from a System 
Each particle in a system has potential and kinetic energy, and the sum of these 
energies for alJ the particles is the internal energy, E, of the system (some texts 
use the symbol U). When a chemical system changes from reactants to products 
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lIJ Einitial ;>; Cl 
Cii Efinal < Einitial c !1E< 0 Energy lost to W 

lIJ 
;>; Cl 
Cii c w 

Final 
state 

..... _--.. _-- Efinal 

Efinal > Einitial 

surroundings 

r-----. !1E> 0 Energy gained 
from surroundings 

..... _-_ .... _-- Efinal Einitial 
A E of system decreases B E of system increases 

Figure 6. 1 Energy diagrams for the transfer of internal energy (E) between a system and its 
surroundings. A, When the internal energy of a system decreases, the change in energy (!1E) is 
lost to the sur roundings; therefore, t1E of the system (Efinal - Einitial) is negative. B, When the sys­
tem's inter nal energy increases, t1E is gained from the surroundings and is positive. Note that the 
vert ical yellow arrow, which signifies the d irection of the change in energy, a/ways has its tail at the 

initial state and its head at the final state. 

and the products return to the starting temperature, the internal energy has 
changed. To determine this change, t::..E, we measure the difference between the 
system's internal energy after the change (Efinal) and before the change (Einilial): 

t::.E = Efinal - Einitial = Eproducts - Ereaclanls (6.1) 
where t::.. (Greek delta) means "change (or difference) in." Note especially that t::.. 
refers to the final state of the system minus the initial state. 

Because the total energy must be conserved, a change in the energy of the 
system is always accompanied by an opposite change in the energy of the sur­
roundings. We often represent this change with an energy diagram in which the 
final and initial states are horizontal l ines on a vertical energy axis. The change 
in internal energy, t::..E, is the difference between the heights of the two lines. A 
system can change its internal energy in one of two ways: 

1 .  By  losing some energy to the surroundings, as shown in Figure 6. 1 A: 

Elinal < EiniLial t::.E < a (t::.E is negative) 

2. By gaining some energy from the surroundings, as shown in Figure 6. 1 B: 

Efin,,1 > Einilial t::.E> a (t::.E is positive) 

Note that the change in energy is always an energy transfer from system to sur­
roundings, or vice versa. 

Heat and Work: Two Forms of Energy Transfer 
Just as we saw when a weight hits the ground, energy transfer outward from the 
system or inward from the surroundings can appear in two forms, heat and work . 
Heat (or thermal energy, symbol q) is the energy transferred between a system 
and its surroundings as a result of a difference in their temperatures only. Energy 
in the form of heat is transferred from hot soup (system) to the bowl, air, and 
table (surroundings) because the surroundings have a lower temperature. All other 
forms of energy transfer (mechanical, electrical, and so on) involve some type of 
work (w), the energy transferred when an object is moved by a force. When you 
(system) kick a footbal l  (surroundings), energy is transferred as work to move the 
ball. When you inflate the ball, the inside air (system) exerts a force on the inner 
wall of the ball and nearby air (surroundings) and does work to move them outward. 

The total change in a system's internal energy is the sum of the energy trans­
ferred as heat and/or work: 

t::.E = q + w (6.2) 
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CHAPTER 6 Thermochemistry: Energy Flow and Chemical Change 

The numerical values of q and w (and thus that of !::..E) can be either positive or 
negative, depending on the change the system undergoes. In other words, we define 
the sign of the energy transfer from the system 's perspective. Energy corning into 
the system is positive. Energy going out from the system is negative. Of the innu­
merable changes possible in the system's internal energy, we'l l  examine the four 
simplest-two that involve only heat and two that involve only work. 

Energy Transfer as Heat Only For a system that does no work but transfers energy 
only as heat (q), we know that w = O. Therefore, from Equation 6.2, we have 
!::..E = q + 0 = q. The two possibilities are: 

1. Heat flowing out from a system. Suppose a sample of hot water is the sys­
tem; then, the beaker containing it and the rest of the lab are the surroundings. 
The water transfers energy as heat to the surroundings until the temperature of 
the water equals that of the surroundings. The system's energy decreases as heat 
flows out from the system, so the final energy of the system is less than its ini­
tial energy. Heat was lost by the system, so q is negative, and therefore !::..E is 
negative (Figure 6.2A). This situation occurs in a refrigerator. The air (surroundings) 
has a lower temperature than a newly added piece of food (system), so the food 
loses energy as heat to the refrigerator air, q < O. 

2 .  Heat flowing into a system. If the system consists of ice water, it gains 
energy as heat from the surroundings until the temperature of the water equals 
that of the surroundings. In this case, energy is transferred into the system, so 
the final energy of the system is higher than its initial energy. Heat was gained 
by the system, so q is positive, and therefore !::..E is positive (Figure 6.2B) .  A 
common example of this situation occurs in  a hot oven. In this case, the air 
(surroundings) has a higher temperature than a newly added piece of food (system), 
so the food gains energy as heat from the oven air, q > O. 

Energy Transfer as Work Only For a system that transfers energy only as work 
(w), q = 0; therefore, !::..E = 0 + w = w. The possibilities are 

1 .  Work done by a system. Consider the reaction between zinc and hydrochlo­
ric acid as it takes place in an insulated container attached to a p iston-cylinder 
assembly. We define the system as the atoms that make up the substances. In the 
initial state, the system's internal energy is that of the atoms in the form of the 
reactants, metallic Zn and aqueous H+ and CI- ions. In the final state, the system's 

Tsys = Tsurr 

Raom tem!l1 
H2O 

LIJ Tsys Tsurr 

Einitial :>; Efinal � Q) 
Tsys < Tsurr c: w 

tlE >O 
Ice H2O 

Tsys Tsurr 

Efinal Einitial 

B E gained as heat 

Figure 6.2 A system transferring energy as heat only. A, Hot water 

(the system, sys) transfers energy as heat (q) to the surroundings (surr) 

until Tsys = Tsurr. Here Einitial > Efinal and w = 0, so llE < ° and the sign 

of q is negative. B, Ice water gains energy as heat (q) from the sur­
roundings until Tsys = Tsurr. Here Einitial < Efinal and w = 0, so 6.E > ° 
and the sign of q is positive. 
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HCI(aq) 

Zn(s) _..:iiiiiiiiiiiiliii;;i� _________ Einitial 

6E < 0 Work (w) done on 
surroundings (w< 0) 

_..:liiiiiiiiiiiiiiiii:. _______ .;:;._ Efinal 

Figure 6.3 A system losing energy as work only. The inter nal energy of the system decreases as 

the reactants form products because the H2(g) does work (w) on the surroundings by pushing back 
the piston. The reaction vessel is insulated, so q = O. Here Einitial > Efina" so DE < 0 and the sign of 

w is negative. 

internal energy is that of the same atoms in the form of the products, H2 gas and 
aqueous Zn

2+ and CI- ions: 

Zn(s) + 2H+(aq) + 2Cl-(aq) ------ H2(g) + Zn2+(aq) + 2Cl-(aq) 

As the H2 gas forms, some of the internal energy is used by the system to do 
work on the surroundings and push the piston outward. Energy is lost by the sys­
tem as work, so w is negative and t::..E is negative, as you see in Figure 6 .3. The 
H2 gas is doing pressure-volume work (PV work), the type of work in which a 
volume changes against an external pressure. The work done here is not very use­
ful because it simply pushes back the piston and outside air. But, if the system is 
a ton of burning coal and Oz, and the surroundings are a locomotive engine, much 
of the internal energy lost from the system does the work of moving a train. 

2. Work done on a system. If we increase the external pressure on the piston 
in Figure 6.3, the system gains energy because work is done on the system by the 
surroundings: w is positive, so t::..E is positive. 

Table 6. 1 summarizes the sign conventions for q and wand their effect on 
the sign of t::..E. 

The Law of Energy Conservation 
As you've seen, when a system gains energy, the surroundings lose it, and when 
a system loses energy, the surroundings gain it. Energy can be converted from 
one form to another as these transfers take place, but it cannot simply appear or 
disappear-it cannot be created or destroyed. The law of conservation of energy 
restates this basic observation as follows: the total energy of the universe is constant. 
This law is also known as the first law of thermodynamics. 

(I'MI·" The Sign Conventions· for q, � and liE 
q + w liE 

+ 
+ 

+ 

+ 

+ 
Depends on sizes of q and w 
Depends on sizes of q and w 

'For q: + means system gains heat; - means system loses heat. 

For w: + means work done on system ;  - means work done by system. 

1 8 1  
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Conservation of energy applies everywhere. As gasoline burns in a car engine, 
the released energy appears as an equivalent amount of heat and work.  The heat 
warms the car parts, passenger compartment, and surrounding air. The work 
appears as mechanical energy to turn the car's wheels and belts. That energy is 
converted further into the electrical energy of the c lock and radio, the radiant 
energy of the headlights, the chemical energy of the battery, the heat due to fric­
tion, and so forth. If you took the sum of all these energy forms, you would find 
that it equals the change in energy between the reactants and products as the 
gasoline is burned. Complex biological processes also obey energy conserva­
tion. Through photosynthesis, green plants convert radiant energy from the 
Sun into chemical energy, as low-energy CO2 and H20 are used to make high­
energy carbohydrates (such as wood) and O2. When the wood is burned in air, 
those low-energy compounds form again, and the energy difference is released to 
the surroundings. 

Thus, energy transfers between system and surroundings can be in the forms 
of heat and/or various types of work-mechanical, electrical ,  radiant, chemical­
but the energy of the system plus the energy of the surroundings remains constant: 
energy is conserved. A mathematical expression of the law of conservation of 
energy (first law of thermodynamics) is 

tlEuniverse = tlESYSlem + tlEsurroundings = 0 (6.3) 
This profound idea pertains to all systems, from a burning match to the move­
ment of continents, from the inner workings of your heart to the formation of the 
Solar System. 

Units of Energy 
The SI unit of energy is the joule (J), a derived unit composed of three base units: 

1 J = 1 kg'nl/s2 

Both heat and work are expressed in joules. Let's see how these units arise in 
the case of work .  The work (w) done on a mass is the force (F) times the dis­
tance (d) that the mass moves: tv = F X d. A force changes the velocity of 
(accelerates) a mass. Velocity has units of meters per second (m /s), so accelera­
tion (a) has units of m/s

2
. Force, therefore, has units of mass (m, in kilograms) 

times acceleration: 

F = m X a in units of kg'm/s
2 

Therefore, W = F x d has units of (kg'm/s
2
) X m = kg· m

2
/s

2 = J 

Potential energy, kinetic energy, and PV work are combinations of the same phys­
ical quantities and are also expressed in joules. 

The calorie (cal) is  an older unit that was defined originally as the quantity 
of energy needed to raise the temperature of I g of water by 1°C (from 14.SOC 
to IS.S°C). The calorie is now defined in terms of the joule: 

1 
1 cal == 4. 1 84] or 1 J = 

4. 1 84 
cal = 0.2390 cal 

Because the quantities of energy involved in chemical reactions are usually quite 
large, chemists use the kilojoule (kJ), or sometimes the kilocalorie (kcal) :  

1 kJ = 1 000 J = 0.2390 kcal = 239.0 cal 

The nutritional Calorie (note the capital C), the unit that diet tables use to 
show the energy available from food, is actually a kilocalorie. The British thermal 
unit (Btu), a unit in engineering that you may have seen used to indicate energy 
output of appliances, is the quantity of energy required to raise the temperature 
of 1 lb of water by 1°F and is equivalent to 1 055 J. In general, the SI unit (J or 
kJ) is used throughout this text. 



6.1 Forms of Energy and Their Interconversion 

SAMPLE P ROBLEM 6.1 Determining the Change in Internal Energy of a System 
Problem When gasoline burns in a car engine, the heat released causes the products CO2 and 
H20 to expand, which pushes the pistons outward. Excess heat is removed by the car's cool­
ing system. If the expanding gases do 45 1 J of work on the pistons and the system loses 
325 J to the surroundings as heat, calculate the change in energy (I1E) in J, kJ, and kcal. 
Plan We must define system and surroundings, assign signs to q and w, and then calcu­
late I1E with Equation 6.2. The system is the reactants and products, and the surroundings 
are the pistons, the cooling system, and the rest of the car. Heat is released by the sys­
tem, so q is  negative. Work is done by the system to push the pistons outward, so w i s  
also negative. We obtain the answer in J and  then convert it  to  kJ and kcal. 
Solution Calculating I1E (from Equation 6.2) in J:  

Converting from J to kJ: 

q = -325 J 
w = -45 1 J 

I1E = q + w = - 325 J + (-45 11) 
= -776 J 

1 kJ 
I1E = -776 J X --

1000 J 
= -0.776 kJ 

Converting from kJ to kcal :  

I1E = - 0.776 kJ X 4\��a�J 
= - 0. 1 85 kcal 

Check The answer is reasonable: combustion releases energy from the system, so Efinal 
< Einitial and I1E should be negative. Given that 4 kJ = 1 kcal with rounding, nearly 0.8 kJ 
should be nearly 0.2 kcal .  

FOLLOW-U P  PROBLEM 6.1 In a reaction, gaseous reactants form a liquid product. 
The heat absorbed by the surroundings is 26.0 kcal, and the work done on the system i s  
1 5 .0 Btu. Calculate I1E ( in  kJ). 

State Functions and the Path Independence 
of the Energy Change 
An important point to understand is that there is no particular sequence by whjch 
the internal energy (E) of a system must change. This is because E is a state 

function, a property dependent only on the current state of the system (its compo­
sition, volume, pressure, and temperature), not on the path the system took to reach 
that state; the current state depends only on the difference between the final and 
initial states. As an analogy, the balance in your checkbook is a state function of 
your personal financial system. You can open a new account with a birthday gift 
of $50, or you can open a new account with a deposit of a $ 1 00 paycheck and 
then write two $25 checks. The two paths to the balance are different, but the bal­
ance (cUlTent state) is the same. And you can imagine countless other paths to the 
same balance. 

In the same sense, the energy change of a system can occur by countless com­
binations of heat (q) and work (w). No matter what the combination, however, the 
same overall energy change occurs, because I1E does not depend on how the 
change takes place. As an example, let's define a system in its initial state as 1 mol 
of octane (a component of gasoline) together with enough O2 to burn it. In its 
final state, the system is the CO2 and H20 that form (a fractional coefficient is 
needed for O2 because we specified 1 mol of octane): 

CsHls(l) + ¥ 02(g) ---+ 8C02(g) + 9H20(g) 
initial state (Einitial) final state (Elinal) 
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UJ 
;>; 
E' Q) c: W 

-------��-.... ----... ---------- Einitial 

----------.... ----... ---------- Efinal 

Figure 6.4 Two different paths for the energy change of a system. The change in internal en­
ergy when a given amount of octane burns in air is the same no matter how the energy is trans­
ferred. On the left, the fuel is burned in an open can, and the energy is lost almost entirely as heat. 

On the right, it is burned in a car engine; thus, a portion of the energy is lost as work to move the 
car, and less is lost as heat. 

Energy is released to warm the surroundings and/or do work on them, so l:..E is 
negative. Two of the ways the change can occur are shown in Figure 6.4. If we 
burn the octane in an open container, l:..E appears almost completely as heat (with 
a small amount of work done to push back the atmosphere). If we burn it in a 
car engine, a much larger portion (�30%) of l:..E appears as work that moves the 
car, with the rest used to heat the car, exhaust gases, and surrounding air. If we 
burn the octane in a lawn mower or a plane, l:..E appears as other combinations 
of work and heat. 

Thus, even though the separate quantities of work and heat available from the 
change do depend on how the change occurs, the change in internal energy (the 
sum of the heat and work) does not. In other words, for a given change, l:..E (sum 
of q and w) is constant, even though q and w can vary. Thus, heat and work are 
not state functions because their values do depend on the path the system takes 
in undergoing the energy change. 

The pressure (P) of an ideal gas or the volume (V) of water in a beaker are 
other examples of state functions. This path independence means that changes in 
state functions-l:..E, l:..P, and l:.. V-depend only on their initial and final states. 
(Note that symbols for state functions, such as E, P, and V, are capitalized.) 

SECTION SUM M ARY 
Energy is transferred as heat (q) when the system and surroundings are at d ifferent 

temperatures; energy is transferred as work (w) when an object is moved by a force. 

Heat or work gained by a system (q > 0; w > 0) increases its internal energy (E); 

heat or work lost by the system (q < 0; W < 0) decreases E. The total change in the 

system's internal energy is the sum of the heat and work: DE = q + w. Heat and 

work are measured in joules (J). Energy is always conserved: it changes from one 

form into another, moving into or out of the system, but the total quantity of energy 

in the universe (system plus surroundings) is constant. Energy is a state function; 

therefore, the same DE can occur through any combination of q and w. 

6.2 ENTHALPY: HEATS OF REACTION 
AND CHEMICAL CHANGE 

Most physical and chemical changes occur at virtually constant atmospheric 
pressure-a reaction in an open flask, the freezing of a lake, a drug response in 
an organism. In this section, we define a thermodynamic variable that makes it 
much easier to measure energy changes at constant pressure. 



6.2 Enthalpy: Heats of Reaction and Chemical Change 

The Meaning of Enthalpy 
To determine fiE, we must measure both heat and work.  The two most important 
types of chemical work are electrical work, the work done by moving charged 
particles (Chapter 21), and PV work,  the work done by an expanding gas. We find 
the quantity of PV work done by multiplying the external pressure (P) by the 
change in volume of the gas (fi V, or Vlinal - Villitial). In an open flask (or a cylin­
der with a weightless, frictionless piston), a gas does work by pushing back the 
atmosphere (Figure 6.5). Work done on the surroundings, is a negative quantity; 
work done on the system is a positive quantity: 

w = -PflV (6.4) 
For reactions at constant pressure, a thermodynamic variable called 

enthalpy (H) eliminates the need to consider PV work separately. The enthalpy 
of a system is defined as the internal energy plus the product of the pressure 
and volume: 

H = E + PV 

The change in enthalpy (all) is  the change in internal energy plus the product 
of the constant pressure and the change in volume: 

DB = flE + PflV (6.5) 
Combining Equations 6.2 (fiE = q + w) and 6.4 leads to a key point about fiH: 

flE = q + w = q + ( -P fl V) = q - P fl V 

At constant pressure, we denote q as qp and solve for it: 

qp = flE + Pfl V 

Notice the right side of this equation is identical to the right side of Equation 6.5: 

qp = flE + Pfl V = flH (6.6) 
Thus, the change in enthalpy equals the heat gained or lost at constant pressure. 
With most changes occurring at constant pressure, fiH is more relevant than fiE 
and easier to find: to find fiH, measure qp. 

We discuss the laboratory method for measuring this heat in Section 6.3.  

Exothermic and Endothermic Processes 
Because E, P, and V are state functions, H is also a state function, which means 
that fiH depends only on the difference between Hfinal and Hillitial. The enthalpy 
change of a reaction, also called the heat of reaction, tlHrxm always refers to 
Hlinal minus Hinitial: 

flH = Hnnal - Hinilial = Hprodllcls - Hreaclanls 

Therefore, because Hproducts can be either more or less than Hreactallts, the sign of 
fiH indicates whether heat is absorbed or released in the change. We determine 
the sign of fiH by imagining the heat as a "reactant" or "product." When 
methane burns in  air, for example, we know that heat is produced, so we show it 
as a product (on the right): 

CH4(g) + 202(g) � CO2(g) + 2H20(g) + heat 
Because heat is released to the surroundings, the products (1 mol of CO2 and 
2 mol of H20) must have less enthalpy than the reactants (1 mol of CH4 and 
2 mol of 02). Therefore, fiH (Hfinal - Hinilial) is negative, as the enthalpy diagram 

in Figure 6.6A (on the next page) shows. An exothermic ("heat out") process 
releases heat and results in a decrease in the enthalpy of the system: 

Exothermic: Hfina1 < Hinitial flH < 0 (flH is negative) 

Surroundings 

System System 

Initial 
state 

w = -PLl.V 

Final 
state 
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Figure 6.5 Pressure-volume work. 
When the volume (V) of a system in­
creases by an amount Do V against an 
external pressure (P), the system pushes 
back, and thus does PV work on the 
surroundings (w = -PDoV).  
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H2(g) + t02(9) 
:t =:J (reactants) 

!l: � t'lH = -285.8 kJ 

� Exothermic 

H20(l) 
(a) (product) 

H20(g) 
:t (product) 

!l: � g t'lH = +40.7 kJ 

� Endothermic 

H20(l) 
(b) (reactant) 
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... ---..... """!""'!""- Hinitial .... ---.... ��- Hfinal 

... ------- Hfinal .... ----....... - Hinitial 

A Exothermic process B Endothermic process 

Figure 6.6 Enthalpy diagrams for exothermic and endothermic processes. A, Methane burns 

with a decrease in enthalpy because heat leaves the system .  Therefore, Hfinal < Hinitialo and the 
process is exothermic: !1H < O. B, Ice melts with an increase in enthalpy because heat enters the 
system .  Therefore, Hfinal > Hinitialo and the process is endothermic: !1H > O. 

An endothermic ("heat in") process absorbs heat and results in an increase 
in the enthalpy of the system. When ice melts, for instance, heat flows into the 
ice from the surroundings, so we show the heat as a reactant (on the left): 

heat + H20(s) - H20(l) 
Because heat is absorbed, the enthalpy of the liquid water is higher than that of 
the solid water, as Figure 6.6B shows. Therefore, t::..H (Hwater - Hice) is positive: 

Endothermic: Hfinal > Hinitial toH> 0 (toH is  positive) 

In general, the value of an enthalpy change refers to reactants and products at the 
same temperature. 

SAMPLE PROBLEM 6.2 Drawing Enthalpy Diagrams and Determining 
the Sign of toH 

Problem In each of the following cases, determine the sign of toH, state whether the reac­
tion is exothermic or endothermic, and draw an enthalpy diagram: 
(a) H2(g) + �02(g) - H20(l) + 285.8 kJ 
(b) 40.7 kJ + H20(l) - H20(g) 
Plan From each equation, we see whether heat is a "product" (exothermic; toH < 0) or 
a "reactant" (endothermic; toR > 0). For exothermic reactions, reactants are above prod­
ucts on the enthalpy diagram; for endothermic reactions, reactants are below products. The 
toR arrow always points from reactants to products. 
Solution (a) Heat is a product (on the right), so toH < 0 and the reaction i s  
exothermic. The enthalpy diagram appears in the margin (top). 

(b) Heat is a reactant (on the left), so toR > 0 and the reaction is endothermic. The 
enthalpy diagram appears in the margin (bottom). 
Check Substances that are on the same side of the equation as the heat have less 
enthalpy than substances on the other side, so make sure they are placed on the lower line 
of the diagram. 
Comment toR values depend on conditions. In (b), for instance, toR = 40.7 kJ at 1 atm 
and 100°C; at ] atm and 25°C, toR = 44.0 kJ. 

FOLLOW·UP PROBLEM 6.2 When 1 mol of nitroglycerine decomposes ,  it causes a 
violent explosion and releases 5.72X 103 kJ of heat: 

C3Hs(N03h(l) - 3C02(g) + �H20(g) + �02(g) + �N2(g) 
Is the reaction exothermic or endothermic? Draw an enthalpy diagram for it. 

SECTION SUMMARY 
The change in enthalpy, toH, is equal to the heat lost or gained during a chemical or 
physical change that occurs at constant pressure, qp. A change that releases heat is 
exothermic (t.H < 0); a change that absorbs heat is endothermic (t.H > 0). 



6.3 Colorimetry: Laboratory Measurement of Heats of Reaction 

6.3 CALORIMETRY: LABORATORY MEASUREMENT 
OF HEATS OF REACTION 

Data about energy content and use is everywhere-the calories per serving of a 
slice of bread, the energy efficiency rating of a washing machine, or the city/high­
way mileage of a new car. How do we measure the heat released (or absorbed) 
by a change? To determine the energy content of a teaspoon of sugar, for exam­
ple, you might think we can simply measure the enthalpies of the reactants 
(sucrose and 02) and subtract them from the enthalpies of the products (C02 and 
H20). The problem is that the enthalpy (H ) of a system in a given state cannot 
be measured because we have no starting point with which to compare it, no zero 
enthalpy. However, we can measure the change in enthalpy (t::..H)  of a system. In 
this section, we' ll see how t::..H values are determined. 

To measure qp, which is equal to t::..H, we construct "suIToundings" that retain 
the heat, and we observe the temperature change. Then, we relate the quantity of 
heat released (or absorbed) to that temperature change through a physical property 
called the specific heat capacity. 

Specific Heat Capacity 
You know from everyday experience that the more you heat an object, the higher 
its temperature; that is, the quantity of heat (q) absorbed by an object is propor­
tional to its temperature change: 

q rx I1T q = constant X I1T 
q 

11 
T 

= constant or or 

Every object has its own heat capacity, the quantity of heat required to 
change its temperature by 1 K. Heat capacity is the proportionality constant in 
the preceding equation: 

H 
. q 

eat capacity 
= I1T 

[in units of J/K] 

A related property is specific heat capacity (c), the quantity of heat required to 
change the temperature of I gram of a substance by 1 K:*  

Specific heat capacity (c) = 
q 

[in units of Jig' K] 
mass X I1T 

If we know c of the substance being heated (or cooled), we can measure its mass 
and temperature change and calculate the heat absorbed or released: 

q = c X mass X I1T (6.7) 
Notice that when an object gets hotter, t::..T (that is, Trinal - Tilli tial) is positive. The 
object gains heat, so q > 0, as we expect. Similarly, when an object gets cooler, 
t::..T is negative; so q < ° because heat is lost. Table 6.2 lists the specific heat 
capacities of some representative substances and materials. 

Closely related to the specific heat capacity is the molar heat capacity (C; 
note capital letter), the quantity of heat required to change the temperature of 
1 mole of a substance by 1 K: 

q Molar heat capacity (C) = 
I I1T 

[in units of J/mol· K] 
mo es X 

'Some texts use the term specific heat in place of specific heat capacity. This usage is very 
common but somewhat incorrect. Specific heat is the ratio of the heat capacity of 1 g of a sub­
stance to the heat capacity of 1 g of H20 and therefore has no units. 
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'SNIM Specific Heat Capacities 
o Some Elements, Compounds, 
and Materials 

Specific Heat 
Substance Capacity (J/g.K)* 

Elements 

Aluminum, AI 0.900 
Graphite, C 0.7 1 1  
Iron, Fe 0.450 
Copper, Cu 0.387 
Gold, Au 0. 1 29 

Compounds 

Water, H2O(l) 4. 1 84 
Ethyl alcohol, 

C2HsOH(l) 2.46 
Ethylene glycol, 

(CH2OHh(l) 2.42 
Carbon 

tetrachloride, 
CCI4(l) 0.862 

Solid materials 

Wood 1 .76 
Cement 0.88 
Glass 0.84 
Granite 0.79 
Steel 0.45 

'At 298 K (25°C). 
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Stirre r- �--- Thermometer 

� Styrofoam r:::::::::::::::::=====:::::;:71 cups 
(insu lation) 

Figure 6.7 Coffee-cup calorimeter. This 
apparatus is used to measure the heat at 

constant pressure (qp). 
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The specific heat capacity of liquid water is 4. 1 84 J/g'K, so 
J 18.02 a J 

C of H20(l) = 4.184 - x __ 0 = 75.40 --
g·K 1 mol mol· K  

SAMPLE PROBLEM 6.3 Finding Quantity o f  Heat from Specific Heat Capacity 

Problem A layer of copper welded to the bottom of a skillet weighs 1 25 g. How much 
heat is needed to raise the temperature of the copper layer from 25°C to 300.oC? The spe-
cific heat capacity (c) of Cu is 0.387 Jig' K. . 
Plan We know the mass and c of Cu and can find IlT in °C, which equals IlT in K. We 
use this IlT and Equation 6.7 to solve for the heat. 
Solution Calculating IlT and q: 

IlT = Tfinal - Tinitial = 300.oC - 25°C = 275°C = 275 K 

q = c X mass (g) X IlT = 0.387 J/g' K  X 125 g X 275 K = 1.33X 104 J 

Check Heat is absorbed by the copper bottom (system), so q is positive. Rounding shows 
that the arithmetic seems reasonable: q = 0.4 Jig' K X 1 00 g X 300 K = 1.2X 104 J. 

FOLLOW-UP PROBLEM 6.3 Find the heat transferred (in kJ) when 5.50 L of ethylene 
glycol (d = 1 . 1 1  g/rnL; see Table 6.2 for c) in a car radiator cools from 37.0°C to 25.0°C. 

The Practice of Calorimetry 
The calorimeter is used to measure the heat released (or absorbed) by a physi­
cal or chemical process. This apparatus is  the "surroundings" that change tem­
perature when heat is transferred to or from the system. Two common types are 
the constant-pressure and constant-volume calorimeters. 

Constant- Pressure Calorimetry A "coffee-cup" calorimeter (Figure 6.7) is often 
used to measure the heat transferred (qp) in processes open to the atmosphere. 
One common use is to find the specific heat capacity of a solid that does not react 
with or dissolve in water. The solid (system) is weighed, heated to some known 
temperature, and added to a sample of water (surroundings) of known tempera­
ture and mass in the calorimeter. With stirring, the final water temperature, which 
is also the final temperature of the solid, is measured. 

The heat lost by the system ( - qsys, or - qsolid) is equal in magnitude but oppo­
site in sign to the heat gained by the surroundings ( + qsurn or + qH20) : 

- qsolid = qH20 

Substituting Equation 6.7 for each side of this equality gives 

- (Csolid X maSSsolid X IlTso1 id) = CH20 X massH20 X IlTH20 

All the quantities are known or measured except Csol id : 

csolid = 
CH20 X massH20 X IlT H20 

masssolid X IlTsolid 

For example, suppose you heat a 2S.64-g solid in a test tube to 100.00°C and 
carefully add it to 50.00 g of water in a coffee-cup calorimeter. The water tem­
perature changes from 2S. l OoC to 28 .49°C, and you want to find the specific heat 
capacity of the solid. Converting D.T directly from °C to K, we know D. TH20 = 
3.39 K (28 .49°C - 25. 10°C) and D.Tsol id = - 7 1 .5 1  K (28.49°C - 100.00°C). Then, 
assuming all the heat lost by the solid is gained by the water, we have 

CH20 X massH20 X IlTH20 _ 4. 1 84 J/g' K  X 50.00 g X 3.39 K 
Csolid = 

masssolid X IlTsolid 25.64 g X (-71.5 1 K) 
= 0.387 J/g'K 

The next follow-up problem applies this calculation, but the sample problem first 
shows how to find the heat of a reaction that takes place in the calorimeter. 



6.3 Calorimetry: Laboratory Measurement of Heats of Reaction 

S AMPLE PROBLEM 6.4 Determining the Heat of a Reaction 
Problem You place 50.0 mL of 0.500 M NaOH in a coffee-cup calorimeter at 25.00DC 
and carefully add 25.0 mL of 0.500 M HCI, also at  25 .00DC. After stilTing, the final tem­
perature is 27.2 1 DC. Calculate qsoln (in J) and I1Hrxn (in kJ/mol). (Assume the total vol­
ume is the sum of the individual volumes and that the final solution has the same density 
and specific heat capacity as water: d = 1 .00 glmL and C = 4. 1 84 J/g·K.) 
Plan We first find the heat given off to the solution (qsoln) for the amounts given and 
then use the equation to find the heat per mole of reaction. We know the solution 
volumes (25 .0 mL and 50.0 mL), so we can find their masses from the given density 
( 1 .00 g/mL). Multiplying their total mass by the change in T and the given c, we can 
find qsoln' Then, writing the balanced net ionic equation for the acid-base reaction, we 
use the volumes and the concentra tions (0.500 M) to find moles of reactants (H+ and 
OH-) and, thus, product (H20). Dividing qsoln by the moles of water formed gives 
I1Hrxn per mole. 
Solution Finding masssoin and I1Tsoln: 

Total mass (g) of solution = (25.0 mL + 50.0 mL) X 1 .00 g/mL = 75.0 g 
I1T = 27 .2 1 DC - 25.00DC = 2.2 1 DC = 2.2 1 K 

Finding qsoln :  

qsoln = Csoln X masssoin X I1Tsoln = (4. 1 84 Jig' K)(75.0 g)(2.2 1 K) = 693 J 

Writing the net ionic equation: HCI(aq) + NaOH(aq) -- H20(l) + NaCl(aq) 
H +(aq) + OH-(aq) -- H20(l) 

Finding moles of reactants and products: 

Moles of H + = 0.500 mollL X 0.0250 L = 0.0 1 25 mol H+ 

Moles of OH- = 0.500 mollL X 0.0500 L = 0.0250 mol OH-

Therefore, H+ is limiting, so 0.01 25 mol of H20 is formed. 
Finding I1Hrxn : Heat gained by the water was lost by the reaction; that is,  

qsoln = -qrxn = 693 J so qrxn = -693 J 

I1H (kJ/mol )  = qrxn 
X � = 

-693 
J X � = -55.4 kJ/mol rxn . mol H20 1 000 J 0.0 1 25 mol 1 000 J 

Check Rounding to check qsoln gives 4 J/g 'K X 75 g X 2 K = 6001. The volume of H + 

is half the volume of OH- ,  so moles of H + determines moles of product. Taking the neg­
ative of qsoln to find I1Hrxn gives -600 J/O.0 1 2  mol = - 5 x 1 04 J/mol ,  or -50 kJ/mo!. 

FOLLOW-UP PROBLEM 6.4 In a purity check for industrial diamonds, a 1 O.25-carat 
( 1  carat = 0.2000 g) diamond is heated to 74.2 1 DC and immersed in 26.05 g of water in 
a constant-pressure calorimeter. The initial temperature of the water is 27.20DC. Calculate 
I1T of the water and of the diamond (Cdiamond = 0.5 1 9  J/g·K). 

Constant-Volume Calorimetry In the coffee-cup calorimeter, we assume all the 
heat is gained by the water, but some must be gained by the stirrer, thermometer, 
and so forth. For more precise work, as in constant-volume calorimetry, the heat 
capacity of the entire calorimeter must be known. One type of constant­
volume apparatus is  the bomb calorimeter, designed to measure very precisely the 
heat released in a combustion reaction . As Sample Problem 6.5 will show, this 
need for greater precision requires that we know (or determine) the heat capacity 
of the calorimeter. 

Figure 6 .8 (on the next page) depicts the preweighed combustible sample in 
a metal-walled chamber (the bomb), which is fi lled with oxygen gas and immersed 
in an insulated water bath fitted with motorized stitTer and thermometer. A heat­
ing coil connected to an electrical source ignites the sample, and the heat evolved 
raises the temperature of the bomb, water, and other calorimeter parts. Because 
we know the mass of the sample and the heat capacity of the entire calorimeter, 
we can use the measured t::..T to calculate the heat released. 
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System 
(combustible 
substance and 
compressed 
oxygen) 

Cutaway of 

Electrical 
source 

+ 
Motorized 
stirrer 

Thermometer 

Cutaway of 
insulated 
jacket 

steel bomb -!--+-I 1<��L------jFt- Water bath 

Heat being 
transferred 

Figure 6.8 A bomb calorimeter. This device (not drawn to scale) is used to measure heat of com­
bustion at constant volume (qv). 

SAMPLE PROBLEM 6. 5 Calculating the Heat of Combustion 
Problem A manufacturer claims that its new dietetic dessert has "fewer than 1 0  Calories 
per serving." To test the claim, a chemist at the Department of Consumer Affairs places 
one serving in a bomb calorimeter and burns it in O2 (heat capacity of the calorimeter = 
8 . 1 S 1  kJ/K). The temperature increases 4.937°C. Is the manufacturer's claim correct? 
Plan When the dessert burns, the heat released is gained by the calorimeter: 

-qsample = Qcalorimeter 

To find the heat, we multiply the given heat capacity of the calorimeter (8 . 1 S 1 kJ/K) by 
I1T (4.937°C). 
Solution Calculating the heat gained by the calorimeter: 

qcaiorimeter = heat capacity X I1T = 8 . 1 S 1  kJ/K X 4.937 K = 40.24 kJ 

Recall that 1 Calorie = I kcal = 4. 1 84 kJ. Therefore, 1 0  Calories = 41 .84 kJ, so 
the clai m is correct. 

Check A quick math check shows that the answer is reasonable: 8 kJ/K X S K = 40 kJ. 
Comment With the volume of the steel bomb fixed, 11 V = 0, and thus PI1 V = O. Thus, 
the energy change measured is the heat at constant volume (qv), which equals I1E, not I1H: 

I1E = q + w = qv + 0 = qv 

However, in most cases, I1H is usually very close to 11E. For example, I1H is only O.S% larger 
than I1E for the combustion of H2 and only 0.2% smaller for the combustion of octane. 

FOLLOW·UP PROBLEM 6.5 A chemist burns 0.86S0 g of graphite (a form of carbon) 
in a new bomb calorimeter, and CO2 forms. If 393.S kJ of heat is released per mole of 
graphite and T increases 2.6 1 3  K, what is the heat capacity of the bomb calorimeter? 

SECTION SUMMARY 
We calculate I1H of a process by measuring the heat at constant pressure (qp) . To do 
this, we determine 11 T of the surroundings and relate it to qp through the mass of the 
substance and its specific heat capacity (c), the quantity of energy needed to raise 
the temperature of 1 g of the substance by 1 K. Calorimeters measure the heat 
released from a system either at constant pressure (qp = I1H) or at constant volume 
(qv = I1E). 
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6.4 STOICHIOMETRY OF THERMOCHEMICAL EQUATIONS 

A thermochemical equation is a balanced equation that includes the heat of reac­
tion (!::..Hrxn). Keep in mind that the !::..Hrxn value shown refers to the amounts 
(moles) of substances and their states of matter in that specific equation. The 
enthalpy change of any process has two aspects: 

l .  Sign. The sign of !::..H depends on whether the reaction is exothermic ( - )  
or endothermic ( + ) . A forward reaction has the opposite sign o f  the re­
verse reaction. 
Decomposition of 2 mol of water to its elements (endothermic): 

2H20(l) --->- 2H2(g) + 02(g) I::,.Hrxll = 572 kJ 
Formation of 2 mol of water from its elements (exothermic):  

2H2(g) + 02(g) --->- 2H20(I) I::,.Hrxn = -572 kJ 
2. Magnitude. The magnitude of !::..H is proportional to the amount of substance 

reacting. 
Formation of 1 mol of water from its elements (half the amount in the pre­
ceding equation) :  

H2(g) + �02(g) --->- H20(l) I::,.Hrxn = -286 kJ 
Note that, in thermochemical equations, we often use fractional coefficients to 
specify the magnitude of !::"Hrxn for a particular amount of substance. Moreover, 
in a particular reaction, a certain amount of substance is thermochemically equiv­
alent to a certain quantity of energy. In the reaction just shown, 

286 kJ is thermochemically equivalent to I mol of H2(g) 
286 kJ is thermochemically equivalent to � mol of 02(g) 
286 kJ is thermochemically equivalent to 1 mol of H20(l) 

Just as we use stoichiometrically equivalent molar ratios to find amounts of 
substances, we use thermochemically equivalent quantities to find the heat of reac­
tion for a given amount of substance. Also, just as we use molar mass (in g/mol 
of substance) to convert moles of a substance to grams, we use the heat of reac­
tion (in kJ/mol of substance) to convert moles of a substance to an equivalent 
quantity of heat (in kJ). Figure 6.9 shows this new relationship, and the next sam­
ple problem applies it. 

,-- molar ratio 

AMOUNT (mol) 
from balanced AMOUNT (mol) !!.Hrxn (kJ/mol) HEAT (kJ) equation 

of compou\1d A < :> of compound B < :> gained or lost 

I 

SAMPLE PROBLEM 6.6 Using the Heat of Reaction (I::,.Hrxn) to Find Amounts 
Problem The major source of aluminum in the world is bauxite (mostly allllllinum oxide). 
Its thermal decomposition can be represented by 

t'1 3 AI203(s) --->- 2Al(s) + Z02(g) I::,.Hrxll = 1 676 kJ 

If aluminum is produced this way (see Comment), how I;Ilany grams of aluminum can form 
when 1 .000X 103 kJ of heat is transferred? 
Plan From the balanced equation and the enthalpy change, we see that 2 mol of AI forms 
when 1 676 kJ of heat is absorbed. With this equivalent quantity, we convert the given kJ 
transferred to moles formed and then convert moles to grams. 
Solution Combining steps to convert from heat transferred to mass of AI: 

2 mol AI 26.98 g Al 
Mass (g) of AI = ( 1 .000X 103 kJ) X X = 32.20 g Al 

1 676 kJ 1 mol AI 

1 9 1 

Figure 6.9 Summary of the relationship 
between amount (mol) of substance 
and the heat (kJ) transferred during 
a reaction. 

Heat (kJ) 

1 676 kJ = 2 mol AI 

Amount (mol) of AI 

multiply by .M (g/mol) 

Mass (g) of AI 
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Check The mass of aluminum seems correct: - 1 700 kJ forms about 2 mol of Al (54 g), 
so 1 000 kJ should form a bit more than half that amount (27 g). 
Comment In practice, aluminum is not obtained by heating but by supplying electrical 
energy (Chapter 2 1 ) . Because t1H is a state function, however, the total energy required 
for this chemical change is the same no matter how it occurs. 

FOLLOW-UP PROBLEM 6.6 Organic hydrogenation reactions, in which H2 and an 
"unsaturated" organic compound combine, are used in the food, fuel, and polymer indus­
tries. In the simplest case, ethene (C2H4) and H2 form ethane (C2H6). If 1 37 kJ is given 
off per mole of CzH4 reacting, how much heat is released when 1 5 .0 kg of C2H6 forms? 

SECT I ON SUM M ARY 
A thermochemical equation shows the balanced equation and its t1Hrxn. The sign of 
t1H for a forward reaction is opposite that for the reverse reaction. The magnitude of 
t1H depends on the amount and physical state of the substance reacting and the t1H 
per mole of substance. We use the thermochemically equivalent amounts of sub­
stance and heat from the balanced equation as conversion factors to find the quantity 
of heat when a given amount of substance reacts. 

6.5 H ESS'S LAW OF H EAT SUMMATION 

Many reactions are difficult, even impossible, to carry out separately. A reaction 
may be part of a complex biochemical process; or it may take place only under 
extreme environmental conditions; or it may require a change in conditions while 
it is occurring. Even if we can't  run a reaction in the lab, it is still possible to 
find its enthalpy change. One of the most powerful applications of the state­
function property of enthalpy (H) allows us to find the t:.H of any reaction for 
which we can write an equation. 

This application is based on Hess's law of heat summation: the enthalpy 
change of an overall process is the sum of the enthalpy changes of its individual 
steps. To use Hess's law, we imagine an overall reaction as the sum of a series 
of reaction steps, whether or not it really occurs that way. Each step is chosen 
because its t:.H is known. Because the overall t:.H depends only on the initial and 
final states, Hess's law says that we add together the known t:.H values for the 
steps to get the unknown t:.H of the overall reaction. Similarly, if we know the t:.H 
values for the overall reaction and all but one of the steps, we can find the unknown 
t:.H of that step. 

Let's see how we apply Hess's law in the case of the oxidation of sulfur to 
sulfur trioxide, the central process in the industrial production of sulfuric acid and 
in the formation of acid rain. (To introduce the approach, we'll simplify the equa­
tions by using S as the formula for sulfur, rather than the more correct S8.) When 
we burn S in an excess of O2, sulfur dioxide (S02) forms, not sulfur trioxide 
(S03). Equation 1 shows this step and its t:.H. If we change conditions and then 
add more O2, we can oxidize S02 to S03 (Equation 2). In other words, we can­
not put S and O2 in a calorimeter and find t:.H for the overall reaction of S to 
S03 (Equation 3) .  But, we can find it with Hess's  law. The three equations are 

Equation 1 :  S(s) + 02(g) � S02(g) t1HI = - 296.8 kJ 
Equation 2 :  2S02(g) + 02(g) � 2S03(g) t1H2 = - 198 .4 kJ 
Equation 3 :  S(s) + �02(g) � S03(g) t1H3 = ? 

Hess's law tells us that if we manipulate Equations 1 and/or 2 so that they add 
up to Equation 3, then t:.H3 is the sum of the manipulated t:.H values of Equa­
tions 1 and 2. 

First, we identify Equation 3 as our "target" equation, the one whose t:.H we 
want to find, and we carefully note the number of moles of each reactant and 
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product in it. We also note that 6H\ and I1H2 are the values for Equations I and 
2 as written. Now we manipulate Equations 1 and/or 2 as fol lows to make them 
add up to Equation 3 :  

• Equations 1 and 3 contain the same amount o f  S,  s o  w e  leave Equation 1 
unchanged. 

• Equation 2 has twice as much S03 as Equation 3, so we multiply it by �, being 
sure to halve I1H2 as well .  

• With the targeted amounts of  reactants and products now present, we add 
Equation 1 to the halved Equation 2 and cancel terms that appear on both sides: 

Equation 1 :  S(s) + 02(g) � S02(g) /::;.H\ = -296.8 kJ 

4(Equation 2): S02(g) + 402(g) � S03(g) 4(/::;.H2) = -99.2 kJ 

Equation 3: S(s) + 02(g) + SGzW + 402(g) � SGzW + S03(g) /::;.H3 = ? 
or, S(s) + �02(g) � S03(g) 

Adding the I1H values gives 

/::;.H3 = /::;.H\ + 4(/::;.H2) = -296.8 kJ + (-99.2 kJ) = -396.0 kJ 
Once again, the key point is that H i s  a state function, so the overall I1H 

depends on the difference between the initial and final enthalpies only. Hess's law 
tells us that the difference between the enthalpies of the reactants ( 1  mol of S and 
� mol of O2) and that of the product ( 1  mol of S03) is the same, whether S is 
oxidized directly to S03 (impossible) or through the formation of S02 (actual). 

To summarize, calculating an unknown I1H involves three steps: 

1 .  Identify the target equation, the step whose I1H is unknown, and note the num­
ber of moles of each reactant and product. 

2. Manipulate the equations with known I1H values so that the target numbers of 
moles of reactants and products are on the correct sides. Remember to: 
• Change the sign of I1H when you reverse an equation. 
• Multiply numbers of moles and I1H by the same factor. 

3. Add the manipulated equations to obtain the target equation. All substances 
except those in the target equation must cancel. Add their I1H values to obtain 
the unknown 11H. 

SAMPLE PROBLEM 6.7 Using Hess's Law to Calculate an Unknown ilH 
Problem Two gaseous pollutants that form in auto exhaust are CO and NO. An environ­
mental chemist is studying ways to convert them to less harmful gases through the fol­
lowing equati9n: 

CO(g) + NO(g) � CO2(g) + 4N2(g) /::;.H = ? 
Given the fol lowing information, calculate the unknown /::;.H: 

Equation A: CO(g) + 402(g) � CO2 (g) /::;.HA = -283.0 kJ 
Equation B :  N2(g) + 02(g) � 2NO(g) /::;.HB = 1 80.6 kJ 

Plan We note the numbers of moles of each substance in the target equation, manipulate 
Equations A and/or B and their /::;.H values, and then add them together to obtain the tar­
get equation and the unknown /::;.H. 
Solution Noting moles of substances in the target equation: There are 1 mol each of reac­
tants CO and NO, 1 mol of product CO2, and 4 mol of product N2· 
Manipulating the given equations: Equation A has the same number of moles of CO and 
CO2 as the target, so we leave it as written. Equation B has twice the needed amounts of 
N2 and NO, and they are on the opposite sides from the target; therefore, we reverse Equa­
tion B, change the sign of /::;.HB, and multiply both by 4 :  

4[2NO(g) � N2(g) + 02(g)] /::;.H = -4(/::;.HB) = -!( l 80.6 kJ) 
Or, NO(g) � 4N2(g) + 402(g) /::;.H = -90.3 kJ 
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Adding the manipulated equations to obtain the target equation: 
Equation A :  CO(g) + � ----+ CO2 (g) IlH = -283.0 kJ 
!(Equation B reversed) : NO(g) ----+ !N2(g) + � t1H = -90.3 kJ 

Target: CO(g) + NO(g) ----+ CO2(g) + �N2(g) IlH = -373.3 kJ 

Check Obtaining the desired target equation is its own check. Be sure to remember to 
change the sign of t1H for any equation you reverse. 

FOLLOW-UP PROBLEM 6.7 Nitrogen oxides undergo many interesting reactions in 
the environment and in industry. Given the following information, calculate IlH for the 
overall equation 2N02(g) + �02(g) ----+ N20S(s): 

N20S(s) ----+ 2NO(g) + �02(g) IlH = 223.7 kJ 
NO(g) + �02(g) ----+ N02(g) IlH = -57. 1 kJ 

SECTION SUMMARY 
Because H is a state function, t1H = Hfinal - Hinitial and does not depend on how the 
reaction takes place. Using Hess's law (t1Htotal = t1H1 + t1H2 + . . . + t1Hn), we can 
determine t1H of any equation by manipulating the coefficients of other appropriate 
equations and their known t1H values. 

6.6 STANDARD HEATS OF REACTION (.1H�xn) 
In this section, we see how Hess's law is used to determine the AH values of an 
enormous number of reactions. To begin we must take into account that thermo­
dynamic variables, such as AH, vary somewhat with conditions. Therefore, to use 
heats of reaction, as well as other thermodynamic data that we will encounter in later 
chapters, chemists have established standard states, a set of specified conditions 
and concentrations : 

• For a gas, the standard state is 1 atm* with the gas behaving ideally. 
• For a substance in aqueous solution, the standard state is 1 M concentration. 
• For a pure substance (element or compound), the standard state i s  usually the 

most stable form of the substance at 1 atm and the temperature of interest. In 
this text, that temperature is usually 25°C (298 K). t 

We use a degree sign to indicate these standard states. In other words, when 
the heat of reaction, AHrxn ' has been measured with all the reactants and prod­
ucts in their standard states, it is  referred to as the standard heat of reaction, 

il..H�xn· 

Formation Equations and Their Standard Enthalpy Changes 
In a formation equation, 1 mole of a compound forms from its elements. The 
standard heat of formation (AHf) i s  the enthalpy change for the formation 
equation when all the substances are in their standard states. For instance, the 
formation equation for methane (CH4) is 

C(graphite) + 2H2(g) ----+ CH4(g) IlH'f = -74.9 kJ 

'The definition of the standard state for gases has been changed to 1 bar, a sl ightly lower 
pressure than the 1 atm standard on which the data in this book are based (1 atm = 1 01 .3 kPa = 1 .01 3 bar). For most purposes, this makes very l ittle difference in the standard 
enthalpy values. 
tin the case of phosphor us, the most common form, white phosphorus (P 4), is chosen as the 
standard state, even though red phosphorus is more stable at 1 atm and 298 K. 
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Thus, the standard heat of formation of methane is - 74.9 kllmo! .  Some other 
examples are 

Na(s) + �Clz(g) -->- NaCI(s) I1Hr = -41 1 . 1  kJ 

2CCgraphite) + 3Hz(g) + �Oz(g) -->- CzHsOH(l) I1Hr = -277.6 kJ 

Standard heats of formation have been tabulated for many substances. Table 6.3 
shows !:J.H� values for several, and a much more extensive table appears in 
Appendix B. 

The values in Table 6.3 were selected to make two points: 

1 .  An element in its standard state is assigned a !:J.H'f of zero. For example, note 
that !:J.H'f = 0 for Na(s), but !:J.H'F = 1 07 .8 kllmol for Na(g). These values mean 
that the gaseous state is not the most stable state of sodium at 1 atm and 298 . 1 5  K, 
and that heat is required to form Na(g) .  Note also that the standard state of 
chlorine is Cl2 molecules, not Cl atoms. Several elements exist in different 
forms, only one of which is the standard state. Thus, the standard state of carbon 
is graphite, not diamond, so !:J.H'f of C(graphite) = O. Similarly, the standard 
state of oxygen is dioxygen (02), not ozone (03), and the standard state of 
sulfur is S8 in its rhombic crystal form, rather than its monoclinic form. 

2. Most compounds have a negative !:J.H'f. That is, most compounds have exother­
mic formation reactions under standard conditions: heat is given off when the 
compound forms. 

SAMPLE PROBLEM 6.8 Writing Formation Equations 
Problem Write balanced equations for the formation of 1 mole of each of the following 
compounds from their elements in their standard states, and include I1H'f. 
(a) Silver chloride, AgCI, a solid at standard conditions 
(b) Calcium carbonate, CaC03, a solid at standard conditions 
(c) Hydrogen cyan.ide, HCN, a gas at standard conditions 
Plan We write the elements as the reactants and 1 mol of the compound as the product, 
being sure all substances are in their standard states. Then, we balance the atoms and 
obtain the I1H'f values from Table 6 .3 or Appendix B.  

Solution (a) Ag(s) + �Clz(g) -->- AgCl(s) I1H'f = - 127.0 kJ 

(b) Ca(s) + CCgraphite) + �02(g) -->- CaC03(s) I1H'f = - 1206.9 kJ 

(c) �H2(g) + CCgraphite) + �N2(g) -->- HCN(g) I1H'f = 1 35 kJ 

FOLLOW-UP PROBLEM 6.8 Write balanced equations for the formation of 1 mol of 
(a) CH30H(l), (b) CaO(s), and (c) CS2(l) from their elements in their standard states. 
Include I1H'f for each reaction. 

Determining AH�xn from AHf Values of Reactants and Products 
By applying Hess 's law, we can use !:J.H¥ values to determine !:J.H�xn for any reac­
tion. All we have to do is view the reaction as an imaginary two-step process. 

Step J .  Each reactant decomposes to its elements. This is the reverse of the for-
mation reaction for each reactant, so each standard enthalpy change is - !:J.H¥. 

Step 2. Each product forms from its elements. This step is the formation reaction 
for each product, so each standard enthalpy change is !:J.H'f. 

According to Hess's law, we add the enthalpy changes for these steps to obtain 
the overall enthalpy change for the reaction (!:J.H�xn)' Figure 6. 1 0 (on the next 
page) depicts the conceptual process. Suppose we want !:J.H�xn for 

TiCI4(l) + 2HzO(g) -->- Ti02(s) + 4HCI(g) 
We write this  equation as though it were the sum of four individual equations, 
one for each compound. The first two of these equations show the decomposition 
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'5!NI·j' Selected Standard Heats 
o Formation at 25°C (298 K) 

Formula ilHf (kJ/mol) 

Calcium 
Ca(s) 0 
CaO(s) -635. 1 
CaC03(s) - 1 206.9 

Carbon 
C(graphite) 0 
CCdiamond) 1 .9 
CO(g) - 1 1 0.5 
CO2(g) -393.5 
CH4(g) -74.9 
CH30H(l) -238.6 
HCN(g) 1 35 
CS2(l) 87.9 

Chlorine 
CI(g) 1 2 1 .0 
CI2(g) 0 
HCI(g) -92.3 

Hydrogen 
H(g) 2 1 8 .0 
H2(g) 0 

Nitrogen 
N2(g) 0 
NH3(g) -45.9 
NO(g) 90.3 

Oxygen 
02(g) 0 
°3(g) 143 
H2O(g) -241 .8 
H2O(l) -285.8 

Silver 
Ag(s) 0 
AgCl(s) - 1 27.0 

Sodium 
Na(s) 0 
Na(g) 107 .8  
NaCl(s) -41 1 . 1  

Sulfur 
Ss(rhombic) 0 
Ss(monoclinic) 0.3 
S02(g) -296.8 
S03(g) -396.0 
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Figure 6. 1 0  The general process for 
determining AH�xn from AH'f values. For 
any reaction, t1H�xn can be considered as 
the sum of the enthalpy changes for the 
decomposition of reactants to their ele­
ments [- 2,nt1Hf(reactants)] and the forma­
tion of products from their elements 
[+2,mt1Hf(prOductS)]' [The factors m and n 
are the amounts (mol) of the products and 

reactants and equal the coefficients in the 
balanced equation, and 2, is the symbol 
for "sum of. "] 
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I1H; 

-----"""""'''''''''" Hinitial 

Hfinal 

I1H�xn = LmI1H�(prOducts) - LnI1H�(reactants) 

of the reactants to their elements (reverse of their formation), and the second two 
show the formation of the products from their elements: 

TiCI4(l) - Ti(s) + 2CI2(g) - �m[TiCI4(l)] 
2H20(g) - 2H2(g) + 02(g) -2�Hf[H20(g)] 

Ti(s) + 02(g) - Ti02(s) 
2H2(g) + 2CI2(g) - 4HCl(g) 

�Hf[Ti02(S)] 
4�Hf[HCl(g)] 

TiCI4(l) + 2H20(g) + +if.r) + Gh1 + � + � -
=J=.iEsj + � + �W + Gh1 + Ti02(s) + 4HCl(g) 

Or, 

It's important to realize that when titanium(IV) chloride and water react, the reac­
tants don' t  actually decompose to their elements, which then recombine to form 
the products. But that is the great usefulness of Hess's law and the state-function 
concept. Because t::.H�xn is the difference between two state functions, t::.H�rOdllcts 
minus t::.H�eactants' it doesn't matter how the change actually occurs. We simply 
add the individual enthalpy changes to find t::.H�xn : 

�H�xn = �Hf[Ti02(S)] + 4�Hf[HCl(g)] + ( - �Hf[TiCI4(l)] } + ( - 2�Hf[H20(g)] )  
= ( �Hf[Ti02(S)] + 4�Hf[HCl(g)] ) - ( �Hf[TiCI4(l)1 + 2�Hf[H20(g)] } 

�----------�y�----------� �------------�y�----------� 
Products Reactants 

Notice the pattern here. By generalizing it, we see that the standard heat of 
reaction is the sum of the standard heats of formation of the products minus the 
sum of the standard heats offormation of the reactants (see Figure 6. 1 0) :  

�H�xn = '2:m�Hf(productS) - '2:n�Hf(reactants) (6.8) 

where the symbol 2, means "sum of," and m and n are the amounts (mol) of the 
products and reactants indicated by the coefficients from the balanced equation. 

SAMPLE PROBLEM 6.9 Calculating the Heat of Reaction from Heats of Formation 
Problem Nitric acid, whose worldwide annual production is nearly 1 0  billion kilograms, 
is used to make many products, including fertilizers, dyes, and explosives. The first step 
in the production process is the oxidation of ammonia: 

4NH3(g) + 502(g) - 4NO(g) + 6H20(g) 
Calculate �H�xn from �Hf values. 
Plan We use values from Table 6.3 (or Appendix B) and apply Equation 6.8 to find �H�xn' 
Solution Calculating �H�xn: 

�H�xn = 2,m�Hf(products) - 2,n�Hf(reactants) 
= ( 4�Hf[NO(g)] + MH'f[H20(g)] ) - ( 4�Hf[NH3(g)] + 5�H'f[02(g)] ) 
= (4 mol)(90.3 kJ/mol) + (6 mol) ( - 24 1 .8 kJ/mo!) 

- [(4 mol)(-45.9 kJ/mol) + (5 mol)(O kJ/moJ)] 
= 36 1 kJ - 1 45 1  kJ + 1 84 kJ - 0 kJ = -906 kJ 
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Check One way to check is to write fonnation equations for the amounts of individual 
compounds in the correct direction and take their sum: 

4NH3(g) -- � + � 
� + 202(g) -- 4NO(g) 
� + 302(g) -- 6H20(g) 

-4(-45.9 kJ) = 1 84 kJ 
4(90.3 kJ) = 361  kJ 

6( - 24 1 .8 kJ) = - 145 1 kJ 

-906 kJ 
Comment In this problem, we know the individual !:J.H� values and find the sum, !:J.H�xn" 
In the follow-up problem, we know the sum and want to find an individual value. 

FOLLOW-UP PROBLEM 6.9 Use the following information to find !:J.H� of methanol 
[CH30H(I)] :  

CH30H(I) + �02(g) -- CO2(g) + 2H20(g) !:J.H�xn = -638.5 kJ 
!:J.H� of CO2(g) = - 393.5 kJ/mol !:J.H� of H20(g) = -241 .8 kJ/mol 

Fossil Fuels and Climate Change 
Out of necessity, modern societies are finally beginning to rethink the issue of 
energy use. No scientific challenge today is greater than reversing the climatic effects 
of our increasing dependence on the combustion of fossil fuels-coal, petroleum, 
and natural gas. Because these fuels form so much more slowly than we consume 
them, they are nonrenewable. In contrast, wood and other fuels derived from plant 
and animal matter are renewable. 

The combustion of all carbon-based fuels releases carbon dioxide, which 
plays a key temperature-regulating role in the atmosphere. Much of the sunlight 
that shines on Earth is absorbed by the surface and converted to heat (Figure 6. 1 1 ) .  
Because atmospheric CO2 absorbs heat, some of the heat reflected back from 
Earth's surface is trapped by this CO2, 

The large amount of CO2 present in Earth's early atmosphere decreased to a 
relatively constant 0.028% by volume as a result of the spread of plants, which 
use CO2 in photosynthesis. However, for the past 1 50 years, this amount has been 
increasing as we burn fossil fuels, and today it exceeds 0.036%. (Trees and other 
renewable fuels also release CO2 when they burn, but new trees take it up as they 
grow.) Thus, although the same amount of solar energy passes into the atmo­
sphere, more is being trapped as heat in a process called the greenhouse effect, 
which is changing Earth 's climate through global warming. Based on current fos­
sil fuel use, CO2 concentrations are predicted to reach 0.070% to 0.075% by 2 1 00. 
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Figure 6.1 1 The trapping of heat by the 
atmosphere. About 25% of sunlight is 
reflected by the atmosphere. Much of the 

remaining sunlight is converted into heat 

by the air and Earth's surface. Some of 

the heat emanating from the surface is 
trapped by atmospheric gases, mostly 
CO2, and some is lost to outer space. 
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Many groups of scientists have attempted to model the effects of CO2 and other 
greenhouse gases (most importantly, CH4) on the temperature of the atmosphere, but 
the system is extremely complex. There are natmal fluctuations in temperatme, as 
well as cyclic changes in solar activity that may provide additional warming through 
201 0  or so. Moreover, as fuels are burned and CO2 concentration increases, so does 
the amount of soot, which may block sunlight and have a cooling effect. As tem­
peratmes rise, more water is vaporized, which may thicken the cloud cover and also 
cause cooling. But recent data show that less volcanic activity coupled with power 
plant improvements may reduce the particulates that now cool the atmosphere. 

Despite these complexities, most models predict a net warming. Indeed, sci­
entists are already observing it and documenting the predicted climate disruptions. 
The average temperature has increased by 0.6°C over the past 50 years. When 
extra heat is trapped, 20% of it warms the air and 80% evaporates water. Glob­
ally, the 1 0  warmest years on record have occmred since 1 980, with 1 997-1 999 
among the hottest. The decade from 1 987 to 1 997 included 10 times as many cat­
astrophic floods from storms as did the previous decade, a trend that continued 
in 1 998 and 1 999. Very recent evidence shows a 1 0% decrease in global snow 
cover, a 40% thinning of Arctic Sea ice, a 20% decrease in glacier extent, and 
nearly a 1 0% increase in rainfall in the northern hemisphere. 

Today, the most accepted models predict a temperature rise of 1 .4-5 .8°C 
(2.5-1 O.4°F) . An average increase of 5°C would disrupt rainfall patterns and crop 
yields and melt large parts of the polar ice caps, flooding low-lying regions such 
as the Netherlands, half of Florida, and much of India, and inundating some 
Pacific i sland nations. To make matters worse, as we bum fuels that release CO2, 
we cut down the forests that naturally absorb CO2, As a solution, some have pro­
posed large-scale tree planting. Others suggest l iquefying CO2 and burying it 
underground or injecting it into the deep oceans. 

International conferences, such as the 1 997 Conference on Climate Change 
in Kyoto, Japan, provided a forum for politicians, business interests, and scien­
tists to seek ways to cut greenhouse emissions. But the largest producer of CO2, 
the United States, refused to ratify the Kyoto Protocol and, as a result, many 
expect global warming and its associated effects on Earth's climate to increase. 

SECTI ON SUMMARY 
Standard states are chosen conditions for substances. When 1 mol of a com­

pound forms from its elements with al l  substances in their standard states, the 

enthalpy change is t.H'i. Hess's law allows us to picture a reaction as the decompo­

sition of reactants to their elements, followed by the formation of products from their 

elements. We use tabulated t.H'i values to find t.H�xn or use known t.H�xn and t.H'i 
values to find an unknown t.H'i. As a result of increased fossil-fuel combustion, the 

amount of atmospheric CO2 is cl imbing, which is seriously affecting Earth's cl imate. 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 

Learning Obiectives 
To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and end-of-chapter prob­
lems (EP) are l isted in parentheses. 

I .  Interconvert energy units; understand that /).E of a system 
appears as the total heat and/or work transferred to or from its 
surroundings; understand the meaning of a state function (§ 6. 1 )  
(SP 6. 1 )  (EPs 6. 1 -6.9) 
2. Understand the meaning of H, why we measure /).H, and the 
distinction between exothermic and endothermic reactions; draw 
enthalpy diagrams for chemical and physical changes (§ 6.2) 
(SP 6.2) (EPs 6. 1 0-6. 1 6) 

3. Understand the relation between specific heat capacity and heat 
transferred in both constant-pressure (coffee-cup) and constant­
volume (bomb) calorimeters (§ 6.3) (SPs 6.3-6.5) (EPs 6. 1 7-6.30) 
4. Understand the relation between heat of reaction and amount 
of substance (§ 6.4) (SP 6.6) (EPs 6.3 1 -6.40) 
5. Explain the importance of Hess's law and use it to find an un­
known /).H (§ 6.5) (SP 6.7) (EPs 6.4 1 -6.46) 
6.  View a reaction as the decomposition of reactants followed 
by the formation of products;  understand formation equations 
and how to use i::J.H'f values to find t.H�xll (§ 6.6) (SPs 6.8, 6.9) 
(EPs 6.47-6.56) 



Key Terms 
thermodynamics ( 1 78) 
thermochemistry ( 1 78) 
Section 6. 1 
system ( 178) 
surroundings ( 178) 
internal energy (E) ( 1 78) 
heat (q) ( 1 79) 
work (w) ( 1 79) 
pressure-volume work 

(PV work) ( 1 8 1 )  

law of conservation of energy 
(first law of 
thermodynamics) ( 1 8 1 )  

joule (1) ( 1 82) 
calorie (cal) ( 1 82) 
state function ( 1 83) 
Section 6.2 
enthalpy (H) ( 1 85) 
change in enthalpy (t1H) ( 1 85) 
heat of reaction (!1Hrxn) ( 1 85) 

Key Equations and Relationships 
6. 1 Defining the change in internal energy ( 1 79): 

!1E = Elinal - Einitial = Eproducts - Ereactants 
6.2 Expressing the change in internal energy in terms of heat and 
work ( 179): 

t1E = q + w 
6.3 Stating the first law of thermodynamics (law of conservation 
of energy) ( 1 82): 

!1Euniverse = !1Esystem + !1Esurroundings = 0 
6.4 Determining the work due to a change in volume at constant 
pressure (PV work) ( 1 85) :  

w = - Pt1V 

Brief Solutions to Follow-up Problems 
6. 1 t1E = q + w 

= - 26.0 kcal X + + 1 5 .0 Btu X ---( 4. 1 84 kJ) ( 1 .055 kJ) 
1 kcal 1 Btu 

= -93 kJ 
6.2 The reaction is exothermic. 

�H = -5.72 x 1 03 kJ 

6.3 !1T = 25.0°C - 37.0°C = - 12.0°C = - 12.0 K 
1000 mL 

Mass (g) = 1 . 1 1  g/mL X X 5 .50 L = 6. l OX 1 03 g 
I L  

q = c X mass X !1T ( 1 kJ ) 
= (2.42 Jig' K) 1000 J 

(6. l OX 1 03 g)( - 1 2.0 K) 

= - I77 kJ 
6.4 - qsolid = qwater 
-[(0.5 1 9  J/g ·K)(2.050 g)(x - 74.21) ] 

= [(4. 1 84 J/g·K)(26.05 g)(x - 27.20)] 
x = 27.65 K 

!1Tdiamond = -46.56 K and !1Twater = 0.45 K 
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enthalpy diagram ( 1 85) Section 6.5 
exothermic process ( 1 85) Hess's law of heat 
endothermic process ( 1 86) summation ( 192) 
Section 6.3 Section 6.6 
heat capacity ( 1 87) standard states ( 1 94) 
specific heat capacity (c) ( 1 87) standard heat of reaction 
molar heat capacity (C) ( 1 87) (t1H�xn) ( 1 94) 
calorimeter ( 1 88) formation equation ( 1 94) 

Section 6.4 standard heat of formation 

thermochemical equation ( 1 9 1 )  (t1Hf ) ( 1 94) 
fossil fuel ( 1 97) 

6.5 Relating the enthalpy change to the internal energy change at 
constant pressure ( 1 85) :  

!1H = t1E + P!1 V 
6.6 Identifying the enthalpy change with the heat gained or lost 
at constant pressure ( 1 85) : 

qp = t1E + Pt1V = t1H 
6.7 Calculating the heat absorbed or released when a substance 
undergoes a temperature change ( 1 87): 

q = c X mass X t1T 
6.8 Calculating the standard heat of reaction ( 1 96): 

t1H�xn = 2,mt1H�(produCLS) - 2,nt1H�(reacLanLs) 

6.5 -qsample = qcalorimeLer 

- (0.8650 g C)( 1 mol C )
(-393.5 kJ/mol C) = (2.6 13  K)x 

1 2.01  g C 
x = 10.85 kJ/K 

6.6 CZH4(g) + Hz(g) --+ CZH6(g) + 1 37 kJ 
1 000 g 1 mol C?H6 137 kJ 

Heat (kJ) = 1 5 .0 kg X -- X - X --
I kg 30.07 g C2H6 1 mol 

= 6.83 X 104 kJ 
6.7 

2NO(g) + �Oig) --+ N20S(s) 
2NOz(g) --+ 2NO(g) + 0z(g) 

� + � l02(g) + 2N02(g) --+ 

t1H = -223.7 kJ 
t1H = 1 14.2 kJ 

N20S(s) + � + GzW 
2N02(g) + �02(g) --+ N20S(s) !1H = - \09.5 kJ 
6.8 (a) C(graphite) + 2H2(g) + �02(g) --+ CH30H(I) 

!1H� = -238.6 kJ 
(b) Ca(s) + �02(g) -----+ CaO(s) MI'f = -635. 1 kJ 
(c) C(graphite) + �S8(rhombic) -----+ CS2(l) t1H� = 87.9 kJ 
6.9 t1H� of CH30H(l) 

= - t1H�xn + 2t1HHH20(g)] + !1H1 [C02(g)] 
= 638.5 kJ + (2 mol)( -24 1. 8  kJ/mol) 

+ (l mol)( -393.5 kJ/mol) 
= -238.6 kJ 
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Problems 
Problems with colored numbers are answered in Appendix E. 
Sections match the text and provide the numbers ot relevant 
sample problems. Bracketed problems are grouped in pairs 
( indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

Forms of Energy and Their Interconversion 
(Sample Problem 6. 1 )  

6. 1 I f  you feel warm after exercising, have you increased the in­
ternal energy of your body? Explain. 

6.2 An adiabatic process is one that involves no heat transfer. 
What is the relationship between work and the change in internal 
energy in an adiabatic process? 

6.3 Name a common device that is used to accomplish each en­
ergy change: 
(a) Electrical energy to thermal energy 
(b) Electrical energy to sound energy 
(c) Electrical energy to light energy 
(d) Mechanical energy to electrical energy 
(e) Chemical energy to electrical energy 

6.4 Imagine lifting your textbook into the air and dropping it onto 
a desktop. Describe all the energy transformations (from one 
form to another) that occur, moving backward in time from a 
moment after impact. 

16.5 A system receives 425 J of heat and delivers 425 J of work to 
its surroundings. What is the change in internal energy of the 
system (in J)? 

6.6 A system conducts 255 cal of heat to the surroundings while 
delivering 428 cal of work. What is the change in internal energy 
of the system (in cal)? 

6.7 Complete combustion of 1 .0 metric ton of coal (assuming pure 
carbon) to gaseous carbon dioxide releases 3 .3  X 1 0  I 0 J of heat. 
Convert this energy to (a) kilojoules; (b) kilocalories; 
(c) British thermal units. 

6.8 Thermal decomposition of 5.0 metric tons of l imestone to lime 
and carbon dioxide requires 9.0X 1 06 kJ of heat. Convert this I energy to (a) joules; (b) calories; (c) British thermal units. 

6.9 The nutritional calorie (Calorie) i s  equivalent to 1 kcal. One 
pound of body fat is equivalent to about 4. 1 X 1 03 Calories. Ex­
press this quantity of energy in joules and kilojoules. 

Enthalpy: Heats of Reaction and Chemical Change 
(Sample Problem 6.2) 

6. 1 0  Classify the following processes as exothermic or endother­
mic: (a) freezing of water; (b) boiling of water; (c) digestion of 
food; (d) a person running; (e) a person growing; (f) wood being 
chopped; (g) heating with a furnace. 

16. 1 1 Draw an enthalpy diagram for a general exothermic reaction; 
label axis, reactants, products, and t1H with its sign. 

6. 1 2  Draw an enthalpy diagram for a general endothermic reac­
tion; label axis, reactants, products, and t1H with its sign. 

6. 1 3  Write a balanced equation and draw an approximate enthalpy 
diagram for each of the fol lowing: (a) the combustion of 1 mol 
of methane in oxygen; (b) the freezing of liquid water. 

6. 1 4  Write a balanced equation and draw an approximate enthalpy 
diagram for each of the following: (a) the formation of 1 mol of 
sodium chloride from its elements (heat is released) ;  (b) the con­
version of liquid benzene to gaseous benzene. 

6. 1 5  Write a balanced equation and draw an approximate enthalpy 
diagram for each of the following changes: (a) the combustion of 
1 mol of liquid ethanol (C2HsOH); (b) the formation of I mol of 
nitrogen dioxide from its elements (heat is absorbed). 

6. 1 6  Write a balanced equation and draw an approximate enthalpy 
diagram for each of the following changes: (a) the sublimation of 
dry ice [conversion of CO2(s) directly to CO2(g)] ; (b) the reac­
tion of 1 mol of sulfur dioxide with oxygen. 

Calorimetry: Laboratory Measurement of Heats of Reaction 
(Sample Problems 6.3 to 6.5) 

6. 1 7  Why can we measure only changes in enthalpy, not absolute 
enthalpy values? 

6. 1 8  What data do you need to determine the specific heat capac­
ity of a substance? 

6. 1 9  Is the specific heat capacity of a substance an intensive or ex­
tensive property? Explain. 

16.20 Calculate q when 1 2.0 g of water is heated from 20.oC to 
1 00.oC. 

6.2 1 Calculate q when 0 . 1 0  g of ice is cooled from 1 0. oC to 
-75°C (Cice = 2.087 J/g-K). 

6.22 A 295-g aluminum engine part at an initial temperature of 
3.00°C absorbs 85.0 kJ of heat. What is the final temperature of 
the part (c of Al = 0.900 Jig' K)? 

6.23 A 27.7 -g sample of ethylene glycol, a car radiator coolant, 
loses 688 J of heat. What was the initial  temperature of the 
ethylene glycol if the final temperature is 32.5°C (c of ethylene 
glycol = 2.42 Jig' K)? 

6.24 Two iron bolts of equal mass-one at 1 00. oC, the other at 
55°C-are placed in an insulated container. Assuming the heat 
capacity of the container is negligible, what is the final tempera­
ture inside the container (c of iron = 0.450 Jig' K)? 

6.25 One piece of copper jewelry at 105°C has exactly twice the 
mass of another piece, which is at 45°C. Both pieces are placed 
inside a calorimeter whose heat capacity is negligible. What is 
the final temperature inside the calorimeter (c of copper = 
0.387 Jig' K)? 

6.26 When 1 65 mL of water at 22°C is mixed with 85 mL of wa­
ter at 82°C, what is the final temperature? (Assume that no heat 
is lost to the surroundings; d of water is 1 .00 g/mL.) 

6.27 An unknown volume of water at 1 8 .2°C is added to 
24.4 mL of water at 35 .0°C. If the final temperature is 23.5°C, 
what was the unknown volume? (Assume that no heat is lost to 
the surroundings; d of water i s  1 .00 g/mL.) 

6.28 High-purity benzoic acid (C6HsCOOH; t1Hrxn for combus­
tion = - 3227 kJ/mol) is used as a standard for calibrating bomb 
calorimeters. A 1 .22 1 -g sample burns in a calorimeter (heat 
capacity = 1 365 J/°C) that contains exactly 1 .200 kg of water. 
What temperature change i s  observed? 



6.29 Two aircraft rivets, one of iron and the other of copper, are 
placed in a calorimeter that has an initial temperature of 20.°C. 
The data for the metals are as follows: 

Iron Copper 

Mass (g) 30.0 20.0 
Initial T (oq 0.0 1 00.0 
c (J/g' K) 0.450 0.387 

(a) Will heat flow from Fe to Cu or from Cu to Fe? 
(b) What other information is needed to correct any measure­
ments that would be made in an actual expeliment? 
(c) What is the maximum final temperature of the system (as­
smrung the heat capacity of the calorimeter is negligible)? 

6.30 When 25.0 mL of 0.500 M H2S04 is added to 25.0 mL of 
1 .00 M KOH in  a coffee-cup calorimeter at 23.50°C, the temper­
ature rises to 30. 1 7°C. Calculate t1H of this reaction. (Assume 
that the total volume is the sum of the individual volumes and 
that the density and specific heat capacity of the solution are the 
same as for pure water.) 

Stoichiometry of Thermochemical Equations 
(Sample Problem 6.6) 

6.31 Would you expect 02(g) --+ 20(g) to have a positive or a 
negative t1Hrxn? Explain. 

6.32 Is t1H positive or negative when 1 mol of water vapor con­
denses to liquid water? Why? How does this value compare with 
that for the conversion of 2 mol of liquid water to water vapor? 

16.33 Consider the following balanced thermochemical equation 
for a reaction sometimes used for H2S production: 

iS8(S) + H2(g) --+ H2S(g) t1Hrxn = -20.2 kJ 
(a) Is this an exothermic or endothermic reaction? 
(b) What is t1Hrxn for the reverse reaction? 
(c) What is t1H when 3 .2  mol of S8 reacts? 
(d) What is t1H when 20.0 g of S8 reacts? 

6.34 Consider the following balanced thermochemical equation 
for the decomposition of the mineral magnesite: 

MgC03(s) --+ MgO(s) + CO2(g) t1Hrxn = 1 17 .3  kJ 
(a) Is heat absorbed or released in the reaction? 
(b) What )s (J.Hrxn for the reverse reaction? 
(c) What is t1H when 5 .35 mol of CO2 reacts with excess MgO? 
(d) What is t1H when 35.5 g of CO2 reacts with excess MgO? 

6.35 When 1 mol of NO(g) forms from its elements, 90.29 kJ of 
heat is absorbed. (a) Write a balanced thermochemical equation 
for this reaction. (b) How much heat is involved when 1 .50 g of 
NO decomposes to its elements? 

6.36 When 1 mol of KEr(s) decomposes to its elements, 394 kJ of 
heat is absorbed. (a) Write a balanced thermochemical equation 
for this reaction. (b) How much heat is released when 1 0.0 kg of 
KBr forms from its elements? 

6.37 Liquid hydrogen peroxide, an oxidizing agent in many rocket 
fuel mixtures, releases oxygen gas on decomposition: 

2H202(1) --+ 2H20(l) + 02(g) t1Hrxn = - 1 96. 1 kJ 
How much heat is released when 732 kg of H202 decomposes? 

6.38 Compounds of boron and hydrogen are remarkable for their 
unusual bonding (described in Section 14.5) and also for their 
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reactivity. With the more reactive halogens, for example, diborane 
(B2H6) forms trihalides even at low temperatures: 
B2H6(g) + 6CI2(g) --+ 2BCI3(g) + 6HCl(g) 

t1Hrxn = -755.4 kJ 
How much heat i s  released per kilogram of diborane that reacts? 

6.39 Ethylene (C2H4) is the starting material for the preparation of 
polyethylene. Although typically made during the processing of 
petroleum, ethylene occurs naturally as a fruit-ripening hormone 
and as a component of natural gas. 
(a) The heat of reaction for the combustion of C2H4 is 
- 1 4 1 1 kJ/mo!. Write a balanced thermochemical equation for 
the combustion of C2H4. 
(b) How many grams of C2H4 must burn to give 70.0 kJ of heat? 

6.40 Sucrose (C'2H220 , ] ,  table sugar) is oxidized in the body 
by O2 via a complex set of reactions that ultimately produces 
CO2(g) and H20(g) and releases 5 .64X 1 0

3 
kJ/mol sucrose. 

(a) Write a balanced thermochemical equation for this reaction. 
(b) How much heat is released per gram of sucrose oxidized? 

Hess's Law of Heat Summation 
(Sample Problem 6.7) 

6.4 1 Express Hess's law in  your own words. 

16.42 Calculate t1Hrxn for 
Ca(s) + i02(g) + COzCg) --+ CaC03(s) 

given the following set of reactions: 
Ca(s) + i02(g) --+ CaO(s) t1H = -635 . 1  kJ 

CaC03(s) --+ CaO(s) + CO2(g) t1H = 178 .3 kJ 
6.43 Calculate t1Hrxn for 

2NOCl(g) --+ N2(g) + 02(g) + CI2(g) 
given the following set of reactions: 

iN2(g) + i02(g) --+ NO(g) t1H = 90.3 kJ 

NO(g) + iCI2(g) --+ NOC1(g) t1H = -38.6 kJ 

6.44 Write the balanced overall equation for the following 
process (equation 3) ,  calculate t1Hovera' I >  and match the num­
ber of each equation with the letter of the appropriate arrow in 
Figure P6.44: 
( 1 )  NzCg) + 02(g) --+ 2NO(g) t1H = 1 80.6 kJ 

(2) 2NO(g) + 02(g) --+ 2N02(g) t1H = - 1 14.2 kJ 

(3) t1H overall = ? 
6.45 Write the balanced overall equation for the following process 

(equation 3), calculate t1Hovera'I> and match the number of each 
equation with the letter of the appropriate arrow in Figure P6.45: 
( 1 )  P4(s) + 6CI2(g) --+ 4PCI3(g) t1H = - 1 148 kJ 

(2) 4PCI3(g) + 4CI2(g) --+ 4PCls(g) t1H = -460 kJ 

(3) t1Hoverali = ? 

.� .. 
B 

B 

A ... ,.. 

C 

Figure P6.44 Figure P6.45 
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6.46 Diamond and graphite are two crystalline forms of carbon. At 
1 atm and 25°C, diamond changes to graphite so slowly that the 
enthalpy change of the process must be obtained indirectly. De­
termine 6.Hrxn for 

C(diamond) ----+ C(graphite) 
with equations from the following list: 
( 1 )  C(diamond) + Oz(g) ----+ COz(g) 
(2) 2C02(g) ----+ 2CO(g) + 02(g) 
(3) C(graphite) + 02(g) ----+ CO2(g) 
(4) 2CO(g) ----+ C(graphite) + CO2(g) 

Standard Heats of Reaction (.iH;xn) 
(Sample Problems 6.8 and 6.9) 

6.H = -395A kJ 

6.H = 566.0 kJ 

6.H = -393.5 kJ 

6.H = - 172.5 kJ 

6.47 What is the difference between the standard heat of formation 
and the standard heat of reaction? 

6.48 Make any changes needed in each of the following equations 
to make 6.H�xn equal to 6.H'f for the compound present: 
(a) Cl(g) + Na(s) ----+ NaCl(s) 
(b) H20(g) ----+ 2H(g) + �02(g) 
(c) �N2(g) + �H2(g) ----+ NH3(g) 

16.49 Write balanced formation equations at standard conditions 
for each of the following compounds: (a) CaCI2; (b) NaHC03 ; 
(c) CCI4; (d) HN03 . 

6.50 Write balanced formation equations at standard conditions 
for each of the following compounds: (a) HI; (b) SiF4; (c) 03; 
(d) Ca3(P04h-

6.5 1  Calculate 6.H�xn for each of the following: 
(a) 2H2S(g) + 302(g) ----+ 2S02(g) + 2H20(g) 
(b) CH4(g) + CI2(g) ----+ CCI4(1) + HCl(g) [unbalanced] 

6.52 Calculate 6.H�xn for each of the following: 
(a) Si02(s) + 4HF(g) ----+ SiF4(g) + 2HzO(I) 
(b) C2H6(g) + 0z(g) ----+ COz(g) + HzO(g) [unbalanced] 

6.53 Copper(I) oxide can be oxidized to copper(II) oxide: 
CuzO(s) + �Oz(g) ----+ 2CuO(s) 6.H�xn = - 146.0 kJ 

Given that 6.H'f of CuzO(s) = - 168.6 kJ/mol, what is 6.H'f 
of CuO(s)? 

6.54 Acetylene bums in air according to the following equation: 
CzHz(g) + � Oz(g) ----+ 2C02(g) + HzO(g) 

6.H�xn = - 1 255.8 kJ 
Given that 6.H'f of COz(g) = - 393 .5  kJ/mol and that 
6.H'f of HzO(g) = - 24 1 .8 kJ/mol, what is 6.H'f of CZH2(g)? 

6.55 Nitroglycerine, C3Hs(N03h(I), a powerful explosive used in 
mining, detonates to produce a hot gaseous mixture of nitrogen, 
water, carbon dioxide, and oxygen. 
(a) Write a balanced equation for this reaction using the smallest 
whole-number coefficients. 
(b) If 6.H�xn = -2.29X 1 04 kJ for the equation as written in 
part (a), calculate 6.H'f of nitroglycerine. 

6.56 The common lead-acid car battery produces a large burst of 
current, even at low temperatures, and is rechargeable. The reac­
tion that occurs while recharging a "dead" battery is 

2PbS04(s) + 2HzO(I) ----+ Pb(s) + Pb02(s) + 2HzS04(l) 
(a) Use 6.H'f values from Appendix B to calculate 6.H�xn' 
(b) Use the following equations to check your answer in part (a): 
( 1 )  Pb(s) + PbOz(s) + 2S03(g) ----+ 2PbS04(s) 

6.W = -768 kJ 
(2) S03(g) + Hz0(l) ----+ HZS04(l) 6.W = - 1 32 kJ 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

6.57 Stearic acid (C l sH360Z) is a typical fatty acid, a molecule 
with a long hydrocarbon chain and an organic acid group 
(COOH) at the end. It is used to make cosmetics, ointments, 
soaps, and candles and is found in animal tissue as part of many 
saturated fats .  In fact, when you eat meat, chances are that you 
are ingesting some fats that contain stearic acid. 
(a) Write a balanced equation for the complete combustion of 
stearic acid to gaseous products. 
(b) Calculate 6.H�xn for this combustion (6.H'f = -948 kllmo!). 
(c) Calculate the heat (q) in kJ and kcal when 1 .00 g of stearic 
acid is burned completely. 
(d) The nutritional information for a candy bar states that one 
serving contains 1 1 .0 g of fat and 1 00. Cal from fat ( l  Cal = 
1 kcal). Is this information consistent with your answer for part (c)? 

6.58 A balloonist is preparing to make a trip in a helium-filled bal­
loon. The trip begins in early morning at a temperature of 1 5°C. 
By midafternoon, the temperature has increased to 30.°C. As­
suming the pressure remains constant at 1 .00 atm, for each mole 
of helium, calculate: 
(a) The initial and final volumes 
(b) The change in internal energy, 6.E [Hint: Helium behaves 
like an ideal gas, so E = �nRT. Be sure the units of R are consis­
tent with those of E.] 
(c) The work (w) done by the helium (in J) 
(d) The heat (q) transferred (in J) 
(e) 6.H for the process (in J) 
(f) Explain the relationship between the answers to (d) and (e). 

6.59 In winemaking, the sugars in grapes undergo fermentation by 
yeast to yield CH3CHzOH and COz. During cellular respiration, 
sugar and ethanol are "burned" to water vapor and COz. 
(a) Using C6H 1 Z06 for sugar, calculate 6.H�xn of fermentation 
and of respiration (combustion). 
(b) Write a combustion reaction for ethanol. Which has a higher 
6.H7-xn for the combustion per mol of C, sugar or ethanol? 

6.60 Iron metal is produced in a blast furnace through a complex 
series of reactions that involve reduction of iron (III) oxide with 
carbon monoxide. 
(a) Write a balanced overall equation for the process, including 
the other product. 
(b) Use the equations below to calculate 6.H�xn for the 
overall equation: 

( 1 )  3Fe203(S) + CO (g) ----+ 2Fe30is) + COz(g) 
6.W = -48.5 kJ 

(2) Fe(s) + COz(g) ----+ FeO(s) + CO(g) 6.Ho = - 1 1 .0 kJ 
(3) Fe304(S) + CO(g) ----+ 3FeO(s) + COz(g) 6.W = 22 kJ 

6.61 Pure liquid octane (CSH 1S; d = 0.702 g/mL) is used as the 
fuel in a test of a new automobile drive train. 
(a) How much energy (in kJ) is released by complete combus­
tion of the octane in a 20A-gal fuel tank to gases (6.H�xn = 
-5A5 X I 03 kJ/mol)? 
(b) The energy delivered to the wheels at 65 mph is 5 .5 X 104 kJ/h. 
Assuming all the energy is transferred to the wheels, what is the 
cruising range (in km) of the car on a full tank? 
(c) If the actual cruising range is 455 miles, explain your answer 
to part (b). 

6.62 When simple sugars, called monosaccharides, link to­
gether, they form a variety of complex sugars and, ultimately, 



polysaccharides, such as starch, glycogen, and cellulose. Glu­
cose and fructose have the same formula, C6H 1 2°6, but different 
arrangements of atoms. They link together to form a molecule of 
sucrose (table sugar) and a molecule of liquid water. The t1H'f 
values of glucose, fructose, and sucrose are - 1 273  kJ/mol, 
- 1 266 kJ/mol, and - 2226 kJ/mol, respectively. Write a bal­
anced equation for this reaction and calculate t1H�xn' 

6.63 Oxidation of gaseous CLF by F2 yields liquid ClF3, an impor­
tant fluorinating agent. Use the following thermochemical equa­
tions to calculate t1H�xn for the production of ClF3: 

( 1 )  2CIF(g) + 02(g) � CI20(g) + OF2(g) t1W = 1 67.5 kJ 
(2) 2F2(g) + 02(g) � 20F2(g) t1W = -43.5 kJ 
(3) 2CIF3(l) + 202(g) � CI20(g) + 30F2(g) 

t1W = 394. 1 kJ 
6.64 Silver bromide is used to coat ordinary black-and-white pho­

tographic film, while high-speed fil m  uses silver iodide. 
(a) When 50.0 mL of 5 .0 gIL AgN03 is added to a coffee-cup 
calorimeter containing 50.0 mL of 5 .0 gIL NaI, with both solu­
tions at 25°C, what mass of AgI forms? 
(b) Use Appendix B to find t1H�xn-
(c) What is t1Tsoln (assume the volumes are additive and the so­
lution has the density and specific heat capacity of water)? 

* 6.65 Whenever organic matter is decomposed under oxygen-free 
(anaerobic) conditions, methane is one of the products. Thus, 
enormous deposits of natural gas, which is almost entirely 
methane, exist as a major source of fuel for home and industry. 
(a) It is estimated that known sources of natural gas can produce 
5600 EJ of energy ( 1  EJ = 1 0 1 8 J). Current total global energy us­
age is 4.0X 1 0

2 
EJ per year. Find the mass (in kg) of known sources 

of natural gas (t1H�xn for combustion of CH4 = -802 kJ/mol) .  
(b) For how many years could these sources supply the world's 
total energy needs? 
(c) What volume (in ft

3
) of natural gas is required to heat 1 .00 qt 

of water from 20.0°C to 1 00.0°C (d of H20 = 1 .00 g/mL; d of 
CH4 at STP = 0.72 gIL)? 
(d) The fission of 1 mol of uranium (about 4X 1 0-4 ft3) in a nu­
clear reactor produces 2X 10 1 3 

J .  What volume (in ft
3
) of natural 

gas would produce the same amount of energy? 
6.66 The heat of atomization (t1H�tolll) is the heat needed to form 

separated gaseous atoms from a substance in its standard state. 
The equation for the atomization of graphite is 

C(graphite) � C(g) 
Use Hess's law to calculate t1H�tolll of graphite from these data: 
( 1 )  t1H'f of CH4 = -74.9 kJ/mol 
(2) t1H�tolll of CH4 = 1 660 kJ/mol 
(3) t1H�tolll of H2 = 432 kJ/mol 

6.67 A reaction is carried out in a steel vessel within a chamber 
filled with argon gas. Below are molecular views of the argon ad­
jacent to the surface of the reaction vessel before and after the 
reaction. Was the reaction exothermic or endothermic? Explain. 

Before reaction After reaction 
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6.68 Benzene (C6H6) and acetylene (C2H2) have the same empiri­
cal formula, CH. Which releases more energy per mole of CH 
(t1H'f of gaseous C6H6 = 82.9 kJ/mol)? 

6.69 Kerosene, a common space-heater fuel, is  a mixture of 
hydrocarbons whose "average" formula is C 1 2H26. 
(a) Write a balanced equation, using the simplest whole-number 
coefficients, for the complete combustion of kerosene to gases. 
(b) If t1H�xn = - 1 .50X l 04 kJ for the combustion equation as 
written in part (a), determine t1H'f of kerosene. 
(c) Calculate the heat produced by combustion of 0.50 gal of 
kerosene (d of kerosene = 0.749 g/mL). 
(d) How many gallons of kerosene must be burned for a kerosene 
furnace to produce 1 250. Btu ( 1  Btu = 1 .055 kJ)? 

* 6.70 Coal gasification is a multistep process to convert coal into 
cleaner-burning gaseous fuels. In one step, a certain coal sample 
reacts with superheated steam: 
C(coal) + H20(g) � CO(g) + H2(g) t1H�xn = 1 29.7 kJ 
(a) Combine this reaction with the following two to write an 
overall reaction for the production of methane: 
CO(g) + H20(g) � CO2(g) + H2(g) t1H�xn = -4 1 kJ 
CO(g) + 3H2(g) � CH4(g) + H20(g) t1H�xn = -206 kJ 
(b) Calculate t1H�xn for this overall change. 
(c) Using the value in (b) and calculating the t1H�xn for combus­
tion of methane, find the total heat for gasifying 1 .00 kg of coal 
and burning the methane formed (assume water forms as a gas 
and .M of coal = 1 2 .00 g/mol ) .  

6.71 Phosphorus pentachloride i s  used in the industrial prepara­
tion of organic phosphorus compounds. Equation 1 shows its 
preparation from PCl3 and C12: 
( 1 )  PCI3(l) + CI2(g) � PCLs(s) 
Use equations 2 and 3 to calculate t1Hrxn of equation 1 :  
(2) P4(s) + 6CI2(g) � 4PCI3(l) t1H = - 1 280 kJ 
(3) P4(s) + 10CI2(g) � 4PCIs(s) t1H = - 1 774 kJ 

6.72 A typical candy bar weighs about 2 oz ( 1.00 oz = 28.4 g). 
(a) Assuming that a candy bar is 1 00% sugar and that 1 .0 g of 
sugar is equivalent to about 4.0 Calories of energy, calculate the 
energy (in kJ) contained in a typical candy bar. 
(b) Assuming that your mass i s  58 kg and you convert chemical 
potential energy to work with 1 00% efficiency, how high would 
you have to climb to work off the energy in a candy bar? (Poten­
tial energy = mass X g X height, where g = 9.8 m/s

2
.) 

(c) Why is your actual conversion of potential energy to work 
less than 1 00% efficient? 

6.73 Silicon tetrachloride is produced annually on the multikiloton 
scale for making transistor-grade si l icon. It can be made directly 
from the elements (reaction 1 )  or, more cheaply, by heating sand 
and graphite with chlorine gas (reaction 2). If water is present in 
reaction 2, some tetrachloride may be lost in an unwanted side 
reaction (reaction 3) :  
( 1 )  SICs) + 2CL2(g) � SiCI4(g) 
(2) Si02(s) + 2C(graphite) + 2CI2(g) � SiCI4(g) + 2CO(g) 
(3) SiCI4(g) + 2H20(g) � Si02(s) + 4HCl(g) 

t1H�xn = - 1 39.5 kJ 
(a) Use reaction 3 to calculate the heats of reaction of reactions 
1 and 2. (b) What is the heat of reaction for the new reaction that 
is the sum of reactions 2 and 3? 

6.74 Use the following information to find t1H'f of gaseous HCI: 
N2(g) + 3H2(g) � 2NH3(g) t1H�xn = -9 1 . 8 kJ 

N2(g) + 4H2(g) + CI2(g) � 2NH4CI(s) t1H�xn = -628.8 kJ 
NH3(g) + HCI(g) � NH4CI(s) t1H�xn = - 1 76.2 kJ 
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• 6.75 You want to determine !:lHo for the reaction 
Zn(s) + 2HCl(aq) -- ZnCI2(aq) + H2(g) 

(a) To do so, you first determine the heat capacity of a calorime­
ter using the following reaction, whose !:lH is known: 
NaOH(aq) + HCl(aq) -- NaCl(aq) + H20(l) 

!:lW = -57.32 kJ 
Calculate the heat capacity of the calorimeter from these data: 

Amounts used: 50.0 mL of 2.00 M HCl and 50.0 mL of 
2.00 M NaOH 

Initial T of both solutions: 1 6.9°C 
Maximum T recorded during reaction: 30AoC 
Density of resulting NaCl solution: 1 .04 g/mL 
c of 1 .00 M NaCl(aq) = 3 .93 Jig' K 

(b) Use the result from part (a) and the following data to deter­
mine !:lH�xn for the reaction between zinc and HCl(aq): 

Amounts used: 1 00.0 mL of 1 .00 M HCI and 1 .3078 g of Zn 
Initial T of HCl solution and Zn: 1 6.8°C 
Maximum T recorded during reaction: 24. 1 °C 
Density of 1 .0 M HCl solution = 1 .0 1 5  g/mL 
c of resulting ZnCI2(aq) = 3.95 Jig' K 

(c) Given the values below, what is the error in your experiment? 
!:lHJ? of HCI(aq) = - 1 .652 X I0

2 
kJ/mol 

!:lHJ? of ZnCI2(aq) = -4.822 X 1 02 kJ/mol 
• 6.76 One mole of nitrogen gas confined within a cylinder by a pis­

ton is heated from O°C to 8 1 9°C at 1 .00 atm. 
(a) Calculate the work of expansion of the gas in joules ( 1  J = 
9.87X 1 0-3 atm·L). Assume all the energy is used to do work. 

(b) What would be the temperature change if the gas were heated 
with the same amount of energy in a container of fixed volume? 
(Assume the specific heat capacity of N2 is 1 .00 Jig' K.) 

6.77 The chemistry of nitrogen oxides is very versati le. Given the 
following reactions and their standard enthalpy changes, 
( 1 )  NO(g) + N02(g) -- N203(g) !:lH�xn = -39.8 kJ 
(2) NO(g) + N02(g) + 02(g) -- N205(g) !:lH�xn = - 1 1 2.5 kJ 
(3) 2N02(g) -- N204(g) !:lH�xn = -57.2 kJ 
(4) 2NO(g) + 02(g) -- 2N02(g) !:lH�xn = - 1 14.2 kJ 
(5) N205(g) -- N205(S) !:lH�xn = -54. 1 kJ 
calculate the heat of reaction for 

N203(g) + N205(S) -- 2N204(g) 
• 6.78 Liquid methanol (CH30H) is used as an alternative fuel in 

truck engines. An industrial method for preparing it  uses the cat­
alytic hydrogenation of carbon monoxide: 

CO(g) + 2H2(g) 
catalyst ) 

CH30H(I) 
How much heat (in kJ) is released when 1 5 .0 L of CO at 85°C 
and 1 1 2 kPa reacts with 1 8 .5 L of H2 at 75°C and 744 torr? 

• 6.79 (a) How much heat is released when 25 .0 g of methane burns 
in excess O2 to form gaseous products? 
(b) Calculate the temperature of the product mixture if the 
methane and air are both at an initial temperature of O.O°C. 
Assume a stoichiometric ratio of methane to oxygen from the 
air, with air being 2 1  % O2 by volume (c of CO2 = 57.2 J/mo] 'K; 
c of H20(g) = 36.0 J/mol' K; c of N2 = 30.5 Jimol' K).  



Key Principles 
• All forms of electromagnetic radiation can be characterized as waves 

traveling at the speed of light (c) . The properties of a wave are its 
wavelength (1\, distance between corresponding points on adjacent 
waves), frequency (v, number of cycles the wave undergoes per 
second), and amplitude (height of the crest or trough), which is re­
lated to the intensity (brightness) of the light. A region of the electro­
magnetic spectrum includes a range of wavelengths. 

• Although light seems to have a wavelike nature, certain phenomena­
blackbody radiation (light emitted by very hot objects), the photo­
electric effect (the flow of current when light strikes a metal surface), 
and atomic spectra (separate lines of different colors observed when 
a substance is excited)-can only be explained if light energy con­
sists of "packets" (quanta) of energy. The energy of a quantum is 
related to the light's frequency. 

• According to the Bohr model, an atomic spectrum consists of sepa­
rate lines because an atom has only certain, allowable energy levels 
(states). The energy of the atom changes when an electron moves 
from one orbit to another as the atom absorbs (or emits) light of a 
specific frequency. 

Outline 

• Wave-particle duality means that matter has wavelike properties and 
energy has particle-like properties. These properties become ob­
servable only at the atomic scale. Because of wave-particle duality, 
we can never know the exact position and momentum of an elec­
tron simultaneously (uncertainty principle) . 

• According to the quantum-mechanical model, each energy state of an 
atom is associated with an atomic orbital, a mathematical function 
describing an electron's motion in three dimensions. We can know 
the probability that the electron is within a particular tiny volume of 
space, but not its exact location. This probability decreases quickly 
with distance from the nucleus. 

• Quantum numbers denote the size (n), shape (t), and spatial orientation 
(ml) of each atomic orbital. An energy level consists of sublevels, which 
consist of orbitals. There is a hierarchy among the quantum numbers: 
n determines the values of I, which determines the values of mi' 

• In the H atom, there is only one electron. For this simplest case, the 
energy state of the H atom depends only on the prinCipal quantum 
number (n). 

7.1 The Nature of Light 
Wave Nature of Light 
Particle Nature of Light 

7.3 The Wave-Particle Duality of Matter 
and Energy 

7.4 The Quantum-Mechanical Model 
of the Atom 

7.2 Atomic Spectra 
Bohr Model of the Hydrogen Atom 
Energy States of the Hydrogen Atom 
Spectral Analysis 

Wave Nature of Electrons and Particle 
Nature of Photons 

Heisenberg Uncertainty Principle 

The Atomic Orbital 
Quantum Numbers 
Shapes of Atomic Orbitals 
The Special Case of the Hydrogen Atom 
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Concepts & Skills to Review 
Before You Study This Chapter 

• discovery of the electron and atomic 
nucleus (Section 2.4) 

• major features of atomic structure 
(Section 2.5) 

• changes in energy state of a system 
(Section 6.1) 

Figure 7. 1 Frequency and wavelength. 
Three waves with d ifferent wavelengths 
(A) and thus different frequencies (v) are 
shown. Note that as the wavelength 
decreases, the frequency increases, and 
vice versa. 

CHAPTER 7 Quantum Theory and Atomic Structure 

Over a few remarkable decades-from around 1 890 to 1 930-a revolution took 
place in how we view the makeup of the universe. But revolutions in science 

are not the violent upheavals of political overthrow. Rather, flaws appear in an 
established model as conflicting evidence mounts, a startling discovery or two 
widens the flaws into cracks, and the conceptual structure crumbles gradually from 
its inconsistencies. New insight, verified by experiment, then guides the building 
of a model more consistent with reality. So it was when Dalton's atomic theory 
established the idea of individual units of matter, and when Rutherford's nuclear 
model substituted atoms with rich internal structure for "plum puddings." In this 
chapter, you will see this process unfold again with the development of modern 
atomic theory. 

Almost as soon as Rutherford proposed his nuclear model, a major problem 
arose. A nucleus and an electron attract each other, so if they are to remain apart, 
the energy of the electron's motion (kinetic energy) must balance the energy of 
attraction (potential energy) .  However, the laws of classical physics had estab­
lished that a negative particle moving in a curved path around a positive one must 
emit radiation and thus lose energy. If this requirement applied to atoms, why 
didn' t  the orbiting electron lose energy continuously and spiral into the nucleus? 
Clearly, if electrons behaved the way classical physics predicted, all atoms would 
have collapsed eons ago ! The behavior of subatomic matter seemed to violate real­
world experience and accepted principles. 

The breakthroughs that soon followed Rutherford's model forced a complete 
rethinking of the classical picture of matter and energy. In the macroscopic world, 
the two are distinct. Matter occurs in chunks you can hold and weigh, and you 
can change the amount of matter in a sample piece by piece. In contrast, energy 
is "massless," and its quantity changes in a continuous manner. Matter moves in 
specific paths, whereas light and other types of energy travel in diffuse waves. As 
you' ll see in this chapter, however, as soon as 20th -century scientists probed the 
subatomic world, these clear distinctions between particulate matter and wavelike 
energy began to fade, revealing a much more amazing reality. 

7.1 THE NATURE OF LIGHT 

Visible light is one type of electromagnetic radiation (also called electromag­
netic energy or radiant energy). Other familiar types include x-rays, microwaves, 
and radio waves. All electromagnetic radiation consists of energy propagated by 
means of electric and magnetic fields that alternately increase and decrease in 
intensity as they move through space. This classical wave model distinguishes 
clearly between waves and particles; it is essential for understanding why rain­
bows form, how magnifying glasses work, why objects look distorted under water, 
and many other everyday observations. But, it cannot explain observations on the 
atomic scale because, in that unfamiliar realm, energy behaves as though it con­
sists of particles ! 

The Wave Nature of Light 
The wave properties of electromagnetic radiation are described by two interde­
pendent variables, as Figure 7 . 1 shows: 

• Frequency (v, Greek nu) is the number of cycles the wave undergoes per sec­
ond and is expressed in units of l Isecond [s - I ;  also called hertz (Hz)] .  

• Wavelength (A,  Greek lambda) is  the distance between any point on a wave 
and the corresponding point on the next crest (or trough) of the wave, that is,  
the distance the wave travels during one cycle. Wavelength is expressed in 
meters and often, for very short wavelengths, in nanometers (nm, 1 0-9 m), 
picometers (pm, 10- 1 2 m), or the non-SI unit angstroms (A, 1 0 - 10  m). 



7. 1 The Nature of Light 

The speed of the wave, the distance traveled per unit time (in units of meters 
per second), is the product of its frequency (cycles per second) and its wavelength 
(meters per cycle): 

� m m 
Units for speed of wave: -- X -- = -

s � s 

In a vacuum, all types of electromagnetic radiation travel at 2.99792458 X 1 0
8 

mls 
(3 .00X 1 08 mls to three significant figures), which is a physical constant called 
the speed of light (c): 

c = v X x.  (7.1 ) 
As Equation 7 . 1  shows, the product of v and A is a constant. Thus, the individ­
ual terms have a reciprocal relationsrup to each other: radiation with a high fre­
quency has a short wavelength, and vice versa. 

Another characteristic of a wave is its amplitude, the height of the crest (or 
depth of the trough) of each wave (Figure 7.2). The amplitude of an electromag­
netic wave is a measure of the strength of its electric and magnetic fields. Thus, 
amplitude is  related to the intensity of the radiation, which we perceive as bright­
ness in the case of visible light. Light of a particular color-fire-engine red, for 
instance-has a specific frequency and wavelength, but it can be dimmer (lower 
amplitude) or brighter (higher amplitude). 

The Electromagnetic Spectrum Visible light represents a smaIl portion of the con­
tinuum of radiant energy known as the electromagnetic spectrum (Figure 7 .3) .  
All the waves in the spectrum travel at the same speed through a vacuum but dif­
fer in frequency and, therefore, wavelength. Some regions of the spectrum are 
utilized by particular devices; for example, the long-wavelength, low-frequency 
radiation is used by microwave ovens and radios. Note that each region meets the 
next. For instance, the infrared (IR) region meets the microwave region on one 
end and the visible region on the other. 

We perceive different wavelengths (or frequencies) of visible light as differ­
ent colors, from red (A = 750 nm) to violet (A = 400 nm). Light of a single 
wavelength is called monochromatic (Greek, "one color"), whereas light of many 
wavelengths is  polychromatic. White light is polychromatic. The region adjacent 
to visible light on the short-wavelength end consists of ultraviolet (UV) radia­
tion (also called ultraviolet light) . Still shorter wavelengths (higher frequencies) 
make up the x-ray and gamma (-y) ray regions. Thus, a TV signal, the green light 
from a traffic signal, and a gamma ray emitted by a radioactive element all travel 
at the same speed but differ in their frequency (and wavelength). 
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Figure 7.2 Amplitude (intensity) of a 
wave. Amplitude is represented by the 

height of the crest (or depth of the trough) 
of the wave. The two waves shown have 
the same wavelength (color) but different 
ampl itudes and, therefore, d ifferent 
brightnesses (intensities). 

Figure 7.3 Regions of the electromag­
netic spectrum. The electromagnetic 

spectrum extends from the very short 

wavelengths (very high frequencies) of 
gamma rays through the very long wave­
lengths (very low frequencies) of radio 
waves. The relatively narrow visible region 
is expanded (and the scale made linear) 
to show the component colors. 
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Wavelength (given units) 

1 A = 1 0-10 m 
1 em = 1 0-2 m 
1 0m = 1 0-9 m 

Wavelength (m) 

c v = -
A 

Frequency (5-1 or Hz) 

CHAPTER 7 Quantum Theory and Atomic Structure 

SAMPLE PROBLEM 7.1 Interconverting Wavelength and Frequency 
Problem A dental hygienist uses x-rays (A = 1 .00 A) to take a series of dental radiographs 
while the patient l istens to a radio station (A = 325 cm) and looks out the window at the 
blue sky (A = 473 nm). What is the frequency (in s- J ) of the electromagnetic radiation 
from each source? (Assume that the radiation travels at the speed of light, 3 .00X l OS mls.) 
Plan We are given the wavelengths, so we use Equation 7. 1 to find the frequencies. How­
ever, we must first convert the wavelengths to meters because c has units of mls. 
Solution For the x-rays: Converting from angstroms to meters, 

1 0 - 1 0 m A = 1 .00 A X 
1 A = 1 .00X l O - 10  m 

Calculating the frequency: 

v = � = 3 .00X 1 08 m/s = 3.00 X l O1 S S- I 
A 1 .00X 10 10 m 

For the radio signal: Combining steps to calculate the frequency, 

c 3 .00X lOS mls v = - =  A 10
2

m 
325 cm X --­

l cm 

For the blue sky: Combining steps to calculate the frequency, 

c 3.00X l OS mls v = - =  
A 1 0 9 m 

473 nm X --­
I nm 

Check The orders of magnitude are correct for the regions of the electromagnetic spec­
trum (see Figure 7.3) :  x-rays ( 1 0 19 to 1 016 S- I ), radio waves ( 1 09 to 1 04 8- 1 ), and visi­
ble light (7.5 X 10 14 to 4.0X 1 0 14 S- I ) .  
Comment The radio station here is broadcasting at  92 .3  X 1 06 s - I ,  or 92 .3  million Hz 
(92.3 MHz), about midway in the FM range. 

FOLLOW·UP PROBLEM 7.1 Some diamonds appear yellow because they contain 
nitrogen compounds that absorb purple light of frequency 7 .23 X 1 0  1 4 Hz. Calculate the 
wavelength (in nm and A) of the absorbed light. 

The Distinction Between Energy and Matter In the everyday world around us, 
energy and matter behave very differently. Let's examine some important differ­
ences. Light of a given wavelength travels at different speeds through different 
transparent media-vacuum, air, water, quartz, and so forth. Therefore, when a 
light wave passes from one medium into another, say, from air to water, the speed 
of the wave changes. Figure 7 .4A shows the phenomenon known as refraction. 
If the wave strikes the boundary between air and water, at an angle other than 
90°, the change in speed causes a change in direction, and the wave continues at 
a different angle. The new angle (angle of refraction) depends on the materials 
on either side of the boundary and the wavelength of the light. In the process of 
dispersion, white light separates (disperses) into its component colors, as when it 
passes through a prism, because each incoming wave is refracted at a slightly dif­
ferent angle. Rainbows result when sunlight is dispersed through water droplets. 

In contrast, a particle, like a pebble, does not undergo refraction when pass­
ing from one medium to another. Figure 7.4B shows that if you throw a pebble 
through the air into a pond, its speed changes abruptly and then it continues to 
slow down gradually in a curved path. 

When a wave strikes the edge of an object, it bends around it in a phenom­
enon called diffraction. If the wave passes through a slit about as wide as its 
wavelength, it bends around both edges of the slit and forms a semicircular wave 
on the other side of the opening, as shown in Figure 7 .4C. 
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7. 1 The Nature of Light 

Once again, particles act very differently. Figure 7 .4D shows that if you throw 
a collection of particles, like a handful of sand, at a small opening, some parti­
cles hit the edge, while others go through the opening and continue linearly in a 
narrower group. 

If waves of light pass through two adj acent slits, the emerging circular waves 
interact with each other through the process of intelference. If the crests of the 
waves coincide (in phase), they interfere constructively and the amplitudes add 
together. If the crests coincide with troughs (out of phase), they interfere destruc­
tively and the amplitudes cancel. The result is a diffraction pattern of brighter and 
darker regions (Figure 7 .5) .  In contrast, particles passing through adjacent open­
ings continue in straight paths, some colliding with each other and moving at dif­
ferent angles. 

At the end of the 1 9th century, all everyday and laboratory experience seemed 
to confirm these classical distinctions between the wave nature of energy and the 
particle nature of matter. 
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Figure 7.4 Different behaviors of waves 
and particles. A, A wave passing from air 
into water is refracted (bent at an angle). 
B, In  contrast, a particle of matter (such 
as a pebble) entering a pond moves in a 
curved path, because gravity and the 
greater resistance (drag) of the water slow 
it down gradually. C, A wave is diffracted 
through a small opening, which gives rise 
to a circular wave on the other side. (The 
l ines represent the crests of water waves 
as seen from above.) D, In contrast, when 

a collection of moving particles encoun­
ters a small opening, as when a handful 
of sand is thrown at a hole in  a fence, 
some particles move through the opening 
and continue along their individual paths. 

Figure 7.S The diffraction pattern 
caused by light passing through 
two adjacent slits. As light waves 
pass through two closely spaced 
slits, they emerge as circular waves 

and interfere with each other. They 
create a d iffraction (interference) pat­
tern of bright and dark regions on a 
sheet of fi lm.  Bright regions appear 
where crests coincide and the ampli­
tudes combine with each other (in 
phase); dark regions appear where 
crests meet troughs and the ampli­
tudes cancel each other (out of phase). 

Diffraction pattern 
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Figure 7.6 Demonstration of the photo­
electric effect. When monochromatic light of high enough frequency strikes the 
metal plate, electrons are freed from the 
plate and travel to the positive electrode, 
creating a current. 

CHAPTER 7 Quantum Theory and Atomic Structure 

The Particle Nature of Light 
Three phenomena involving matter and light confounded physicists at the turn 
of the 20th century: ( 1 )  blackbody radiation, (2) the photoelectric effect, and 
(3) atomic spectra. Explaining these phenomena required a radically new picture 
of energy. We discuss the first two here and the third in the next section. 

Blackbody Radiation and the Quantization of Energy When a solid object is 
heated to about 1 000 K, it begins to emit visible light, as you can see in the soft 
red glow of smoldering coal. At about 1 500 K, the light is  brighter and more orange, 
like that from an electric heating coil. At temperatures greater than 2000 K, the light 
is sti l l  brighter and whiter, as from the filament of a lightbulb. These changes in 
intensity and wavelength of emitted light as an object is heated are characteristic of 
blackbody radiation, light given off by a hot blackbody. * All attempts to account 
for these observed changes by applying classical electromagnetic theory failed. 
Then, in 1 900, the German physicist Max Planck ( 1 858- 1 947) made a radical 
assumption that eventually led to an entirely new view of energy. He proposed that 
the hot, glowing object could emit (or absorb) only certain quantities of energy : 

E = nhv 

where E is the energy of the radiation, v is its frequency, n is a positive integer 
( 1 ,  2, 3, and so on) called a quantum number, and h is a proportionality con­
stant now known very precisely and called Planck's constant. With energy in 
joules (J) and frequency in S - l ,  h has units of J · s :  

h = 6.62606876X 1 0-34 J -s  = 6.626 X 1 0-34 J -s  (4  sf) 

Later interpretations of Planck's proposal stated that the hot object's radiation is 
emitted by the atoms contained within it. If an atom can emit only certain quan­
tities of energy, it follows that the atom itse(f can have only certain quantities of 
energy. Thus, the energy of an atom is quantized: i t  exists only in  certain fixed 
quantities, rather than being continuous. Each change in the atom's energy results 
from the gain or loss of one or more "packets," definite amounts, of energy. Each 
energy packet is called a quantum ("fixed quantity"; plural, quanta), and its 
energy is equal to hv. Thus, an atom changes its energy state by emitting (or 
absorbing) one or more quanta, and the energy of the emitted (or absorbed) radi­
ation is equal to the difference in the atom 's energy states: 

D.EalOm = Eemitted (or absorbed) radiation = D.nhv 

Because the atom can change its energy only by integer multiples of hv, the small­
est change occurs when an atom in a given energy state changes to an adj acent 
state, that is ,  when !::..n = 1 :  

D.E = hv (7.2) 
The Photoelectric Effect and the Photon Theory of Light Despite the idea that 
energy i s  quantized, Planck and other physicists continued to picture the emitted 
energy as traveling in waves. However, the wave model could not explain the 
photoelectric effect, the flow of current when monochromatic light of sufficient 
frequency shines on a metal plate (Figure 7 .6). The existence of the current was 
not puzzling: it could be understood as arising when the light transfers energy to 
the electrons at the metal surface, which break free and are collected by the pos­
itive electrode. However, the photoelectric effect had certain confusing features, 
in particular, the presence of a threshold frequency and the absence of a time lag: 

1 .  Presence of a threshold frequency. Light shining on the metal must have a min­
imum frequency, or no current flows. (Different metals have different minimum 

*A blackbody is an idealized object that absorbs all the radiation incident on it. A hollow cube 
with a small hole in  one wall approximates a blackbody. 
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frequencies. )  The wave theory, however, associates the energy of the light with 
the amplitude (intensity) of the wave, not with its frequency (color). Thus, the 
wave theory predicts that an electron would break free when it absorbed enough 
energy from light of any color. 

2. Absence of a time lag. Current flows the moment light of this minimum fre­
quency shines on the metal, regardless of the light's intensity. The wave theory, 
however, predicts that in dim light there would be a time lag before the current 
flowed, because the electrons had to absorb enough energy to break free. 

Carrying Planck's idea of quantized energy further, the great physicist Albert 
Einstein proposed that light itself is particulate, that is, quantized into small 
"bundles" of electromagnetic energy, which were later called photons. In terms of 
Planck's work, we can say that each atom changes its energy whenever it absorbs 
or emits one photon, one "particle" of light, whose energy is fixed by its frequency: 

Ephotoll = hv = !:!.Eatom 

Let's see how Einstein's  photon theory explains the photoelectric effect: 

1 .  Explanation of the threshold frequency. According to the photon theory, a beam 
of light consists of an enormous number of photons. Light intensity (bright­
ness) is related to the number of photons striking the smface per unit time, but 
not to their energy. Therefore, a photon of a certain minimum energy must be 
absorbed for an electron to be freed. Because energy depends on frequency 
(hv), the theory predicts a threshold frequency. 

2. Explanation of the time lag. An electron cannot "save up" energy from several 
photons below the minimum energy until it has enough to break free. Rather, 
one electron breaks free the moment it absorbs one photon of enough energy. 
The current is weaker in dim light than in bright light because fewer photons 
of enough energy are present, so fewer electrons break free per unit time. But 
some current flows the moment photons reach the metal plate. 

S AMPLE PROBLEM 7.2 Calculating the Energy of Radiation from Its Wavelength 
Problem A cook uses a microwave oven to heat a meal. The wavelength of the radiation 
is l .20 cm. What is the energy of one photon of this microwave radiation? 
Plan We know X. in centimeters ( 1 . 20 cm) so we convert to meters, find the frequency 
with Equation 7 . 1 ,  and then find the energy of one photon with Equation 7.2.  
Solution Combining steps to find the energy: 

he (6.626 X 1 0-34 J ·s)(3.00X 1 08 mls) "3 
E = hv = - =  " = 1 .66X 1 O-- J X. 

( 1 .20 cm)( 1 0  - m) 
l cm 

10-33 J 's X 1 08 mls 
Check Checking the order of magnitude gives 2 = 10-23 J .  

10 m 

FOLLOW-UP PROBLEM 7.2 Calculate the energies of one photon of ultraviolet 
(X. = l X lO-8 m), visible (X. = S X l O -7 m), and infrared (X. = l X lO-4 m) light. What 
do the answers indicate about the relationship between the wavelength and energy of light? 

Planck's quantum theory and Einstein's  photon theory assigned properties to 
energy that, until then, had always been reserved for matter: fixed quantity and 
discrete particles. These properties have since proved essential to explaining the 
interactions of matter and energy at the atomic level. But how can a particulate 
model of energy be made to fit the facts of diffraction and refraction, phenomena 
explained only in terms of waves? As you' ll see shortly, the photon model does 
not replace the wave model. Rather, we have to accept both to understand real­
ity. Before we discuss this astonishing notion, however, let's see how the new idea 
of quantized energy led to a key understanding about atomic behavior. 

2 1 1 
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Figure 7.7 The line spectra of several 
elements. A, A sample of gaseous H2 is 
dissociated into atoms and excited by an 
electric discharge. The emitted l ight 
passes through a slit and a prism, which 

disperses the l ight into individual wave­
lengths. The l ine spectrum of atomic H is 
shown (top). B, The continuous spectrum 

of white light is compared with the l ine 
spectra of mercury and strontium. Note 
that each l ine spectrum is d ifferent from 

the others. 

� Animation: Atomic Line Spectra � Online Learning Center 

� Animation: Emission Spectra � Online Learning Center 
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SECTI ON SUM M ARY 
Electromagnetic radiation travels in waves of specific wavelength (A) and frequency 
(v). All electromagnetic waves travel through a vacuum at the speed of l ight, 
c (3.00 x 1 08 m/s), which is equal to v x A. The intensity (brightness) of a l ight wave 

is related to its amplitude. The electromagnetic spectrum ranges from very long radio 

waves to very short gamma rays and i ncludes the visible region [750 nm (red) to 
400 nm (violet)] . Refraction and d iffraction i ndicate that electromagnetic radiation is 
wavel ike, but blackbody radiation and the photoelectric effect indicate that it is 

particle-like. Light exists as photons (quanta) that have an energy proportional to the 

frequency. Accordi ng to quantum theory, an atom has only certain quantities of energy 

(E = nhv), which it can change only by absorbing or emitting a photon. 

7.2 ATOMIC SPECTRA 

The third key observation about matter and energy that late 1 9th -century physi­
cists could not explain involved the light emitted when an element is vaporized 
and then thermally or electrically excited, as you see in a neon sign. Figure 7 .7A 
shows the result when light from excited hydrogen atoms passes through a nar­
row slit and is then refracted by a prism. Note that this light does not create a 
continuous spectrum, or rainbow, as sunlight does. Instead, it creates a line spec­

trum, a series of fine lines of individual colors separated by colorless (black) 
spaces. * The wavelengths of these spectral lines are characteristic of the element 
producing them (Figure 7.7B). 

-The appearance of the spectrum as a series of lines results from the construction of the appa­
ratus. If the light passed through a smal l hole, rather than a narrow slit, the spectrum would 
appear as a circular field of dots rather than a horizontal series of lines. The key point is that 
the spectrum is discrete, rather than continuous. 
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7.2 Atomic Spectra 

Spectroscopists studying the spectrum of atomic hydrogen had identified sev­
eral series of such l ines in different regions of the electromagnetic spectrum. 
Figure 7 .8  shows three of these series of lines. Equations of the following gen­
eral form, called the Rydberg equation, were found to predict the position and 
wavelength of any line in a given series:  

.!. = R(� - �) 
A. n] n2 (7.3) 

where A. is the wavelength of a spectral line, n l  and n2 are positive integers with 
n2 > n ) ,  and R i s  the Rydberg constant ( 1 .096776 X 1 07 m - I ) . For the visible 
series of lines, n l  = 2: 

.!. = R(� - �) , with /12 = 3, 4, S, . . .  
A. 2 n2 

The Rydberg equation and the value of the constant are based on data rather than 
theory. No one knew why the spectral lines of hydrogen appear in this pattern. 
(Problems 7 . 1 8  and 7 . 1 9  are two of several that apply the Rydberg equation . )  

The observation of line spectra did  not  correlate with classical theory for one 
major reason. As was mentioned in the chapter introduction, if an electron spi­
raled closer to the nucleus, it should emit radiation. Moreover, the frequency of 
the radiation should be related to the time of revolution. On the spiral path inward, 
that time should decrease smoothly, so the frequency of the radiation should 
change smoothly and create a continuous spectrum. Rutherford's nuclear model 
seemed totally at odds with atomic line spectra. 

Ultraviolet 
series 
r'1 

Visible 
series 

� 

Infrared 
series 

I i  �II I I I I I I I 
o 200 400 600 800 1 000 1 200 1 400 1 600 1 800 2000 nm 

The Bohr Model of the Hydrogen Atom 
Soon after the nuclear model was proposed, Niels Bohr ( 1 885 - 1 962), a young 
Danish physicist working in Rutherford's laboratory, suggested a model for the H 
atom that predicted the existence of line spectra. In his model, Bohr used Planck's 
and Einstein ' s  ideas about quantized energy and proposed three postulates: 

1 .  The H atom has only certain allowable energy levels, which Bohr called 
stationary states. Each of these states is associated with a fixed circular orbit of 
the electron around the nucleus. 

2. The atom does not radiate energy while in one of its stationary states. That 
is, even though it violates the ideas of classical physics, the atom does not change 
energy while the electron moves within an orbit. 

3. The atom changes to another stationary state (the electron moves to 
another orbit) only by absorbing or emitting a photon whose energy equals the 
difference in energy between the two states: 

Ephoton = Estate A - Estate B = I1v 

where the energy of state A is higher than that of state B .  A spectral line results 
when a photon of specific energy (and thus specific frequency) is emitted as the 
electron moves from a higher energy state to a lower one. Therefore, Bohr's model 
explains that an atomic spectrum is not continuous because the atom 's energy has 
only certain discrete levels, or states. 

2 1 3  

Figure 7.8 Three series of spectral lines 
of atomic hydrogen. These series appear 
in d ifferent regions of the electromagnetic 
spectrum. The hydrogen spectrum shown 
in Figure 7.7A is the visible series. 
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Figure 7.9 Quantum staircase. In this analogy for the energy levels of the hydrogen atom, an elec­
tron can absorb a photon and jump up to a higher "step" (stationary state) or emit a photon and 
jump down to a lower one. But the electron cannot lie between two steps. 

In Bohr's model, the quantum number n ( 1 ,  2, 3, . . .  ) is associated with the 
radius of an electron orbit, which is directly related to the electron's energy : the 
lower the n value, the smaller the radius of the orbit, and the lower the energy 
level. When the electron is in the first orbit (n = 1 ) , the orbit closest to the nucleus, 
the H atom is in its lowest (first) energy level, called the ground state. If the H 
atom absorbs a photon whose energy equals the difference between the first and 
second energy levels, the electron moves to the second orbit (n = 2), the next 
orbit out from the nucleus. When the electron is  in the second or any higher orbit, 
the atom is said to be in an excited state. If the H atom in the first excited state 
(the electron in the second orbit) emits a photon of that same energy, it returns 
to the ground state. Figure 7.9 shows a staircase analogy for thi s  behavior. 

Figure 7 . l OA shows how Bohr's model accounts for the three line spectra of 
hydrogen. When a sample of gaseous H atoms is excited, different atoms absorb 
different quantities of energy. Each atom has one electron, but so many atoms are 
present that all the energy levels (orbits) are populated by electrons. When the 
electrons drop from outer orbits to the n = 3 orbit (second excited state), the 
emitted photons create the infrared series of lines. The visible series arises when 
electrons drop to the n = 2 orbit (first excited state) .  Figure 7. l OB shows that the 
ultraviolet series arises when electrons drop to the n = 1 orbit (ground state). 

Despite its great success in accounting for the spectral lines of the H atom, 
the Bohr model fai led to predict the spectrum of any other atom, even that of 
helium, the next simplest element. In essence, the Bohr model predicts spectral 
lines for the H atom and other one-electron species, such as He + (2 = 2), Li

2+ 

(2 = 3), and Be3+ (2 = 4). But, it fai ls  for atoms with more than one electron 
because in these systems, electron-electron repulsions and additional nucleus­
electron attractions are present as well .  Nevertheless, we still use the terms 
"ground state" and "excited state" and retain one of Bohr's central ideas in our 
current model: the energy of an atom occurs in discrete levels. 
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Figure 7. 1 0  The Bohr explanation of three series of spectral lines. 
A, According to the Bohr model, when an electron drops from an outer 
orbit to an inner one, the atom emits a photon of specific energy that 

gives rise to a spectral l ine. In a given spectral series, each electron 
drop has the same inner orbit, that is, the same value of n1 in the Ryd­
berg equation (see Equation 7.3). ([he orbit radius is proportional to n

2
. 

Only the first six orbits are shown.) B, An energy diagram shows how the 
ultraviolet series arises. Within each series, the greater the difference 

in orbit radi i ,  the greater the difference in energy levels (depicted as a 

downward arrow), and the higher the energy of the photon emitted. For 
example, in the ultraviolet series, in which n1 = 1 ,  a drop from n = 5 to 
n = 1 emits a photon with more energy (shorter >.. , higher v) than a drop 
from n = 2 to n = 1 .  [The axis shows negative values because n = 00 
(the electron completely separated from the nucleus) is defined as the 

atom with zero energY.1 

The Energy States of the Hydrogen Atom 
A very useful result from Bohr's work is an equation for calculating the energy 
levels of an atom, which he derived from the classical principles of electrostatic 
attraction and circular motion: 

E = - 2. 1 s x I O- 1 8  J(�:) 
where Z is the charge of the nucleus. For the H atom, Z = 1 ,  so we have 

E = - 2. 1 S x l O- 1 8  {��) = -2. 1 S X I O - 1 8  {:z) 
Therefore, the energy of the ground state (n = 1) is  

E = -2. 1 S X l O - 1 8  JC\) = - 2. 1 s x l O- 1 8  J 

Don't  be confused by the negative sign for the energy values (see the axis in Fig­
ure 7 . l OB) .  It appears because we define the zero point of the atom's energy when 
the electron is completely removed from the nucleus. Thus, E = 0 when n = 00, 
so E < 0 for any smaller n. As an analogy, consider a book resting on the floor. 
You can define the zero point of the book's potential energy in many ways. If you 
define zero when the book is on the floor, the energy is positive when the book 
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Figure 7. 1 1 A tabletop analogy for the 
H atom's energy. 

CHAPTER 7 Quantum Theory and Atomic Structure 

is on a tabletop. But, if you define zero when the book is on a tabletop, the energy 
is negative when the book lies on the floor; the latter case is analogous to the 
energy of the H atom (Figure 7 . 1 1 ) .  

With n in the denominator of the energy equation, a s  the electron moves 
closer to the nucleus (n decreases), the atom becomes more stable (less energetic) 
and its energy becomes a larger negative number. As the electron moves away 
from the nucleus (n increases), the atom's energy increases (becomes a smaller 
negative number). 

This equation is easily adapted to find the energy difference between any 
two levels: 

- 1 8  ( 1 1 ) ,)'.E = Efinal - Einitial = - 2. 1 8 X  1 0  J -2- - -2--
nfinal ninitial 

(7.4) 

Using Equation 7 .4, we can predict the wavelengths of the spectral lines of the 
H atom. Note that if we combine Equation 7.4 with Planck's expression for the 
change in an atom's energy (Equation 7.2) ,  we obtain the Rydberg equation 
(Equation 7 .3) :  

1 
Therefore, }: = 

he - 1 8  ( 1 1 ) 
!::.E = hv = - = - 2. 1 8 X  1 0  J -----z- - -2-A nfinal ninitial 

2. 1 8 X I 0- 1 8 J ( 1 1 ) 
-----z- - -2--

he nfinal ninitial 
2. 1 8 X l O- 1 8 J ( 1 1 ) 

(6.626 X 10 34 J · s)(3 .00 X 1 08 mfs) n�nal 
-

n;nitial 

- 1 . 1  0 X 1 07 m - I (--i- - _2_
1_) 

nfinai ninitiai 

where nfinal /12 , ninitial = n i l and 1 . 1 0 x  1 07 m - ]  is the Rydberg constant 
( 1 .096776 X 107 m - I ) to three significant figures. Thus, from classical relation­
ships of charge and of motion combined with the idea that the H atom can have 
only certain values of energy, we obtain an equation from theory that leads 
directly to the empirical one! (In fact, Bohr obtained a value for the Rydberg con­
stant that differed from the spectroscopists ' value by only 0.05 % ! )  We can use 
Equation 7.4 to find the quantity of energy needed to completely remove the elec­
tron from an H atom. In other words, what is 6.£ for the following change? 

R(g) -- R+(g) + e­

We substitute nfinal = 00 and ninitial = 1 and obtain 

!::.E = Eftnal - Einitial = - 2. 1 8 X l O- 1 8 J(�2 -
1
1
2) 

= - 2. 1 8 X l O - 1 8  J(O - 1 )  = 2. 1 8 X l O- 1 8 J 
6.£ is positive because energy is absorbed to remove the electron from the vicin­
ity of the nucleus. For 1 mol of H atoms, 

!::.E = (2. 1 8 X  1 0- 1 8  _J_) (6.022 X 1 023 atoms ) ( 1 �J ) = 1 .3 1 X 1 03 kJ/mol atom mol 1 0  J 
This is the ionization energy of the H atom, the quantity of energy required to 
form 1 mol of gaseous H+ ions from 1 mol of gaseous H atoms. We return to 
this  idea in Chapter 8 .  

Spectral Analysis in the Laboratory 
Analysis of the spectrum of the H atom led to the Bohr model, the first step toward 
our current model of the atom. From its use by 1 9th-century chemists as a means 
of identifying elements and compounds, spectrometry has developed into a major 
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Figure 7. 1 2  Measuring chlorophyll a concentration i n  leaf extract. 
Chlorophyll a is one of several leaf pigments. It absorbs red and blue 
wavelengths strongly. Thus, leaves contain ing large amounts of 
chlorophyll a appear green. We can use the strong absorption at 663 nm 

in the spectrum (A) to quantify the amount of chlorophyll a present in 
a plant extract by comparing that absorbance to a series of known 
standards (8). 

tool of modern chemistry. The terms spectroscopy, spectrometry, and spectro­

photometry refer to a large group of instrumental techniques that obtain spectra 
corresponding to a substance's atomic or molecular energy levels .  The two types 
of spectra most often obtained are emission and absorption spectra. An emission 
spectrum is produced when atoms in an excited state emit photons characteris­
tic of the element as they return to lower energy states. The characteristic colors 
of fireworks and sodium-vapor streetlights are due to one or a few prominent lines 
in the emission spectra of the atoms present. 

An absorption spectrum is produced when atoms absorb photons of certain 
wavelengths and become excited from lower to higher energy states. Therefore, 
the absorption spectrum of an element appears as dark lines against a bright back­
ground. Both the emission and absorption spectra of a substance are characteris­
tic of that substance and used to identify it. A spectrometer can also be used to 
measure the concentration of a substance in a solution because the absorbance, 
the amount of light of a given wavelength absorbed by a substance, is propor­
tional to the number of molecules. Suppose, for example, you want to determine 
the concentration of chlorophyll in an ether solution of leaf extract. You select a 
strongly absorbed wavelength from the chlorophyll spectrum (such as 663 nm in  
Figure 7 . 1 2A), measure the absorbance of the leaf-extract solution, and compare 
it with the absorbances of a series of ether solutions with known chlorophyll con­
centrations (Figure 7. 1 2B).  

SECTION SU M M A RY 
To explain the l ine spectrum of atomic hydrogen, Bohr proposed that the atom's 

energy is quantized because the electron's motion is restricted to fixed orbits. The 

electron can move from one orbit to another only if the atom absorbs or emits a 
photon whose energy equals the d ifference in energy levels (orbits). Line spectra are 

produced because these energy changes correspond to photons of specific wave­

length. Bohr's model predicted the hydrogen atomic spectrum but cannot predict that 

of any species with more than one electron.  Despite this, Bohr's idea that atoms have 
quantized energy levels is a cornerstone of our current atomic model. Spectropho­

tometry is an instrumental technique in which emission and absorption spectra are 

used to identify substances and/or measure their concentrations. 
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Figure 7. 1 3  Wave motion i n  restricted 
systems. A, In a musical analogy to elec­
tron waves, one half-wavelength (A/2) is 
the "quantum" of the guitar string's vibra­

tion. The string length L is fixed, so the 
only allowed vibrations occur when L is a 
whole-number multiple (n) of "/2. B, If an 
electron occupies a circular orbit, only 

whole numbers of wavelengths are al­
lowed (n = 3 and n = 5 are shown). A 
wave with a fractional number of wave­
lengths (such as n = 3�) is "forbidden" 
because it rapidly dies out through over­
lap of crests and troughs. 
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7.3 THE WAVE-PARTICLE DUALITY OF MATTER AND ENERGY 

The early proponents of quantum theory demonstrated that energy is particle­
like. Physicists who developed the theory turned this proposition upside down 
and showed that matter is wavelike. The sharp divisions we perceive between 
matter (chunky and massive) and energy (diffuse and massless) have been 
completely blurred. Strange as this idea may seem, it is the key to our modern 
atomic model .  

The Wave Nature of Electrons and the Particle Nature 
of Photons 
B ohr's efforts were a perfect case of fitting theory to data: he assumed that an 
atom has only certain allowable energy levels in order to explain the observed 
line spectrum. However, his assumption had no basis in physical theory. Then, 
in the early 1 920s, a young French physics student named Louis de Broglie 
proposed a startling reason for fi xed energy levels: if energy is particle-like, 
perhaps matter is wavelike. De Broglie had been thinking of other systems that 
display only certain allowed motions, such as the wave of a plucked guitar 
string. Figure 7 . 1 3  shows that, because the ends of the string are fixed, only 
certain vibrational frequencies (and wavelengths) are possible. De Broglie 
reasoned that if electrons have wavelike motion and are restricted to orbits of 
fixed radii,  that would explain why they have only certain possible frequencies 
and energies. 

Combining Einstein's famous equation for the quantity of energy equivalent to 
a given amount of mass (E = mc2) with the equation for the energy of a photon 
(E = hv = he/A.), de Broglie derived an equation for the wavelength of any par­
ticle of mass m-whether planet, baseball, or electron-moving at speed u :  

A 

L 

h A = ­
mu 

, , , , , 

n =1 !� L =1 (t) 
, , , , : 1 half-wavelength : 
, , , , 

n = 2  ee L = 2(t) 
, , : 2 half-wavelengths : 
, , , , 

n = 3  eee L = 3(t) 
: 3 half-wavelengths : 

(7.5) 

B 



7.3 The Wave-Particle Duality of Matter and Energy 

11MU' The de Broglie Wavelengths of Several Objects 

Substance Mass (g) Speed (m/s) 

Slow electron 9 X  1 0-28 1 .0 
Fast electron 9 X  1 0 -28 5 .9x 106 

Alpha particle 6.6 X l O -24 1 .5 X 1 07 

One-gram mass 1 .0 0.0 1 
Baseball 142 25.0 
Earth 6 .0x 1 0

27 3 .0X 104 

A {m) 

7X 10-4 

l X l 0 - 1 0 
7 X I O- 1 5 
7 X  10-29 

2X 1 0-34 

4X 1 0 -63 

According to this equation for the de Broglie wavelength, matter behaves as 
though it moves in a wave. Note also that an object's wavelength is inversely pro­
portional to its mass, so heavy objects such as planets and baseballs have wave­
lengths that are many orders of magnitude smaller than the object itself, as you 
can see in Table 7 . 1 .  

SAMPLE P ROBLEM 7.3 Calculating the de Broglie Wavelength of an Electron 
Problem Find the de Broglie wavelength of an electron with a speed of 1 .00X 1 06 mls 
(electron mass = 9. l l x l O-3 1 kg; h = 6.626 X lO-34 kg·m2/s). 
Plan We know the speed ( 1 .00 X 1 06 mls) and mass (9. l l x lO-3 1 kg) of the electron, so 
we substitute these into Equation 7 .5  to fi nd A. 
Solution 

h 6.626X 1 0 -34 kg'm2/s 
A = - = ----0.-------"-----,---

m.u (9. 1 1 X lO 3 1 kg)( 1 .00 X 1 06 m/s) 
7.27 X l O- I O m 

Check The order of magnitude and units seem correct: 

1 0 -33 kO"·m2/s 
A = I:> = 10-9 m 

( 1 0-30 kg)( 1 06 m/s) 

FOLLOW· U P  PROBLEM 7.3 What is the speed of an electron that has a de Broglie 
wavelength of 1 00. nm? 

If particles travel in waves, electrons should exrubit diffraction and interference 
(see Section 7 . 1 ) .  A fast-moving electron has a wavelength of about 1 0  - 1 0 m, so 
perhaps a beam of electrons would be diffracted by the spaces about trus size 
between atoms in a crystal. Indeed, in 1 927, C. Davisson and L. Germer guided 
a beam of electrons at a nickel crystal and obtained a diffraction pattern. Figure 
7. 1 4  shows the diffraction patterns obtained when either x-rays or electrons 
impinge on aluminum foi l .  Apparently, electrons-particles with mass and 
charge-create diffraction patterns, just as electromagnetic waves do ! (Indeed, the 
electron microscope-and its revolutionary impact on modern biology-depends 
on the wavelike behavior of electrons .)  Even though electrons do not have orbits 
of fixed radius, as de Broglie thought, the energy levels of the atom are related 
to the wave nature of the electron. 

If electrons have properties of energy, do photons have properties of matter? 
The de Broglie equation suggests that we can calculate the momentum (p), the 
product of mass and speed, for a photon of a given wavelength. Substituting the 
speed of light (c) for speed u in Equation 7 .S and solving for p gives 

h h 
A = - = - and me p 

h 
p = -A 

2 1 9  

Figure 7. 1 4  Comparing diffraction pat­
terns of x-rays and electrons. A, X-ray 
d iffraction pattern of aluminum. S, Electron 
diffraction pattern of aluminum. This be­
havior impl ies that both x-rays, which are 
electromagnetic radiation, and electrons, 
which are particles, travel in waves. 
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Notice the inverse relationship between p and A. This means that shorter wave­
length (higher energy) photons have greater momentum. Thus, a decrease in a 
photon's momentum should appear as an increase in its wavelength. In 1 923, 
Arthur Compton directed a beam of x-ray photons at a sample of graphite and 
observed that the wavelength of the reflected photons increased. This result means 
that the photons transferred some of their momentum to the electrons in the car­
bon atoms of the graphite, just as colliding billiard balls transfer momentum to 
one another. In this experiment, photons behave as particles with momentum! 

To scientists of the time, these results were very unsettling. Classical exper­
iments had shown matter to be particle-like and energy to be wavelike, but these 
new studies showed that, on the atomic scale, every characteristic trait used to 
define the one now also defined the other. Figure 7 . 1 5  summarizes the conceptual 
and experimental breakthroughs that led to this juncture. 

The truth is that both matter and energy show both behaviors: each pos­
sesses both "faces." In some experiments, we observe one face; in other exper­
i ments, we observe the other face. The distinction between a particle and a wave 
is meaningful only in the macroscopic world, not in the atomic world. The dis­
tinction between matter and energy is  in our minds and our l imiting definitions, 
not inherent in nature. This dual character of matter and energy is known as the 
wave-particle duality. 

CLASSICAL THEORY 

MaHer 
particulate, 

massive 

Energy 
cCimtiAuous, 

wavelike 

Since matter is discontinuous and particulate, 
perhaps energy is discGntinuous and particulate 

Observation 

Blackbody radiation 
Photoelectric effect 
Atomic line spectra 

Observation 

Davisson/Germer: ....... ---
electron diffraction 
by metal crystal 

Observation 

Compton: ....... __ _ 
photon wavelength 
increases (momentum 
decreases) after 
colliding with electron 

Theory 

Planck: Energy is quantized; only certain values allowed 
Einstein: Light has particulate behavior (photons) 
Bohr: Energy of atoms is quantized; photon emitted 

when electron changes orbit 

Since energy is wavelike, 
perhaps matter is wavelike 

Theory 

de Broglie: All matter travels in waves: energy of atom is 
quantized due to wave motion of electrons 

Since matter has mass, 
perhaps energy has mass 

Theory 

Einstein/de Broglie: Mass and energy are equivalent: 
particles have wavelength and photons have 
momentum 

Figure 7. 1 5  Summary of the major observations and 
theories leading from classical theory to quantum theory. 
As often happens in science, an observation (experiment) 
stimulates the need for an explanation (theory), and/or a the­
oretical insight provides the impetus for an experimental test. 

QUANTUM THEORY 

Energy and MaHer 
particulate, massive, wavelike 



7.4 The Quantum-Mechanical Model of the Atom 

The Heisenberg Uncertainty Principle 
In the classical view of the world, a moving particle has a definite location at any 
instant, whereas a wave is spread out in space_ If an electron has the properties 
of both a particle and a wave, what can we determine about its position in the 
atom? In 1 927, the German physicist Werner Heisenberg postulated the uncer­
tainty principle, which states that it is impossible to know the exact position and 
momentum (mass times speed) of a particle simultaneously_ For a particle with 
constant mass m, the principle is expressed mathematically as 

h 
ax · mt:..u ;:::: -

47T 
(7.6) 

where Lix is  the uncertainty in position and flu is  the uncertainty in speed. The 
more accurately we know the position of the particle (smaller Lix), the less accu­
rately we know its speed (larger flu), and vice versa. 

By knowing the position and speed of a pitched baseball and using the clas­
sical laws of motion, we can predict its trajectory and whether it will be a strike 
or a ball. For a baseball, Lix and flu are insignificant because its mass is enor­
mous compared with h/47T. Knowing the position and speed of an electron, and 
from them its trajectory, is another situation entirely. For example, if we take an 
electron's speed as 6 x  106 mls ± 1 %, then flu in Equation 7.6 is 6 X  104 mis, and 
the uncertainty in the electron's position (Lix) is 10-9 m, which is about 1 0  times 
greater than the diameter of the entire atom 00- 10  m) ! Therefore, we have no 
precise idea where in the atom the electron is  located. 

The uncertainty principle has profound implications for an atomic model. It 
means that we cannot assign fixed paths for electrons, such as the circular orbits 
of Bohr's model. As you ' ll see next, the most we can ever hope to know is the 
probability-the odds-of finding an electron in a given region of space; but we 
are not sure it is there any more than a gambler is sure of the next roll of the dice. 

SECTION SUMMARY 
As a result of Planck's quantum theory and Ei nste in 's relativity theory, we do not 

view m atter and energy as d istinct entities. The de Brogl ie  wavelength expresses 

the idea that electrons (and all matter) have wavel i ke motio n .  Allowed atom ic 

energy levels are related to al lowed wavelengths of the electron's motion.  Electrons 

exh ibit d iffraction patterns, as d o  waves of energy, and photons exhibit transfer of 

momentum ,  as d o  particles of mass. The wave-particle d u al ity of matter and energy 

is observable only on the atom i c  scale. Accord ing to the uncertainty principle, we 

cannot know simultaneously the exact position and speed of an electron. 

7.4 THE QUANTUM-MEC HANICAL MODEL OF THE ATOM 

Acceptance of the dual nature of matter and energy and of the uncertainty prin­
ciple culminated in the field of quantum mechanics, which examines the wave 
nature of objects on the atomic scale. In 1 926, Erwin Schrodinger derived an equa­
tion that is the basis for the quantum-mechanical model of the hydrogen atom. 
The model describes an atom that has certain allowed quantities of energy due to 
the allowed frequencies of an electron whose behavior is wavelike and whose 
exact location is  impossible to know. 

The Atomic Orbital and the Probable Location of the Electron 
The electron's  matter-wave occupies the three-dimensional space near the nucleus 
and experiences a continuous, but varying, influence from the nuclear charge. The 
Schrodinger equation is quite complex but is represented as 

Z1elji = Elji 
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where E is the energy of the atom. The symbol tlJ (Greek psi, pronounced "sigh") 
is  called a wave function, a mathematical description of the electron's matter-wave 
in terms of position in three dimensions. The symbol 'Je, called the Hamiltonian 
operator, represents a set of mathematical operations that, when carried out on a 
particular tlJ, yields an allowed energy value.*  

Each solution to  the equation (that is,  each energy state of  the atom) is asso­
ciated with a given wave function, also called an atomic orbital. It's important 
to keep in mind that an "orbital" in the quantum-mechanical model bears no 
resemblance to an "orbit" in the Bohr model: an orbit was, supposedly, an elec­
tron's path around the nucleus, whereas an orbital is a mathematical function with 
no direct physical meaning. 

We cannot know precisely where the electron is at any moment, but we can 
describe where it probably is, that is, where it is most likely to be found, or where 
it spends most of its time. Although the wave function (atomic orbital) has no 
direct physical meaning, the square of the wave function, tlJ2, is the probability 
density, a measure of the probability that the electron can be found within a par­
ticular tiny volume of the atom. (Whereas tlJ can have positive or negative values, 
tlJ2 is always positive, which makes sense for a value that expresses a proba­
bility.) For a given energy level, we can depict this probability with an electron 
probability density diagram, or more simply, an electron density diagram. In 
Figure 7 . 1 6A, the value of tlJ2 for a given volume is represented pictorially by a 
certain density of dots: the greater the density of dots, the higher the probability 
of finding the electron within that volume. 

Electron density diagrams are sometimes called electron cloud representa­
tions. If we could take a time-exposure photograph of the electron in wavelike 
motion around the nucleus, it would appear as a "cloud" of electron positions. 
The electron cloud is an imaginary picture of the electron changing its position 
rapidly over time; it does not mean that an electron is  a diffuse cloud of charge. 
Note that the electron probability density decreases with distance from the nucleus 
along a line, r. The same concept is shown graphically in the plot of tlJ2 vs. r in 
Figure 7 . 1 6B .  Note that due to the thickness of the printed line, the curve touches 
the axis; nevertheless, the probability of the electron being far from the nucleus 
is very small, but not zero. 

The total probability of finding the electron at any distance r from the nucleus 
is also important. To find this, we mentally divide the volume around the nucleus 
into thin, concentric, spherical layers, like the layers of an onion (shown in cross 
section in Figure 7 . 1 6C), and ask in which spherical layer we are most likely to 
find the electron. This is the same as asking for the sum of tlJ2 values within each 
spherical layer. The steep falloff in probability density with distance (see Fig­
ure 7 . 1 6B )  has an important effect. Near the nucleus, the volume of each layer 
increases faster than its probability density decreases. As a result, the total prob­
ability of finding the electron in the second layer is higher than in the first. Elec­
tron density drops off so quickly, however, that this  effect soon diminishes with 
greater distance. Thus, even though the volume of each layer continues to increase, 
the total probability for a given layer gradually decreases. Because of these oppos­
ing effects of decreasing probability density and increasing layer volume, the total 
probability peaks in a layer some distance from the nucleus. Figure 7 . 1 6D shows 
this  as a radial probability distribution plot. 

'The complete form of the Schri:idinger equation in terms of the three linear axes is [ h2 ( d2 d2 d2 ) ] 
-

8'IT2me dX2 + dr 
+ dz2 + V(x,y,z) tjJ(x,y,z) = El/I(X,y,z) 

where tjJ is the wave function; me is the electron's mass; E is the total quantized energy of the 
atomic system; and V is the potential energy at point (x,y,z). 
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Figure 7. 1 6  Electron probability density in the ground-state H 
atom_ A, An electron density diagram shows a cross section of the H 
atom. The dots, each representing the probability of the electron being 
within a tiny volume, decrease along a l ine outward from the nucleus. 
B, A plot of the data in A shows that the probability density (tjJ2) de­

creases with distance from the nucleus but does not reach zero (the 
thickness of the l ine makes it appear to do so). C, Dividing the atom's 
volume into thin, concentric, spherical layers (shown in cross section) 

and counting the dots within each layer gives the total probability of 
finding the electron with in that layer. D, A radial probabil ity distribution 
plot shows total electron density in each spherical layer vs. r. Because 
electron density decreases more slowly than the volume of each con­
centric layer increases, the plot shows a peak. E, A 90% probability 
contour shows the ground state of the H atom (orbital of lowest en­
ergy) and represents the volume in which the electron spends 90% of 
its time. 

As an analogy for the behavior shown in Figure 7 . 1 6D, picture fallen apples 
around the base of an apple tree: the density of apples is greatest near the trunk 
and decreases with distance (Figure 7 . 1 7  A) .  Divide the ground under the tree i nto 
foot-wide concentric rings and collect the apples within each ring. Apple density 
is greatest in the first ring, but the area of the second ring is larger, and so it con­
tains a greater total number of apples. Farther out near the edge of the tree, rings 
have more area but lower apple "density," so the total number of apples decreases. 
In Figure 7 . 17B ,  a plot of "number of apples within a ring" vs. "distance of ring 
from trunk" shows a peak at some distance from the trunk, as in Figure 7 . 1 6D.  

The peak of the radial probability distribution for the ground-state H atom 
appears at the same distance from the nucleus (0.S29A, or S .29X 1 0 - I I m) as 
Bohr postulated for the closest orbit. Thus, at least for the ground state, the 
Schrodinger model predicts that the electron spends most of its time at the 
same distance that the Bohr model predicted it spent all of its time. The differ­
ence between "most" and "all" reflects the uncertainty of the electron's location 
in the Schrodinger model . 

How far away from the nucleus can we find the electron? This is the same 
as asking "How large is the atom?" Recall from Figure 7 . 1 6B that the probabil­
ity of finding the electron far from the nucleus is not zero. Therefore, we cannot 
assign a definite volume to an atom. However, we often visualize atoms with a 
90% probability contour, such as i n  Figure 7 . 1 6E, which shows the volume 
within which the electron of the hydrogen atom spends 90% of its time. 

Quantum Numbers of an Atomic Orbital 
So far we have discussed the electron density for the ground state of the H atom. 
When the atom absorbs energy, it exists in an excited state and the region of space 
occupied by the electron is described by a different atomic orbital (wave function). 
As you'll see, each atomic orbital has a distinctive radial probability distribution 
and 90% probability contour. 
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(J) OJ D. CJ)  D. c  co .� 
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Distance from trunk 

Figure 7. 1 7  A radial probability distribu­
tion of apples_ 
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An atomic orbital is specified by three quantum numbers. One is related to 
the orbital's  size, another to its shape, and the third to its orientation in space. * 
The quantum numbers have a hierarchical relationship: the size-related number 
limits the shape-related number, which limits the orientation-related number. Let's 
examine this hierarchy and then look at the shapes and orientations. 

1. The principal quantum number (n) is a positive integer ( 1 ,  2, 3,  and so 
forth) .  It indicates the relative size of the orbital and therefore the relative dis­
tance from the nucleus of the peak in the radial probability distribution plot. The 
principal quantum number specifies the energy level of the H atom: the higher 
the n value, the higher the energy level. When the electron occupies an orbital 
with n = 1 ,  the H atom is in its ground state and has lower energy than when 
the electron occupies the n = 2 orbital (first excited state). 

2 .  The angular momentum quantum number (I) is an integer from 0 to 
n - 1 .  It i s  related to the shape of the orbital and is sometimes called the 
orbital-shape (or azimuthal) quantum number. Note that the principal quantum 
number sets a limit on the values for the angular momentum quantum number; 
that is, n limits l. For an orbital with n = 1 ,  I can have a value of only O. For 
orbitals with n = 2, I can have a value of 0 or 1 ;  for those with n = 3, I can 
be 0, 1 ,  or 2; and so forth. Note that the number of possible I values equals the 
value of n. 

3. The magnetic quantum number (ml) is an integer from - {  through 0 to 
+ l. It prescribes the orientation of the orbital in the space around the nucleus and 
is sometimes called the orbital-orientation quantum number. The possible values 
of an orbital 's magnetic quantum number are set by its angular momentum quan­
tum number; that is, { sets the possible values of mt. An orbital with l = 0 can 
have only ml = O. However, an orbital with I = 1 can have any one of three m{ 
values, -1,  0, or + 1 ;  thus, there are three possible orbitals with l = 1 ,  each with 
its own orientation. Note that the number of possible mt values equals the num­
ber of orbitals, which is 2l + 1 for a given l value. 

Table 7.2 summarizes the hierarchy among the three quantum numbers. (In 
Chapter 8, we'll discuss a fourth quantum number that relates to a property of 
the electron itself.) The total number of orbitals for a given n value is  n2. 

*For ease in discussion, we refer to the size, shape, and orientation of an "atomic orbital ,"  
although we really mean the size, shape, and orientation of an "atomic orbital's radial probabil­
ity distribution." This usage is common in both introductory and advanced texts. 

eoftJ The Hierarchy of Quantum Numbers for Atomic Orbitals 
Name, Symbol 
(Property) Allowed Values Quantum Numbers 

Principal, n Positive integer 1 2 3 
(size, energy) (1 , 2, 3, . . . ) 

A 
Angular o to It - 1 0 0 1 0 1 2 

momentum, 1 

ffi (shape) ffi ~ 
Magnetic, In, -I, . . . , 0, . . .  , +1 0 0 - 1  0 + 1  0 - 1 0 + 1  - 2  - 1  0 + 1  +2  

(orientation) 
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SAMPLE PROBLEM 7.4 Determining Quantum Numbers for an Energy level 
Problem What values of the angular momentum (I) and magnetic (m,) quantum numbers 
are allowed for a principal quantum number (n) of 3? How many orbitals exist for n = 3? 
Plan We determine allowable quantum numbers with the rules from the text: I values are 
integers from 0 to n - 1 ,  and m, values are integers from -I to 0 to + l. One ml value is 
assigned to each orbital, so the number of ml values gives the number of orbitals .  
Solution Determining I values: for n = 3, 1= 0, 1 , 2 
Determining ml for each I value: 

For I = 0, ml = 0 

For I = 1, ml = - 1 , 0, + 1 
For 1= 2, ml = -2, - 1 , 0, + 1 , +2 

There are nine ml  values, so  there are nine orbitals with n = 3 .  
Check Table 7.2 shows that we are correct. The total number of  orbitals for a given n 
value is n2, and for n = 3, n2 = 9. 

FOLLOW- U P  PROBLEM 7.4 Specify the I and ml values for n = 4. 

The energy states and orbitals of the atom are described with specific terms 
and associated with one or more quantum numbers: 

1. Level. The atom's energy levels, or shells, are given by the n value: the 
smaller the 11 value, the lower the energy level and the greater the probability of 
the electron being closer to the nucleus_ 

2. Sublevel. The atom's levels contain sublevels, or subshells, which desig-
nate the orbital shape. Each sublevel has a letter designation: 

I = 0 is an s subleveL 
I = 1 is a p subleveL 
I = 2 is a d subleveL 
I = 3 is an f subleveL 

(The letters derive from the names of spectroscopic lines: sharp, principal, dif­
fuse, andfimdamentaL Sublevels with I values greater than 3 are designated alpha­
betically: g sublevel, h sublevel, etc .)  Sublevels are named by joining the 11 value 
and the letter designation_ For example, the sublevel (subshell) with 11 = 2 and 
l = 0 is called the 2s subleveL 

3. Orbital. Each allowed combination of n, I, and ntl values specifies one of 
the atom's orbitals. Thus, the three quantum numbers that describe an orbital 
express its size (energy), shape, and spatial orientation. You can easily give the 
quantum numbers of the orbitals in any sublevel if you know the sublevel letter 
designation and the quantum number hierarchy. For example, the 2s sublevel has 
only one orbital, and its quantum numbers are n = 2, I = 0, and ntl = O. The 3p 
sublevel has three orbitals: one with n = 3, I = 1, and ntl = - 1 ;  another with 
n = 3, I = 1, and ntl = 0; and a third with n = 3,  I = 1, and ntl = + 1. 

S AMPLE PROBLEM 7 . 5  Determining Sublevel Names and Orbital 
Quantum Numbers 

Problem Give the name, magnetic quantum numbers, and number of orbitals for each sub­
level with the given quantum numbers: 
(a) n = 3, I = 2 (b) n = 2, I = 0 (c) n = 5, I = 1 (d) n = 4, I = 3 
Plan To name the sublevel (subshell), we combine the n value and I letter designation. 
We know I, so we can find the possible m, values, whose total number equals the number 
of orbitals. 
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Solution 

n Sublevel Name Possible m, Values No. of Orbitals 

(a) 3 2 3d -2, -1, 0, +1, +2  
(b) 2 0 2s 0 
(c) 5 1 5p -1,0,+1 
(d) 4 3 4f -3, -2, -1, 0, +1, +2, +3 

Check Check the number of orbitals in each sublevel using 

No. of orbitals = no. of In, values = 21 + 1 

5 
1 
3 
7 

FOLLOW- UP PROBLEM 7.5  What are the n, I, and possible In, values for the 2p and 
Sf sublevels? 

S AMPLE PROBLEM 7.6 Identifying Incorrect Quantum Numbers 
Problem What is wrong with each of the following quantum number designations and/or 
sublevel names? 

n 
(a) 1 
(b) 4 
(c) 3 

1 
3 
1 

o 
+1 
-2 

Name 

Ip 
4d 
3p 

Solution (a) A sublevel with n = 1 can have only 1 = 0, not 1 = 1. The only possible 
sublevel name is Is. 
(b) A sublevel with 1 = 3 is an fsublevel, not a d sublevel. The name should be 4f 
(c) A sublevel with l = 1 can have only Inlof -1, 0, +1, not -2. 
Check Check that 1 is always less than n, and Inl is always 2: -l and :s + I. 

FOLLOW- U P  PROBLEM 7.6 Supply the missing quantum numbers and sub­
level names. 

n m, Name 

(a) ? ? 0 4p 
(b) 2 1 0 ? 

(c) 3 2 -2 ? 

(d) ? ? ? 2s 

Shapes of Atomic Orbitals 
Each sublevel of the H atom consists of a set of orbitals with characteristic shapes. 
As you'11 see in Chapter 8, orbitals for the other atoms have similar shapes. 

The 5 Orbital An orbital with I = 0 has a spherical shape with the nucleus at its 
center and is called an s orbital. The H atom's ground state, for example, has the 
electron in the Is orbital, and the electron probability density is highest at the 
nucleus. Figure 7 . 1 8A shows this fact graphically (top), and an electron density 
relief map (inset) depicts this curve in three dimensions. The quarter-section of 
an electron cloud representation (middle) has the darkest shading at the nucleus. 
On the other hand, the radial probability distribution plot (bottom) ,  which repre­
sents the probability of finding the electron (that is, locates where the electron 
spends most of its time), is highest slightly out from the nucleus. Both plots fall 
off smoothly with distance. 
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Figure 7.18 The 15, 2s, and 3s orbitals_ I nformation for each of the 
s orbitals is shown as a plot of probability density vs. distance (top, 
with the relief map (inset) showing the plot in three dimensions); as an 
electron cloud representation (middle), in which shading coincides 

with peaks in  the plot above; and as a radial probabil ity distribution 
(bottom) that shows where the electron spends its time. A, The 1s 
orbital. B, The 2s orbital. C, The 3s orbital. Nodes (regions of zero 
probabil ity) appear in the 2s and 35 orbitals. 

The 2s orbital (Figure 7 . 1SB) has two regions of higher electron density. The 
radial probability distribution (Figure 7 . 1SB , bottom) of the more distant region 
is higher than that of the closer one because the sum of its t)J2 is taken over a 
much larger volume. Between the two regions is a spherical node, a shell-like 
region where the probability drops to zero (t)J2 

= 0 at the node, analogous to zero 
amplitude of a wave). Because the 2s orbital is larger than the Is, an electron in 
the 2s spends more time farther from the nucleus than when it occupies the Is. 

The 3s orbital, shown in Figure 7 .ISC, has three regions of high electron den­
sity and two nodes. Here again, the highest radial probability is at the greatest 
distance from the nucleus because the sum of all t)J2 is taken over a larger vol­
ume. This pattern of more nodes and higher probability with distance continues 
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Figure 7.19 The 2p orbitals. A, A radial probability distribution plot of the 2p orbital shows a sin­
gle peak. It lies at nearly the same distance from the nucleus as the larger peak in the 2s plot 
(shown in  Figure 7.1 88). B, A cross section shows an electron cloud representation of the 90% 
probabil ity contour of the 2pz orbital. An electron occupies both regions of a 2p orbital equally and 
spends 90% of its time within this volume. Note the nodal plane at the nucleus. C, An accurate rep­
resentation of the 2pz probability contour. The 2px and 2py orbitals lie along the x and y axes, 
respectively. D, The stylized depiction of the 2p probabil ity contour used throughout the text. E, In  
an atom, the three 2p orbitals occupy mutually perpendicular regions of space, contributing to the 
atom's overall spherical shape. 

z z 

y 

for s orbitals of higher n value. An s orbital has a spherical shape, so it can have 
only one orientation and, thus, only one value for the magnetic quantum number: 
for any s orbital, m, = 0. 

The p Orbital An orbital with I = 1, called a p orbital, has two regions (lobes) 
of high probability, one on either side of the nucleus. Thus, as you can see in 
Figure 7.19, the nucleus lies at the nodal plane of this dumbbell-shaped orbital . 
The maximum value of I is n - 1, so only levels with n = 2 or higher can have 
a p orbital . Therefore, the lowest energy p orbital (the one closest to the nucleus) 
is the 2p . Keep in mind that one p orbital consists of both lobes and that the elec­
tron spends equal time in both. Similar to the pattern for s orbitals, a 3p orbital 
is larger than a 2p orbital, a 4p orbital is larger than a 3p orbital, and so forth. 

Unlike an s orbital, each p orbital does have a specific orientation in space. 
The I = 1 value has three possible ml values: -1, 0, and + 1, which refer to three 
mutually perpendicular p orbitals .  They are identical in size, shape, and energy, 
differing only in orientation. For convenience, we associate p orbitals with the x, 
y, and z axes (but there is no necessary relation between a spatial axis and a given 
m, value): the Px orbital lies along the x axis, the Py along the y axis, and the pz 
along the z axis. 

The d Orbital An orbital with I = 2 is called a d orbital. There are five possible 
ml values for the I = 2 value: -2, -1, 0, + 1, and +2. Thus, a d orbital can have 
any one of five different orientations, as shown in Figure 7.20. Four of the five d 
orbitals have four lobes (a cloverleaf shape) prescribed by two mutually perpen­
dicular nodal planes, with the nucleus lying at the junction of the lobes. Three of 
these orbitals lie in the mutually perpendicular xy, xz, and yz planes, with their 
lobes between the axes, and are called the dxy, dxz, and dyz orbitals. A fourth, the 
dX2_y2 orbital, also lies in the xy plane, but its lobes are directed along the axes. The 
fifth d orbital, the dZ2, has a different shape: two major lobes lie along the z axis, 
and a donut-shaped region girdles the center. An electron associated with a given 
d orbital has equal probability of being in any of the orbital' s  lobes. 
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Figure 7.20 The 3d orbitals. A, A radial probabil ity distribution plot. B, An electron cloud repre­
sentation of the 3dyz orbital in cross section. Note the mutually perpendicular nodal planes and the 
lobes lying between the axes. C, An accurate representation of the 3dyz orbital probability contour. 
D, The stylized depiction of the 3dyz orbital used throughout the text. E, The 3dxz orbital. F, The 3dxy 
orbital. G, The lobes of the 3dx2_y2 orbital lie on the x and y axes. H, The 3dz2 orbital has two lobes 
and a central, donut-shaped region. I, A composite of the five 3d orbitals, which again contributes 
to an atom's overall spherical shape. 
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As we said for the p orbitals, an axis designation for a d orbital is not asso­
ciated with a given m{ value. In keeping with the quantum number rules, a d 
orbital (l = 2) must have a principal quantum number of n = 3 or greater. The 
4d orbitals extend farther from the nucleus than the 3d orbitals, and the 5d orbitals 
extend still farther. 

Orbitals with Higher I Values Orbitals with I = 3 are f orbitals and must have 
a principal quantum number of at least n = 4. There are seven f orbitals 
(2l + 1 = 7), each with a complex, multilobed shape; Figure 7 .2 1  shows one of 
them. Orbitals with l = 4 are g orbitals, but we will not discuss them further 
because they play no known role in chemical bonding. 

z Figure 7.21 One of the seven possi­
ble 4f orbitals. The 4fxyz orbital has 
eight lobes and three nodal planes. The 
other six 4f orbitals also have multilabed 
contours. 
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Figure 7.22 The energy levels in the H 
atom. The H atom is the only atom in 
which the energy level depends only on 
the n value of the sublevels. For example, 
the 2s and the three 2p sublevels (shown 
as short l ines) all have the same energy. 
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The Special Case of the Hydrogen Atom 
The energy state of the H atom depends only on the principal quantum number 
n because there is only one electron. If the electron occupies an orbital with a 
higher n value, it occurs (on average) farther from the nucleus, so it is higher in  
energy. In other words, in the special case of the H atom, al l  four n = 2 orbitals 
(one 2s and three 2p) have the same energy, and all nine n = 3 orbitals (one 3s, 
three 3p, and five 3d) have the same energy (Figure 7.22). Of course, atoms of 
all other elements have more than one electron; as you ' ll see in Chapter 8, the 
additional attractions and repulsions that result make their energy states depend 
on both the n and l values of the occupied orbitals .  

S E CTI O N  S U M M A RY 
The electron's wave function (�I, atomic orbital) is a mathematical description of the 
electron's wavelike behavior in an atom. Each wave function is associated with one 
of the atom's allowed energy states. The probability density of finding the electron 
at a particular location is represented by �F An electron density diagram and a 
radial probability distri bution plot show how the electron occupies the space near 
the nucleus for a particu lar energy level. Three features of an atomic orbital are 
described by q uantum numbers: size (n) , shape (/), and orientation (m/), Orbitals with 
the same n and / values constitute a sublevel; su blevels with the same n value con­
stitute an energy level. A sublevel with / = 0 has a spherical (s) orbital; a sublevel 
with / = 1 has three, two-lobed (P) orbitals; and a sublevel with / = 2 has five, multi­
lobed (d) orbitals. I n  the special case of the H atom, the energy levels depend on 
the n value only. 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 

Learning Obiectives 
To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and end-of-chapter prob­
lems (EP) are listed in parentheses. 

1 .  Describe the relationships among frequency, wavelength, and 
energy of light, and know the meaning of amplitude; have a 
general understanding of the electromagnetic spectrum (§ 7.1) 
(SPs 7. 1 ,  7.2) (EPs 7. 1 ,  7.2, 7.6-7. 1 3) 
2. Understand how particles and waves differ and how the work 
of Planck (quantization of energy) and Einstein (photon theory) 
changed thinking about it (§ 7. 1 )  (EPs 7.3-7.5) 
3. Explain the Bohr theory and the importance of discrete atomic 
energy levels (§ 7.2) (EPs 7. 14-7.26) 

Key Terms 
Section 7.1 
electromagnetic 

radiation (206) 

frequency (v) (206) 

wavelength (A) (206) 

speed of light (c) (207) 

amplitude (207) 

electromagnetic 
spectrum (207) 

infrared (IR) (207) 

ultraviolet (UV) (207) 

refraction (208) 

diffraction (208) 

quantum number (2 1 0) 

Planck's constant (h) (210) 

4. Describe the wave-particle duality of matter and energy and the 
theories and experiments that led to it (particle wavelength, elec­
tron diffraction, photon momentum, uncertainty principle) (§ 7.3) 
(SP 7.3) (EPs 7.27-7.34) 
5. Distinguish between ql (wave function) and tjJ2 (probability 
density); understand the meaning of electron density diagrams and 
radial probability distribution plots; describe the h ierarchy of quan­
tum numbers, the hierarchy of levels, sublevels, and orbitals, and 
the shapes and nodes of s, p, and d orbitals; and determine quan­
tum numbers and sublevel designations (§ 7.4) (SPs 7.4-7.6) 
(EPs 7.35-7.47) 

quantum (2 1 0) 

photoelectric effect (2 1 0) 

photon (2 11 )  

Section 7.2 
line spectrum (2 1 2) 

stationary state (2 1 3) 

ground state (214) 

excited state (214) 

spectrophotometry (217) 

emission spectrum (2 l 7) 

absorption spectrum (2 l 7) 

Section 7.3 
de Broglie wavelength (2 1 9) 

wave-particle duality (220) 

uncertainty principle (22 1 )  



Section 7.4 
quantum mechanics (221) 

Schrodinger equation (22 1 )  

wave function (atomic 
orbital) (222) 

electron density diagram (222) 

electron cloud (222) 

radial probability distribution 
plot (222) 

probability contour (223) 

Key Equations and Relationships 
7.1 Relating the speed of light to its frequency and 
wavelength (207): 

e=vXA. 

7.2 Determining the smallest change in an atom's energy (2 10) :  

t:.E= hv 

7.3 Calculating the wavelength of any line in the H atom spec­
trum (Rydberg equation) (2 1 3) :  

� = Ref - :�) 
where n is a positive integer and 172 > nl 

Brief Solutions to Follow-up Problems 
3 .00X 1 08 mls 1 09 nm 

7.1 A. (nm) = 14 I X ---= 41S nm 
7.23XI0 s 1 m  

A lO A 0 
A. ( ) = 41S  nm X --= 4 1S0 A 

I nm 

7.2 UV: E = he/A. 
(6.626X 10-34 J-s)(3.00X 108 m/s) 

0-17 J = = ?X) 
l XIO 8 m 

-

Visible: E = 4X IO-19 J ;  IR: E = 2X IO-21 J 
As A. increases, E decreases. 

Problems 
Problems with colored numbers are answered in Aprendix E. 
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are grouped in pairs 
(indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

The Nature of Light 
(Sample Problems 7. 1 and 7.2) 

7.1 In what ways are microwave and ultraviolet radiation the 
same? In what ways are they different? 

7.2 Consider the following types of electromagnetic radiation: 
( 1 )  microwave (2) ultraviolet (3) radio waves 
(4) infrared (S) x-ray (6) visible 
(a) Arrange them in order of increasing wavelength. 
(b) Arrange them in order of increasing frequency. 
(c) Arrange them in order of increasing energy. 

Problems 

principal quantum number 
(17) (224) 

angular momentum quantum 
number (I) (224) 

magnetic quantum number 
(m,) (224) 

level (shell) (22S) 

sublevel (subshell) (22S) 

s orbital (226) 

node (227) 

p orbital (228) 
d orbital (228) 

7.4 Finding the difference between two energy levels in the H 
atom (2 1 6): 

-18 ( 1 1 ) !1E = Efinal - Einitial = - 2. 1 8XIO J � - � 
I1final ninitiai 

7.S Calculating the wavelength of any moving particle 
(de Broglie wavelength) (2 1 8) :  

h 
A. =-

mu 

7.6 Finding the uncertainty in position or speed of a particle 
(Heisenberg uncertainty principle) (22 1): 

h 
Llx' mt:.u 2: -

4'TT 

h 6.626X 10-34 kg·m2/s 
7.3 u = -= ---------,--�----__;_ 

mA 
(9.11X IO-31 kg)( lOO nm X �) 

10 nm 
= 7.27X 1 03 mls 
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7.4 n = 4, so 1 = 0, 1,2, 3 .  In addition to the m{ values in Sample 
Problem 7.4, we have those for 1 = 3 :  

m, = - 3, - 2, - 1 , 0, + 1 ,  +2, +3 

7.S For 2p: n = 2, 1 = 1 ,  m, = - 1, 0, + I 
For Sf 17 = S, 1 = 3,111, = - 3,  -2, -1, 0, + 1, +2, +3 
7.6 (a) n = 4, 1 = 1 ;  (b) name is 2p; (c) name is 3d; 
(d) n = 2,1 = 0, m, = a 

7.3 In the mid_17th century, Isaac Newton proposed that light ex­
isted as a stream of particles, and the wave-particle debate con­
tinued for over 2S0 years until Planck and Einstein presented 
their revolutionary ideas. Give two pieces of evidence for the 
wave model and two for the particle model. 

7.4 What new idea about energy did Planck use to explain black­
body radiation? 

7.S What new idea about light did Einstein use to explain the 
photoelectric effect? Why does the photoelectric effect exhibit a 
threshold frequency? Why does it not exhibit a time lag? 

17.6 An AM station broadcasts rock music at "960 on your radio 
dial." Units for AM frequencies are given in kilohertz (kHz). 
Find the wavelength of the station's radio waves in meters (m), 
nanometers (nm), and angstroms (A). 

7.7 An FM station broadcasts classical music at 93.S MHz (mega­
hertz, or 106 Hz). Find the wavelength (in m, nm, and A) of these 
radio waves. 
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7.8 A radio wave has a frequency of 3.6X 1 010 Hz. What is the en­
ergy (in J) of one photon of this radiation? 

7.9 An x-ray has a wavelength of 1 .3 A. Calculate the energy (in J) 
of one photon of this radiation. 

7.10 Rank the following photons in terms of increasing energy: 
(a) blue (A = 453 nm); (b) red (A = 660 nm); (c) yellow (A = 
595 nm). 

7.11 Rank the following photons in terms of decreasing energy: 
(a) IR (v = 6.5X 1 013 S-I) ;  (b) microwave (v = 9.8X l Oll s -I); 

I (c) UV (v = 8 .0Xl O1S S-
I
). 

7.12 Cobalt-60 is a radioactive isotope used to treat cancers of the 
brain and other tissues. A gamma ray emitted by an atom of this 
isotope has an energy of 1 .33 MeV (million electron volts; 
1 eV = 1.602Xl O-19 1). What is the frequency (in Hz) and the 
wavelength (in m) of this gamma ray? 

7.13 (a) The first step in the formation of ozone in the upper at­
mosphere occurs when oxygen molecules absorb UV radiation 
of wavelengths s; 242 nm. Calculate the frequency and energy 
of the least energetic of these photons. 
(b) Ozone absorbs light having wavelengths of 2200 to 2900 A, 
thus protecting organisms on Earth's surface from this high­
energy UV radiation. What are the frequency and energy of the 
most energetic of these photons? 

Atomic Spectra 

7.14 How is n l in the Rydberg equation (Equation 7.3) related to 
the quantum number n in the Bohr model? 

7.15 Distinguish between an absorption spectrum and an emission 
spectrum. With which did Bohr work? 

7.16 Which of these electron transitions correspond to absorption 
of energy and which to emission? 
(a) n = 2 to n = 4 (b) n = 3 to n = 1 
(c) n = 5 to n = 2 (d) n = 3 to n = 4 

7.17 Why could the Bohr model not predict line spectra for atoms 
other than hydrogen? 

17.18 Use the Rydberg equation (Equation 7.3) to calculate the 
wavelength (in nm) of the photon emitted when a hydrogen atom 
undergoes a transition from n = 5 to n = 2. 

7.19 Use the Rydberg equation to calculate the wavelength (in A) 
of the photon absorbed when a hydrogen atom undergoes a tran­
sition from n = 1 to n = 3. 

7.20 Calculate the energy difference (fl£) for the transition in 
Problem 7. 1 8  for 1 mol of H atoms. 

7.21 Calculate the energy difference (fl£) for the transition in  
Problem 7. 1 9  for 1 mol of H atoms. 

7.22 Arrange the following H atom electron transitions in order of 
increasing frequency of the photon absorbed or emitted: 
(a) n = 2 to n = 4 (b) n = 2 to n = 1 
(c) n = 2 to n = 5 (d) n = 4 to n = 3 

7.23 Arrange the following H atom electron transitions in order of 
decreasing wavelength of the photon absorbed or emitted: 
(a) n = 2 to n = 00 (b) n = 4 to n = 20 
(c) n = 3 to n = 1 0  (d) n = 2 to n = I 

7.24 The electron in a ground-state H atom absorbs a photon 
of wavelength 97.20 nm. To what energy level does the elec­
tron move? 

7.25 An electron in the n = 5 level of an H atom emits a photon of 
1 wavelength 1 28 1  run. To what energy level does the electron move? 

7.26 In addition to continuous radiation, fluorescent lamps emit 
sharp lines in the visible region from a mercury discharge within 
the tube. Much of this light has a wavelength of 436 nm. What is 
the energy (in J) of one photon of this light? 

The Wave-Particle Duality of Matter and Energy 
(Sample Problem 7.3) 

7.27 If particles have wavelike motion, why don ' t  we observe that 
motion in the macroscopic world? 

7.28 Why can' t  we overcome the uncertainty predicted by Heisen­
berg's principle by building more precise devices to reduce the 
error in measurements below the h/47r limit? 

17.29 A 220-lb fullback runs the 40-yd dash at a speed of 
1 9.6 ± 0. 1 mi/h. What is his de Broglie wavelength (in meters)? 

7.30 An alpha particle (mass = 6.6X 10-24 g) emitted by radium 
travels at 3.4XI07 ± 0.lx107 milh. What is its de Broglie wave­
length (in meters)? 

7.31 How fast must a 56.5-g tennis ball travel in order to have a 
de Broglie wavelength that is equal to that of a photon of green 
light (5400 A)? 

7.32 How fast must a 142-g baseball travel in  order to have a 
de Broglie wavelength that is equal to that of an x-ray photon 
with A = 1 00. pm? 

7.33 A sodium flame has a characteristic yellow color due to emis­
sions of wavelength 589 nm. What is the mass equivalence of 
one photon of this wavelength (1 J = 1 kg·m2/s2)? 

7.34 A lithium flame has a characteristic red color due to emis­
sions of wavelength 671 nm. What is the mass equivalence of 

1 1 mol of photons of this wavelength ( 1  J = 1 kg·m2/s2)? 

The Quantum-Mechanical Model of the Atom 
(Sample Problems 7.4 to 7.6) 

7.35 What physical meaning is attributed to the square of the wave 
function, t\J2? 

7.36 Explain in your own words what the "electron density" in a 
particular tiny volume of space means. 

7.37 What feature of an orbital is  related to each of the following 
quantum numbers? 
(a) Principal quantum number (n) 
(b) Angular momentum quantum number (l) 
(c) Magnetic quantum number (In,) 

17.38 How many orbitals in an atom can have each of the following 
designations: (a) I s ; (b) 4d; (c) 3p; (d) n = 3? 

7.39 How many orbitals in an atom can have each of the following 
designations: (a) 5f; (b) 4p; (c) 5d; (d) n = 2? 

7.40 Give all possible In, values for orbitals that have each of the 
following: (a) l = 2; (b) n = 1; (c) n = 4, 1 =  3. 

7.41 Give all possible In, values for orbitals that have each of the 
following: (a) I = 3; (b) n = 2; (c) n = 6, I = 1. 

7.42 For each of the fol lowing, give the sublevel designation, the 
allowable In{ values, and the number of orbitals :  
(a) n = 4, I = 2 (b) n = 5,  1= 1 (c) n = 6, I = 3 



7.43 For each of the following, give the sublevel designation, the 
allowable m{ values, and the number of orbitals: 
(a) n = 2, l = 0 (b) n = 3, l = 2 (c) n = 5, l = 1 

7.44 For each of the following sublevels, give the nand l values 
and the number of orbitals: (a) 5s; (b) 3p; (c) 4f 

7.45 For each of the following sublevels, give the nand l values 
and the number of orbitals: (a) 6g; (b) 4s; (c) 3d. 

7.46 Are the following quantum number combinations allowed? If 
not, show two ways to correct them: 
(a) n = 2; l = 0; m, = - 1  (b) n = 4; l = 3; m, = - 1  
(c) n = 3; l = 1 ;  m, = 0 (d) n = 5; l = 2; In, = +3 

7.47 Are the following quantum number combinations allowed? If 
not, show two ways to correct them: 
(a)n=I;/=O;m,=O (b)n=2;l=2;m,= + 1 
(c) n = 7; l = 1 ;  In{ = +2 (d) n = 3; l = 1 ;  m, = -2 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

7.48 The quantum-mechanical treatment of the hydrogen atom 
gives the energy, E, of the electron as a function of the principal 
quantum number, n: 

E =  
STI2mea02n2 (n = 1 ,2,3, . . . ) 

where h is Planck's constant, me is the electron mass, and ao is 
52.92XlO- 1 2 m. 

(a) Write the expression in the form E = - (constant)�, evalu-
n 

ate the constant (in J), and compare it with the corresponding 
expression from Bohr's theory. 
(b) Use the expression to find till between n = 2 and n = 3.  
(c) Calculate the wavelength of the photon that corresponds to 
this energy change. Is this photon seen i n  the hydrogen spectrum 
obtained from experiment (see Figure 7 .7)? 

7.49 The photoelectric effect is illustrated in a plot of the kinetic 
energies of electrons ejected from the surface of potassium metal 
or silver metal at different frequencies of incident light. 
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Frequency 

(a) Why don't the lines begin at the origin? 
(b) Why don' t  the lines begin at the same point? 
(c) From which metal will light of a shorter wavelength eject 
an electron? 
(d) Why are the slopes of the lines equal? 

7.50 The human eye is a complex sensing device for visible light. 
The optic nerve needs a minimum of 2.0X 1 0 -17 J of energy to 
trigger a series of impulses that eventually reach the brain. 
(a) How many photons of red light (700. nm) are needed? 
(b) How many photons of blue light (475 nm)? 

Problems 233 

7.51 One reason carbon monoxide (CO) is toxic is that it binds to 
the blood protein hemoglobin more strongly than oxygen does. 
The bond between hemoglobin and CO absorbs radiation of 
1 953 cm -I. (The units are the reciprocal of the wavelength in 
centimeters.) Calculate the wavelength (in nm and A) and the 
frequency (in Hz) of the absorbed radiation. 

7.52 A metal ion M"+ has a single electron. The highest energy 
l ine in its emission spectrum occurs at a frequency of 
2.96 1 X 1 0 1 6  Hz. Identify the ion. 

7.53 TV and radio stations transmit in specific frequency bands of 
the radio region of the electromagnetic spectrum. 
(a) TV channels 2 to 13 (VHF) broadcast signals between the 
frequencies of 59.5 and 2 1 5.S MHz, whereas FM radio stations 
broadcast signals with wavelengths between 2.78 and 3.41  m. 
Do these bands of signals overlap? 
(b) AM radio signals have frequencies between 550 and 1 600 
kHz. Which has a broader transmission band, AM or FM? 

7.54 In his explanation of the threshold frequency in the photo­
electric effect, Einstein reasoned that the absorbed photon must 
have the minimum energy required to dislodge an electron from 
the metal sUlface. This energy is  called the work function (<I» of 
that metal. What is the longest wavelength of radiation (in nm) 
that could cause the photoelectric effect in each of these metals? 
(a) Calcium, <I> = 4.60X 1 0 - 1 9  J 
(b) Titanium, <I> = 6.94X 1 0- 1 9  J 
(c) Sodium, <I> = 4.41 XlO- 1 9  J 

7.55 You have three metal samples-A, B, and C-that are 
tantalum (Ta), barium (Ba) ,  and tungsten (W), but you don't 
know which is which. Metal A emits electrons in response to vis­
ible light; metals B and C require UV light. (a) Identify metal A, 
and find the longest wavelength that removes an electron. 
(b) What range of wavelengths would distinguish B and C? [The 
work functions are Ta (6.S 1 X 1 0-19 J), Ba  (4.30X 1 0-19 J), and 
W (7. 1 6X 1 0-19 1); work function is explained in Problem 7.54.] 

7.56 A laser (light amplification by stimulated emission of radia­
tion) provides a coherent (in-phase) nearly monochromatic 
source of high-intensity light. Lasers are used in eye surgery, 
CDIDVD players, basic research, etc. Some modern dye lasers 
can be "tuned" to emit a desired wavelength. Fill i n  the blanks in 
the following table of the properties of some common lasers: 

Type A (nm) v (S-l) E (J) Color 

He-Ne 632.S ? ? ? 

Ar ? 6. 1 4SX 1 014 ? ? 

Ar-Kr ? ? 3.499X 10- 1 9  ? 

Dye 663.7 ? ? ? 

7.57 As space exploration increases, means of communication 
with humans and probes on other planets are being developed. 
(a) How much time (in s) does it take for a radio wave of fre­
quency S.93X 107 S-I to reach Mars, which is S.l X 1 07 km from 
Earth? (b) If i t  takes this radiation 1 .2 s to reach the Moon, how 
far (in m) is the Moon from Earth? 

* 7.58 A ground-state H atom absorbs a photon of wavelength 
94.91 nm, and its electron attains a higher energy level. The atom 
then emits two photons: one of wavelength 12S 1  nm to reach an 
intermediate level, and a second to reach the ground state. 
(a) What higher level did the electron reach? 
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(b) What intermediate level did the electron reach? 
(c) What was the wavelength of the second photon emitted? 

* 7.59 Why do the spaces between spectral lines within a series de­
crease as the wavelength becomes shorter? 

7.60 Enormous numbers of microwave photons are needed 
to warm macroscopic samples of matter. A portion of soup 
containing 252 g of water is heated in a microwave oven from 
20.oC to 98°C, with radiation of wavelength 1 .55X 1 0-2 m. How 
many photons are absorbed by the water in the soup? 

* 7.61 The quantum-mechanical treatment of the hydrogen atom 
gives an expression for the wave function, tjJ, of the I s  orbital: 

1 (1 )3/2 
-ria tjJ=-- e 0 

y;;;: ao 
where r is the distance from the nucleus and ao is 52.92 pm. The 
electron probability density is the probability of finding the elec­
tron in a tiny volume at distance r from the nucleus and is pro­
portional to tjJ2. The radial probability distribution is the total 
probability of finding the electron at all points at distance r from 
the nucleus and is proportional to 4'ITr2tjJ2. Calculate the values 
(to three significant figures) of tjJ, tjJ2, and 4'ITr2tjJ2 to fil l  in the fol­
lowing table, and sketch plots of these quantities versus r. Com­
pare the latter two plots with those in Figure 7. 1 8A: 

r(pm) 
o 

50 

1 00 

200 

7.62 In fireworks displays, light of a given wavelength indicates 
the presence of a particular element. What are the frequency and 
color of the light associated with each of the following? 
(a) Li + , A = 67 1 nm (b) Cs+, A = 456 nm 
(c) Ca2+ , A = 649 nm (d) Na+ , A = 5 89 nm 

7.63 Photoelectron spectroscopy applies the principle of the 
photoelectric effect to study orbital energies of atoms and mol­
ecules. High-energy radiation (usually UV or x-ray) is absorbed 
by a sample and an electron is ejected. By knowing the energy of 
the radiation and measuring the energy of the electron lost, the 
orbital energy can be calculated. The following energy differ­
ences were determined for several electron transitions: 

till 2-1 = 4.088XlO-17 1 
DE 3-1 = 4.844X 1 0-17 1 
till 5-1 = 5.232XlO-17 1 
till 4-2 = 1.022 X 10-17 1 

Calculate the energy change and the wavelength of a photon 
emitted in the following transitions. 
(a) Level 3 ->- 2 (b) Level 4 ->- 1 (c) Level S ->- 4 

7.64 An electron microscope focuses electrons through magnetic 
lenses to observe objects at higher magnification than is possible 
with a light microscope. For any microscope, the smallest object 
that can be observed is one-half the wavelength of the radiation 
used. Thus, for example, the smallest object that can be observed 
with light of 400 nm is 2X 1 0-7 m. (a) What is the smallest ob­
ject observable with an electron microscope using electrons 
moving at 5 .5X 1 0

4 
mls? (b) At 3 .0X 107 m/s? 

7.65 In a typical fireworks device, the heat of the reaction between 
a strong oxidizing agent, such as KCl04, and an organic com­
pound excites certain salts, which emit specific colors. Strontium 
salts have an intense emission at 641 nm, and baJium salts have 
one at 493 nm. (a) What colors do these emissions produce? 
(b) What is the energy (in kl) of these emissions for 1 .00 g each 
of the chloride salts of Sr and Ba? (Assume that all the heat 
released is converted to light emitted.) 

* 7.66 Atomic hydrogen produces well-known series of spectral 
lines in several regions of the electromagnetic spectrum. Each 
series fits the Rydberg equation with its own particular nl value. 
Calculate the value of nl (by trial and error if necessary) that 
would produce a series of lines in which: 
(a) The highest energy line has a wavelength of 3282 nm. 
(b) The lowest energy line has a wavelength of 7460 nm. 

7.67 Fish-liver oil is a good source of vitamin A, which is mea­
sured spectrophotometrically at a wavelength of 329 nm. 
(a) Suggest a reason for using this wavelength. 
(b) In what region of the spectrum does this wavelength lie? 
(c) When 0. 1 232 g of fish-liver oil is dissolved in 500. mL of sol­
vent, the absorbance is 0.724 units. When 1 .67X 1 0 -3 g of vita­
min A is dissolved in 250. mL of solvent, the absorbance is 1.018 
units. Calculate the vitamin A concentration in the fish-liver oil. 

7.68 Many calculators use photocells to provide their energy. Find 
the maximum wavelength needed to remove an electron from 
silver (<I> = 7.59X 10-191). Is silver a good choice for a photo­
cell that uses visible light? 

7.69 In a game of "Clue," Ms. White is killed in the conservatory. 
You have a device in each room to help you find the murderer­
a spectrometer that emits the entire visible spectrum to indicate 
who is in that room. For example, if someone wearing yellow 
is in a room, light at 580 nm is reflected. The suspects are 
Col. Mustard, Prof. Plum, Mr. Green, Ms. Peacock (blue), and 
Ms. Scarlet. At the time of the murder, the spectrometer in the 
dining room recorded a reflection at 520 nm, those in the lounge 
and study recorded reflections of lower frequencies, and the one 
in the library recorded a reflection of the shortest possible wave­
length. Who killed Ms. White? Explain. 

7.70 Technetium (Tc; Z = 43) is a synthetic element used as a ra­
dioactive tracer in medical studies. A Tc atom emits a beta parti­
cle (electron) with a kinetic energy (Ek) of 4.71 X 1 0-151. What 
is the de Broglie wavelength of this electron (Ek = �mv2)? 

7.71 Electric power is  typically given in units of watts ( I  W = 
1 lis). About 95% of the power output of an incandescent bulb is 
converted to heat and 5% to light. If 1 0% of that light shines on 
your chemistry text, how many photons per second shine on the 
book from a 75-W bulb? (Assume the photons have a wave­
length of 550 nm.) 

* 7.72 The net change in the multistep biochemical process of 
photosynthesis is that CO2 and H20 form glucose (C6HI206) 
and 02. Chlorophyll absorbs light in the 600 to 700 nm region. 
(a) Write a balanced thermochemical equation for formation of 
1 .00 mol of glucose. (b) What is the minimum number of pho­
tons with A = 680. nm needed to prepare 1 .00 mol of glucose? 

7.73 In contrast to the situation for an e lectron, calculate the 
uncertainty in the position of a 1 42-g baseball ,  pitched during 
the 2004 Red Sox-Cardinals World Series, that moved at 
1 00.0 milh ± 1 .00%. 



Observing the Trend Many natural phenomena, such as the increasing spiral of a 
Nautilus shell and, as you'll see in this chapter, the arrangement of electrons in 
atoms, recur with such periodic regularity that they allow us to predict properties and 
behavior. 

Key Principles 
• The electron configuration of an atom, the distribution of electrons into 

its energy levels and sublevels, ultimately determines the behavior of 
the element. 

• Three new features are important for atoms with more than one 
electron (all elements except hydrogen): a fourth quantum number 
(ms) specifies electron spin; an orbital holds no more than two 
electrons (exclusion principle); and interactions between electrons 
and between nucleus and electrons (shielding and penetration) 
cause energy levels to split into sublevels of different energy. 

• The periodic table is "built up" by adding one electron (and one proton 
and one or more neutrons) to each preceding atom. This method 
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results in vertical groups of elements having identical outer electron 
configurations and, thus, similar behavior. 

• T hree atomic properties-atomic size, ionization energy (energy 
involved in removing an electron from an atom), and electron affinity 
(energy involved in adding an electron to an atom)-exhibit recurring 
trends throughout the periodic table. 

• These atomic properties have a profound effect on many macroscopic 
properties, including metallic behavior, acid-base behavior of oxides, 
ionic behavior, and magnetic behavior of the elements and their 
compounds. 

8.1 Development of the Periodic Table 

8.2 Characteristics of Many-Electron Atoms 
T he Electron-Spin Quantum Number 

8.3 The Quantum-Mechanical Model and 
the Periodic Table 
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Concepts & Ski l l s  to Review 
Before You Study Th i s  Chapter 

• format of the periodic table 
(Section 2.6) 

• characteristics of metals and 
nonmetals (Section 2.6) 

• application of Coulomb's law to 
electrostatic attraction (Section 2.7) 

• characteristics of acids and bases 
(Section 4.4) 

• rules for assigning quantum numbers 
(Section 7.4) 

CHAPTER 8 Electron Configuration and Chemical Periodicity 

I n Chapter 7, you saw how an outpouring of scientific creativity by early 20th_ 
century physicists led to a new understanding of matter and energy, which in 

turn led to the quantum-mechanical model of the atom. But you can be sure that 
late 19th -century chemists were not sitting idly by, waiting for their colleagues in 
physics to develop that model. They were exploring the nature of electrolytes, 
establishing the kinetic-molecular theory, and developing chemical thermody­
namics. The fields of organic chemistry and biochemistry were born, as were the 
fertilizer, explosives, glassmaking, soapmaking, bleaching, and dyestuff indus­
tries. And, for the first time, chemistry became a university subject in Europe and 
America. Superimposed on this activity was the accumulation of an enormous 
body of facts about the elements, which became organized into the periodic table. 

The goal of this chapter is to show how the organization of the table, con­
densed from countless hours of laboratory work, was explained perfectly by the 
new quantum-mechanical atomic model. This model answers one of the central 
questions in chemistry: why do the elements behave as they do? Or, rephrasing 
the question to fit the main topic of this chapter: how does the electron config­
uration of an element-the distribution of electrons within the orbitals of its 
atoms-relate to its chemical and physical properties? 

8. 1 DEVELOPMENT OF THE PERIODIC TABLE 

An essential requirement for the amazing growth in theoretical and practical 
chemistry in the second half of the 19th century was the ability to organize the facts 
known about element behavior. In Chapter 2, you saw the organizing scheme 
created by the Russian chemist Dmitri Mendeleev. In 1870, he arranged the 65 
elements then known into a periodic table and summarized their behavior in the 
periodic law: when arranged by atomic mass, the elements exhibit a periodic 
recurrence of similar properties. It is a curious quirk of history that Mendeleev 
and the German chemist Julius Lothar Meyer arrived at virtually the same orga­
nization simultaneously, yet independently. Mendeleev focused on chemical prop­
erties and Meyer on physical properties. The greater credit has gone to Mendeleev 
because he predicted the properties of several as-yet-undiscovered elements, for 
which he had left blank spaces in his table. 

Today's periodic table, which appears on the inside front cover of the text, 
resembles Mendeleev's in most details, although it includes 49 (and still count­
ing) elements that were unknown in 1870. The only substantive change is that the 
elements are now arranged in order of atomic number (number of protons) rather 
than atomic mass. 

8.2 CHARACTERISTICS OF MANY-ELECTRON ATOMS 

Like the Bohr model, the Schrodinger equation does not give exact solutions for 
many-electron atoms. However, unlike the Bohr model, the Schrodinger equation 
gives very good approximate solutions. These solutions show that the atomic 
orbitals of many-electron atoms resemble those of the H atom, which means we 
can use the same quantum numbers that we used for the H atom to describe the 
orbitals of other atoms. 

Nevertheless, the existence of more than one electron in an atom requires us 
to consider three features that were not relevant in the case of hydrogen: (1) the 
need for a fourth quantum number, (2) a limit on the number of electrons allowed 
in a given orbital, and (3) a more complex set of orbital energy levels .  Let's 
examine these new features and then go on to determine the electron configura­
tion for each element. 



8.2 Characteristics of Many-Electron Atoms 

The Electron-Spin Quantum Number 
Recall from Chapter 7 that the three quantum numbers n, I, and ml describe the 
size (energy), shape, and orientation, respectively, of an atomic orbital. However, 
an additional quantum number is needed to describe a property of the electron 
itself, called spin, which is not a property of the orbital. Electron spin becomes 
important when more than one electron is present. 

When a beam of H atoms passes through a nonuniform magnetic field, as 
shown in Figure 8.1, it splits into two beams that bend away from each other. 
The explanation of the split beam is that the electron generates a tiny magnetic 
field, as though it were a spinning charge. The single electron in each H atom can 
have one of two possible values of spin, each of which generates a tiny magnetic 
field. These two fields have opposing directions, so half of the electrons are 
attracted into the large external magnetic field and the other half are repelled by 
it. As a result, the beam of H atoms splits. 

Like its charge, spin is an intrinsic property of the electron, and the spin 
quantum number (ms) has values of either +� or -� . Thus, each electron in an 
atom is described completely by a set of four quantum numbers: the first three 
describe its orbital, and the fourth describes its spin. The quantum numbers are 
summarized in Table 8.1. 

e�M:11 Summary of Quantum Numbers of Electrons in Atoms 

Name Symbol PermiHed Values Property 

Principal n Positive integers (1 ,  2, 3, . . .  ) Orbital energy (size) 

Angular Integers from 0 to n - 1 Orbital shape (The l values 
momentum 0, 1 ,  2, and 3 correspond 

to s, p, d, and f orbitals, 
respectively.) 

Magnetic Inl Integers from -I to 0 to + 1 Orbital orientation 

Spin Ins +� or -� Direction of e - spin 

Now we can write a set of four quantum numbers for any electron in the 
ground state of any atom. For example, the set of quantum numbers for the lone 
electron in hydrogen (H; Z = 1) is n = 1 ,  I = 0, ml = 0, and ms = +�. (The 
spin quantum number for this electron could just as well have been -�, but by 
convention, we assign +� for the first electron in an orbital . )  

The Exclusion Principle 
The element after hydrogen is helium (He; Z = 2), the first with atoms having 
more than one electron. The first electron in the He ground state has the same set 

237 

Figure 8.1 Observing the effect of elec­
tron spin. A nonuniform magnetic field, 
created by magnet faces with different 
shapes, splits a beam of hydrogen atoms 
in two. The split beam results from the 
two possible values of electron spin 
within each atom. 
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of quantum numbers as the electron in the H atom, but the second He electron 
does not. Based on observations of the excited states of atoms, the Austrian physi­
cist Wolfgang Pauli formulated the exclusion principle: no two electrons in the 
same atom can have the same four quantum numbers. That is, each electron must 
have a unique "identity" as expressed by its set of quantum numbers. Therefore, 
the second He electron occupies the same orbital as the first but has an opposite 
spin: n = 1, I = 0, ml = 0, and ms = -�. You can think of the unique set of 
quantum numbers for an electron as analogous to the unique location of a box 
seat at a baseball game. The stadium (atom) is divided into section (n, level), box 
(I, sublevel), row (ml' orbital), and seat (m" spin). Only one person (electron) can 
have this particular set of stadium "quantum numbers." 

Because the spin quantum number (ms) can have only two values, the major 
consequence of the exclusion principle is that an atomic orbital can hold a max­
imum of two electrons and they must have opposing spins. We say that the I s  
orbital i n  He i s  filled and that the electrons have paired spins. Thus, a beam of 
He atoms is not split in an experiment like that in Figure 8 . 1 .  

Electrostatic Effects and Energy-Level Splitting 
Electrostatic effects play a major role in determining the energy states of many­
electron atoms. Recall that the energy state of the H atom is determined only by 
the n value of the occupied orbital. In other words, in the H atom, all sublevels 
of a given level, such as the 2s and 2p, have the same energy. The reason is that 
the only electrostatic interaction is the attraction between nucleus and electron. 
On the other hand, the energy states of many-electron atoms arise not only from 
nucleus-electron attractions, but also electron-electron repulsions. One major con­
sequence of these additional interactions is the splitting of energy levels into sub­
levels of differing energies: the energy of an orbital in a many-electron atom 
depends mostly on its n value (size) and to a lesser extent on its I value (shape). 
Thus, a more complex set of energy states exists for a many-electron atom than 
we saw in the H atom. 

For example, with lithium (Li ; Z = 3) in its ground state, the first two elec­
trons fi l l  the I s  orbital because the electrons of an atom in its ground state 
occupy the orbitals of lowest energy. Then the third Li electron must go into 
the n = 2 level, which has 2s and 2p sublevels. As you' ll see, the 2s is lower 
in energy than the 2p. The reasons for this energy difference are based on three 
factors-nuclear charge, electron repulsions, and orbital shape (more specifi­
cally, radial probability distribution) . Their interplay leads to the phenomena of 
shielding and penetration, which occur in all the atoms in the periodic table­
except hydrogen. 

The Effect of Nuclear Charge (Z) on Orbital Energy Nuclear protons create an 
ever-present pull on the electrons .  You know that higher charges attract each 
other more strongly than lower charges (Coulomb's law, Section 2.7). Therefore, 
higher nuclear charge lowers orbital energy (stabilizes the system) by increasing 
nucleus-electron attractions. We can see this effect clearly by comparing the Is  
orbital energies of three species with one electron-the H atom (Z = 1) ,  He + ion 
(Z = 2), and Li2+ ion (Z = 3) .  The H I s  orbital is the least stable (highest energy), 
and the Li2+ I s  orbital is the most stable. 

Shielding: The Effect of Electron Repulsions on Orbital Energy In many-electron 
atoms, each electron "feels" not only the attraction to the nucleus but also the 
repulsion from other electrons. This repulsion counteracts the nuclear attraction 
somewhat, making each electron easier to remove by, in effect, helping to push 
it away. We speak of each electron "shielding" the other electrons somewhat from 
the nucleus. Shielding (also called screening) reduces the ful l  nuclear charge to 
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an effective nuclear charge (Zeff), the nuclear charge an electron actually expe­
riences. This lower nuclear charge makes the electron easier to remove. We see 
the effect of shielding by electrons in the same orbital when we compare the He 
atom and He + ion: both have a 2 + nuclear charge, but He has two electrons in 
the I s  orbital and He + has only one. It takes less than half as much energy to 
remove an electron from He (2372 kJ/mo!) than from He+ (5250 kJ/mol) because 
the second electron in He repels the first, in effect shielding the first electron from 
the ful l  nuclear charge (lowering Zeff). 

Much greater shielding is provided by inner electrons. Because they spend 
nearly all their time between the outer electrons and the nucleus, inner electrons 
shield outer electrons very effectively, in fact, much more effectively than do elec­
trons in the same sublevel . Shielding by inner electrons greatly lowers the Zejf 
felt by outer electrons. 

Penetration: The EHect of Orbital Shape on Orbital Energy Why does the third 
electron occupy the 2s orbital in the Li ground state, rather than the 2p? To answer 
this, we have to consider orbital shapes, that is, radial probability distributions 
(Figure 8.2). At first, we might expect that the electron would enter the 2p orbital 
(orange curve) because it is slightly closer to the nucleus than the major portion 
of the 2s orbital (blue curve). But note that a minor portion of the 2s radial prob­
ability distribution appears within the I s  region. As a result, an electron in the 2s 
orbital spends part of its time "penetrating" very close to the nucleus. Charges 
attract more strongly if they are near each other than far apart (Coulomb's  
law, Section 2.7) .  Therefore, penetration by the 2s  electron increases its overall 
attraction to the nucleus relative to that for a 2p electron . At the same time, 
penetration into the I s  region decreases the shielding of the 2s electron by the I s  
electrons. Evidence shows that, indeed, the 2s orbital of Li is lower in  energy 
than the 2p orbital, because it takes more energy to remove a 2s electron 
(520 kJ/mol) than a 2p (34 1  kJ/mol) .  
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Figure 8.2 Penetration and orbital 
energy. Radial probability distributions 
show that a 25 electron spends most of its 
time slightly farther from the nucleus than 
does a 2p electron but penetrates near the 
nucleus for a small part of the time. Pene­
tration by the 25 electron increases its 
overall attraction to the nucleus; thus, the 
25 orbital is more stable (lower in energy) 

than the 2p. 

In general , penetration and the resulting effects on shielding cause an 
energy level to split into sublevels of differing energy. The lower the I value of 
an orbital , the more its electrons penetrate, and so the greater their attraction to 
the nucleus.  Therefore, for a given n value, the lower the I value, the lower the 
sublevel energy: 

Order of sublevel energies: s < p < d < f (8.1) 
Thus, the 2s (l = 0) is lower in energy than the 2p (l = 1), the 3p (l 1 )  is 
lower than the 3d (l = 2), and so forth. 

Figure 8.3 shows the general energy order of levels (n value) and how they 
are split into sublevels (l values) of differing energies. (Compare this with the H 
atom energy levels in Figure 7 .22. )  Next, we use this  energy order to construct a 
periodic table of ground-state atoms. 
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Figure 8.3 Order for filling energy 
sublevels with electrons. In many­
electron atoms, energy levels split into 
sublevels. The relative energies of sub­
levels increase with principal quantum 
number n (1 < 2 < 3, etc.) and angular 
momentum quantum number I (5 < P < 
d < f).  As n increases, the energies be­
come closer together. The penetration 
effect, together with this narrowing of en­
ergy d ifferences, results in  the overlap of 
some sublevels; for example, the 45 sub­
level is slightly lower in energy than the 
3d, so it is filled first. (Line color is by 

sublevel type; l ine lengths differ for ease 
in labeling.) 
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S E CTI O N  S U M M A RY 
Identifying electrons in many-electron atoms requires four quantum numbers: three 
(n , I, m,) describe the orbital, and a fourth (ms) describes electron spin .  The exclusion 
principle requires each electron to have a u n ique set of four quantum numbers; there­
fore, an orbital can hold no more than two electrons, and their spins must be paired 
(opposite). Electrostatic interactions determine orbital energies as follows: 
1 .  G reater nuclear charge lowers orbital energy and makes electrons harder to remove. 
2. Electron-electron repulsions raise orbital energy and make electrons easier to 

remove. Repulsions have the effect of shielding electrons from the ful l  nuclear 
charge, reducing it to an effective nuclear charge, Zeff. Inner electrons shield outer 
electrons most effectively. 

3. G reater radial probabi lity d istribution near the nucleus (greater penetration) makes 
an electron harder to remove because it is attracted more strongly and shielded 
less effectively. As a result, an energy level (shell) is split i nto sublevels (subshells) 
with the energy order s < p < d < f. 

8.3 THE QUANTUM-MECHANICAL MODEL 
AND THE PERIODIC TABLE 

Quantum mechanics provides the theoretical foundation for the experimentally  
based periodic table. In this section, we fill  the table with elements and determine 
their electron configurations-the distributions of electrons within their atoms' 
orbitals .  Note especially the recurring pattern in electron configurations, which is 
the basis for the recurring pattern in chemical behavior. 

Building Up Periods 1 and 2 
A useful way to detennine the electron configurations of the elements is to start 
at the beginning of the periodic table and add one electron per element to the low­
est energy orbital available. (Of course, one proton and one or more neutrons are 
also added to the nucleus.) This approach is based on the aufbau principle 
(German aujbauen, "to build up"), and it results in ground-state electron config­
urations. Let's assign sets of quantum numbers to the electrons in the ground state 
of the first 10 elements, those in the first two periods (horizontal rows). 

For the electron in H, as you' ve seen, the set of quantum numbers is 

H (2 = 1): n = 1 ,  l = 0, m[ = 0, ms = +� 
You also saw that the first electron in He has the same set as the electron in H, 
but the second He electron has opposing spin (exclusion principle): 

He (2 = 2): n = 1, l = 0, m[ = 0, ms = -� 
(As we go through each element in this discussion, the quantum numbers that fol­
low refer to the element's last added electron. )  

Here are two common ways to designate the orbital and its electrons: 
1 .  The electron configuration. This shorthand notation consists of the prin­

cipal energy level (n value), the letter designation of the sublevel (l value), and 
the number of electrons (#) in the sublevel, written as a superscript: nl#. The 
electron configuration of H is lS I  (spoken "one-ess-one"); that of He is I i  
(spoken "one-ess-two," not "one-ess-squared") .  This notation does not indicate 
electron spin but assumes you know that the two Is electrons have paired (oppo­
site) spins. 

2 .  The orbital diagram. An orbital diagram consists of a box (or circle, or 
just a line) for each orbital in a given energy level, grouped by sublevel, with an 
arrow indicating an electron and its spin. (Traditionally, t is +i  and J- is -i, but 
these are arbitrary ; it is necessary only to be consistent. Throughout the text, 
orbital occupancy is also indicated by color intensity: an orbital with no color is 
empty, pale color means half-filled, and full color means filled.) The electron 
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configurations and orbital diagrams for the first two elements are 

H (Z = 1 )  Is' [!] 
i s 

He (Z = 2) is2 IHI 
i s 

The exclusion principle tells us that an orbital can hold only two electrons, 
so the I s  orbital in He is fi lled, and the n = 1 level is also fi lled. The n = 2 level 
is filled next, beginning with the 2s orbital, the next lowest in energy. As we said 
earlier, the first two electrons in Li fill the I s  orbital, and the last added Li electron 
has quantum numbers n = 2, I = 0, ml = 0, ms = +1. The electron configuration 
for Li is I s22s ' . Note that the orbital diagram shows all the orbitals for n = 2, 
whether or not they are occupied: 

2p l 
Energy, E � 2s W .. ,.:; 

Li (2 = 3) ls22s ' [!]] IT] 0.0 
1-0 
� 
:: 

I s 2s 2p r.ol 
I s ff] 

To save space on a page, orbital diagrams are often written horizontally, as shown 
at left. Note that the energy of the sublevels increases from left to right. The orbital 
diagram at right shows the sublevels vertically. 

With the 2s orbital only half-filled in Li, the fourth electron of beryllium fil ls  
i t  with the electron's spin paired: n = 2, I = 0, m, = 0, m, = -1. 

I s 2s 2p 

The next lowest energy sublevel is the 2p. A p sublevel has I = 1, so the ml 
(orientation) values can be - 1 , 0, or + 1. The three orbitals in the 2p sublevel 
have equal energy (same n and I values), which means that the fifth electron of 
boron can go into any one of the 2p orbitals. For convenience, let's label the 
boxes from left to right, -1, 0, + l .  By convention, we place the electron in the 
m, = -1 orbital : n = 2, I = 1 ,  ml = - 1 , ms = +1. 

- 1  0 + I 

[!]] [!]] 1....-1 t -,--I ---L-J 

I s 2s 2p 

To minimize electron-electron repulsions, the last added (sixth) electron of 
carbon enters one of the unoccupied 2p orbitals ;  by convention, we place it i n  the 
ml = ° orbital. Experiment shows that the spin of this electron is parallel to (the 
same as) the spin of the other 2p electron: n = 2, I = 1, ml = 0, ms = +1. 

I s 2s 2p 

This placement of electrons for carbon exemplifies Hund's rule: when 
orbitals of equal energy are available, the electron configuration of lowest energy 
has the maximum number of unpaired electrons with parallel spins. Based on 
Hund's rule, nitrogen 's  seventh electron enters the last empty 2p orbital, with its 
spin parallel to the two other 2p electrons: n = 2, I = 1 ,  m, = + 1, In ,  = +1. 

I s 2s 2p 
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The eighth electron in oxygen must enter one of these three half-fi lled 2p 
orbitals and "pair up" with (have opposing spin to) the electron already present. 
With the 2p orbitals all having the same energy, we place the electron in the orbital 
previously designated 111, = - I .  The quantum numbers are n = 2, I = 1 ,  m, = 

I - 1 , l11s = - 2' 

Fluorine's 

0 (2 = 8) l s22s22p4 

ninth electron enters 
orbitals :  n = 2, I = 1 , 111, = 0, I11s = 

F (2 = 9) I s22s22p5 

[TIJ [TIJ Inl t i t  I 
I s  2s 2p 

either of the two remaining 
I 

- 2' 

[TIJ [TIJ Inlnl t l  
I s  2s 2p 

half-filled 2p 

Only one unfilled orbital remains in the 2p sublevel, so the tenth electron of 
neon occupies it: n = 2, I = 1 ,  111[ = + 1 ,  m, = -�. With neon, the n = 2 level 
is filled. 

I s  2s 2p 

SAMPLE PROBLEM 8 . 1  Determining Quantum Numbers from Orbital Diagrams 
Problem Write a set of quantum numbers for the third electron and a set for the eighth 
electron of the F atom. 
Plan Referring to the orbital diagram, we count to the electron of interest and note its 
level (n), sublevel (l), orbital (111.,), and spin (Ins). 
Solution The third electron is in the 2s orbital. The upward arrow indicates a spin of +�: 

n = 2, I = 0, In, = 0, In, = +� 
The eighth electron is in the first 2p orbital, which is  designated Inl = - 1 ,  and has a 
downward arrow: 

n = 2, I = 1, 111., = - 1 ,  In" = -� 
FOLLOW- U P  PROBLEM 8. 1 Use the periodic table t o  identify the element with the 
electron configuration li2i2p4. Write its orbital diagram, and give the quantum numbers 
of its sixth electron. 

Building Up Period 3 
The Period 3 elements, sodium through argon, lie directly under the Period 2 ele­
ments, lithium through neon. The sublevels of the n = 3 level are filled in the 
order 3s, 3p, 3d. Table 8.2 presents partial orbital diagrams (3s and 3p sublevels 
only) and electron configurations for the eight elements in Period 3 (with filled 
inner levels in brackets and the sublevel to which the last electron is  added in col­
ored type). Note the group similarities in outer electron configuration with the 
elements in Period 2 (refer to Figure 8.4). 

In sodium (the second alkali metal) and magnesium (the second alkaline 
earth metal), electrons are added to the 3s sublevel, which contains the 3s orbital 
only, just as they filled the 2s sublevel in l ithium and beryllium in Period 2.  
Then, just as for boron, carbon, and nitrogen in Period 2, the last electrons added 
to aluminum, sil icon, and phosphorus in Period 3 half-fi l l  the three 3p orbitals 
with spins parallel (Hund's rule). The last electrons added to sulfur, chlorine, 
and argon then successively enter the three half-fi l led 3p orbitals, thereby fill­
ing the 3p sublevel. With argon, the next noble gas after helium and neon, 
we arri ve at the end of Period 3. (As you ' ll see shortly, the 3d orbitals are filled 
in  Period 4.)  



8.3 The Quantum-Mechanical Model and the Periodic Table 243 

e�I:D Partial Orbital Diagrams and Electron Configurations· for the Elements in Period 3 

Atomic Partial Orbital Diagram Full Electron Condensed Electron 
Number Element (35 and 3p Sublevels Only) Configuration Configuration 

3s 3p 
L L  Na IT] 1 [ ls22s22p6] 3s 1 [Ne] 3s 1 

12 Mg [TI] I [ l s22s22p6] 3i [Ne] 3i 

1 3 AI [TI] l' [ ls22s22p6] 3s23p l [Ne] 3s23p l 

14 Si [ill l' l' [ l s22s22p6] 3s23p2 [Ne] 3i3p2 

15 P [TI] l' l' 1' 1  [ l s22s22p6] 3s23p3 [Ne] 3s23p3 

16 S [TI] 1'-1- l' 1' 1  [ ls22s22p6] 3s23/ [Ne] 3s23p4 

17 C I  [ill 1'-1, 1'-1,  1' 1  [ l s22s22p6] 3s23pS [Ne] 3s23/ 

18 Ar [ill 1'-1, 1'-1, 1'-1,1 [ ls22s22l] 3s23l [Ne] 3s23l 

·Colored type indicates the sublevel to which the last electron is added. 

The rightmost column of Table 8 .2  shows the condensed electron configu­
ration. In this simplified notation, the electron configuration of the previous 
noble gas i s  shown by its element symbol in  brackets, and it is followed by the 
electron configuration of the energy level being filled. The condensed electron 
configuration of sulfur, for example, is [Ne] 3s23p4 , where [Ne] stands for 
l i2i2p6. 

Electron Configurations Within Groups 
One of the central points in all chemistry is that similar outer electron configu­
rations correlate with similar chemical behavior. Figure 8.4 shows the condensed 
electron configurations of the first 1 8  elements. Note the similarities within each 
group. Here are some examples from just three groups: 

• In Group l AO) ,  lithium and sodium have the condensed electron configura­
tion [noble gas] ns l (where n is the quantum number of the outermost energy 
level), as do all the other alkali metals (K, Rb, Cs, Fr) . All are highly reactive 
metals that form ionic compounds with nonmetals with formulas such as MCl, 
M20, and M2S (where M represents the alkali metal), and all react vigorously 
with water to displace H2. 

"0 o 
.� D-

1 

2 

3 

1 A  
( 1  ) 
1 
H 

1 51 
3 
Li 

[He] 251 
1 1  
Na 

[Ne] 351 

2A 
(2) 
4 

Be 
[He] 2s2 

12  
Mg 

[Ne] 3s2 

3A 4A 
( 13) ( 14) 

5 6 
B C 

[He] 2s22p1 [He] 2s22rJ 
1 3 14  
Al 51 

[Ne] 3s23p1 [Ne] 3s23rJ 

8A 
( 18) 
2 

He 5A 6A 7A 
( 15) (16) ( 17) 1s2 

7 8 9 1 0  
N 0 F Ne 

[He] 2s22{i3 [He] 2s22p4 [He] 2s22r/' [He] 2s22p6 
1 5  1 6  17  18  
P 5 CI Ar 

[Ne] 3s23{i3 [Ne] 3s23p4 [Ne] 3s23r/' [Ne] 3s23p6 

Figure 8.4 Condensed ground-state 
electron configurations in the first 
three periods. The first 1 8  elements, H 
through Ar, are arranged in three periods 
containing two, eight, and eight elements. 
Each box shows the atomic number, 
atomic symbol, and condensed ground­
state electron configuration. Note that 
elements in a group have similar outer 
electron configurations (color). 
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Cr (2 = 24) [Ar] 4s ' 3d5 

[I] 1 1' 1 1' 1 1' 1 1' 1 1' 1  '-1 --,---,-----, 
4s 3d 

Cu (2 = 29) [Ar] 4s ' 3d'o  

4p 

[I] 1 H 1 H 1 H 1 H 1 H 1 '--1 --,-----,---, 
4s 3d 4p 

CHAPTER 8 Electron Configuration and Chemical Periadicity 

• In Group 7 A( 1 7), fluorine and chlorine have the condensed electron configu­
ration [noble gas] ninp5, as do the other halogens (Br, I, At). Little is known 
about rare, radioactive astatine (At), but all the others are reactive nonmetals 
that occur as diatomic molecules, X2 (where X represents the halogen). All 
form ionic compounds with metals (KX, MgX2),  covalent compounds with 
hydrogen (HX) that yield acidic solutions in water, and covalent compounds 
with carbon (CX4). 

• In Group 8A( 1 8), all of the elements have the condensed configuration 
[noble gas] ninp6. Consistent with their filled energy levels, all of these ele­
ments are monatomic gases that are extremely unreactive. 

To summarize the major connection between quantum mechanics and chem­
ical periodicity: orbitals are filled in order of increasing energy, which leads to 
outer electron configurations that recur periodically, which leads to chemical 
properties that recur periodically. 

The First d-Orbital Transition Series: Building Up Period 4 
The 3d orbitals are filled in Period 4. Note, however, that the 4s orbital is filled 
before the 3d. This switch in filling order i s  due to the shielding and penetration 
effects that we discussed in Section 8.2. The radial probability distribution of the 
3d orbital is greater outside the filled, inner n = 1 and n = 2 levels, so a 3d elec­
tron is shielded very effectively from the nuclear charge. In contrast, penetration 
by the 4s electron means that it spends a significant part of its time near the 
nucleus and feels a greater nuclear attraction. Thus, the 4s orbital is slightly lower 
in energy than the 3d, and so fills first. S imilarly, the 5s orbital fills before the 
4d, and the 6s fills before the 5d. In general, the ns sublevel fills before the (n - J)d 
sublevel. As we proceed through the transition series, however, you'll see several 
exceptions to this pattern because the energies of the ns and (n - l )d sublevels 
become extremely close at higher values of n. 

Table 8 .3 shows the partial orbital diagrams and ground-state electron con­
figurations for the 1 8  elements in Period 4 (again with filled inner levels in brack­
ets and the sublevel to which the last electron has been added in colored type). 
The first two elements of the period, potassium and calcium, are the next alkali 
and alkaline earth metals, respectively, and their electrons fill the 4s sublevel. The 
third element, scandium (Z = 2 1 ), i s  the first of the transition elements, those 
in which d orbitals are being filled. The last electron in scandium occupies any 
one of the five 3d orbitals because they are equal in energy. Scandium has the 
electron configuration [Ar] 4i3d' . 

The filling of 3d orbitals proceeds one at a time, as with p orbitals, except in 
two cases: chromium (Z = 24) and copper (Z = 29).  Vanadium (Z = 23), the 
element before chromium, has three half-filled d orbitals ( [Ar] 4i3d\ Rather 
than having its last electron enter a fourth empty d orbital to give [Ar] 4i3�, 
chromium has one electron in the 4s sublevel and five in the 3d sublevel. Thus, 
both the 4s and the 3d sublevels are half-filled (see margin). In manganese 
(Z = 25), the 4s sublevel is filled again ( [Ar] 4i3d5). 

The other anomalous filling pattern occurs with copper. Fol lowing nickel 
( [Ar] 4s23d8) ,  copper would be expected to have the [Ar] 4i3cf configuration . 
Instead, the 4s orbital of copper is half-fil led ( l  electron), and the 3d orbitals 
are filled with 10 electrons (see margin). The anomalous fil l ing patterns in  
Cr and Cu lead us to conclude that half-filled and filled sublevels are unex­
pectedly stable. These are the first two cases of a pattern seen with many other 
elements . 
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1l!l�1:!1 Partial Orbital Diagrams and Electron Configurations' for the Elements in Period 4 
Atomic Partial Orbital Diagram Full Electron 
Number Element (45, 3d, and 4p Sublevels Only) Configuration 

4s 3d 4p 
1 9  K [I] I [ l s22s22p63s23p6] 4s1 

20 Ca [TI] I [ l s22s22p63s23p6] 4i 

2 1  Sc [TI] 1' \ I [ l s22s22p63s23p6] 4s23dl 

22 Ti [TI] l' l' I [ ls22s22p63i3p6] 4s23J-

23 V [TI] l' l' 1' 1 [ l s22s22p63s23p6] 4s23J 

24 Cr [I] l' l' l' l' l' [ l s22s22p63s23p6] 4S1 3; 

2S Mn [TI] l' l' l' l' l' [ l s22s22p63s23p6] 4?3d5 

26 Fe [TI] tJ, l' 1 l' l' l' [ ls22s22p63s23p6] 4s23d' 

27 Co [TI] HIHI l' l' l' [ l s22s22p63s23p6] 4S23d7 

28 Ni [TI] HIHIH l' l' [ l s22s22p63s23p6] 4s23; 

29 Cu [I] HIHIH H H [ l s22s22p63s23p6] 4S1 3dlO 

30 Zn [TI] HIHIHIH H [ ls22s22p63s23p6] 4?3dlO 

3 1  Ga [TI] H I H I H I H l' J, l' [ l s22s22p63s23p6] 4s23dl O  4pl 

32 Ge [ill H I H I H I H l' J, l' l' [ lS22s22p63s23p6] 4s23dI04i 

33 As [TI] IHIHIHIH H l' l' l' [ li2s22p63i3p6] 4s23dl o4p3 

34 Se [TI IHIHIHltJ, H H l' l' [ l  s22i2p63s23p6] 4s23d 1 ° 4l 

3S Br [TI] IHIHIHIH H H H t [ l i2i2p63s23p6] 4S23dlO4p5 

36 Kr [TI] IHIHIHIHIH H H H  [ ls22s22p63s23p6] 4i3dl o4l 

'Colored type indicates sublevel(s) whose occupancy changes when the last electron is added. 

In zinc, both the 4s and 3d sublevels are completely filled, and the first tran­
sition series ends_ As Table 8 .3 shows, the 4p sublevel is then filled by the next 
six elements. Period 4 ends with krypton, the next noble gas_ 

General Principles of Electron Configurations 
There are 78 known elements beyond the 36 we have considered. Let's survey 
the ground-state electron configurations to highlight some key ideas. 

Similar Outer Electron Configurations Within a Group To repeat one of chem­
istry 'S central themes and the key to the usefulness of the periodic table, elements 
in a group have similar chemical properties because they have similar outer elec­
tron configurations (Figure 8 .5 on the next page). Among the main-group elements 
(A groups)-the s-block and p-block elements-outer electron configurations 
within a group are essentially identical, as shown by the group headings in Fig­
ure 8 .5 .  Some variations in the transition elements (B groups, d block) and inner 
transition elements (f block) occur, as you' l l  see_ 
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Condensed Electron 
Configuration 

[AT] 4S1 

[Ar] 4? 

[Ar] 4s23dl 

[Ar] 4S23cF 

[Ar] 4s23J 

[Ar] 4sI 3cf 

[Ar] 4?3d5 

[Ar] 4s23 cf 

[Ar] 4s23d7 

[Ar] 4S23cf 

[Ar] 4SI 3io 

[Ar] 4?3iO 

[Ar] 4S23dlO4pl 

[Ar] 4s23d104l 

[Ar] 4i3dI04p3 

[Ar] 4s23dI04l 

[Ar] 4S23dlO4p5 

[Ar] 4i3dI04p6 
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CHAPTER 8 Electron Configuration and Chemical Periodicity 

Figure 8.5 A periodic table of partial ground-state electron con-
Main-Group Elements figurations. These ground-state electron configurations show the 

(p block) 
electrons beyond the previous noble gas in the sublevel block being 

filled (excluding filled inner sublevels). For main-group elements, the 
8A 

group heading identifies the general outer configuration. Anom- � alous electron configurations occur often among the d-block and 
ns2np6 

f-block elements, with the first two appearing for Cr (Z = 24) and Cu 

(Z = 29). Helium is colored as an s-block element but placed with 3A 4A 5A 6A 7A 2 

the other members of Group 8A(1 8). Configurations for elements ( 1 3) ( 14) ( 1 5) ( 1 6) (17) He 
1 1 0  to 1 1 2 ,  1 1 4, and 1 1 6  have not yet been confirmed. ns2np1 ns2np2 ns2np3 ns2np4 ns2np 5 l s 2 

38 48 58 
(3) (4) (5) 

21 22 23 

Sc Ti V 
4s23d1 4523d2 4523d3 

39 40 41 

Y Zr Nb 
S524d1 S524d2 S51 4d4 
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7526d1 752S d2 752Sd3 

--

58 59 60 

Ce Pr Nd 
6s24f'Sd' 6524(3 65 24(4 

90 91 92 

Th Pa U 
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Transition Elements 
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24 

Cr 
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ss1 4ds 
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1 06 

Sg 
7526d4 

61 

Pm 
65 24(S 
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(7) (8) 

25 26 

Mn Fe 
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Tc Ru 
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75 76 

Re Os 
652SdS 652Sd6 

1 07 1 08 

Bh Hs 
7526dS 7526d6 

(9) 

27 

Co 
4523d7 

45 

Rh 
S514dB 

77 

Ir 
65 2Sd7 

1 09 

Mt 
7526d7 

- -

( 10) ( 1 1  ) ( 1 2) 

28 29 30 

Ni Cu Zn 
4523dB 451 3d1 O  4523d1 O  

46 47 48 

Pd Ag Cd 
4d1 O  S514d1 O  S524d1 O  

78 79 80 

Pt Au Hg 
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1 1 0  1 1 1  1 1 2 
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7526dB 7526d9 7526d1O 
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Inner Transition Elements (f block) 

62 63 64 65 66 67 

Sm Eu Gd Tb Oy Ho 
65 24(6 6524(7 6s24(75d' 6524(9 6524(1 0 65 24(1 1 

94 95 96 97 98 99 

Pu Am Cm Bk Ct Es 
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AI Si P 5 CI Ar 
3S23p1 3S23p2 3S23p 3 3S23p4 3S23p 5 35 23p6 

31 32 33 34 35 36 

Ga Ge As Se Br Kr 
4524p1 4524p2 4S24p3 4S24p4 4524p5 4s24p6 

49 50 51 52 53 54 

In Sn Sb Te I Xe 
S52Sp1 ss 2Sp2 S52Sp3 ss 2Sp4 S52SpS ss 2Sp6 

81 82 83 84 85 86 

TI Pb Bi Po At Rn 
65 26p1 65 26p2 6526p3 65 26p4 6S26p 5 6S2SpS 

1 1 4  1 1 6  

7527p2 
"----

7527p4 
"----

68 69 70 71 

Er Tm Yb Lu 
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Orbital Filling Order When the elements are "built  up" by filling their levels 
and sublevels in order of increasing energy, we obtain the actual sequence of 
elements in the periodic table. Thus, reading the table from left to right, as you 
read words on a page, gives the energy order of levels and sublevels, shown 
in Figure 8 .6 .  The arrangement of the periodic table is the best way to learn 
the orbital fill ing order of the elements, but a useful memory aid is shown In 
Figure 8.7 .  

Categories of Electrons The elements have three categories of electrons: 
1 .  Inner (core) electrons are those seen in the previous noble gas and any com­

pleted transition series. They fill all the lower energy levels of an atom. 
2. Outer electrons are those in the highest energy level (highest n value). They 

spend most of their time farthest from the nucleus. 
3. Valence electrons are those involved in forming compounds. Among the main­

group elements, the valence electrons are the outer electrons. Among the tran­
sition elements, the (n - l )d electrons are counted among the valence electrons 
because some or all of them are often involved in bonding. 
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)
\
1
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5 block fblock d black P block 

Figure 8.6 The relation between orbital filling and the periodic 
table. If we "read" the periods like the words on a page, the elements 
are arranged into sublevel blocks that occur in the order of increasing 

energy. This form of the periodic table shows the sublevel blocks. (The 
f blocks fit between the first and second elements of the d blocks in 
Periods 6 and 7.) Inset: A simple version of sublevel order. 

Group and Period Numbers Key information is embedded in the periodic table: 

1 .  Among the main-group elements (A groups), the group number equals the 
number of outer electrons (those with the highest n): chlorine (Cl; Group 7 A) 
has 7 outer electrons, tellurium (Te; Group 6A) has 6, and so forth. 

2. The period number is the n value of the highest energy level. Thus, in Period 
2, the n = 2 level has the highest energy; in Period 5, it is the n = 5 level . 

3. The n value squared (n2) gives the total number of orbitals in that energy level. 
Because an orbital can hold no more than two electrons (exclusion principle), 
2n2 gives the maximum number of electrons (or elements) in the energy level. 
For example, for the n = 3 level, the number of orbitals is n2 = 9: one 3s, 
three 3p, and five 3d. The number of electrons is 2n2, or 1 8 : two 3s and six 
3p electrons occur in the eight elements of Period 3, and ten 3d electrons are 
added in the ten transition elements of Period 4. 

Unusual Configurations: Transition and Inner Transition Elements 
Periods 4, 5, 6, and 7 incorporate the d-block transition elements. The general 
pattern, as you 've seen, is that the (n - l )d orbitals are filled between the ns and 
np orbitals .  Thus, Period 5 follows the same general pattern as Period 4. In Period 
6, the 6s sublevel is filled in cesium (Cs) and barium (Ba), and then lanthanum 
(La; Z = 57), the first member of the 5d transition series, occurs. At this point, 
the first series of inner transition elements, those in which f orbitals are being 
filled, intervenes (Figure 8.6). The f orbitals have I = 3, so the possible 111., val­
ues are -3 ,  -2,  - 1 ,  0, + 1 ,  +2,  and + 3 ;  that is, there are seven f orbitals, for 
a total of 1 4  elements in each of the two inner transition series. 

The Period 6 inner transition series fills the 4f orbitals and consists of the 
lanthanides (or rare earths), so called because they occur after and are similar 
to lanthanum. The other inner transition series holds the actinides, which fil l  the 
V orbitals that appear in Period 7 after actinium (Ac; Z = 89). In both series, the 
(n - 2)f orbitals are filled, after which filling of the (n - l )d orbitals proceeds. 
Period 6 ends with the filling of the 6p orbitals as in other p-block elements. 
Period 7 is incomplete because only two elements with 7p electrons have been 
confirmed at this time. 

/ 
1 5  

/ /  
25 2p 

/ / /  
35 3p 3d 

/ / / /  
45 4p 4d 4f 

/ / / /  
55 5p 5d 5f 

/ / / 
65 6p 6d 

/ /  
75 7p 

Figure 8.7 Aid to memorizing sublevel 
filling order. List the sublevels as shown, 
and read from 1 s, following the direction 
of the arrows. Note that the 
• n value is constant horizontally 
• I value is constant vertically 
• n + I sum is constant diagonally. 
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CHAPTER 8 Electron Con�guration and Chemical Periodicity 

Several irregularities in filling pattern occur in both the d and f blocks. 
Two already mentioned occur in chromium (Cr) and copper (Cu) in Period 4. 
Si lver (A g) and gold (Au), the two elements under Cu in Group 1 B ( 1 l ) , follow 
copper's  pattern. Molybdenum (Mo) follows the pattern of Cr in Group 6B(6), 
but tungsten (W) does not. Other anomalous configurations appear among the 
transition elements in Periods 5 and 6. Note, however, that even though minor 
variations from the expected configurations occur, the sum of ns electrons and 
(n - l )d electrons always equals the new group number. For instance, despite 
variations in the electron configurations in Group 6B(6)-Cr, Mo, W, and Sg­
the sum of ns and (n - l )d electrons is 6 ;  in Group 8B(lO)-Ni, Pd, and Pt­
the sum is  10 .  

Whenever our observations differ from our expectations, remember that the 
fact always takes precedence over the model; in other words, the electrons don't 
"care" what orbitals we think they should occupy. As the atomic orbitals in larger 
atoms fill with electrons, sublevel energies differ very little, which results in these 
variations from the expected pattern. 

SAMPLE PROBLEM 8.2  Determining Electron Configurations 
Problem Using the periodic table on the inside front cover of the text (not Figure 8.5 or 
Table 8.3) , give the full  and condensed electron configurations, partial orbital diagrams 
showing valence electrons, and number of inner electrons for the following elements: 
(a) Potassium (K; 2 = 1 9) (b) Molybdenum (Mo; 2 = 42) (c) Lead (Pb; 2 = 82) 
Plan The atomic number tells us the number of electrons, and the periodic table shows 
the order for filling sublevels. In the partial orbital diagrams, we include all electrons after 
those of the previous noble gas except those in filled inner sublevels. The number of inner 
electrons is the sum of those in the previous noble gas and in filled d and f sublevels. 

Solution (a) For K (2 = 1 9), the full electron configuration is 1i2i2p63s23p64s 1 .  
The condensed configuration i s  [Ar] 4s 1 •  
The partial orbital diagram for valence electrons is  

IT] 
4s 3d 4p 

K is a main-group element in  Group 1 A ( 1 )  of Period 4, so there are 1 8  inner electrons. 
(b) For Mo (2 = 42), we would expect the full electron configuration to be 
li2i2p63i3p64s23dl04p6SS24d4. However, Mo lies under Cr in Group 6B(6) and exhibits 
the same variation in filling pattern in the ns and (n - l )d sublevels: 
1i2s22p63s23p64i3d104p6SS 14d5. 

The condensed electron configuration is [Kr] Ss 14d5. 
The partial orbital diagram for valence electrons is  

Ss 4d Sp 

Mo is a transition element in Group 6B(6) of Period 5, so there are 36 inner electrons. 
(c) For Pb (2 = 82), the full electron configuration is 
lS22s22p63i3p64s23dl04p6SS24dIOSp66s24/4Sdl06p2. 

The condensed electron configuration i s  [Xe] 6s24/4SdI06p2. 
The partial orbital diagram for valence electrons (no filled inner sublevels) is 

[ill I t l t l  
6s 6p 
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Pb is a main-group element in Group 4A( l 4) of Period 6, so there are 54 (in Xe) + 1 4  
(in 4f series) + 1 0  (in 5 d  series) = 78 inner electrons. 
Check Be sure the sum of the superscripts (electrons) in the full electron configuration 
equals the atomic number, and that the number of valence electrons in the condensed con­
figuration equals the number of electrons in the partial orbital diagram. 

FOLLOW- U P  PROBLEM 8 . 2  Without referring to Table 8.3 or Figure 8.5, give ful l  
and condensed electron configurations, partial orbital diagrams showing valence electrons, 
and the number of inner electrons for the following elements: 
(a) Ni (Z = 28) (b) Sr (Z = 38) (c) Po (Z = 84) 

S E C T I O N  S U M M A RY 
In the aufbau method, one electron is added to an atom of each successive element 
in accord with Paul i 's exclusion principle (no two electrons can have the same set of 
quantum numbers) and Hund's rule (orbitals of equal energy become half-fi l led, with 
electron spins paral lel, before any pairing occurs). The elements of a group have sim­
ilar outer electron configurations and simi lar chemical behavior. For the main-group 
elements, valence electrons (those i nvolved in reactions) are in the outer (h ighest 
energy) level only. For transition elements, (n - 1 )d electrons are also involved in reac­
tions. In general, (n - 1 )d orbitals fi l l  after ns and before np orbitals. In Periods 6 and 
7,  (n - 2)f orbitals fill between the first and second (n - 1 )d orbitals. 

8.4 TRENDS IN THREE KEY ATOMIC PROPERTIES 

All physical and chemical behavior of the elements is based ultimately on the elec­
tron configurations of their atoms. In this section, we focus on three properties of 
atoms that are directly influenced by electron configuration and, thus, effective 
nuclear charge: atomic size, ionization energy (the energy required to remove an elec­
tron from a gaseous atom), and electron affinity (the energy change involved in 
adding an electron to a gaseous atom). These properties are periodic: they generally 
increase and decrease in a recurring manner throughout the periodic table. As a result, 
their relative magnitudes can often be predicted, and they often exhibit consistent 
changes, or trends, within a group or period that correlate with element behavior. 

Trends in Atomic Size 
In Chapter 7, we noted that an electron in an atom can lie relatively far from the 
nucleus, so we commonly represent atoms as spheres in which the electrons spend 
90% of their time. However, we often define atomic size in terms of how closely 
one atom lies next to another. In practice, we measure the distance between iden­
tical, adjacent atomic nuclei in a sample of an element and divide that distance 
in half. (The technique is discussed in Chapter 1 2.) Because atoms do not have 
hard surfaces, the size of an atom in a compound depends somewhat on the atoms 
near it. In other words, atomic size varies slightly from substance to substance. 

Figure 8 .8  shows two common definitions of atomic size. The metallic radius 
is one-half the distance between nuclei of adjacent atoms in a crystal of the ele­
ment; we typically use this definition for metals. For elements commonly occur­
ring as molecules, mostly nonmetals, we define atomic size by the covalent 
radius, one-half the distance between nuclei of identical covalently bonded atoms. 

Trends Among the Main-Group Elements Atomic size greatly influences other 
atomic properties and is critical to understanding element behavior. Figure 8 .9 (on 
the next page) shows the atomic radii of the main-group elements and most of 
the transition elements. Among the main-group elements, note that atomic size 

A 

B 

C 

Bond 
length 

I "" I 

Covalent 
radius of C 

1 «  » 1  
I 1 99 pm I 

CI-CI 
bond 

C-CI 
bond 

249 

Covalent 
radius of CI 

Covalent 
radius of CI 

Figure 8.8 Defining metallic and 
covalent radii. A, The metallic radius is 
one-half the distance between nuclei of 
adjacent atoms in a crystal of the element, 
as shown here for aluminum. B, The co­
valent radius is one-half the distance be­
tween bonded nuclei in a molecule of the 

element, as shown here for chlorine. In 
effect, it is one-half the bond length. 
C, In  a covalent compound, the bond 
length and known covalent radi i  are 
used to determine other radi i .  Here the 
C-CI bond length (1 77 pm) and the 
covalent radius of CI (1 00 pm) are 
used to find a value for the covalent ra­
dius of C (1 77 pm - 1 00 pm = 77 pm). 
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Figure 8.9 Atomic radii of the main­
group and transition elements. Atomic 
radii (in picometers) are shown as half­
spheres of proportional size for the main­
group elements (tan) and the transition 
elements (blue). Among the main-group 
elements, atomic radius generally 
increases from top to bottom and 
decreases from left to right. The transition 
elements do not exhibit these trends as 
consistently. (Values in  parentheses have 
only two significant figures; values for the 
noble gases are based on quantum­
mechanical calculations.) 
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varies within both a group and a period. These variations in atomic size are the 
result of two opposing influences: 

1 .  Changes in n. As the principal quantum number (n) increases, the probability 
that the outer electrons will spend more time farther from the nucleus increases 
as well; thus, the atoms are larger. 

2. Changes in Zeff' As the effective nuclear charge (Zeff)-the positive charge 
"felt" by an electron-increases, outer electrons are pulled closer to the 
nucleus; thus, the atoms are smaller. 

The net effect of these influences depends on shielding of the increasing 
nuclear charge by inner electrons: 

1 .  Down a group, n dominates. As we move down a main group, each member has 
one more level of inner electrons that shield the outer electrons very effectively. 
Even though calculations show Zeff on the outer electrons rising moderately for 
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each element in the group, the atoms get larger as a result of the increasing n 
value. Atomic radius generally increases in a group from top to bottom. 

2. Across a period, Zejj' dominates. As we move across a period of main-group 
elements, electrons are added to the same outer level, so the shielding by 
inner electrons does not change. Because outer electrons shield each other 
poorly, ZeFf on the outer electrons rises significantly, and so they are pulled 
closer to the nucleus. A tomic radius generally decreases in a period from left 
to right. 

Trends Among the Transition Elements As Figure 8.9 shows, these trends hold 
well for the main-group elements but not as consistently for the transition ele­
ments. As we move from left to right, size shrinks through the first two or three 
transition elements because of the increasing nuclear charge. But, from then on, 
the size remains relatively constant because shielding by the inner d electrons 
counteracts the usual increase in Zeff' For instance, vanadium (V; Z = 23), the 
third Period 4 transition metal, has the same atomic radius as zinc (Zn; Z = 30), 
the last Period 4 transition metal . This  pattern of atomic size shrinking also 
appears in Periods 5 and 6 in the d-block transition series and in both series of 
inner transition elements. The lack of a vertical size increase from the Period 5 
to 6 transition metal is especially obvious. 

This shielding by d electrons causes a major size decrease from Group 2A(2) 
to Group 3A( 1 3), the two main groups that flank the transition series. The size 
decrease in Periods 4, 5, and 6 (with a transition series) is much greater than in 
Period 3 (without a transition series). Because electrons in the np orbitals pene­
trate more than those in the (n - l )d orbitals, the first np electron [Group 3A( 1 3)] 
"feels" a ZeIt' that has been i ncreased by the protons added to all the intervening 
transition elements. The greatest change in size occurs in Period 4, in which cal­
cium (Ca; Z = 20) is nearly 50% larger than gallium (Ga; Z = 3 1 ) .  In fact, shield­
ing by the d orbitals in the transition series causes such a major size contraction 
that gallium is slightly smaller than aluminum (AI; Z = 1 3), even though Ga is 
below Al in the same group ! 

SAMPLE  PROBLEM 8 . 3  Ranking Elements by Atomic Size 
Problem Using only the periodic table (not Figure 8.9), rank each set of main-group ele­
ments in order of decreasing atomic size: 
(a) Ca, Mg, Sr (b) K, Ga, Ca 
(c) Br, Rb, Kr (d) Sr, Ca, Rb 
Plan To rank the elements by atomic size, we find them in the periodic table. They are 
main-group elements, so size increases down a group and decreases across a period. 
Solution (a) Sr > Ca > Mg. These three elements are in Group 2A(2), and size decreases 
up the group. 
(b) K >  Ca > Ga. These three elements are in Period 4, and size decreases across a period. 

(c) Rb > Br > Kr. Rb is largest because it has one more energy level and is farthest to 
the left. Kr is smaller than Br because Kr is farther to the right in Period 4. 
(d) Rb > Sr > Ca. Ca is  smallest because it  has one fewer energy level. Sr is  smaller 
than Rb because it is farther to the right. 
Check From Figure 8.9, we see that the rankings are correct. 

FOLLOW-U P  PROBLEM 8 . 3  Using only the periodic table, rank the elements in each 
set in order of increasing size: (a) Se, Br, Cl ;  (b) I, Xe, Ba. 

Figure 8 . 1 0  (on the next page) shows the overall variation in atomic size with 
increasing atomic number. Note the recurring up-and-down pattern as size drops 
across a period to the noble gas and then leaps up to the alkali metal that begins 
the next period. Also note how each transition series, beginning with that in Period 
4 (K to Kr), throws off the smooth size decrease. 

25 1 
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Figure 8.1 0 Periodicity of atomic ra­
dius. A plot of atomic radius vs. atomic 
number for the elements in  Periods 1 
through 6 shows a periodic change: the 
radius generally decreases through a 
period to the noble gas [Group BA(1 B); 
purplel and then increases suddenly to 
the next alkali metal [Group 1 A(1 ) ;  brownl. 
Deviation from the general decrease 
occurs among the transition elements. 
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Trends in Ionization Energy 
The ionization energy (IE) is the energy (in kJ) required for the complete removal 
of 1 mol of electrons from 1 mol of gaseous atoms or ions. Pulling an electron 
away from a nucleus requires energy to overcome the attraction. Because energy 
flows into the system, the ionization energy is always positive (like tlH of an 
endothermic reaction). 

In Chapter 7, you saw that the ionization energy of the H atom is the energy 
difference between n = 1 and n = oc, the point at which the electron is com­
pletely removed. Many-electron atoms can lose more than one electron. The first 
ionization energy (IE , )  removes an outermost electron (highest energy sublevel) 
from the gaseous atom: 

(8.2) 
The second ionization energy (1E2) removes a second electron. This electron is 
pulled away from a positively charged ion, so 1E2 i s  always larger than IE , :  

Ion+(g) ------+ ion2+(g) + e- 11£ = 1E2 (always > lE I )  

The first ionization energy is a key factor in an element's chemical reac­
tivity because, as you'll see, atoms with a low lE1 tend to form cations during reac­
tions, whereas those with a high IE, (except the noble gases) often form anions. 

Variations in First Ionization Energy The elements exhibit a periodic pattern in 
first ionization energy, as shown in Figure 8 . 1 1 .  By comparing this figure with 
Figure 8 . 1 0, you can see a roughly inverse relationship between IE , and atomic 
size: as size decreases, it takes more energy to remove an electron. This inverse 
relationship appears throughout the groups and periods of the table. 

Let's examine the two trends and their  exceptions. 
1 .  Down a group. As we move down a main group, the orbital 's  n value 

increases and so does atomic size. As the distance from nucleus to outermost elec­
tron increases, the attraction between them lessens, which makes the electron eas­
ier to remove. Figure 8. 1 2  shows that ionization energy generally decreases down 
a group: it is easier to remove an outer electron from an element in Period 6 than 
Period 2. 
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Figure 8. 1 2  First ionization energies of the main-group elements. Values for IE, (in kJ/mol) of 
the main-group elements are shown as posts of varying height. Note the general increase within a 
period and decrease within a group. Thus, the lowest value is at the bottom of Group 1 A(1 ) ,  and the 
highest is at the top of Group BA(1 B). 
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Figure 8.1 1 Periodicity of first ioniza­
tion energy (IE,). A plot of IE, vs. atomic 
number for the elements in Periods 1 
through 6 shows a periodic pattem: the 
lowest values occur for the alkali metals 
(brown) and the highest for the noble 
gases (purple). This is the inverse of the 
trend in  atomic size (see Figure B.1 0). 
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Figure 8.13 The first three ionization 
energies of beryllium (in MJ/mol). 
Successive ion ization energies always 
increase, but an exceptionally large in­
crease occurs when the first core electron 
is removed. For Be, this occurs with the 
third electron (IE3)' (Also see Table 8.4.) 
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The only significant exception to this pattern occurs in Group 3A( 1 3) ,  right 
after the transition series, and is due to the effect of the series on atomic size: 
IE ,  decreases from boron (B) to aluminum (AI), but not for the rest of the group. 
Filling the d sublevels in Periods 4, 5, and 6 causes a greater-than-expected Zeff, 
which holds the outer electrons more tightly in the larger Group 3A members. 

2. Across a period. As we move left to right across a period, the orbital's  n 
value stays the same, so Zeff increases and atomic size decreases. As a result, the 
attraction between nucleus and outer electrons increases, which makes an electron 
harder to remove. Ionization energy generally increases across a period: it is eas­
ier to remove an outer electron from an alkali metal than from a noble gas. 

There are several small "dips" in the otherwise smooth increase in ionization 
energy. These occur in Group 3A( 1 3) for B and Al and in Group 6A( 1 6) for 0 
and S .  The dips in Group 3A occur because these electrons are the first in the np 
sublevel. This sublevel is higher in energy than the ns, so the electron in it i s  
pulled off more easily, leaving a stable, fi lled ns sublevel. The dips in Group 6A 
occur because the np4 electron is the first to pair up with another np electron, and 
electron-electron repulsions raise the orbital energy. Removing the np4 electron 
relieves the repulsions and leaves a stable, half-filled np sublevel ; so the fourth p 
electron comes off more easily than the third one does. 

SAMPLE PROBLEM 8.4 Ranking Elements by First Ionization Energy 
Problem Using the periodic table only, rank the elements in each of the following sets in 
order of decreasing lE I :  
(a) Kr, He, Ar (b) Sb, Te, Sn (c) K, Ca, Rb (d) I, Xe, Cs 
Plan As in Sample Problem S.3, we first find the elements in the periodic table and then 
apply the general trends of decreasing lE I down a group and increasing lEI across a period. 
Solution (a) He > Ar > Kr. These three are all in Group SA( 1 8), and lEI decreases down 
a group. 

(b) Te > Sb > Sn. These three are all in Period 5, and lE 1 increases across a period. 

(c) Ca > K > Rb. lEI of K is larger than lEI of Rb because K is higher in Group lA(1 ) . 
lEI of Ca is larger than lE I of K because Ca is farther to the right in Period 4. 
(d) Xe > I >  Cs. lEI of I is smaller than lEI of Xe because I is farther to the left. lEI 
of I is larger than lE I of Cs because I is farther to the right and in the previous period. 
Check Because trends in lEI are generally the opposite of the trends in size, you can rank 
the elements by size and check that you obtain the reverse order. 

FOLLOW- U P  PROBLEM 8.4 Rank the elements in each of the following sets in order 
of increasing lE I :  
(a) Sb, Sn, I (b) Sr, Ca, Ba 

Variations in Successive Ionization Energies Successive ionization energies (IE I ,  

IE2, and so on) of a given element increase because each electron is pulled away 
from an ion with a progressively higher positive charge. Note from Figure 8. 1 3, 
however, that this increase is not smooth, but includes an enormous jump. 

A more complete picture is presented in Table 8 .4, which shows successive 
ionization energies for the elements in Period 2 and the first element in Period 3 .  
Move horizontally through the values for a given element, and you reach a point 
that separates relatively low from relatively high IE values (shaded area to right 
of line). This jump appears after the outer (valence) electrons have been removed 
and, thus, reflects the much greater energy needed to remove an inner (core) 
electron. For example, follow the values for boron (B) :  IEI is lower than IEb 
which is lower than IE3, which is much lower than IE4. Thus, boron has three 
electrons in the highest energy level ( l s22s22p I ) .  Because of the significantly 
greater energy needed to remove core electrons, they are not involved in chemi­
cal reactions. 
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IQMl:t' Successive Ionization Energies of the Elements Lithium Through Sodium 
Number 
of Valence 
Electrons 

Ionization Energy (MJ/mol)* 

z Element 

3 Li 0.52 
4 Be 2 0.90 1 .76 
5 B 3 0.80 2.43 
6 C 4 1 .09 2.35 4.62 
7 N 5 1 .40 2.86 4.58 
8 0 6 1 . 3 1  3.39 5.30 
9 F 7 1 .68 3.37 6.05 1 1 .02 

10 Ne 8 2.08 3 .95 6. 1 2  1 2. 1 8  1 5 .24 
I I  Na 0.50 4.56 6.9 1 1 3 .35 1 6.6 1 

*MJ/mol, or megajoules per mole = 1 03 kJ/mol .  

SAMPLE PROBLEM 8 . 5  Identifying an Element from Successive Ionization Energies 
Problem Name the Period 3 element with the following ionization energies (in kJ/mol), 
and write its electron configuration: 

I E5 

1012 1 903 29 1 0  4956 6278 22,230 
plan We look for a large jump in the IE values, which occurs after aU valence electrons 
have been removed. Then we refer to the periodic table to find the Period 3 element with 
this number of valence electrons and write its electron configuration. 
Solution The exceptionally large jump occurs after IEs , indicating that the element has 
five valence electrons and, thus, is in Group 5A( 1 5). This Period 3 element is phosphorus 
(P; Z = 15) . Its electron configuration is 1 s22s22p63i3p3. 

FOLLOW· U P  PROBLEM 8 . 5  Element Q is in Period 3 and has the following ion­
ization energies (in kJ/mol):  

I E5 

577 1 8 1 6  2744 1 1 ,576 14,829 1 8,375 

Name element Q and write its electron configuration. 

Trends in Electron Affinity 
The electron affinity (EA) i s  the energy change (in kJ) accompanying the addi­
tion of 1 mol of electrons to 1 mol of gaseous atoms or ions. As with ioniza­
tion energy, there i s  a first electron affinity, a second, and so forth. The first 
electron affinity (EA j )  refers to the formation of 1 mol of monovalent ( 1 - ) 
gaseous anions :  

Atom(g) + e- - ion-(g) t:.E = EAj 

In most cases, energy is released when the first electron is added because it is 
attracted to the atom's  nuclear charge. Thus, EA j i s  usually negative (just as 
IlH for an exothermic reaction is negative). * The second electron affinity 
(EA2),  on the other hand, is always positive because energy must be absorbed 

*Tables of fi rst electron affin ity often l ist them as positive if energy is absorbed to remove an 
electron from the anion. Keep this convention in  mind when researching these values in  refer­
ence texts. Electron affinities are difficult to measure, so values are frequently updated with more 
accurate data. Values for Group 2A(2) reflect recent changes. 

lEa 

CORE ELECTRONS 

1 06.43 
1 1 5 .38 
28.93 
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Figure 8.14 Electron affinities of the 
main-group elements. The electron 
affinities (in kJ/mol) of the main-group 
elements are shown. Negative values in­
dicate that energy is released when the 
anion forms. Positive values, which occur 
in  Group BA(1 B), indicate that energy is 
absorbed to form the anion; in fact, these 
anions are unstable and the values are 
estimated. 
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Figure 8. 1 5  Trends in three atomic 
properties. Periodic trends are depicted 
as gradations in shading on miniature pe­
riodic tables, with arrows indicating the 
direction of general increase in  a group or 
period. For electron affinity, Group BA(1 B) 
is not shown, and the dashed arrows 
indicate the numerous exceptions to 
expected trends. 
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m order to overcome electrostatic repulsions and add another electron to a 
negative ion. 

Factors other than Zeff and atomic size affect electron affinities, so trends are 
not as regular as those for the previous two properties. For instance, we might 
expect electron affinities to decrease smoothly down a group (smaller negative 
number) because the nucleus is farther away from an electron being added. But, 
as Figure 8 . 14  shows, only Group l A( 1 )  exhibits this behavior. We might also 
expect a regular increase in electron affinities across a period (larger negative 
number) because size decreases and the increasing Zeff should attract the electron 
being added more strongly. An overall left-to-right increase in magnitude is there, 
but we certainly cannot say that it is a regular increase. These exceptions arise 
from changes in sublevel energy and in electron-electron repUlsion. 

Despite the irregularities, three key points emerge when we examine the rel­
ative values of ionization energy and electron affinity: 

1 .  Reactive nonmetals. The elements in Groups 6A( 1 6) and especially those in 
Group 7 A(1 7) (halogens) have high ionization energies and highly negative 
(exothermic) electron affinities. These elements lose electrons with difficulty 
but attract them strongly. Therefore, in their ionic compounds, they form neg­
ative ions. 

2. Reactive metals. The elements in Groups l A( 1 )  and 2A(2) have low ionization 
energies and slightly negative (exothermic) electron affinities. Both groups lose 
electrons readily but attract them only weakly, if at all. Therefore, in their ionic 
compounds, they form positive ions. 

3 .  Noble gases. The elements in Group 8A( 1 8) have very high ionization ener­
gies and slightly positive (endothermic) electron affinities. Therefore, these 
elements tend not to lose or gain electrons. In fact, only the larger members 
of the group (Kr, Xe, Rn) form any compounds at all . 

S E C T I O N  S U M M A R Y  
Trends i n  three atomic properties are summarized i n  Figure 8 . 1 5 .  Atomic size 
i ncreases down a main group and decreases across a period. Across a transition 
series, size remains relatively constant. First ionization energy (the energy required to 
remove the outermost electron from a mole of gaseous atoms) is inversely related to 
atomic size: I E1 decreases down a main group and increases across a period. An 
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element's successive ionization energies show a very large increase when the first 
i nner (core) electron is removed. Electron affinity (the energy involved in adding an 
electron to a mole of gaseous atoms) shows many variations from expected trends. 
Based on the relative sizes of I Es and EAs, in their ionic compounds, the Group 1 A( 1 )  
a n d  2A(2) elements tend t o  form cations, a n d  t h e  Group 6A(1 6) a n d  7 A(1 7) elements 
tend to form anions. 

8.5 ATOMIC STRUCTURE AND CHEMICAL REACTIVITY 

Our main purpose for discussing atomic properties is, of course, to see how they 
affect element behavior. In this section, you' ll see how the properties we just 
examined influence metallic behavior and determine the type of ion an element 
can form, as well as how electron configuration relates to magnetic properties. 

Trends in Metallic Behavior 
Metals are located in the left and lower three-quarters of the periodic table. They 
are typically shiny solids with moderate to high melting points, are good ther­
mal and electrical conductors, can be drawn into wires and rolled into sheets, 
and tend to lose electrons to nonmetals. Nonmetals are located in the upper right 
quarter of the table. They are typically not shiny, have relatively low melting 
points, are poor thermal and electrical conductors, are mostly crumbly solids or 
gases, and tend to gain electrons from metals. Metalloids are located in the region 
between the other two classes and have properties between them as well. Thus, 
metallic behavior decreases left to right and increases top to bottom in the peri­
odic table (Figure 8 . 1 6) .  

It's important to realize, however, that an element's properties may not fall 
neatly into our categories. For instance, the nonmetal carbon in the form of 
graphite is a good electrical conductor. Iodine, another nonmetal, is a shiny solid. 
Gallium and cesium are metals that melt at temperatures below body temperature, 
and mercury is a liquid at room temperature. And iron is quite brittle. Despite 
such exceptions, we can make several generalizations about metallic behavior. 

Relative Tendency to Lose Electrons Metals tend to lose electrons during chem­
ical reactions because they have low ionization energies compared to nonmetals .  
The increase in metallic behavior down a group is most obvious in the physical 
and chemical behavior of the elements in Groups 3A( 1 3) through 6A( 1 6), which 
contain more than one class of element. For example, consider the elements in 
Group SA( 1 5) .  Here, the change is  so great that, with regard to monatomic ions, 
elements at the top tend to form anions and those at the bottom tend to form 
cations. Nitrogen (N) is a gaseous nonmetal, and phosphorus (P) is a solid non­
metal. Both occur occasionally as 3 - anions in their compounds. Arsenic (As) 
and antimony (Sb) are metalloids, with Sb the more metallic of the two; neither 
forms ions readily. B ismuth (Bi), the largest member, is a typical metal, forming 
mostly ionic compounds in  which it appears as a 3 + cation. Even in Group 2A(2), 
which consists entirely of metals, the tendency to form cations increases down 
the group. Thus, beryllium (Be) forms covalent compounds with nonmetals, whereas 
the compounds of barium (Ba) are ionic. 

As we move across a period, it becomes more difficult to lose an electron (IE 
increases) and easier to gain one (EA becomes more negative). Therefore, with 
regard to monatomic ions, elements at the left tend to form cations and those at 
the right tend to form anions. The typical decrease in metallic behavior across a 
period is clear among the elements in Period 3 .  Sodium and magnesium are met­
als .  Sodium is shiny when freshly cut under mineral oil, but it loses an electron 
so readily to O2 that, if cut in air, its surface is coated immediately with a dull 
oxide. These metals exist naturally as Na + and Mg2+ ions in oceans, minerals, and 
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Figure 8. 1 6  Trends in metallic behavior. 
The gradation in metallic behavior among 
the elements is depicted as a gradation 
in shading from bottom left to top right, 
with arrows showing the direction of 
increase. (Hydrogen appears next to 
helium in this periodic table.) 
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Figure 8. 1 7  The trend in acid-base 
behavior of element oxides. The trend 
in acid-base behavior for some common 
oxides of Group 5A(15) and Period 3 ele­
ments is shown as a gradation in  color 
(red = acidic; blue = basic). Note that the 
metals form basic oxides and the non­
metals form acidic oxides. Aluminum 
forms an oxide (purple) that can act as an 
acid or as a base. Thus, as atomic size 
increases, ionization energy decreases, 
and oxide basicity increases. 
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organisms. Aluminum is metallic in its physical properties and forms the A13+ ion 
in some compounds, but it bonds covalently in most others. Silicon (Si) is a shiny 
metalloid that does not occur as a monatomic ion. The most common form of phos­
phorus is a white, waxy nonmetal that, as noted above, forms the p3- ion in a few 
compounds. Sulfur is a crumbly yellow nonmetal that forms the sulfide ion (S2-)  
in many compounds. Diatomic chlorine (CI2) is a yellow-green, gaseous nonmetal 
that attracts electrons avidly and exists in nature as the CI- ion. 

Acid-Base Behavior of the Element Oxides Metals are also distinguished from 
nonmetals by the acid-base behavior of their oxides in water: 

• Most main-group metals transfer electrons to oxygen, so their oxides are ionic. 
In water, the oxides act as bases, producing OH- ions from 02- and reacting 
with acids. 

• Nonmetals share electrons with oxygen, so nonmetal oxides are covalent. In 
water, they act as acids, producing H+ ions and reacting with bases. 

Some metals and many metalloids form oxides that are amphoteric: they can act 
as acids or as bases in water. 

Figure 8 . 1 7  classifies the acid-base behavior of some common oxides, focus­
ing on the elements in Group SA( l S) and Period 3. Note that as the elements 
become more metallic down a group, their oxides become more basic. Among 
oxides of Group SA( 1S)  elements, dinitrogen pentaoxide (N20s) forms nitric acid, 
HN03, a strong acid, while tetraphosphorus decaoxide (P40 IO) forms a weaker 
acid, H3P04. The oxide of the metalloid arsenic (As20S) is weakly acidic, whereas 
that of the metalloid antimony (Sb20s) is weakly basic. Bismuth, the most metal­
lic element of the group, forms a basic oxide (Bi203) .  

Note that as the elements become less metallic across a period, their oxides 
become more acidic. In Period 3, sodium and magnesium form the strongly basic 
oxides Na20 and MgO. Metallic aluminum forms amphoteric aluminum oxide 
(AI203), which reacts with acid or with base, whereas silicon dioxide is weakly 
acidic. The common oxides of phosphorus, sulfur, and chlorine form acids of 
increasing strength: H3P04, H2S04, and HCI04. 

Properties of Monatomic Ions 
So far we have focused on the reactants-the atoms-in the process of electron 
loss and gain. Now we focus on the products-the ions. We examine electron 
configurations, magnetic properties, and ionic radius relative to atomic radius.  

Electron Configurations of Main-Group Ions In Chapter 2, you learned the sym­
bols and charges of many monatomic ions. But why does an ion have a partic­
ular charge in its compounds? Why is a sodium ion Na+ and not Na2+, and why 
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is a fluoride ion F- and not F2- ?  For elements at the left and right ends of the 
periodic table, the explanation concerns the very low reactivity of the noble 
gases. As we said earlier, because they have high IEs and positive (endothermic) 
EAs, the noble gases typically do not form ions but remain chemically stable 
with a filled outer energy level (ns2np6) .  Elements in Groups lA(l), 2A(2), 
6A(l6), and 7A( l 7) that readily form ions either lose or gain electrons to attain 
a filled outer level and thus a noble gas configuration. Their ions are said to be 
isoelectronic (Greek iso, "same") with the nearest noble gas. Figure 8 . 1 8  shows 
this relationship. 

When an alkali metal atom [Group l A( 1 )] loses its single valence electron, 
it becomes isoelectronic with the previous noble gas. The Na + ion, for example, 
is isoelectronic with neon (Ne):  

Na ( l s22s22p63sl ) --+ Na+ ( li2s22p6) [isoelectronic with Ne ( l s22s22p6)] + e­

When a halogen atom [Group 7 A( 1 7)] adds a single electron to the five in its np 
sublevel, it becomes isoelectronic with the next noble gas. Bromide ion, for exam­
ple, is isoelectronic with krypton (Kr): 

Bf ([Ar] 4i3dI04p5) + e - --+ Br- ([Ar] 4s23dI04p6) [isoelectronic with Kr ([Ar] 4s23dI04p6)] 

The energy needed to remove the electrons from metals to attain the previ­
ous noble gas configuration is supplied during their exothermic reactions with 
nonmetals. Removing more than one electron from Na to form Na2+ or more than 
two from Mg to form Mg3 + means removing core electrons, which requires more 
energy than is available in a reaction. This is the reason that NaCl2 and MgF3 do 
not exist. S imilarly, adding two electrons to F to form F2- or three to ° to form 
03- means placing the extra electron into the next energy level. With 1 8  elec­
trons acting as inner electrons and shielding the nuclear charge very effectively, 
adding an electron to the negative ion, F- or 02-, requires too much energy. 
Thus, we never see Na2F or Mg302. 

The larger metals of Groups 3A( 1 3) ,  4A( 14), and SA( l S) form cations 
through a different process, because it would be energetically impossible for them 
to lose enough electrons to attain a noble gas configuration. For example, tin (Sn; 
Z = 50) would have to lose 1 4  electrons-two 5p, ten 4d, and two 5s-to be 
isoelectronlc with krypton (Kr; Z = 36), the previous noble gas. Instead, tin loses 
far fewer electrons and attains two different stable configurations. In the tin(IV) 
ion (Sn4+), the metal atom empties its outer energy level and attains the stability 
of empty 5s and 5p sublevels and a filled inner 4d sublevel. This (n - l )d l O con­
figuration is called a pseudo-noble gas configuration: 

Sn ( [Kr] Ss24dIOSp2) --+ Sn4+ ([Kr] 4d1o) + 4e-
Alternatively, in  the more cornmon tin(lI) ion (Sn2+), the atom loses the two 

Sp electrons only and attains the stability of filled 5s and 4d sublevels :  

Sn ( [Kr] Ss24dIOS,i) --+ SnH ( [Kr] Ss24dlO) + 2e-

The retained ni electrons are sometimes called an inert pair because they seem 
difficult to remove. Thallium, lead, and bismuth, the largest and most metallic 
members of Groups 3A( l 3) to 5A( 1 5), commonly form ions that retain the ni 

pair of electrons :  TI+ , Pb2+ , and B i3+ . 
Excessively high energy cost is also the reason that some elements do 

not form monatomic ions in any of their reactions. For instance, carbon would 
have to lose four electrons to form C4+ and attain the He configuration, or gain 
four to form C4- and attain the Ne configuration, but neither ion forms.  (Such 
multivalent ions are observed in the spectra of stars, however, where tem­
peratures exceed 1 06 K.) As you ' ll see in Chapter 9,  carbon and other atoms 
that do not form ions attain a fil led shell by sharing electrons through cova­
lent bondi ng. 
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Figure 8. 1 8  Main-group ions and the 
noble gas electron configurations. 
Most of the elements that form mon­
atomic ions that are isoelectronic with a 
noble gas l ie in the four groups that flank 
Group 8A(1 8), two on either side. 
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Figure 8.19 The Period 4 crossover in 
sublevel energies. The 3d orbitals are 
empty in elements at the beginning of 
Period 4. Because the 4s electron pene­
trates closer to the nucleus, the energy of 
the 4s orbital is lower in K and Ca; thus, 
the 4s fills before the 3d. But as the 3d 
orbitals fi l l ,  beginning with Z = 21 , these 
inner electrons are attracted by the 
increasing nuclear charge, and they also 
shield the 4s electrons. As a result, there 
is an energy crossover, with the 3d sub­
level becoming lower in  energy than the 
4s. For this reason,  the 4s electrons are 
removed first when the transition metal 
ion forms. In other words, 
• For a main-group metal ion, the highest 

n level of electrons is " last- in,  first-out." 
• For a transition metal ion, the highest n 

level of electrons is "first-in, first out." 
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SAMPLE PROBLEM 8.6 Writing Electron Configurations of Main-Group Ions 
Problem Using condensed electron configurations, write reactions for the formation of the 
common ions of the following elements: 
(a) Iodine (2 = 53) (b) Potassium (2 = 1 9) (c) Indium (2 = 49) 
Plan We identify the element's position in the periodic table and recall two general points: 
• Ions of elements in Groups I A( l ), 2A(2), 6A(1 6), and 7 A(17) are isoelectronic with the 

nearest noble gas. 
• Metals in Groups 3A(1 3) to 5A( 1 5) lose the ns and np electrons or just the np electrons. 
Solution (a) Iodine is in Group 7 A( 17), so i t  gains one electron and is isoelectronic with 
xenon: 

I ([Kr] 5s24d105p5) + e- -- 1- ( [Kr] 5s24d105p6) (same as Xe) 

(b) Potassium is in Group IA(l), so it  loses one electron and is isoelectronic with argon: 

K ([Ar] 4S I ) -- K+ ([Ar]) + e-

(c) Indium is in  Group 3A( l 3) ,  so i t  loses either three electrons to form In3 +  

(pseudo-noble gas configuration) o r  one t o  form In + (inert pair): 

In ([Kr] 5s24d105p l ) -- In3+  ( [Kr] 4d1 o) + 3e­

In ( [Kr] 5i4dl 05p l ) -- In+ ( [Kr] 5s24d10) + e -

Check Be sure that the number of electrons in the ion's electron configuration, plus those 
gained or lost to form the ion, equals Z. 

FOLLOW- U P  PROBLEM 8.6  Using condensed electron configurations, write reac­
tions showing the formation of the common ions of the following elements: 
(a) Ba (2 = 56) (b) 0 (2 = 8) (c) Pb (2 = 82) 

E lectron Configurations of Transition Metal Ions In contrast to most main­
group ions, transition metal ions rarely attain a noble gas configuration, and 
the reason, once again, is that energy costs are too high. The exceptions in 
Period 4 are scandium, which forms Sc3+ , and titanium, which occasionally 
forms Ti4+ in some compounds. The typical behavior of a transition element is 
to form more than one cation by losing all of its ns and some of its (n - l)d 
electrons. (We focus here on the Period 4 series, but these points hold for Peri­
ods 5 and 6 also.) 

In the aufbau process of building up the ground-state atoms, Period 3 ends 
with the noble gas argon. At the beginning of Period 4, the radial probability dis­
tribution of the 4s orbital near the nucleus makes it more stable than the empty 
3d. Therefore, the first and second electrons added in the period enter the 4s in 
K and Ca. But, as soon as we reach the transition elements and the 3d orbitals 
begin to fi l l ,  the increasing nuclear charge attracts their electrons more and more 
strongly. Moreover, the added 3d electrons fill inner orbitals, so they are not very 
well shielded from the increasing nuclear charge by the 4s electrons. As a result, 
the 3d orbital becomes more stable than the 4s. In effect, a crossover in orbital 
energy occurs as we enter the transition series (Figure 8 . 1 9) .  The effect on ion 
formation is critical: because the 3d orbitals are more stable, the 4s electrons are 
lost before the 3d electrons to form the Period 4 transition metal ions. Thus, the 
4s electrons are added before the 3d to form the atom but lost before the 3d to 
form the ion: "first-in, first-out." 

To summarize, electrons with the highest n value are removed first. Here are 
a few simple rules for forming the ion of any main-group or transition element: 

• For main-group, s-block metals, remove all electrons with the highest n value . 
• For main-group, p-block metals, remove np electrons before ns electrons. 
• For transition (d-block) metals, remove ns electrons before (n - l )d electrons. 
• For nonmetals, add electrons to the p orbitals of highest n value. 
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Magnetic Properties of Transition Metal Ions If we can't see electrons in  
orbitals, how do we know that a particular electron configuration is  correct? 
Although analysis of atomic spectra is the most important method for deter­
mining configuration, the magnetic properties of an element and its compounds 
can support or refute conclusions from spectra. Recal l that electron spin 
generates a tiny magnetic field, which causes a beam of H atoms to split in 
an external magnetic field (see Figure 8 . 1 ) . Only chemical species (atoms, 
ions, or molecules) with one or more unpaired electrons are affected by the 
external field. The species used in the original 1 9 2 1  split-beam experiment was 
the silver atom: 

5s 4d 5p 
Note the unpaired 5s electron. A beam of cadmium atoms, the element after sil­
ver, is not split because their 5s electrons are paired (Cd: [Kr] 5s24io) .  

A species with unpaired electrons exhibits paramagnetism: i t  i s  attracted by an 
external magnetic field. A species with all electrons paired exhibits diamagnetism: 
it is not attracted (and, in fact, is slightly repelled) by a magnetic field. Figure 8.20 
shows how this magnetic behavior is studied. Many transition metals and their com­
pounds are paramagnetic because their atoms and ions have unpaired electrons. 

Studies of paramagnetism can be used to provide additional evidence for a 
proposed electron configuration. Spectral analysis of the titanium atom yields the 
configuration [Ar] 4s23d2. Experiment shows that Ti metal is paramagnetic, which 
is consistent with the presence of unpaired electrons in its atoms.  Spectral analy­
sis of the Ti2+ ion yields the configuration [Ar] 3d2, indicating loss of the two 4s 
electrons. Once again, experiment supports these findings by showing that Ti2+ 
compounds are paramagnetic .  If Ti had lost its two 3d electrons during ion for­
mation, its compounds would be diamagnetic because the 4s electrons are paired. 
Thus, the [Ar] 3d2 configuration supports the conclusion that electrons of highest 
n value are lost first: 

Ti ([Ar] 4s23d2) ----+ Ti2+ ([Ar] 3d2) + 2e­

The partial orbital diagrams are 

4s 3d 

Ti 2 + D I,--t-L-I t---LI-,-----"----------, 
4s 3d 
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4p 
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Figure 8.20 Apparatus for measuring 
the magnetic behavior of a sample. The 
substance is weighed on a very sensitive 
balance in the absence of an external 
magnetic field. A, If the substance is 
diamagnetic (has all paired electrons). its 
apparent mass is unaffected (or slightly 
reduced) when the magnetic field is "on." 
B, If the substance is paramagnetic (has 
unpaired electrons). its apparent mass 
increases when the field is "on" because 
the balance arm feels an additional force. 
This method is used to estimate the num­
ber of unpaired electrons in transition 
metal compounds. 
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Figure 8.2 1 Depicting ionic radius. The 
cation radius (r+) and the anion radius (r-) 
each make up a portion of the total dis­
tance between the nuclei of adjacent ions 
in  a crystal l ine ionic compound. 

CHAPTER 8 Electron Configuration and Chemical Periodicity 

SAMPLE PROBLEM 8 . 7  Writing Electron Configurations and Predicting 
Magnetic Behavior of Transition Metal Ions 

Problem Use condensed electron configurations to write the reaction for the formation of 
each transition metal ion, and predict whether the ion is paramagnetic: 
(a) Mn2+ (Z = 25) (b) Cr3+ (Z = 24) (c) Hg2+ (Z = 80) 
Plan We first wlite the condensed electron configuration of the atom, noting the irregu­
larity for Cr in (b). Then we remove electrons, beginning with ns electrons, to attain the 
ion charge. If unpaired electrons are present, the ion is paramagnetic. 

Solution (a) Mn ( [Ar] 4i3d5) --- Mn2+ ( [Ar] 3d5) + 2e-
There are five unpaired e -, so Mn2+ is paramagnetic. 

(b) Cr ( [Ar] 4S 1 3d5) --- Cr3+ ( [Ar] 3d3) + 3e-
There are three unpaired e - , so Cr3+ is paramagnetic .

. 
(c) Hg ( [Xe] 6s24/45d IO) --- Hg2+ ( [Xe] 4/45d 10) + 2e-
There are no unpaired e - , so Hg2+ is not paramagnetic (is diamagnetic). 
Check We removed the ns electrons first, and the sum of the lost electrons and those in 
the electron configuration of the ion equals Z. 

FOLLOW-UP PROBLEM 8 . 7  Write the condensed electron configuration of each tran­
sition metal ion, and predict whether it is paramagnetic: 
(a) v3 +  (Z = 23) (b) Ni2+  (Z = 28) (c) La3 + (Z = 57) 

Ionic Size vs. Atomic Size The ionic radius is an estimate of the size of an ion 
in a crystalline ionic compound. You can picture it as one ion 's  portion of the dis­
tance between the nuclei of neighboring ions in the solid (Figure 8.2 1 ) . From the 
relation between effective nuclear charge and atomic size, we can predict the size 
of an ion relative to its parent atom: 

• Cations are smaller than their parent atoms. When a cation forms, electrons 
are removed from the outer level . The resulting decrease in electron repulsions 
allows the nuclear charge to pull the remaining electrons closer. 

• Anions are larger than their parent atoms. When an anion forms, electrons are 
added to the outer level. The increase in repulsions causes the electrons to 
occupy more space. 

Figure 8.22 shows the radii of some common main-group monatomic ions 
relative to their parent atoms. As you can see, ionic size increases down a group 
because the number of energy levels increases. Across a period, however, the pat­
tern is more complex. Size decreases among the cations, then increases tremen­
dously with the first of the anions, and finally decreases again among the anions. 

This pattern results from changes in effective nuclear charge and electron­
electron repulsions. In Period 3 (Na through Cl), for example, increasing Zeff from 
left to right makes Na + larger than Mg2+ , which in tum is  larger than AI3+ . The 
great jump in size from cations to anions occurs because we are adding electrons 
rather than removing them, so repulsions increase sharply. For instance, p3- has 
eight more electrons than AI3+ . Then, the ongoing rise in Zeff makes p3- larger 
than S2- ,  which is larger than Cl- .  These factors lead to some striking effects 
even among ions with the same number of electrons. Look at the ions within the 
dashed outline in Figure 8 .22, which are all isoelectronic with neon. Even though 
the cations form from elements in the next period, the anions are still much larger. 
The pattern is 

3 - > 2- > 1 - > 1 +  > 2 +  > 3+ 

When an element forms more than one cation, the greater the ionic charge, 
the smaller the ionic radius. Consider Fe2+ and Fe3+ . The number of protons is 
the same, but Fe3+ has one fewer electron, so electron repulsions are reduced 
somewhat. As a result, Zeff increases, which pulls all the electrons closer, so Fe3+ 
is smaller than Fe2+ . 
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• Ionic size decreases across a period but increases from cations to anions. 
• Ionic size decreases with increasing positive (or decreasing negative) charge in 

an isoelectronic series. 
• Ionic size decreases as charge increases for different cations of a given element. 

SAMPLE PROBLEM 8 . 8  Ranking Ions by Size 
Problem Rank each set of ions in order of decreasing size, and explain your ranking: 
(a) Ca2+ , 5r2+ , Mg2+ (b) K+ , 52- , Cl- (c) Au+ , Au3 +  

Plan We find the position of each element i n  the periodic table and apply the ideas pre­
sented in the text. 
Solution (a) Because Mg2+, Ca2+ , and 5�+ are all from Group 2A(2), they decrease in size 

5 2+ C 2+ M 2+ 
up the group:  r > a > g . 
(b) The ions K+ , 52- , and Cl- are isoelectronic. 52- has a lower Zeff than Cl- , so it  i s  

larger. K+ is a cation, and has the highest Zeff, so it is smallest: 52- > Cl- > K+. 

(c) Au+ has a lower charge than Au3+ , so it is larger: Au+ > Au3+ . 

FOLLOW- U P  PROB LEM 8 . 8  Rank the ions in each set in order of increasing size: 

(a) Cl -, Br-, F- (b) Na+ , Mg2+ , F- (c) C/+, Cr3+ 

S E C T I O N  S U M M A RY 
Metall ic behavior correlates with large atomic size and low ionization energy. Thus, 
metallic behavior i ncreases down a group and decreases across a period. Within the 
main groups, metal oxides are basic and nonmetal oxides acidic. Thus, oxides become 
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Figure 8.22 Ionic VS. atomic radii. The 
atomic radi i  (colored half-spheres) and 
ionic radii (gray half-spheres) of some 
main-group elements are arranged in pe­
riodic table format (with all radii values in 
picometers). Note that metal atoms (blue) 
form smaller positive ions, whereas non­
metal atoms (red) form larger negative 
ions. The dashed outline sets off ions of 
Period 2 nonmetals and Period 3 metals 
that are isoelectronic with neon. Note the 
size decrease from anions to cations. 

� Animation: Isoelectronic Series � Online Learning Center 
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more acidic across a period and more basic down a group. Many main-group ele­
ments form ions that are isoelectronic with the nearest noble gas. Removing (or 
adding) more electrons than needed to attain the previous noble gas configuration 
requires a prohibitive amount of energy. Metals in  Groups 3A(1 3) to 5A(1 5) lose either 
their np electrons or both their ns and np electrons. Transition metals lose ns elec­
trons before (n - 1 )d electrons and commonly form more than one ion.  Many transi­
tion metals and their compounds are paramagnetic because their atoms (or ions) have 
unpaired electrons. Cations are smaller and anions larger than their parent atoms. 
Ionic radi us i ncreases down a group.  Across a period, cationic and anionic radi i  
decrease, but a large i ncrease occurs from cations t o  anions. 

For Review and Reference (Numbers in parentheses reFer to pages, unless noted otherwise.) 

Learning Obiectives 
To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and end-oF-chapter prob­
lems (EP) are l isted in parentheses. 

l .  Understand the periodic law and the arrangement of elements 
by atomic number (§ 8 . 1 )  (EPs 8 . 1-8.3) 
2. Describe the importance of the spin quantum number (m,) and 
the exclusion principle for populating an orbital; understand how 
shielding and penetration lead to the splitting of energy levels into 
sublevels (§ 8 .2) (EPs 8.4-8. 1 3) 
3. Understand orbital filling order, how outer configuration corre­
lates with chemical behavior, and the distinction among inner, 
outer, and valence electrons ;  write the set of quantum numbers for 
any electron in an atom as well as full and condensed electron 

Key Terms 
electron configuration (236) 
Section 8. 1 
periodic law (236) 
Section 8.2 
spin quantum number 

(ms) (237) 
exclusion principle (238) 
shielding (238) 

effective nuclear charge 

(Zel'f) (239) 
penetration (239) 
Section 8.3 
aufbau principle (240) 
orbital diagram (240) 
Hund's rule (24 1 )  
transition elements (244) 
inner (core) electrons (246) 
outer electrons (246) 

Key Equations and Relationsh ips 
8.1 Defining the energy order of sublevels in terms of the angular 
momentum quantum number (l value) (239): 

Order of sublevel energies: s < p < d < f 

Brief Solutions to Follow-up Problems 
8.1 The element has eight electrons, so Z = 8: oxygen. 
Sixth electron: n = 2, l = 1 ,  m{ = 0, ms = +1 

Is  2s 2p 

configurations and orbital diagrams for the atoms of any element 
(§ 8.3) (SPs 8 . 1 ,  8.2) (EPs 8 . 1 4-8.32) 
4. Describe atomic radius, ionization energy, and electron affinity 
and their periodic trends; explain patterns in successive ionization 
energies and identify which electrons are involved in ion forma­
tion (to yield a noble gas or pseudo-noble gas electron configura­
tion) (§ 8 .4) (SPs 8.3-8.5) (EPs 8 .33-8.46) 
5. Describe the general properties of metals and nonmetals and 
understand how trends in metallic behavior relate to ion forma­
tion, oxide acidity, and magnetic behavior; understand the relation 
between atomic and ionic size and write ion electron configura­
tions (§ 8.5) (SPs 8.6-8 .8) (EPs 8.47-8.65) 

valence electrons (246) 
inner transition elements (247) 
lanthanides (247) 
actinides (247) 
Section 8.4 
atomic size (249) 
metallic radius (249) 
covalent radius (249) 
ionization energy (IE) (252) 
electron affinity (EA) (255) 

Section 8.5 
amphoteric (258) 
isoelectronic (259) 
pseudo-noble gas 

configuration (259) 
paramagnetism (261 )  
diamagnetism (261 )  
ionic radius (262) 

8.2 Meaning of the first ionization energy (252): 
Atom(g) -- ion+(g) + e- t::.E = IE , > 0 

4s 3d 4p 
Ni has 1 8  inner electrons. 



[!IJ 
5s 4d 5p 

Sr has 36 inner electrons. 
(c) For Po, l s22i2p63s23p64s23dl o4p65s24dlo5p66i4/45dlo6p4; 
[Xe] 6s24/45d1 06p4 

[IT] IHI t i t  I 
6s 6p 

Po has 78 inner electrons. 

Problems 
Problems with colored numbers are answered in Appendix E.  
Sections match the text and provide the numbers at relevant 
sample problems. Bracketed problems are grouped in pairs 
(indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

Development of the Periodic Table 

8.1 What would be your reaction to a claim that a new element had 
been discovered, and it fit between tin (Sn) and antimony (Sb) in 
the periodic table? 

8.2 Mendeleev arranged the elements in his periodic table by 
atomic mass. By what property are the elements now ordered in 
the periodic table? Give an example of a sequence of element or­
der that would change if mass were still used. 

8.3 Before Mendeleev published his periodic table, Johann 
Dtibereiner grouped elements with similar properties into "tri­
ads," in which the unknown properties of one member could be 
predicted by averaging known values of the properties of the 
others. Predict the values of the following quantities: 
(a) The atomic mass of K from the atomic masses of Na and Rb 
(b) The melting point of B r2 from the melting points of 
Cl2 ( - l O I .O°C) and 12 ( U 3 .6°C) (actual value = -7.2°C) 
(c) The boiling point of HBr from the boiling points of 
HCI ( - 84.9°C) and HI ( -35.4°C) (actual value = - 67 .0°C) 

Characteristics of Many-Electron Atoms 

8.4 Summarize the rules for the allowable values of the four quan­
tum numbers of an electron in an atom. 

8.5 Which of the quantum numbers relate(s) to the electron only? 
Which relate(s) to the orbital? 

8.6 State the exclusion principle. What does it imply about the 
number and spin of electrons in an atomic orbital? 

8.7 What is the key distinction between sublevel energies in one­
electron species, such as the H atom, and those in many-electron 
species, such as the C atom? What factors lead to this distinc­
tion? Would you expect the pattern of sublevel energies in Be3+ 

to be more like that in H or that in C? Explain. 
8.8 Define shielding and effective nuclear charge. What is  the con­

nection between the two? 

Problems 

8.3 (a) CI < Br < Se; (b) Xe < I < Ba 
8.4 (a) Sn < Sb < I ;  (b) Ba < Sr < Ca 
8.5 Q is aluminum: I s22s22p63s23p l 
8.6 (a) Ba ( [Xe] 6s2) - Ba2+ ([Xe]) + 2e-
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(b) 0 ( [He] 2s22p4) + 2e- - 02- ( [He] 2s22p6) (same as Ne) 
(c) Pb ( [Xe] 6s24/45d106,i) - Pb2+ ([Xe] 6i4/45dlO) + 2e­

Pb ([Xe] 6s24/ 45dI 06p2) _ Pb4+ ( [Xe] 4/45d1o) + 4e-
8.7 (a) y3+ : [Ar] 3d2; paramagnetic 
(b) Ni2+ : [Ar] 3d8 ; paramagnetic 
(c) La3 + : [Xe];  not paramagnetic (diamagnetic) 
8.8 (a) F- < Cl- < Br- ; (b) Mg2+ < Na+ < F-; 
(c) Cr3+ < Cr2+ 

8.9 What is penetration? How is it related to shielding? Use the 
penetration effect to explain the difference in relative orbital en­
ergies of a 3p and a 3d electron in the same atom. 

18.10 How many electrons in an atom can have each of the follow­
ing quantum number or sublevel designations? 
(a) n = 2, I = 1 (b) 3d (c) 4s 

8.11 How many electrons in an atom can have each of the follow­
ing quantum number or sublevel designations? 
(a) n = 2, 1= 1, In, = 0 (b) 5p (c) n = 4, 1= 3 

8. 1 2  How many electrons in an atom can have each of the follow­
ing quantum number or sublevel designations? 
(a) 4p (b) n = 3,  1 =  1 ,  In, = + 1 (c) n = 5, I = 3 

8.13 How many electrons in an atom can have each of the follow­
ing quantum number or sublevel designations? 
(a) 2s (b) n = 3, I = 2 (c) 6d 

The Quantum-Mechanical Model and the Periodic Table 
(Sample Problems 8 . 1  and 8 .2) 

8.14 State the periodic law, and explain its relation to electron con­
figuration. (Use Na and K in your explanation.) 

8.15 State Hund's rule in your own words, and show its applica­
tion in the orbital diagram of the nitrogen atom. 

8.16 How does the aufbau principle, in connection with the peri­
odic law, lead to the format of the periodic table? 

8.17 For main-group elements, are ollter electron configurations 
similar or different within a group? Within a period? Explain. 

18.18 Write a full set of quantum numbers for the following: 
(a) The outermost electron in an Rb atom 
(b) The electron gained when an S- ion becomes an S2- ion 
(c) The electron lost when an Ag atom ionizes 
(d) The electron gained when an F- ion forms from an F atom 

8.19 Write a full set of quantum numbers for the following: 
(a) The outermost electron in an Li atom 
(b) The electron gained when a Br atom becomes a Br- ion 
(c) The electron lost when a Cs atom ionizes 
(d) The highest energy electron in the ground-state B atom 

8.20 Write the full ground-state electron configuration for each: 
(a) Rb (b) Ge (c) Ar 
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8.21 Write the full ground-state electron configuration for each: 
(a) Br (b) Mg (c) Se 

8.22 Draw an orbital diagram showing valence electrons, and 
write the condensed ground-state electron configuration for each: 
(a) Ti (b) CI (c) V 

8.23 Draw an orbital diagram showing valence electrons, and 
write the condensed ground-state electron configuration for each: 
(a) Ba (b) Co (c) Ag 

8.24 Draw the partial (valence-level) orbital diagram, and write 
the symbol, group number, and period number of the element: 
(a) [He] 2S22p4 (b) [Ne] 3s23p3 

8.25 Draw the partial (valence-level) orbital diagram, and write 
the symbol, group number, and period number of the element: 
(a) [Kr] 5i4i o (b) [Ar] 4i3d8 

8.26 From each partial (valence-level) orbital diagram, write the 
ground-state electron configuration and group number: 

(a) [1] It -tIt -tIt -tIt -tIt -tl L-I t--"---c-I ----"----------
45 3d 4p 

(b) [1] It -tIt -tIt -tl 
25 2p 

8.27 From each partial (valence-level) orbital diagram, write the 
ground-state electron configuration and group number: 

(a) [] I t i t  I t i t I I L-I ---'----::----------' 55 4d 5p 

(b) [1] I t i t  I t I 
25 2p 

8.28 How many inner, outer, and valence electrons are present in 
an atom of each of the following elements? 
(a) 0 (b) Sn (c) Ca (d) Fe (e) Se 

8.29 How many inner, outer, and valence electrons are present in 
an atom of each of the following elements? 
(a) Br (b) Cs (c) Cr (d) Sr (e) F 

8.30 Identify each element below, and give the symbols of the 
other elements in its group: 
(a) [He] 2i2p ' (b) [Ne] 3i3p4 (c) [Xe] 6s25d' 

8.31 Identify each element below, and give the symbols of the 
other elements in its group: 

I (a) [Ar] 4i3d, 04p4 (b) [Xe] 6i4f'45d2 (c) [Ar] 4s23ds 

8.32 One reason spectroscopists study excited states is to gain in­
formation about the energies of orbitals that are unoccupied in 
an atom's ground state. Each of the following electron configu­
rations represents an atom in an excited state. Identify the ele­
ment, and write its condensed ground-state configuration: 
(a) 1 i2i2p63s ' 3p '  (b) ls22i2p63i3p44s ' 
(c) ls22s22p63s23p64i3d44p ' (d) ls22i2ps3s '  

Trends in Three Key Atomic Properties 
(Sample Problems 8 .3  to 8.5) 

8.33 Explain the relationship between the trends in atomic size 
and in ionization energy within the main groups. 

8.34 In what region of the periodic table will you find elements 
with relatively high IEs? With relatively low IEs? 

8.35 Why do successive IEs of a given element always increase? 
When the difference between successive IEs of a given element 

is exceptionally large (for example, between IE, and IE2 of K), 
what do we learn about its electron configuration? 

8.36 In a plot of IE, for the Period 3 elements (see Figure 8. 1 1 ), 
why do the values for elements in Groups 3A(l 3) and 6A( l 6) 
drop slightly below the generally i ncreasing trend? 

8.37 Which group in the periodic table has elements with high 
(endothermic) IE, and very negative (exothermic) first electron 
affinities (EA, )?  Give the charge on the ions these atoms form. 

8.38 How does d-electron shielding influence atomic size among 
the Period 4 transition elements? 

18.39 Arrange each set in order of increasing atomic size: 
(a) Rb, K, Cs (b) C, 0, Be (c) CI, K, S (d) Mg, K, Ca 

8.40 Arrange each set in order of decreasing atomic size: 
(a) Ge, Pb, Sn (b) Sn, Te, Sr (c) F, Ne, Na (d) Be, Mg, Na 

8.41 Arrange each set of atoms in  order of increasing IE , :  
(a) Sr, Ca, B a  (b) N ,  B ,  Ne (c) Br, Rb, Se (d) As, Sb, Sn 

8.42 Arrange each set of atoms in order of decreasing IE , :  
(a) Na, Li, K (b) Be, F, C (c) Cl, Ar, Na (d) CI ,  Br, Se 

8.43 Write the full electron configuration of the Period 2 element 
with the following successive IEs (in kJ/mol): 
IE , = 801 IE2 = 2427 IE3 = 3659 
IE4 = 25,022 IEs = 32,822 

8.44 Write the full electron configuration of the Period 3 element 
with the following successive IEs (in kJ/mol): 
IE, = 738 IE2 = 1450 IE3 = 7732 
IE4 = 1 0,539 IEs = 1 3,628 

8.45 Which element in each of the following sets would you ex­
pect to have the highest IE2? 
(a) Na, Mg, Al (b) Na, K, Fe (c) Sc, Be, Mg 

8.46 Which element in each of the following sets would you ex­
pect to have the lowest IE3? 

I (a) Na, Mg, Al  (b)  K, Ca, Sc (c) Li, AI, B 

Atomic Structure and Chemical Reactivity 
(Sample Problems 8.6 to 8.8) 

8.47 List three ways in which metals and nonmetals differ. 
8.48 Summarize the trend in metallic character as a function of po­

sition in the periodic table. Is it the same as the trend in atomic 
size? Ionization energy? 

8.49 Summarize the acid-base behavior of the main-group metal 
and nonmetal oxides in water. How does oxide acidity in water 
change down a group and across a period? 

8.50 What is a pseudo-noble gas configuration? Give an example 
of one ion from Group 3A( 13)  that has it. 

8.51 The charges of a set of isoelectronic ions vary from 3 + to 
3 - . Place the ions in order of increasing size. 

18.52 Which element would you expect to be more metallic? 
(a) Ca or Rb (b) Mg or Ra (c) Br or I 

8.53 Which element would you expect to be less metallic? 
(a) S or CI (b) In or Al (c) As or Br 

8.54 Does the reaction of a main-group nonmetal oxide in water 
produce an acidic or a basic solution? Write a balanced equation 
for the reaction of a Group 6A(1 6) nonmetal oxide with water. 

8.55 Does the reaction of a main-group metal oxide in water pro­
duce an acidic solution or a basic solution? Write a balanced 
equation for the reaction of a Group 2A(2) oxide with water. 



8.56 Write the charge and ful l  ground-state electron configuration 
of the monatomic ion most l ikely to be formed by each: 
(a) Cl (b) Na (c) Ca 

8.57 Write the charge and full ground-state electron configuration 
of the monatorllic ion most l ikely to be formed by each: 
(a) Rb (b) N (c) Br 

8.58 How many unpaired electrons are present in the ground state 
of an atom from each of the following groups? 
(a) 2A(2) (b) 5A( 1 5) (c) 8A( 1 8) (d) 3A( 1 3) 

8.59 How many unpaired electrons are present in the ground state 
of an atom from each of the following groups? 
(a) 4A( l 4) (b) 7 A( l 7) (c) 1 A( 1) (d) 6A( l 6) 

8.60 Write the condensed ground-state electron configurations of 
these transition metal ions, and state which are paramagnetic: 
(a) y3 + (b) Cd2+ (c) Co3 + (d) Ag+ 

8.61 Write the condensed ground-state electron configurations of 
these transition metal ions, and state which are paramagnetic: 
(a) Mo3+ (b) Au+ (c) Mn2+  (d) Hf2+ 

8.62 Palladium (Pd; Z = 46) is diamagnetic. Draw partial orbital 
diagrams to show which of the fol lowing electron configurations 
is consistent with this fact: 
(a) [Kr] 5s24d8 (b) [Kr] 4dlo  (c) [Kr] 5s 14d9 

8.63 Niobium (Nb; Z = 4 1 )  has an anomalous ground-state elec­
tron configuration for a Group 5B(5) element: [Kr] 5s 14d4 What 
is the expected electron configuration for elements in this group? 
Draw partial orbital diagrams to show how paramagnetic mea­
surements could support niobium's actual configuration. 

8.64 Rank the ions in each set in order of increasing size, and ex­
plain your ranking: 
(a) Li +, K+ , Na+ (b) Se2-, Rb+, Br- (c) 02-, F-, N)-

8.65 Rank the ions in each set in order of decreasing size, and ex­
plain your ranking: 

I (a) Se2- , S2- , 02- (b) Te2- , Cs+ , I- (c) Sr2+ , Ba2+ , Cs+ 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

8.66 Name the element described in each of the following: 
(a) Smallest atorllic radius in Group 6A 
(b) Largest atomic radius in  Period 6 
(c) Smallest metal in Period 3 
(d) Highest lEI  in Group 14 
(e) Lowest lE I  in Period 5 

(f) Most metallic in Group 1 5  
(g) Group 3 A  element that forms the most basic oxide 
(h) Period 4 element with filled outer level 
( i)  Condensed ground-state electron configuration is [Ne] 3s23p2 

U) Condensed ground-state electron configuration is [Kr] 5s24d6 

(k) Forms 2 + ion with electron configuration [Ar] 3(P 

( I )  Period 5 element that forms 3 + ion with pseudo-noble gas 
configuration 
(m) Period 4 transition element that forms 3+ diamagnetic ion 
(n) Period 4 transition element that forms 2+ ion with a half­
filled d sublevel 
(0) Heaviest lanthanide 
(p) Period 3 element whose 2- ion is isoelectronic with Ar 
(q) Alkaline earth metal whose cation is isoelectronic with Kr 
(r) Group 5 A( 1 5) metalloid with the most acidic oxide 

Problems 267 

* 8.67 When a nonmetal oxide reacts with water, it fomls an oxoacid 
with the same nonmetal oxidation state. Give the name and 
formula of the oxide used to prepare each of these oxoacids: 
(a) hypochlorous acid; (b) chlorous acid; (c) chloric acid; 
(d) perchloric acid; (e) sulfuric acid; (f) sulfurous acid; (g) nitric 
acid; (h) nitrous acid; (i) carbonic acid; (j) phosphoric acid. 

* 8.68 The energy difference between the 5d and 6s sublevels in 
gold accounts for its color. Assuming this energy difference is 
about 2.7 eY [ 1  electron volt (eY) = 1 .602 X l O- 19  J ] ,  explain 
why gold has a warm yellow color. 

8.69 Write the formula and name of the compound formed from 
the following ionic interactions: (a) The 2 + ion and the 1- ion 
are both isoelectronic with the atoms of a chemically unreactive 
Period 4 element. (b) The 2 + ion and the 2 - ion are both iso­
electronic with the Period 3 noble gas. (c) The 2 +  ion is the 
smallest with a filled d subshell; the anion forms from the smaIl­
est halogen. (d) The ions form from the largest and smallest ion­
izable atoms in Period 2. 

8.70 The hot glowing gases around the Sun, the corona, can reach 
millions of degrees Celsius, high enough to remove many elec­
trons from gaseous atoms. Iron ions with charges as high as 14+ 

have been observed in the corona. Which ions from Fe+ to 
Fe

14+ are paramagnetic? Which would be most attracted to a 
magnetic field? 

* 8.71 There are some exceptions to the trends of first and succes­
sive ionization energies. For each of the following pairs, explain 
which ionization energy would be higher: 
(a) lEI of Ga or lEI  of Ge (b) 1E2 of Ga or IEz of Ge 
(c) IE) of Ga or IE) of Ge (d) 1E4 of Ga or 1E4 of Ge 

8.72 Half of the first 1 8  elements have an odd number of electrons, 
and half have an even number. Show why these elements aren't 
half paramagnetic and half diamagnetic. 

8.73 Draw the partial (valence-level) orbital diagram and write the 
electron configuration of the atom and monatomic ion of the el­
ement with the following ionization energies (in kllmol): 

999 225 1 336 1 4564 70 1 3  8495 27, 1 06 3 1 ,669 

* 8.74 On the planet Zog in the Andromeda galaxy, all of the stable 
elements have been studied. Data for some main-group elements 
are shown below (Zoggian un its are unknown on Earth and, 
therefore, not shown). Limited communications with the Zog­
gians have indicated that balloonium is a monatomic gas with 
two positive charges in its nucleus. Use the data to deduce the 
names that Earthlings give to these elements: 

Name Atomic Rad ius IEl EAl 

Balloonium 1 0  339 0 

lnertium 24 297 +4.1 

Allotropium 34 1 43 -28.6 

Brinium 63 70.9 -7.6 

Canium 47 1 0 1  - 1 5.3 

Fertilium 25 200 0 

Liquidium 38 1 63 -46.4 

Utilium 48 82.4 -6. 1 

Crimsonium 72 78.4 - 2.9 



CHAPTER NINE 

Models of Chemica l  
Bond i ng 

Key Principles 
• Two classes of elements, metals and nonmetals, combine through 

three types of bonding: metal and nonmetal through ionic bonding, 
nonmetal and nonmetal through covalent bonding, and metal and 
metal through metallic bonding. 

• Ionic bonding is the attraction among the ions that are created when 
metal atoms transfer electrons to nonmetal atoms. Even though en­
ergy is required to form the ions, more energy is released when the 
ions attract each other and form a solid. 

• The strong attractions among their ions make ionic compounds hard, 
high-melting solids that conduct a current only when melted or 
dissolved .  

• A covalent bond i s  the attraction between the nuclei o f  two nonmetal 
atoms and the electron pair they share. Each covalent bond has 
specific energy and length that depend on the bonded atoms and 
an order that depends on the number of electron pairs shared. 

Outline 

Binding Atoms Together The properties of substances, such as the low conductiv­
ity and high melting point of sodium chloride crystals, depend on the properties of 
their atoms and how they bind together, as you'll see in this chapter. 

• Most covalent compounds are molecular substances with low melting 
and boiling points, because these physical changes disrupt the 
weak attractions between the molecules while leaving the strong 
covalent bonds within the molecules intact. 

• During a reaction, energy is absorbed to break certain bonds in the re­
actant molecules and is released to form other bonds that create the 
product molecules; the heat of reaction is the difference between 
the energy absorbed and the energy released. 

• Each atom in a covalent bond attracts the shared electron pair accord­
ing to its electronegativity (EN) . A covalent bond is polar if the two 
atoms have different EN values. The ionic character of a bond-from 
highly ionic to nonpolar covalent-varies with the difference in EN 
values of the atoms. 

9.1 Atomic Properties and Chemical Bonds 
Three Types of Chemical Bonding 
Lewis Electron-Dot Symbols 

9.3 The Covalent Bonding Model 
Formation of a Covalent Bond 
Bond Energy and Bond Length 

9.5 Between the Extremes: Electronegativity 
and Bond Polarity 
Electronegativity 

9.2 The Ionic Bonding Model 
Importance of Lattice Energy 
Periodic Trends in Lattice Energy 

268 

How the Model Explains the Properties 
of Ionic Compounds 

How the Model Explains the Properties 
of Covalent Substances 

9.4 Bond Energy and Chemical Change 
Where Does 6.H';.n Come From? 
Using Bond Energies to Calculate 6.H';.n 
Bond Strengths in Fuels and Foods 

Polar Covalent Bonds and Bond Polarity 
Partial Ionic Character of Polar Covalent 

Bonds 
Continuum of Bonding Across a Period 



9.1 Atomic Properties and Chemical Bonds 

Why is table salt (or any other ionic substance) a hard, brittle, high-melting 
solid that conducts a current only when molten or dissolved in water? Why 

is candle wax (along with most covalent substances) low melting, soft, and non­
conducting, while diamond (and some other exceptions) is high melting and 
extremely hard? And wby is copper (and most other metallic substances) shiny, 
malleable, and able to conduct a current whether molten or solid? The answers 
lie in the type of bonding within the substance. In Chapter 8, we exanuned the 
properties of individual atoms and ions. Yet, in virtually all the substances in and 
around you, these particles are bonded to one another. As you' ll see in this chap­
ter, deeper insight comes as we discover how the properties of atoms influence 
the types of chenlical bonds they form, because these are ultimately responsible 
for the behavior of substances. 

9. 1 ATOMIC PROPERTIES AND CHEMICAL BONDS 

Before we exanline the types of chemical bonding, we should ask why atoms 
bond at all. In general terms, they do so for one overriding reason: bonding low­
ers the potential energy between positive and negative particles, whether those 
particles are oppositely charged ions or atonlic nuclei and the electrons between 
them. Just as the electron configuration and the strength of the nucleus-electron 
attraction deternline the properties of an atom, the type and strength of chenlical 
bonds deternline the properties of a substance. 

The Three Types of Chemical Bonding 
On the atonlic level, we distinguish a metal from a nonmetal on the basis of sev­
eral properties that correlate with position in the periodic table (Figure 9 . 1 and 
inside the front cover). Recall from Chapter 8 that, in general, there is a grada­
tion from more metal-like to more nonmetal-like behavior from left to right across 
a period and from bottom to top within most groups. Three types of bonding result 
from the three ways these two types of atoms can combine-metal with non­
metal, nonmetal with nonmetal, and metal with metal : 

1 .  Metal with nonmetal: electron transfer and ionic bonding (Figure 9.2A, on 
the next page). We typically observe ionic bonding between atoms with large dif­
ferences in their tendencies to lose or gain electrons. Such differences occur 
between reactive metals [Groups l A( 1 )  and 2A(2)] and nonmetals [Group 7 A(1 7) 
and the top of Group 6A( 1 6) ] .  The metal atom (low IE) loses its one or two 
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• characteristics of ionic and covalent 
bonding (Section 2.7) 

• polar covalent bonds and the polarity 
of water (Section 4.1 )  

• Hess's law, t1H�n, and t1H'f 
(Sections 6.5 and 6.6) 

• atomic and ionic electron configurations 
(Sections 8.3 and 8.5) 

• trends in  atomic properties and 
metal lic behavior (Sections 8.4 and 8.5) 

Figure 9. 1 A general comparison of 
metals and nonmetals. A, The positions 
of metals, nonmetals, and metalloids 
within the periodic table. 8, The relative 
magnitudes of some key atomic properties 

vary from left to right within a period and 
correlate with whether an element is metal­
lic or nonmetal l ic. 

PROPERTY 
METAL NONMETAL 
ATOM ATOM 

Atomic size Larger Smaller 

Zeff Lower Higher 

I E  Lower H igher 

EA Less negative More negative 

B Relative magnitudes of atomic 
properties within a period 
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Figure 9.2 The three models of chemi­
cal bonding. A, In  ionic bonding, metal 
atoms transfer electron(s) to nonmetal 
atoms, forming oppositely charged ions 
that attract each other to form a solid. 
B, In  covalent bonding, two atoms share 
an electron pair localized between their 
nuclei (shown here as a bond line). Most 
covalent substances consist of individual 
molecules, each made from two or more 
atoms. C, In metal l ic bonding, many 
metal atoms pool their valence electrons 
to form a delocalized electron "sea" that 
holds the metal-ion cores together. 

CHAPTER 9 Models of Chemical Bonding 

A Ionic bonding B Covalent bonding C Metall ic bonding 

valence electrons, whereas the nonmetal atom (highly negative EA) gains the elec­
tron(s). Electron transfer from metal to nonmetal occurs, and each atom forms an 
ion with a noble gas electron configuration . The electrostatic attraction between 
these positive and negative ions draws them into the three-dimensional array of 
an ionic solid, whose chemical formula represents the cation-to-anion ratio 
(empirical formula). 

2 .  Nonmetal with nonmetal: electron sharing and covalent bonding (Figure 
9.2B).  When two atoms have a small difference in their tendencies to lose or gain 
electrons, we observe electron sharing and covalent bonding. This type of bond­
ing most commonly occurs between nonmetal atoms (although a pair of metal 
atoms can sometimes form a covalent bond). Each nonmetal atom holds onto its 
own electrons tightly (high IE) and tends to attract other electrons as well (highly 
negative EA) . The attraction of each nucleus for the valence electrons of the other 
draws the atoms together. A shared electron pair is considered to be localized 
between the two atoms because it spends most of its time there, linking them in 
a covalent bond of a particular length and strength . In most cases, separate mol­
ecules form when covalent bonding occurs, and the chemical formula reflects the 
actual numbers of atoms in the molecule (molecular formula). 

3. Metal with metal: electron pooling and metallic bonding (Figure 9 .2C). In 
general, metal atoms are relatively large, and their few outer electrons are well 
shielded by filled inner levels .  Thus, they lose outer electrons comparatively eas­
ily (low IE) but do not gain them very readily (slightly negative or positive EA). 
These properties lead large numbers of metal atoms to share their valence elec­
trons, but in a way that differs from covalent bonding. In the simplest model of 
metallic bonding, all the metal atoms in a sample pool their valence electrons 
into an evenly distributed "sea" of electrons that "flows" between and around the 
metal-ion cores (nucleus plus inner electrons), attracting them and holding them 
together. Unlike the localized electrons in covalent bonding, electrons in metallic 
bonding are delocalized, moving freely throughout the piece of metal. (For the 
remainder of this chapter, we' l l  focus on ionic and covalent bonding. We discuss 
electron delocalization in Chapter 1 1  and the structures of solids, including 
metallic solids, in Chapter 1 2. So we' ll postpone the coverage of metallic bonding 
until then.) 

It's important to remember that there are exceptions to these idealized bond­
ing models in the world of real substances. For instance, all binary ionic com­
pounds contain a metal and a nonmetal, but all metals do not form binary ionic 
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NaCI Na3P NaAI 
Na2S NaSi 

compounds with all nonmetals. As just one example, when the metal beryllium 
[Group 2A(2)] combines with the nonmetal chlorine [Group 7 A( l 7)] ,  the bond­
ing fits the covalent model better than the ionic model . In other words, just as we 
see a gradation in metallic behavior within groups and periods, we also see a gra­
dation in bonding from one type to another (Figure 9.3) .  

Lewis Electron-Dot Symbols: Depicting Atoms 
in Chemical Bonding 
Before turning to the two bonding models, let's discuss a method for depicting 
the valence electrons of interacting atoms. In the Lewis electron-dot symbol 
(named for the American chemist G. N. Lewis), the element symbol represents 
the nucleus and inner electrons, and the surrounding dots represent the valence 
electrons (Figure 9 .4). Note that the pattern of dots is the same for elements within 
a group. 

1 A(1 } 2A(2} 3A(1 3} 4A(14}  5A(1 5} 6A(1 6} 7A( 1 7} 8A(1 8} 

ns1 ns2 ns2np1 ns2np2 ns2np3 ns2np4 ns2np5 ns2np6 

. · ..  ..  ..  . . 

2 · U · Be · • B • • C • • N • : 0 • : F : : Ne : 
· . . . ..  

. · ..  ..  ..  . . 

3 • Na • Mg· • AI • • Si • . P • : S • : CI : : Ar : 
· . . . ..  

It's easy to write the Lewis symbol for any main-group element: 

l .  Note its A-group number ( l A  to SA), which gives the number of valence 
electrons. 

2. Place one dot at a time on the four sides (top, right, bottom, left) of the ele-
ment symbol. 

3. Keep adding dots, pairing the dots until all are used up. 

The specific placement of dots is not important; that is, in addition to the one 
shown in Figure 9 .4, the Lewis symbol for nitrogen can also be written as 

·N: or .�. or :N· 
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Figure 9.3 Gradation in bond type 
among the Period 3 elements. Along 
the left side of the triangle, compounds 
of each element with chlorine display a 
gradual change from ionic to covalent 
bonding.  Along the right side, the ele­
ments themselves display a gradual 
change from covalent to metal lic bond­
ing. Along the base, compounds of each 
element with sodium display a gradual 
change from ionic to metal l ic bonding. 

Figure 9.4 Lewis electron-dot symbols 
for elements in Periods 2 and 3. The ele­
ment symbol represents the nucleus and 
inner electrons, and the dots around it 
represent valence electrons, either paired 
or unpaired. The number of unpaired dots 
indicates the number of electrons a metal 
atom loses, or the number a nonmetal 
atom gains, or the number of covalent 
bonds a nonmetal atom usually forms. 
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Electron configurations 

Li 1 i22s1 + F 

Orbital d iagrams 

Li  � rn l  + F 

1 s 2s 2p 

Lewis electron-dot symbols 

CHAPTER 9 Models of Chemical Bonding 

The Lewis symbol provides information about an element's bonding behavior: 

• For a metal, the total number of dots is the maximum number of electrons an 
atom loses to form a cation. 

• For a nonmetal, the number of unpaired dots equals either the number of elec­
trons an atom gains in becoming an anion or the number it shares in forming 
covalent bonds. 

To illustrate the last point, look at the Lewis symbol for carbon. Rather than one 
pair of dots and two unpaired dots, as its electron configuration ([He] 2i2p2) 
would indicate, carbon has four unpaired dots because it forms four bonds. That 
is, in its compounds, carbon's four electrons are paired with four more electrons 
from its bonding partners for a total of eight electrons around carbon. (In Chap­
ter 10, we'll see that larger nonmetals can form as many bonds as they have dots 
in the Lewis symbol.) 

In his studies of bonding, Lewis generalized much of bonding behavior into 
the octet rule: when atoms bond, they lose, gain, or share electrons to attain a 
filled outer level of eight (or two) electrons. The octet rule holds for nearly all of 
the compounds of Period 2 elements and a large number of others as well. 

S E C T I O N  S U M M A RY 
Nearly all naturally occurring substances consist of atoms or ions bonded to others. 
Chemical bonding allows atoms to lower their energy. Ionic bondi ng occurs when 
metal atoms transfer electrons to nonmetal atoms, and the resulting ions attract each 
other and form an ionic sol id.  Covalent bondi ng most commonly occurs between non­
metal atoms and usually results in molecules. The bonded atoms share a pair of elec­
trons, which remain localized between them. Metallic bonding occurs when many 
metal atoms pool their valence electrons in a delocalized electron "sea" that holds all 
the atoms together. The Lewis electron-dot symbol of an atom depicts the number 
of valence electrons for a main-group element. In bonding, many atoms lose, gai n ,  
or share electrons t o  attain a filled outer level o f  eight (or two). 

9.2 THE IONIC BONDING MODEL 

The central idea of the ionic bonding model is the transfer of electrons from metal 
atoms to nonmetal atoms to form ions that come together in a solid ionic com­
pound. For nearly every monatomic ion of a main-group element, the electron 
configuration has a filled outer level : either two or eight electrons, the same num­
ber as in the nearest noble gas (octet rule). 

The transfer of an electron from a lithium atom to a fluorine atom is depicted 
in three ways in Figure 9.5. In each, Li loses its single outer electron and is left 
with a filled n = 1 level, while F gains a single electron to fill its n = 2 level . In 

1 i22i22r? .. Li+ 1 i2 + F- 1 i22i22p6 

IT] IT] 11' -L-I1' <!-I 1' I .. Li+ LtlJ DI + F- IT] IT] 11' -L-I1' -L-I1' -L-I 
1 s 2s 2p 1 s  2s 2p 1 s  2s 2p 

� .. 
.. Li+ U · + . f. : + : F :  

Figure 9.5 Three ways t o  represent the formation of U+ and F- through electron transfer. The 
electron being transferred is indicated in  red. 
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this case, each atom is one electron away from its nearest noble gas-He for Li 
and Ne for F-so the number of electrons lost by each Li equals the number gained 
by each F. Therefore, equal numbers of Li + and F- ions form, as the formula LiF 
indicates. That is, in ionic bonding, the total number of electrons lost by the metal 
atoms equals the total number of electrons gained by the nonmetal atoms. 

SAMPLE PROBLEM 9. 1 Depicting Ion Formation 
Problem Use partial orbital diagrams and Lewis symbols to depict the formation of Na + 

and Oz- ions from the atoms, and determine the formula of the compound the ions form. 
Plan First we draw the orbital d iagrams and Lewis symbols for the Na and 0 atoms. 
To attain filled outer levels, Na loses one electron and 0 gains two. Thus, to make the 
number of electrons lost equal the number gained, two Na atoms are needed for each 
o atom. 
Solution 

Na IT] L--I L,-------L----- � 
35 3p + 0 [TI] IH 1 1' 1 1'  I -

Na Q;J �r-I -r1-
3P
'-1 ---, 

� 

2Na+ + 02- [TI] IH IH IH I 
----- �o: - 2Na+ + :o�-

Tbe formula is NazO. 
Na . -----" . 

. . 

25 2p 

FOLLOW- U P  PROB LEM 9. 1 Use condensed electron configurations and Lewis 
symbols to depict the formation of Mgz +  and Cl- ions from the atoms, and write the for­
mula of the ionic compound. 

Energy Considerations in Ionic Bonding: 
The Importance of Lattice Energy 
You may be surprised to learn that the electron-transfer process by itself actually 
absorbs energy!  Consider just the electron-transfer process for the formation of 
lithium fluoride, which involves two steps-a gaseous Li atom loses an electron, 
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and a gaseous F atom gains it: A 

• The first ionization energy (IEI )  of Li is the energy change that occurs when 
1 mol of gaseous Li atoms loses 1 mol of outer electrons: 

Li(g) ->- Li +(g) + e- IE I = 520 kJ 

• The electron affinity (EA) of F is the energy change that occurs when 1 mol 
of gaseous F atoms gains 1 mol of electrons: 

F(g) + e- ->- F-(g) EA = - 328 kJ 

Note that the two-step electron-transfer process by itself requires energy : 
Li(g) + F(g) ->- Li+(g) + F-(g) IE I + EA = 1 92 kJ 

The total energy needed for ion formation is even greater than this because 
metallic lithium and diatomic fluorine must first be converted to separate gaseous 
atoms, which also requires energy. Despite this, the standard heat of formation 
(I1H'f) of solid LiF is - 6 1 7  kllmol; that is, 6 1 7  kl is released when 1 mol of 
LiF(s) forms from its elements. The case of LiF is typical of many reactions 
between active metals and nonmetals: despite the endothermic electron transfer, 
ionic solids form readily, often vigorously. Figure 9.6 shows another example, the 
formation of NaBr. 

Clearly, if the overall reaction of Li(s) and Fz(g) to form LiF(s) releases 
energy, there must be some exothermic energy component large enough to over­
come the endothermic steps. This component arises from the strong attraction 

B 

Figure 9.6 The reaction between 
sodium and bromine. A, Despite the en­
dothermic electron-transfer process, all 
the Group 1 A(1)  metals react exothermi­
cally with any of the Group 7 A(17) non­
metals to form solid alkali-metal halides. 
The reactants in  the example shown are 
sodium (in beaker under mineral oil) and 
bromine. B, The reaction is usually rapid 
and vigorous. 
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between oppositely charged ions. When 1 mol of Li +(g) and 1 mol of F-(g) form 
1 mol of gaseous LiF molecules, a large quantity of heat is released: 

Li + (g) + F-(g) - LiF(g) b..w = -755 kJ 
Of course, under ordinary conditions, LiF does not consist of gaseous molecules 
because much more energy is released when the gaseous ions coalesce into a crys­
talline solid. That occurs because each ion attracts others of opposite charge: 

Li + (g) + F- (g) - LiF(s) I:lW = - 1 050 kJ 

The negative of this value, 1050 kJ, is the lattice energy of LiF. The lattice energy 
(AHlattice) is the enthalpy change that occurs when 1 mol of ionic solid separates 
into gaseous ions. It indicates the strength of ionic interactions and influences 
melting point, hardness, solubility, and other properties. 

A key point to keep in mind is that ionic solids exist only because the lattice 
energy exceeds the energy required for the electron transfer. In other words, the 
energy required for elements to lose or gain electrons is supplied by the attrac­
tion between the ions they form: energy is expended to form the ions, but it i s  
more than regained when they attract each other and form a solid. 

Periodic Trends in LaHice Energy 
Because the lattice energy is the result of electrostatic interactions among ions, 
we expect its magnitude to depend on several factors, including ionic size, ionic 
charge, and ionic arrangement in the solid. In Chapter 2, you were introduced to 
Coulomb's law, which states that the electrostatic energy between two charges is 
directly proportional to the product of their magnitudes and inversely proportional 
to the distance between them: 

charge A X charge B 
Electrostatic energy ex ----"'--. -----"='� 

distance 

The lattice energy (b..Hlattice) is directly proportional to the electrostatic energy. 
In an ionic solid, cations and anions lie as close to each other as possible; the 
distance between them is the distance between their centers, which equals the sum 
of their radii (see Figure 8.2 1 ) : 

cation charge X anion charge 
Electrostatic energy ex . . . . ex I:lHlattice (9.1) 

catIOn radIUS + anion radIUS 

This relationship helps us predict trends in lattice energy and explain the 
effects of ionic size and charge: 

1 .  Effect of ionic size. As we move down a group in the periodic table, the 
ionic radius increases. Therefore, the electrostatic energy between cations and 
anions should decrease because the interionic distance is greater; thus, the lattice 
energies of their compounds should decrease as well .  This prediction is borne out 
by the lattice energies of the alkali-metal halides shown in Figure 9.7. A smooth 
decrease in lattice energy occurs down a group whether we hold the cation con­
stant (LiF to LiI) or the anion constant (LiF to RbF). 

2. Effect of ionic charge. When we compare lithium fluoride with magnesium 
oxide, we find cations of about equal radii (Li + = 76 pm and Mg2+ = 72 pm) 
and anions of about equal radii (F- = 1 33 pm and 02- = 140 pm). Thus, the 
only significant difference is the ionic charge: LiF contains the singly charged Li + 
and F- ions, whereas MgO contains the doubly charged Mg2+ and 02- ions. The 
difference in their lattice energies is striking: 

I:lHlattice of LiF = 1050 kJ/mol and I:lHlattice of MgO = 3923 kJ/mo! 

This nearly fourfold increase in b..Hlattice reflects the fourfold increase in the prod­
uct of the charges ( 1  X 1 vs. 2 X 2) in the numerator of Equation 9 . 1 .  The very 
large lattice energy of MgO more than compensates for the energy required to 
form the Mg2+ and 02- ions. In fact, the l attice energy is the reason that com­
pounds with 2 + cations and 2 - anions even exist. 
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(133 pm) ( 1 81 pm) ( 1 96 pm) (220 pm) 

Figure 9.7 Trends in lattice energy. The lattice energies for many of the alkali-metal halides are 

shown. Each series of four points represents a given Group 1 A(1 } cation (left side) combining with 

each of the Group 7 A(1 7} anions (bottom). As ionic radii increase, the electrostatic attractions de­

crease, so the lattice energies of the compounds decrease as well. Thus, LiF (smallest ions shown) 

has the largest lattice energy, and Rbi (largest ions) has the smallest. 

How the Model Explains the Properties of Ionic Compounds 
The first and most important job of any model is to explain the facts. By magni­
fying our view, we can see how the ionic bonding model accounts for the prop­
erties of ionic solids. You may have seen a piece of rock salt (NaCl). It is hard 
(does not dent), rigid (does not bend), and brittle (cracks without deforming). 
These properties are due to the powerful attractive forces that hold the ions in 
spec�fic positions throughout the crystal. Moving the ions out of position requires 
overcoming these forces, so the sample resists denting and bending. If enough 
pressure is applied, ions of like charge are brought next to each other, and repul­
sive forces crack the sample suddenly (Figure 9.8) .  

� External Like charges 
force repel 

�-
=- .. :.. � • 

+ - + 

':to :... '+ :... '- .. + + :... 

:.. r
+ :... '+ .. + '- :.. '+ 

+ :.. .,..+ !.. :.. ·t
+ + :.. 

"+ --

A B 

Crystal 
cracks 

- '
+ 

:... '
+ � '-

• :.. :.. '+ + 

"- -+ + :.. 

"
+ :.. 

Figure 9.8 Electrostatic forces and the reason ionic compounds 
crack. A, Ionic compounds are hard and will crack, rather than bend, 

when struck with enough force. B, The positive and negative ions in 

the crystal are arranged to maximize their attractions. When an exter­

nal force is applied, l ike charges move near each other, and the repul­

sions crack the piece apart. 
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(I'MII' Melting and Boiling 
Points of Some Ionic Compounds 

Compound mp (0C) bp (0C) 
CsBr 636 1 300 
NaI 66 1 1 304 
KEr 734 1 435 
NaC1 801  1 4 1 3  
LiF 845 1 676 
KF 858 1 505 
MgO 2852 3600 

CHAPTER 9 Models of Chemical Bonding 

A Solid ionic 
compound 

B Molten ionic 
compound 

C Ionic compound 
dissolved in water 

Figure 9.9 Electrical conductance and ion mobility. A, No current flows in the ionic solid be­

cause ions are immobile. B, In the molten compound, mobile ions flow toward the oppositely 

charged electrodes and carry a current. C, In an aqueous solution of the compound, mobile sol­

vated ions carry a current. 

Most ionic compounds do not conduct electricity in the solid state but do con­
duct it when melted or when dissolved in water. According to the ionic bonding 
model, the solid consists of immobilized ions. When it melts or dissolves, however, 
the ions are free to move and carry an electric current, as shown in Figure 9.9. 

The model also explains that high temperatures are needed to melt and boil 
an ionic compound (Table 9. 1 )  because freeing the ions from their positions (melt­
ing) requires large amounts of energy, and vaporizing them requires even more. 
In fact, the interionic attraction is so strong that the vapor consists of ion pairs, 
gaseous ionic molecules rather than individual ions. B ut keep in mind that in their 
ordinary (solid) state, ionic compounds consist of arrays of alternating ions that 
extend in all directions, and no separate molecules exist. 

S ECT I O N  SUMMARY 
In ionic bonding, a metal transfers electrons to a nonmetal, and the resulting ions attract 
each other strongly to form a solid. Main-group elements often attain a filled outer level 
of electrons (either eight or two) by forming ions with the electron configuration of the 
nearest noble gas. Ion formation by itself requires energy. However, the lattice energy, 
the energy absorbed when the solid separates into gaseous ions, is large and is the 
major reason ionic solids exist. The lattice energy depends on ionic size and charge. 
The ionic bonding model pictures oppositely charged ions held rigidly in position by 
strong electrostatic attractions and explains why ionic solids crack rather than bend and 
why they conduct electric current only when melted or dissolved. Gaseous ion pairs 
form when an ionic compound vaporizes, which requires very high temperatures. 
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9.3 THE COVALENT BONDING MODEL 

Look through any large reference source of chemical compounds, such as the 
Handbook of Chemistry and Physics, and you' ll find that the number of known 
covalent compounds dwarfs the number of known ionic compounds. Molecules 
held together by covalent bonds range from diatomic hydrogen to biological and 
synthetic macromolecules consisting of many hundreds or even thousands of 
atoms. We also find covalent bonds in many poly atomic ions. Without doubt, shar­
ing electrons is the principal way that atoms interact chemically. 

The Formation of a Covalent Bond 
A sample of hydrogen gas consists of H2 molecules. B ut why do the atoms bond 
to one another in pairs? Look at Figure 9.10 and imagine what happens to two 
isolated H atoms that approach each other from a distance (move right to left on 
the graph). When the atoms are far apart, each behaves as though the other were 
not present (point 1 ) . As the distance between the nuclei decreases, each nucleus 
starts to attract the other atom's electron, which lowers the potential energy of 
the system. Attractions continue to draw the atoms closer, and the system 
becomes progressively lower in energy (point 2). As attractions increase, how­
ever, so do repulsions between the nuclei and between the electrons. At some 
internuclear distance, maximum attraction is achieved in the face of the increas­
ing repulsion, and the system has its minimum energy (point 3, at the bottom of 
the energy "well"). Any shorter distance would increase repulsions and cause a 
rise in potential energy (point 4) .  Thus a covalent bond, such as the one that 
holds the atoms together in the H2 molecule, arises from the balance between 
nucleus-electron attractions and electron-electron and nucleus-nucleus repulsions. 
Formation of a bond always results in greater electron density between the nuclei. 

o ® 
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Figure 9. 1 0  Covalent bond formation 
in H2o The potential energy of a system 

of two H atoms is plotted against the dis­

tance between the nuclei, with a depic­

tion of the atomic systems above. At 

point 1 ,  the atoms are too far apart to 

attract each other. At 2, each nucleus at­

tracts the other atom's electron. At 3, the 

combination of nucleus-electron attrac­

tions and electron-electron and nucleus­

nucleus repulsions gives the minimum 

energy of the system. The energy differ­

ence between points 1 and 3 is the H2 

bond energy (432 kJ/mol). It is released 

when the bond forms and must be ab­

sorbed to break the bond. The inter­

nuclear distance at point 3 is the H2 bond 

length (74 pm). If the atoms move closer, 

as at point 4, repulsions increase the 

system's energy and force the atoms 

apart to point 3 again. 
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Figure 9.1 1 Distribution of electron 
density in H2• A, At some optimum dis­

tance (bond length), attractions balance 

repulsions. Electron density (blue shading) 
is highest around and between the nuclei. 

B, This contour map shows a doubling of 
electron densities with each contour line; 

the dots represent the nuclei. C, This re­
lief map depicts the varying electron den­

sities of the contour map as peaks. The 

densest regions, by far, are around the 

nuclei (black dots on the "floor"), but the 

region between the nuclei-the bonding 

region-also has higher electron density. 

� Animation: Formation of a Covalent Bond � Online Learning Center 
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Electron 

Nucleus 8 \ / t '\.. Attraction 
�Repulsion� 

17 
A � Bond length � 

Figure 9 .11 depicts this fact in three ways:  a cross-section of a space-filling 
model; an electron density contour map, with lines representing regular incre­
ments in electron density; and an electron density relief map, which portrays the 
contour map three-dimensionally as peaks of electron density. 

Bonding Pairs and Lone Pairs In covalent bonding, as in ionic bonding, each 
atom achieves a full outer (valence) level of electrons, but this is accomplished 
by different means. Each atom in a covalent bond "counts" the shared electrons 
as belonging entirely to itself. Thus, the two electrons in the shared electron pair 
of H2 simultaneously fill the outer level of both H atoms. The shared pair, or 
bonding pair, is represented by either a pair of dots or a line, H : H or H -H. 

An outer-level electron pair that is not involved in bonding is called a lone 
pair, or unshared pair. The bonding pair in HF fills the outer level of the H atom 
and, together with three lone pairs, fills the outer level of the F atom as well: 

pair . •  pairs 
b

onqing �Ione 
H: F.: ./ or H-F.: 

In F2 the bonding pair and three lone pairs fill the outer level of each F atom: 

00 or :F.- F.: 

(This text generally shows bonding pairs as lines and lone pairs as dots . )  

Types of Bonds and Bond Order The bond order is  the number of electron pairs 
being shared by any pair of bonded atoms. The covalent bond in H2> HF, or F2 
is a single bond, one that consists of a single bonding pair of electrons. A single 
bond has a bond order of 1. 

Single bonds are the most common type of bond, but many molecules (and 
ions) contain multiple bonds. Multiple bonds most frequently involve C, 0, N, 
and/or S atoms. A double bond consists of two bonding electron pairs, four elec­
trons shared between two atoms, so the bond order is 2. Ethylene (C2H4) is a 
simple hydrocarbon that contains a carbon-carbon double bond and four carbon­
hydrogen single bonds: 

M 
. .  H . :: c· . . or 

Each carbon "counts" the four electrons in the double bond and the four in its 
two single bonds to hydrogens to attain an octet. 

A triple bond consists of three bonding pairs; two atoms share six electrons, 
so the bond order is 3. In the N2 molecule, the atoms are held together by a triple 
bond, and each N atom also has a lone pair: 

�N··N· � or 

Six shared and two unshared electrons give each N atom an octet. 
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Properties of a Covalent Bond: Bond Energy and Bond Length 
The strength of a covalent bond depends on the magnitude of the mutual attrac­
tion between bonded nuclei and shared electrons. The bond energy (BE) (also 
called bond enthalpy or bond strength) is  the energy required to overcome this 
attraction and is defined as the standard enthalpy change for breaking the bond 
in 1 mol of gaseous molecules. Bond breakage is an endothermic process, so the 
bond energy is always positive: 

A -B(g) --- A(g) + B(g) �Hbond breaking = BEA-B (always >  0) 

Stated in another way, the bond energy is the difference in energy between the 
separated atoms and the bonded atoms (the potential energy difference between 
points 1 and 3 in Figure 9.10; the depth of the energy well). The same amount of 
energy that is absorbed to break the bond is released when it forms. Bond forma­

tion is an exothermic process, so the sign of the enthalpy change is negative: 

A(g) + B(g) --- A -B(g) flHbond forming = - BEA-B (always < 0) 

Because bond energies depend on characteristics of the bonded atoms-their 
electron configurations, nuclear charges, and atomic radi i-each type of bond has 
its own bond energy. Energies for some common bonds are listed in Table 9.2, 
along with bond lengths, which we discuss below. Stronger bonds are lower in 
energy (have a deeper energy well); weaker bonds are higher in energy (have a 
shallower energy well). The energy of a given type of bond varies slightly from 
molecule to molecule, and even within the same molecule, so each tabulated value 
is an average bond energy. 

A covalent bond has a bond length, the distance between the nuclei of two 
bonded atoms. In Figure 9.1 0, bond length is shown as the distance between the 

e�ID Average Bond Energies (kJ/mol) and Bond Lengths (�m) 
Bond Energy Length Bond Energy Length Bond Energy 

Single Bonds 
H-H 432 74 N-H 39 1  1 0 1  Si-H 323 
H-F 565 92 N-N 1 60 1 46 Si-Si 226 
H-CI 427 1 27 N-P 209 177 Si-O 368 
H-Br 363 1 4 1  N-O 20 1 1 44 Si-S 226 
H-I 295 1 6 1  N-F 272 1 39 Si-F 565 

N-CI 200 1 9 1  Si-Cl 3 8 1  
C-H 4 1 3  1 09 N-Br 243 2 1 4  Si-Br 3 10 
C-C 347 1 54 N-I 1 59 222 Si-I 234 
C-Si 301 1 86 
C-N 305 1 47 O-H 467 96 P-H 320 
C-O 358 1 43 O-P 35 1  1 60 P-Si 2 1 3  
C-P 264 1 87 0-0 204 148 P-P 200 
C-S 259 1 8 1  O-S 265 l S I P-F 490 
C-F 453 1 3 3  O-F 1 90 142 P-CI 33 1 
C-Cl 339 1 77 O-Cl 203 164 P-Br 272 
C-Br 276 1 94 O-Br 234 1 72 P-I 1 84 
C-I 2 1 6  2 1 3  0-1 234 1 94 

Multiple Bonds 

C=C 6 1 4  1 34 N=N 4 1 8  1 22 C-C 839 
C=N 6 1 5  1 27 N=O 607 1 20 C=N 89 1 
C=O 745 1 23 O2 498 1 2 1  C-O 1 070 

(799 in CO2) 
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Length Bond Energy Length 

1 48 S-H 347 1 34 
234 S-S 266 204 
1 6 1  S-F 327 1 58 
2 1 0  S-CI 27 1 20 1 
1 56 S-Br 2 1 8  225 
204 S-I � 1 70 234 
2 1 6  
240 F-F 1 59 143 

F-Cl 1 93 1 66 
1 42 F-Br 2 1 2  1 78 
227 F-J 263 1 87 
221 CI-Cl 243 1 99 
1 56 CI-Br 2 1 5  2 1 4  
204 CJ-I 208 243 
222 Br-Br 1 93 228 
243 Br-I 1 75 248 

I-I 1 5 1  266 

1 2 1  N=N 945 1 1 0 
l I S N-O 63 1 1 06 
1 1 3 



280 

Internuclear distance 
(bond length) 

143 pm 

�I I� • • 

CI2 

Covalent 
radius 

72 pm 

100 pm 

114 pm 

133 pm 

Figure 9. 1 2  Bond length and covalent 
radius. Within a series of simi lar mol­

ecules, such as the diatomic halogen 

molecules, bond length increases as 

covalent radius increases. 
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nuclei at the point of minimum energy. The values given in Table 9.2 represent aver­
age bond lengths for the given bond in different substances. Bond length is related 
to the sum of the radii of the bonded atoms. In fact, most atomic radii are calcu­
lated from measured bond lengths (see Figure 8 .8C). Bond lengths for a series of 
similar bonds increase with atomic size, as shown in Figure 9. 1 2  for the halogens. 

A close relationship exists among bond order, bond length, and bond energy. 
Two nuclei are more strongly attracted to two shared electron pairs than to one: 
the atoms are drawn closer together and are more difficult to pull apart. There­
fore, for a given pair of atoms, a higher bond order results in a shorter bond 
length and a higher bond energy. So, as Table 9.3 shows, for a given pair of 
atoms, a shorter bond is a stronger bond. 

e�I!1 The Relation of Bond Order, Bond Length, and Bond Energy 

Bond Bond Order 
Average Bond 
Length (pm) 

Average Bond 
Energy (kJ/mol) 

C-O 1 43 358 
c=o 2 1 23 745 
C=O 3 1 1 3 1 070 
C-C 1 54 347 
C=C 2 l 34 614 
C C 3 1 2 1  839 
N-N 1 146 1 60 
N=N 2 1 22 4 1 8  
N=N 3 1 10 945 

In some cases, we can extend this relationship among atomic size, bond 
length, and bond strength by holding one atom in the bond constant and varying 
the other atom within a group or period. For example, the trend in  carbon-halogen 
single bond lengths, C-I > C- Br > C-Cl, parallels the trend in atomic size, 
I > Br > Cl, and is opposite to the trend in bond energy, C-Cl > C-Br > 
C -I. Thus, for single bonds, longer bonds are usually weaker, and you can see 
many other examples of this relationship in Table 9.2. 

SAMPLE PROBLEM 9.2 Comparing Bond Length and Bond Strength 
Problem Without referring to Tables 9.2 and 9.3, rank the bonds in each set in order of 
decreasing bond length and bond strength: 
(a) S-F, S-Br, S-Cl (b) C=O, C-O, C=O 
Plan In  part (a), S i s  singly bonded to three different halogen atoms, so a l l  members of 
the set have a bond order of l .  Bond length increases and bond strength decreases as the 
halogen's atomic radius increases, and that size trend is clear from the periodic table. In 
all the bonds in part (b), the same two atoms are involved, but the bond orders differ. In 
this case, bond strength increases and bond length decreases as bond order increases. 
Solution (a) Atomic size increases down a group, so F < CI < Br. 
Bond length: S-Br > S-Cl > S-F 
Bond strength: S-F > S-Cl > S-Br 

(b) By ranking the bond orders, C O > C=O > C-O, we obtain 
Bond length: C-O > C=O > C=O 
Bond strength: C=O > C=O > c -o 

Check From Tables 9.2 and 9.3, we see that the rankings are correct. 
Comment Remember that for bonds involving pairs of different atoms, as in part (a), the 
relationship between length and strength holds only for single bonds and not in every case, 
so apply it carefully. 

FOLLOW-UP PROBLEM 9.2 Rank the bonds in each set in order of increasing bond 
length and bond strength: (a) Si-F, Si-C, Si-O; (b) N =N, N-N, N=N. 



9.3 The Covalent Bonding Model 

Weak intermolecular forces between molecules 

Figure 9. 1 3  Strong forces within molecules and weak forces between them. When pentane 

boils, weak forces between molecules (intermolecular forces) are overcome, but the strong cova­

lent bonds holding the atoms together within each molecule remain unaffected. Thus, the pentane 

molecules leave the liquid phase as intact units. 

How the Model Explains the Properties of Covalent Substances 
The covalent bonding model proposes that electron sharing between pairs of 
atoms leads to strong, localized bonds, usually within individual molecules. At 
first glance, however, it seems that the model is  inconsistent with some of the 
familiar physical properties of covalent substances. After all, most are gases 
(such as methane and ammonia), liquids (such as benzene and water), or low­
melting solids (such as sulfur and paraffin wax).  Covalent bonds are strong 
(�200 to 500 kJ/mol), so why do covalent substances melt and boil at such 
low temperatures? 

To answer this question, we must distinguish between two different sets of 
forces: ( 1 )  the strong covalent bonding forces holding the atoms together within 
the molecule (those we have been discussing), and (2) the weak intermolecular 
forces holding the molecules near each other in the macroscopic sample. It is these 
weak forces between the molecules, not the strong covalent bonds within each 
molecule, that are responsible for the physical properties of covalent substances. 
Consider, for example, what happens when pentane (C5H l2) boils. As Figure 9. 1 3  
shows, the weak interactions between the pentane molecules are affected, not the 
strong C-C and C-H covalent bonds within each molecule. 

Some covalent substances, called network covalent solids, do not consist of 
separate molecules. Rather, they are held together by covalent bonds that extend 
in three dimensions throughout the sample. The properties of these substances do 
reflect the strength of their covalent bonds . Two examples, quartz and diamond, 
are shown in Figure 9 . 1 4. Quartz (Si02) has silicon-oxygen covalent bonds that 
extend throughout the sample; no separate Si02 molecules exist. Quartz is very 
hard and melts at 1 550°C. Diamond has covalent bonds connecting each of its 
carbon atoms to four others throughout the sample. It is the hardest substance 
known and melts at around 3550°C. Clearly, covalent bonds are strong, but 
because most covalent substances consist of separate molecules with weak forces 
between them, their physical properties do not reflect this bond strength. (We dis­
cuss intermolecular forces in detail in Chapter 1 2. )  

Unlike ionic compounds, most covalent substances are poor electrical con­
ductors, even when melted or when dissolved in water. An electric current is 
carried by either mobile electrons or mobile ions. In covalent substances the elec­
trons are localized as either shared or unshared pairs, so they are not free to move, 
and no ions are present. 
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Figure 9. 1 4  Covalent bonds of network 
covalent solids. A, In quartz (Si02), each 

Si atom is bonded covalently to four 

° atoms and each ° atom is bonded to 

two Si atoms in a pattern that extends 

throughout the sample. Because no sep­

arate Si02 molecules are present, the 

melting point of quartz is very high, and it 

is very hard. B, In diamond, each C atom 

is covalently bonded to four other C 

atoms throughout the crystal. Diamond is 

the hardest natural substance known and 

has an extremely high melting point. 
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Figure 9. 1 5  The infrared spectra of 
2-butanol (green) and diethyl ether 
(red). 

CHAPTER 9 Models of Chemical Bonding 

Chemists often study the types of covalent bonds in a molecule using a tech­
nique called infrared (m) spectroscopy. All molecules, whether occurring as a gas, 
a liquid, or a solid, undergo continual vibrations. We can think of any covalent bond 
between two atoms, say, the C-C bond in ethane (H3C-CH3)' as a spring that is 
continually stretching, twisting, and bending. Each motion occurs at a frequency that 
depends on the "stiffness" of the spring (the bond energy), the type of motion, and 
the masses of the atoms. The frequencies of these vibrational motions correspond to 
the wavelengths of photons that lie within the IR region of the electromagnetic spec­
trum. Thus, the energies of these motions are quantized. And, just as an atom can 
absorb a photon of a particular energy and attain a different electron energy level 
(Chapter 7), a molecule can absorb an IR photon of a particular energy and attain a 
different vibrational energy level. 

Each kind of bond (C-C, C=C, C-O, etc . )  absorbs a characteristic range 
of IR wavelengths and quantity of radiation, which depends on the molecule's over­

all structure. The absorptions by all the bonds in a given molecule create a unique 
pattern of downward pointing peaks of varying depth and sharpness. Thus, each 
compound has a characteristic IR spectrum that can be used to identify it, much 
like a fingerprint is used to identify a person. As an example, consider the com­
pounds 2-butanol and diethyl ether. These compounds have the same molecular 
formula (C4HIOO) but different structural formulas and, therefore, are constitutional 
(structural) isomers. Figure 9 . 1 5  shows that they have very different IR spectra. 
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A shared pair of valence electrons attracts the nuclei of two atoms and holds them 
together in a covalent bond while filling each atom's outer level. The number of shared 
pairs between the two atoms is the bond order. For a given type of bond, the bond 
energy is the average energy required to completely separate the bonded atoms; the 
bond length is the average distance between their nuclei. For a given pair of bonded 
atoms, bond order is directly related to bond energy and inversely related to bond 
length. Substances that consist of separate molecules are generally soft and low melt­
ing because of the weak forces between molecules. Solids held together by covalent 
bonds extending in three dimensions throughout the sample are extremely hard and 
high melting. Most covalent substances have low electrical conductivity because elec­
trons are localized and ions are absent. The atoms in a covalent bond vibrate, and 
the energies of these vibrations can be studied with IR spectroscopy. 
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9.4 BOND ENERGY AND CHEMICAL CHANGE 

The relative strengths of the bonds in reactants and products of a chemical change 
determine whether heat is released or absorbed. In fact, as you'll see in Chapter 
20, bond strength is one of two essential factors determining whether the change 
occurs at all . In this section, we' ll discuss the importance of bond energy in chem­
ical change, especially in the combustion of fuels and foods. 

Changes in Bond Strengths: Where Does £lH�xn Come From? 
In Chapter 6, we discussed the heat involved in a chemical change (tlH�xn)' but 
we never stopped to ask a central question. When, for example, 1 mol of H2 and 
1 mol of F2 react at 298 K, 2 mol of HF forms and 546 kJ of heat is released: 

H2(g) + F2(g) --+ 2HF(g) + 546 kJ 

Where does this heat come from? We find the answer through a very close-up 
view of the molecules and their energy components. 

A system's internal energy has kinetic energy (Ek) and potential energy (Ep) 
components. Let's examine the contributions to these components to see which 
one changes during the reaction of H2 and F2 to form HF. 

Of the various contributions to the kinetic energy, the most important come 
from the molecules moving through space, rotating, and vibrating and, of course, 
from the electrons moving within the atoms. Of the various contributions to the 
potential energy, the most important are electrostatic forces between the vibrating 
atoms, between nucleus and electrons (and between electrons) in each atom, 
between protons and neutrons in each nucleus, and, of course, between nuclei and 
shared electron pair in each bond. 

The kinetic energy doesn' t  change during the reaction because the molecules' 
motions in space, rotations, and vibrations are proportional to the temperature, 
which is constant at 298 K; and electron motion is not affected by a reaction. Of 
the potential energy contributions, those within the atoms and nuclei don ' t  change, 
and vibrational forces vary only slightly as the bonded atoms change. The only 
significant change in potential energy is in the strength of attraction of the nuclei 
for the shared electron pair, that is, in the bond energy. 

In other words, the answer to "Where does the heat come from?" is that it 
doesn' t really "come from" anywhere: the energy released or absorbed during a 

chemical change is due to differences between the reactant bond energies and the 
product bond energies. 

Using Bond Energies to Calculate £lH�xn 
We can think of a reaction as a two-step process in which heat is absorbed (tlHo 

is positive) to break reactant bonds and form separate atoms and then is released 
(tlHo is negative) when the atoms rearrange to form product bonds. The sum 
(symbolized by L) of these enthalpy changes is the heat of reaction, tlH�xn: 

b..H�xn = 2,b..H�eactalll bonds broken + 2,b..H�roduct bonds formed (9.2) 
• In an exothermic reaction, the total tlHo for product bonds formed is greater 

than that for reactant bonds broken, so the sum, b...H�xn' is negative. 
• In an endothermic reaction, the total tlHo for product bonds formed is smaller 

than that for reactant bonds broken, so the sum, tlH�xn' is positive. 

An equivalent form of Equation 9 .2 uses bond energies: 

b..H�xn = 2,BEreactant bonds broken - 2,BEproduct bonds formed 
The minus sign is needed because all bond energies are positive values (see 
Table 9 .2) .  
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Figure 9.16 Using bond energies to 
calculate ilH�xn' Any chemical reaction 

can be divided conceptually into two hy­

pothetical steps: (1 ) reactant bonds break 

to yield separate atoms in a step that ab­

sorbs heat (+ sum of BE), and (2) the 

atoms combine to form product bonds in 

a step that releases heat (- sum of BE). 
When the total bond energy of the prod­

ucts is greater than that of the reactants, 

more energy is released than is absorbed, 

and the reaction is exothermic (as shown); 

6.H�xn is negative. When the total bond 

energy of the products is less than that of 

the reactants, the reaction is endother­

mic; 6.H�xn is positive. 

CHAPTER 9 Models of Chemical Bonding 

t.H:; = + sum of BE ilH'2 = - sum of BE 

When 1 mol of H-H bonds and 1 mol of F-F bonds absorb energy and 
break, the 2 mol each of H and F atoms form 2 mol of H -F bonds, which 
releases energy (Figure 9. 1 6) .  Recall that weaker bonds (less stable, more reac­
tive) are easier to break than stronger bonds (more stable, less reactive) because 
they are higher in energy. Heat is released when HF forms because the bonds in 
H2 and F2 are weaker (less stable) than the bonds in HF (more stable). Put another 
way, the sum of the bond energies in 1 mol of H2 and 1 mol of F2 is smaller than 
the sum of the bond energies in 2 mol of HF. 

We use bond energies to calculate !1H�xn by assuming that all the reactant 
bonds break to give individual atoms, from which all the product bonds form. 
Even though the actual reaction may not occur this way-typically, only certain 
bonds break and form-Hess's law (see Section 6.5) allows us to sum the bond 
energies (with their appropriate signs) to arrive at the overall heat of reaction. 
(This method assumes that all reactants and products are in the same physical 
state. When phase changes occur, additional heat must be taken into account. We 
address this topic in Chapter 12 . )  

Let's use bond energies to  calculate !1H�xn for the combustion of methane. 
Figure 9. 1 7  shows that all the bonds in CH4 and O2 break, and the atoms form 
the bonds in CO2 and H20. We find the bond energy values in Table 9.2, and use 
a positive sign for bonds broken and a negative sign for bonds formed: 

Bonds broken 4 X C-H = (4 mal)(4 1 3  kJ/mol) = 1 652 kJ 
2 X O2 = (2 mal)(498 kJ/mal) = 996 kJ 

2,I1H�caclant bonds broken = 2648 kJ 

Bonds formed 2 X c=o = (2 mal)( -799 kJ/mal) = - 1598 kJ 
4 X O-H = (4 mal)(-467 kJ/mal) = - 1868 kJ 

2,I1H�roducl bonds formed = - 3466 kJ 

Applying Equation 9.2 gives 

I1H�xn = 2,I1H�eaclant bonds broken + 2,I1H�roducl bonds formed 
= 2648 kJ + (- 3466 kJ) = - 8 1 8  kJ 

It is interesting to compare this value with the value obtained by calorimetry 
(Section 6.3) ,  which is  

CH4(g) + 202(g) ---- CO2(g) + 2H20(g) I1H�xn = - 802 kJ 

Why is there a discrepancy between the bond energy value ( - 8 1 8  kJ) and the 
calorimetric value ( - 802 kJ)? Variations in experimental method always intro­
duce small discrepancies, but there is a more basic reason in this case. Because 
bond energies are average values obtained from many different compounds, the 
energy of the bond in a particular substance is  usually close, but not equal, to 
this average. For example, the tabulated C -H bond energy of 4 1 3  kJ/mol is the 



BOND BREAKAGE 
4 BE (C - H) = + 1652 kJ 

2 BE (02) = +996 kJ 
l:c.H�eactant bonds broken = +2648 kJ 

BE = 413 kJ/mol = 498 kJ/mol 

\ 
REACTANTS 

9.4 Bond Energy and Chemical Change 

ATOMS 

BOND FORMATION 
2[-BE (C = 0)] = - 1598 kJ 
4[-BE (0- H)] = - 1868 kJ 

l:c.Hproduct bonds formed = - 3466 kJ 
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Figure 9.17 Using bond energies to calculate l1H�xn of methane. 
Treating the combustion of methane as a hypothetical two-step 

process (see Figure 9. 1 6) means breaking all the bonds in the reac­

tants and forming all the bonds in the products. 

average value of C-H bonds in many different molecules. In fact, 4 1 5  kJ is  
actually required to break 1 mol of C-H bonds in  methane, or 1 660 kJ for 4 mol 
of these bonds, which gives a !J.H�xn even closer to the calorimetric value. Thus, 
it isn't surprising to find a discrepancy between the two !J.H�xn values. What is 
surprising-and satisfying in its confirmation of bond theory-is that the values 
are so close. 

SAMPLE PROBLEM 9.3 Using Bond Energies to Calculate t:,.H�xn 
Problem Calculate t:,.H�xn for the chlorination of methane to form chloroform: 

H I H I 
H-C-H + 3 CI-CI -- CI- C-CI + 3 H - CI I 

H 
I 

CI 

Plan We assume that, in the reaction, all the reactant bonds break and all the product 
bonds form. We find the bond energies in Table 9.2 and substitute the two sums, with cor­
rect signs, into Equation 9.2. 
Solution Finding the standard enthalpy changes for bonds broken and for bonds formed: 
For bonds broken, the bond energy values are 

4 X C-H = (4 mol)(4 1 3  kllmol) = 1 652 kl 
3 X CI-Cl = (3 mol)(243 kllmol) = 729 kJ 

"2,t:,.Hbonds broken = 238 1  kJ 

For bonds formed, the values are 

Calculating t:,.H�xn: 

3 X C-Cl = (3  mol)(- 339 kJ/mol) = - 1 01 7  kJ 
1 X C-H = ( 1  mol)(-4 1 3  kJ/mol) = -4 1 3  kJ 

3 X H -Cl = (3 mol)( -427 kJ/mol) = - 128 1 kJ 
"2,t:,.Hbonds formed = -27 1 1 kJ 

t:,.H�xn = "2,t:,.Hbonds broken + "2,t:,.Hbonds formed = 238 1 kJ + (-27 1 1  kl) = - 330 kJ 
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C, H, 0 atoms 

� 

Sum of BE 
for burning 

a Ikane: C -C, 
C-H, O2 Sum of BE 

for burning 
alcohol: C -C 
C-H, C-O, 

flH,xn O-H, O2 
of alkane 

flH,xn 
of alcohol 

... '" ¥ 
Sum of BE in C = 0 and 0 -H 
in products CO2 and H20 

Figure 9.18 Bond strength and the 
energy from fuels. Fuels with weaker 

bonds release more energy during com­

bustion than do fuels with stronger bonds. 

CHAPTER 9 Models of Chemical Bonding 

Check The signs of the enthalpy changes are correct: 2.t:.Hbonds broken should be >0, and 
2.t:.Hbonds fonned <0. More energy is released than absorbed, so t:.H�xll is negative: 

-2400 kJ + [-( -2700 kJ)] = - 300 kJ 

FOLLOW·UP PROBLEM 9.3 One of the most important industrial reactions is the 
formation of ammonia from its elements: 

N=N + 3 H-H - 2 H-N-H 

Use bond energies to calculate t:.H�xll' 

I 
H 

Relative Bond Strengths in Fuels and Foods 
A fuel is a material that reacts with atmospheric oxygen to release energy and is  
available at a reasonable cost. The most common fuels for machines are hydro­
carbons and coal, and the most common ones for organisms are the fats and car­
bohydrates in foods. Both types of fuels are composed of large organic molecules 
with mostly C-C and C-H bonds; the foods also contain some C-O and 
0- H bonds. As with any reaction, the energy released from the combustion of a 
fuel arises from differences in bond energies between the reactants (fuel plus O2) 
and the products (C02 and H20). When the fuel reacts with 02> the bonds break, 
and the C, H, and 0 atoms form C=O and 0- H bonds in the products. Because 
the reaction is exothermic, we know that the total strength of the bonds in the 
products is greater than that of the bonds in the reactants. In other words, the 
bonds in CO2 and H20 are stronger (lower in energy, more stable) than those in 
gasoline (or salad oil) and O2 (weaker, higher in  energy, less stable). 

Fuels with more weak bonds yield more energy than fuels with fewer weak 
bonds. When an alkane burns, C-C and C-H bonds break; when an alcohol burns, 
C-O and 0-H bonds break as well. A look at the bond energy values in Table 
9.2 shows that the sum for C-C and C-H bonds (760 kl/mol) is less than the 
sum for C-O and O-H bonds (825 kl/mol). Fuels with relatively more of the 
weaker bonds will release more energy because it takes less energy to break them 
apart before the atoms rearrange to form the products (Figure 9 . 1 8). Thus, we would 
expect that as the number of C-C and C-H bonds decreases and/or the number 
of C-O and O-H bonds increases, less energy is released from combustion; that 
is, !:J.Hrxll for the combustion reaction is less negative. As a generalization, we can 
say that the fewer bonds to 0 in a fuel, the more energy it releases when burned. 

Both fats and carbohydrates serve as high-energy foods-carbohydrates for 
shorter term release and fats for longer term storage. Fats consist of chains of car­
bon atoms (C-C bonds) attached to hydrogen atoms (C-H bonds), with a few 
C-O and O-H bonds (shown in  red in the structures). In contrast, carbohydrates 
have far fewer C-C and C-H bonds and many more C-O and O-H bonds: 

Sucrose, 
a carbohydrate Triolein, a fat 

Both kinds of foods are metabolized in the body to CO2 and H20. Fats "contain 
more Calories" per gram than carbohydrates because fats have more weaker bonds 
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and fewer stronger bonds-that is ,  fewer bonds to O. Thus, fats should release 
more energy than carbohydrates, which Table 9.4 confirms. 

S ECT I O N  S U M M A RY 
The only component of internal energy that changes significantly during a reaction 
is the energy of the bonds in reactants and products; this change in bond energy 
appears as the heat of reaction, flH�xn' A reaction involves breaking reactant bonds 
and forming product bonds. Applying Hess's law, we use tabulated bond energies 
to calculate flH�xn' Bonds in fuels and foods are weaker (less stable, higher energy) 
than bonds in waste products. Fuels with more weak bonds release more energy 
than fuels with fewer. 

9.5 BETWEEN THE EXTREMES: ELECTRONEGATIVITY 
AND BOND POLARITY 

Scientific models are idealized descriptions of reality. As we've discussed them so 
far, the ionic and covalent bonding models portray compounds as being formed by 
either complete electron transfer or complete electron sharing. In most real sub­
stances, however, the type of bonding lies somewhere between these extremes. 
Thus, the great majority of compounds have bonds that are more accurately thought 
of as "polar covalent," that is, partially ionic and partially covalent (Figure 9. 1 9) .  
Let's consider this important feature of  covalent bonding. 

E lectronegativity 
One of the most important concepts in chemical bonding is electronegativity 
(EN), the relative ability of a bonded atom to attract the shared electrons. '" More 
than 50 years ago, the American chemist Linus Pauling developed the most com­
mon scale of relative EN values for the elements. Here is an example to show the 
basis of Pauling's approach. We might expect the bond energy of the HF bond 
to be the average of the energies of an H-H bond (432 kJ/mo!) and an F-F 
bond ( 1 59 kJ/mol), or 296 kJ/mo!. However, the actual bond energy of H -F is 
565 kJ/mol, or 269 kllmol higher than the average. Pauling reasoned that this dif­
ference is due to an electrostatic (charge) contribution to the H -F bond energy. 
If F attracts the shared electron pair more strongly than H, that is, if F is more 
electronegative than H, the electrons wil l  spend more time closer to F. This 
unequal sharing of electrons makes the F end of the bond partially negative and 
the H end partially positive, and the attraction between these partial charges 
increases the energy required to break the bond. 

From similar studies with the remaining hydrogen halides and many other 
compounds, Pauling arrived at the scale of relative EN values shown in Figure 9.20 
(on the next page). These values are not measured quantities but are based on 
Pauling's assignment of the highest EN value, 4.0, to fluorine. 

Trends in Electronegativity Because the nucleus of a smaller atom is closer to 
the shared pair than that of a larger atom, it attracts the bonding electrons more 
strongly. So, in general, electronegativity is inversely related to atomic size. Thus, 
for the main-group elements, electronegativity generally increases up a group and 
across a period. 

*Electronegativity is not the same as electron affinity (EA), although many elements with a high 
EN also have a highly negative EA. Electronegativity refers to a bonded atom attracting the 
shared electron pair; electron affinity refers to a separate atom in the gas phase gaining an elec­
tron to form a gaseous anion. 
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11Mrtl' Heats of Reaction for 
the Combustion of Some Foods 

Substance ilHrxn (kJ/g) 

Fats 

Vegetable oil 
Margarine 
Butter 

Carbohydrates 

Table sugar (sucrose) 
Brown rice 
Maple syrup 

+ 

• 

0+ 

Ionic 

• • 

• 

I • 
Polar covalent 

• • 

Covalent 

-37.0 
-30. 1 
-30.0 

- 16.2 
- 14.9 
- 1 0.4 

0-

Figure 9.19 The prevalence of electron 
sharing. The extremes of pure ionic (top) 

and pure covalent (bottom) bonding 

occur rarely, if ever. M uch more common 

is the unequal electron sharing seen in 

polar covalent bonding. 
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Figure 9.20 The Pauling electronegativ­
ity (EN) scale. The EN is shown by the 

height of the post with the value on top. 

The key indicates arbitrary EN cutoffs. In 

the main groups, EN generally increases 
from left to right and decreases from top 

to bottom. The noble gases are not 

shown. The transition and inner transition 

elements show relatively l ittle change in 

EN. Hydrogen is shown near elements of 

similar EN. 
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4A 5A 6A 7A 
28 3� (14' (15) (16) (/7) (12) (13; "/ 

0 °·7 - 1 .4 
0 1 .5 - 1 .9 
0 2.0 - 2.9 
. 3.0 - 4.0 

Electronegativity and Oxidation Number One important use of electronegativity 
is in determining an atom's oxidation number (O.N. ;  see Section 4.5):  

1 .  The more electronegative atom in a bond is  assigned all the shared electrons; 
the less electronegative atom is assigned none. 

2. Each atom in a bond is assigned all of its unshared electrons. 
3. The oxidation number is given by 

O.N. = no. of valence e - - (no. of shared e - + no. of unshared e-) 

In HCl, for example, CI is  more electronegative than H. It has 7 valence electrons 
but is assigned 8 (2 shared + 6 unshared), so its oxidation number is  
7 - 8 = - 1 .  The H atom has 1 valence electron and is  assigned none, so its oxi­
dation number is 1 - 0 = + 1 .  

Polar Covalent Bonds and Bond Polarity 
Whenever atoms of different electronegativities form a bond, as in HF, the bond­
ing pair is shared unequally. This unequal distribution of electron density gives 
the bond partially negative and positive poles. Such a polar covalent bond is 
depicted by a polar arrow ( � ) pointing toward the negative pole or by 8 +  
and 8 - symbols, where the lowercase Greek letter delta (8) represents a partial 
charge (see also the discussion of 0-H bonds in water, Section 4. 1 ) :  

� 
H-F.: or 

0+ 0-
H-i=': 

In the H -H and F -F bonds, the atoms are identical, so the bonding pair is shared 
equally, and a nonpolar covalent bond results. By knowing the EN values of the 
atoms in a bond, we can find the direction of the bond polarity. Figure 9 .21  com­
pares the distribution of electron density in H2, F2, and HF. 



9.5 Between the Extremes: Electronegativity and Bond Polarity 

SAMPLE PROBLEM 9.4 Determining Bond Polarity from EN Values 
Problem (a) Use a polar arrow to indicate the polarity of each bond: N-H, F-N, I-Cl. 
(b) Rank the following bonds in order of increasing polarity: H-N, H-O, H-C. 
Plan (a) We use Figure 9.20 to find the EN values of the bonded atoms and point the 
polar arrow toward the negative end. (b) Each choice has H bonded to an atom from Period 
2. EN increases across a period, so the polarity is greatest for the bond whose Period 2 
atom is farthest to the right. 
Solution (a) The EN of N = 3 .0 and the EN of H = 2. 1 ,  so N is more electronegative 

+------t­
than H: N-H 

+------t­
The EN of F = 4.0 and the EN of N = 3 .0, so F is more electronegative: F-N 

-!----. 
The EN of I = 2.5 and the EN of CI = 3 .0, so I is less electronegative: I -CI 
(b) The order of increasing EN is C < N < 0, and each has a higher EN than H does. 
Therefore, 0 pulls most on the electron pair shared with H, and C pulls least; so the order 
of bond polarity is H-C < H-N < H-O. 
Comment In Chapter 10 ,  you' l l  see that the polarity of the bonds in a molecule contributes 
to the overall polarity of the molecule, which is a major factor determining the magni­
tudes of several physical properties. 

FOLLOW-U P  PROBLEM 9.4 Arrange each set of bonds in order of increasing polar­
ity, and indicate bond polarity with 0 +  and 0- symbols: 
(a) Cl-F, Br-CI, CI-CI (b) Si-Cl, P-CI, S-CI ,  Si-Si 

The Partial Ionic Character of Polar Covalent Bonds 
As we've j ust seen, if you ask "Is an X - Y bond ionic or covalent?" the answer 
in almost every case is "Both, partially !"  A better question is "To what extent is  
the bond ionic or covalent?" The partial ionic character of a bond is related 
directly to the electronegativity difference (..:lEN) , the difference between the 
EN values of the bonded atoms: a greater !:::..EN results in larger partial charges 
and a higher partial ionic character. Consider these three chlorine-containing 
molecules: !:::..EN for LiCI(g) is  3.0 - 1 .0 = 2.0; for HCI(g), it is 3.0 - 2. 1 = 0.9; 
and for CI2(g), it is 3.0 - 3 .0 = O. Thus, the bond in LiCI has more ionic char­
acter than the H-Cl bond, which has more than the CI-Cl bond. 

Various attempts have been made to classify the ionic character of bonds, but 
they all use arbitrary cutoff values, which is  inconsistent with the gradation of 
ionic character observed experimentally. One approach uses !:::..EN values to divide 
bonds into ionic, polar covalent, and nonpolar covalent. Based on a range of !:::..EN 
values from 0 (completely nonpolar) to 3.3 (highly ionic), some approximate 
guidelines are given in Figure 9.22A and appear within a gradient in Figure 9.22B 
(on the next page). Keep in mind that these !:::..EN cutoff values are only useful 
for gaining a general idea of a compound's ionic character. 
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Figure 9.21 Electron density distribu­
tions in H2, F2, and HF. As these relief 

maps show, electron density is distrib­

uted equally around the two nuclei in the 

nonpolar covalent molecules H2 and F2. 

(The electron density around the F nuclei 

is so great that the peaks must be "cut 

off" to fit within the figure.) But, in polar 

covalent HF, the electron density is 

sh ifted away from H and toward F. 
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Figure 9.22 The ionic character of chemical bonds. A, The electronegativity d ifference (toEN) 

between bonded atoms shows cutoff values that act as a very general guide to a bond's ionic char­

acter. B, The gradation in ionic character across the entire bonding range is shown as shading from 

ionic (green) to covalent (yellow). C, The percent ionic character is plotted against toEN for some 

gaseous diatomic molecules. Note that, in general, toEN correlates with ionic character. (The arbi­

trary cutoff for an ionic compound is >50% ionic character.) 

Another approach calculates the percent ionic character of a bond by observ­
ing the actual behavior of a polar molecule in an electric field. A value of 50% 
ionic character divides substances we call "ionic" from those we call "covalent." 
Such methods show 43 % ionic character for the H-F bond and expected 
decreases for the other hydrogen halides: H -Cl is 1 9% ionic, H -Br 1 1  %, and 
H -I 4%. A plot of percent ionic character vs. �EN for a variety of gaseous 
diatomic molecules is shown in Figure 9 .22C. The specific values are not impor­
tant, but note that percent ionic character generally increases with iJEN. Another 
point to note is that whereas some molecules, such as CI2(g), have 0% ionic char­
acter, none has 100% ionic character. Thus, electron sharing occurs to some extent 

in every bond, even one between an alkali metal and a halogen. 

The Continuum of Bonding Across a Period 
A metal and a nonmetal-elements from opposite sides of the periodic table­
have a relatively large �EN and typically interact by electron transfer to form an 
ionic compound. Two nonmetals-elements from the same side of the table­
have a small �EN and interact by electron sharing to form a covalent compound. 
When we combine the nonmetal chlorine with each of the other elements in 
Period 3, starting with sodium, we should observe a steady decrease in �EN and 
a gradation in bond type from ionic through polar covalent to nonpolar covalent. 

Figure 9 .23 shows samples of the common Period 3 chlorides-NaCl, MgCI2, 
AICI3, SiCI4, PCI3, and SCI2, as well as Cl2-with graphs showing their �EN 
values and two key macroscopic properties. With a �EN of 2. 1 ,  sodium cl1loride 
is the most ionic of this group, displaying the physical properties characteristic 
of an ionic solid: high melting point and high electrical conductivity when molten. 
MgCI2> also a white crystalline solid, is also ionic, with �EN of 1 .8, but it has a 
lower melting point and a slightly lower conductivity in the molten state. 

The structure of AICl3 reflects its smaller �EN value of 1.5,  which lies near 
the upper cutoff for polar covalent bonding. Instead of a three-dimensional lattice 
of Ae+ and Cl- ions, AICl3 consists of extended layers of Al and CI atoms con­
nected through highly polar covalent bonds. Much weaker forces between the lay­
ers result in a significantly lower melting point for AICI3, and its very low con­
ductivity when molten is  consistent with a scarcity of ions. 

The tendency toward less ionic and more covalent character in the bonds 
continues through SiCI4, PCI3, and SCI2. Each of these compounds occurs as separate 
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molecules, as indicated by the absence of any measurable conductivity. Moreover, 
the forces between the molecules are weak enough to lower the melting points 
for these compounds below room temperature. In Ch, the bond is nonpolar, and this 
is the only substance in this group that is a gas at room temperature. 

Thus, as iJEN becomes smaller, the bond becomes more covalent, and the 
macroscopic properties of the Period 3 chlorides and Cl2 change from those of a 
solid consisting of ions to those of a gas consisting of individual molecules. 

S ECT I O N  S U M M A RY 
An atom's electronegativity refers to its ability to pull bonded electrons toward it, 
which generates partial charges at the ends of a bond. Electronegativity increases 
across a period and decreases down a group, the reverse of the trends in atomic 
size. The greater the /lEN for the two atoms in a bond, the more polar the bond is 
and the greater its ionic character. For chlorides of Period 3 elements, there is a gra­
dation of bond type from ionic to polar covalent to nonpolar covalent. 
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Figure 9.23 Properties of the Period 3 
chlorides. Samples of the compounds 

formed from each of the Period 3 ele­

ments with chlorine are shown in periodic 

table sequence in the photo. Note the 

trend in properties displayed in the bar 

graphs: as .6.EN decreases, both melting 

point and electrical conductivity (at the 

melting point) decrease. These trends are 

consistent with a change in bond type 

from ionic through polar covalent to non­

polar covalent. 
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To help you review these learn ing objectives, the numbers of re­
lated sections (§),  sample problems (SP), and end-of-chapter 
problems (EP) are listed in parentheses. 

1 .  Explain how differences in atomic properties lead to the three 
types of chemical bonding (§ 9 . 1 )  (EPs 9 . 1 -9.7) 

5 .  Describe the formation of a covalent bond, the interrelation­
ship among bond length, strength, and order, and how the model 
explains the properties of covalent compounds (§ 9.3) (SP 9.2) 
(EPs 9.23-9.3 1 )  

2. Depict main-group atoms with Lewis electron-dot symbols 
(§ 9. 1 )  (EPs 9 .8-9. 1 1 ) 
3. Understand the key features of ionic bonding, the significance 
of the lattice energy, and how the model explains the properties of 
ionic compounds ( §  9.2) (EPs 9. 1 2-9. 15 ,  9.20-9.22) 
4. Depict the formation of binary ionic compounds with electron 
configurations, partial orbital diagrams, and Lewis electron-dot 
symbols (§ 9.2) (SP 9 . 1 )  (EPs 9. 1 6-9. 19) 

6. Understand how changes in bond energy account for /:"H�xn 
and be able to divide a reaction into bond-breaking and bond­
forming steps (§ 9.4) (SP 9.3) (EPs 9.32-9.40) 
7. Describe the trends in electronegativity, and understand 
how the polarity of a bond and the partial ionic character of a 
compound relate to /:,.EN of the bonded atoms ( §  9.5) (SP 9.4) 
(EPs 9.4 1 -9.56) 



292 CHAPTER 9 Models of Chemical Bonding 

Key Terms 
Section 9. 1 
ionic bonding (269) 
covalent bonding (270) 
metallic bonding (270) 
Lewis electron-dot 

symbol (27 1 )  
octet rule (272) 

Section 9.2 
lattice energy (274) 
Coulomb's law (274) 
ion pair (276) 
Section 9.3 
covalent bond (277) 
bonding (shared) pair (278) 
lone (unshared) pair (278) 

Key Equations and Relationships 
9.1 Relating the energy of attraction to the lattice energy (274): 

. cation charge X anion charge 
0 Electrostatic energy ex . . . . ex t1H lattice cation radIUs + anIon radIUs 

Brief Solutions to Follow-up Problems 
9.1 Mg ([Ne] 3i) + 2CI ([Ne] 3s23p5) -----+ 

Mg2+ ( [NeD + 2CI- ( [Ne] 3i3p6) 
�.CI: ( . .  2+ . . -�Mg· + . .  ---7 Mg + 2 : �I: Formula: MgCI2 '---------: � I: 

9.2 (a) Bond length: Si-F < Si-O < Si-C 
Bond strength: Si-C < Si-O < Si-F 
(b) Bond length: N=N < N=N < N-N 
Bond strength: N-N < N=N < N-N 

Problems 
Problems with colored numbers are answered in  Aprendix E.  
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are grouped in pairs 
( indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

Atomic Properties and Chemical Bonds 

9. 1 In general terms, how does each of the following atomic prop­
erties influence the metallic character of the main-group 
elements in a period? 
(a) Ionization energy 
(b) Atomic radius 
(c) Number of outer electrons 
(d) Effective nuclear charge 

9.2 Both nitrogen and bismuth are members of Group 5A( l 5) .  
Which is more metallic? Explain your answer in  terms of atomic 
properties. 

9.3 What is  the relationship between the tendency of a main-group 
element to form a monatomic ion and its position in the periodic 

bond order (278) 
single bond (278) 
double bond (278) 
triple bond (278) 
bond energy (BE) (279) 
bond length (279) 
infrared (IR) spectroscopy (282) 

Section 9.5 
electronegativity (EN) (287) 
polar covalent bond (288) 
nonpolar covalent bond (288) 
partial ionic character (289) 
electronegativity difference 

(LlEN) (289) 

9.2 Calculating heat of reaction from enthalpy changes or bond 
energies (283) : 

LlH�xn = �LlH�eactant bonds broken + �LlH�roduct bonds formed 
or LlH�xn = �BEreactant bonds broken - �BEproduct bonds formed 

9.3 N=N + 3 H-H -----+ 2 H-N-H 
I 
H 

�LlHbonds broken = 1 N N + 3 H -H 
= 945 kJ + 1296 kJ = 224 1 kJ 

�LlHbonds formed = 6 N -H = -2346 kJ 
LlH�xn = - 1 05 kJ 

8 +  8 - 8 +  8 -
9.4 (a) Cl-CI < Br-CI < CI-F 

8 +  8 - 8 +  8 - 8 +  8 -
(b) Si-Si < S-Cl < P-C1 < Si -Cl 

table? In what part of the table are the main-group elements that 
typically form cations? Anions? 

19.4 Which member of each pair is more metallic? 
(a) Na or Cs (b) Mg or Rb (c) As or N 

9.5 Which member of each pair is less metallic? 
(a) I or ° (b) Be or Ba (c) Se or Ge 

9.6 State whether the type of bonding in the following compounds 
is best described as ionic or covalent: (a) CsF(s); (b) N2(g); 
(c) H2S(g). 

9.7 State whether the type of bonding in the following compounds 
is best described as ionic or covalent: (a) ICI3(g); (b) N20(g); 
(c) LiCl(s). 

9.8 Draw a Lewis electron-dot symbol for each atom: 
(a) Rb (b) Si (c) I 

9.9 Draw a Lewis electron-dot symbol for each atom: 
(a) Ba (b) Kr (c) Br 



9. 1 0  Give the group number and general electron configuration of 
an element with each electron-dot symbol: 
(a) .�: (b) �. 

9.1 1 Give the group number and general electron configuration of 
an element with each electron-dot symbol: I (a) .�: (b) .�. 

The Ionic Bonding Model 
(Sample Problem 9. 1 )  

9. 1 2  I f  energy i s  required to form monatomic ions from metals and 
nonmetals, why do ionic compounds exist? 

9. 1 3  In general, how does the lattice energy of an ionic compound 
depend on the charges and sizes of the ions? 

9. 1 4  When gaseous Na+ and Cl- ions form gaseous NaCI ion 
pairs, 548 kllmol of energy is released. Why, then, does NaCI 
occur as a solid under ordinary conditions? 

9. 1 5  To form S
2
- ions from gaseous sulfur atoms requires 

2 1 4  kllmol, but these ions exist in solids such as K2S . Explain. 

19. 1 6  Use condensed electron configurations and Lewis electron­
dot symbols to depict the monatomic ions formed from each of 
the following atoms, and predict the formula of the compound 
the ions produce: 
(a) Ba and CI (b) Sr and 0 (c) Al and F (d) Rb and 0 

9. 1 7  Use condensed electron configurations and Lewis electron­
dot symbols to depict the monatomic ions formed from each of 
the following atoms, and predict the formula of the compound 
the ions produce: 
(a) Cs and S (b) 0 and Ga (c) N and Mg (d) Br and Li 

9. 1 8  Identify the main group to which X belongs in each ionic 
compound formula: (a) X203; (b) XC03; (c) Na2X, 

9. 1 9  Identify the main group to which X belongs in each ionic 
compound formula: (a) CaX2; (b) Al2X3; (c) XP04. 

9.20 For each pair, choose the compound with the lower lattice en­
ergy, and explain your choice: 
(a) CaS or BaS (b) NaF or MgO 

9.21 For each pair, choose the compound with the lower lattice en­
ergy, and explain your choice: I (a) NaF or NaCI (b) K20 or K2S 

9.22 Aluminum oxide (AI203) is a widely used industrial abra­
sive (emery, corundum), for which the specific application 
depends on the hardness of the crystal. What does this hard­
ness imply about the magnitude of the lattice energy? Would 
you have predicted from the chemical formula that AI203 is 
hard? Explain. 

The Covalent Bonding Model 
(Sample Problem 9.2) 

9.23 Describe the interactions that occur between individual chlo­
rine atoms as they approach each other and form C12. What com­
bination of forces gives rise to the energy holding the atoms 
together and to the final internuclear distance? 

9.24 Define bond energy using the H -CI bond as an example. 
When this bond breaks, is energy absorbed or released? Is the 
accompanying /::;.H value positive or negative? How do the mag­
nitude and sign of this /::;.H value relate to the value that accom­
panies H-Cl bond formation? 

Problems 293 

9.25 For single bonds between similar types of atoms, how does 
the strength of the bond relate to the sizes of the atoms? Explain. 

9.26 How does the energy of the bond between a given pair of 
atoms relate to the bond order? Why? 

9.27 When liquid benzene (C6H6) boils, does the gas consist of 
molecules, ions, or separate atoms? Explain. 

19.28 Using the periodic table only, arrange the members of each of 
the following sets in order of increasing bond strength: 
(a) Br-Br, Cl-Cl, I-I (b) S-H, S-Br, S-Cl 
(c) C=N, C-N, C N 

9.29 Using the periodic table only, arrange the members of each of 
the following sets in order of increasing bond length: 
(a) H-F, H-I, H-Cl (b) C-S, C=O, C-O 
(c) N-H, N-S, N-O 

9.30 Formic acid (HCOOH) has the struc­
tural formula shown at right. It is secreted 
by certain species of ants when they bite. 

o 
II 

H-C-O-H 

Rank the relative strengths of (a) the C-O and C=O bonds, 
and (b) the H -C and H - 0  bonds. Explain these rankings. 

9.3 1 In IR spectra, the stretching of a C=C bond appears at a 
shorter wavelength than that of a C-C bond. Would you expect 
the wavelength for the stretching of a C=C bond to be shorter 
or longer than that for a C=C bond? Explain. 

Bond Energy and Chemical Change 
(Sample Problem 9.3) 

9.32 Write a solution plan (without actual numbers, but including 
the bond energies you would use and how you would combine 
them algebraically) for calculating the total enthalpy change of 
the following reaction: 

H2(g) + 02(g) -- H202(g) (H-O-O-H) 
9.33 The text points out that, for similar types of substances, one 

with weaker bonds is usually more reactive than one with 
stronger bonds. Why is this generally true? 

9.34 Why is there often a discrepancy between a heat of re­
action obtained from calorimetry and one obtained from 
bond energies? 

19.35 Which gas has the greater heat of reaction per mole from 
combustion? Why? 

methane 

H 
I 

H-C-H 
I 
H 

or formaldehyde 

o 
II 

H-C-H 

9.36 Which liquid fuel has the greater heat of reaction per mole 
from combustion? Why? 

ethanol 

H H 
I I 

H-C-C-O-H 
I I 
H H 

or methanol 

� 
H-C-O-H 

� 
9.37 Use bond energies to calculate the heat of reaction: 

H H 
I I 

H-C-C-H 
I I 

CI CI 
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9.38 Use bond energies to calculate the heat of reaction: 

� � o=c=o + 2 N-H -->- H-N-C-N-H + H-O-H 
I I I 
H H H 

9.39 An important industrial route to extremely pure acetic acid is 
the reaction of methanol with carbon monoxide: 

H 0 � I II 
H-C-O-H + C 0 -->- H-C-C-O-H 

I I H H 
Use bond energies to calculate the heat of reaction. 

9.40 Sports trainers treat sprains and soreness with ethyl brol�de. 
It is manufactured by reacting ethylene with hydrogen bromide: 

H H 
I I 

H-C-C-Sr 
I I 
H H 

Use bond energies to find the enthalpy change for this reaction. 

Between the Extremes: Electronegativity and Bond Polarity 
(Sample Problem 9.4) 

9.41 Describe the vertical and horizontal trends in electronegativ­
ity (EN) among the main-group elements. According to Paul­
ing's scale, what are the two most electronegative elements? The 
two least electronegative elements? 

9.42 What is the general relationship between lE I and EN for the 
elements? Why? 

9.43 Is the H -0 bond in water nonpolar covalent, polar covalent, 
or ionic? Define each term, and explain your choice. 

9.44 How does electronegativity differ from electron affinity? 
9.45 How is the partial ionic character of a bond in a diatomic 

molecule related to �EN for the bonded atoms? Why? 

19.46 Using the periodic table only, arrange the elements in each set 
in order of increasing EN: (a) S, 0, Si; (b) Mg, P, As. 

9.47 Using the periodic table only, arrange the elements in each set 
in order of decreasing EN: (a) I, Br, N; (b) Ca, H, F. 

9.48 Use Figure 9.20 to indicate the polarity of each bond with a 
polar arrow: (a) N-B ;  (b) N-O; (c) C-S ;  (d) S-O; 
(e) N-H; (f) Cl-O. 

9.49 Use Figure 9.20 to indicate the polarity of each bond with 
partial charges: (a) Br-Cl; (b) F-Cl; (c) H-O; (d) Se-H; 
(e) As-H; (f) S-N. 

9.50 Which is the more polar bond in each of the following pairs 
from Problem 9.48: (a) or (b); (c) or (d) ; (e) or (f)? 

9.51 Which is the more polar bond in each of the following pairs 
from Problem 9.49: (a) or (b) ; (c) or (d); (e) or (f)? 

9.52 Are the bonds in each of the following substances ionic, non­
polar covalent, or polar covalent? Arrange the substances with 
polar covalent bonds in order of increasing bond polarity: 
(a) S8 (b) RbCl (c) PF3 (d) SCl2 (e) F2 (f) SF2 

9.53 Are the bonds in each of the following substances ionic, non­
polar covalent, or polar covalent? Arrange the substances with 
polar covalent bonds in order of increasing bond polarity: 
(a) KCl (b) P4 (c) BFJ (d) S02 (e) Br2 (f) N02 

9.54 Rank the members of each set of compounds in order of in­
creasing ionic character of their bonds. Use a polar arrow to 
indicate the bond polarity of each: 
(a) HBr, HCl, HI (b) H20, CH4, HF (c) SCI2, PClJ, SiCl4 

9.55 Rank the members of each set of compounds in order of de­
creasing ionic character of their bonds. Use partial charges to 
indicate the bond polarity of each: 
(a) PCI3, PBr3, PFJ (b) BFJ, NFJ, CF4 (c) SeF4, TeF4, BrFJ 

9.56 The energy of the C-C bond is 347 kJ/mol, and that of the 
Cl-Cl bond is 243 kJ/mo! .  Which of the following values might 
you expect for the C-Cl bond energy? Explain. 
(a) 590 kJ/mol (sum of the values given) 
(b) 104 kJ/mol (difference of the values given) 
(c) 295 kJ/mol (average of the values given) 
(d) 339 kJ/mol (greater than the average of the values given) 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

9.57 Geologists have a rule of thumb: when molten rock cools and 
solidifies, crystals of compounds with the smallest lattice ener­
gies appear at the bottom of the mass. Suggest a reason fm·.this. 

9.58 Acetylene gas (ethyne; HC CH) burns with oxygen JI1 an 
oxyacetylene torch to produce carbon dioxide, water vapor, and 
the heat needed to weld metals. The heat of reaction for the com­
bustion of acetylene is 1 259 kJ/mo!. (a) Calculate the C-C 
bond energy, and compare your value with that in Table 9.2. 
(b) When 500.0 g of acetylene burns, how many kilojoules of 
heat are given off? (c) How many grams of CO2 are produced? 
(d) How many liters of O2 at 298 K and 1 8.0 atm are consumed? 

* 9.59 Even though so much energy is required to form a metal 
cation with a 2+  charge, the alkaline earth metals form haLides 
with general formula MX2, rather than MX. 
(a) Use the following data to calculate the �H1 of MgCl: 
Mg(s) -->- Mg(g) �Ho = 148 kJ 
CI2(g) -->- 2Cl(g) �Ho = 243 kJ 
Mg(g) -->- Mg+(g) + e- �Ho = 738 kJ 
Cl(g) + e- -->- Cl-(g) �Ho = -349 kJ 

�H�,ttice of MgCl = 783.5 kJ/mol 
(b) Is MgCl favored energetically relative to its elements? 
Explain. 
(c) Use Hess's law to calculate �Ho for the conversion of MgCl 
to MgCl2 and Mg (�Hf of MgCI2 = -64 1 .6 kJ/mol). 
(d) Is MgCl favored energetically relative to MgCI2? Explain. 

* 9.60 By using photons of specific wavelengths, chemists can dis­
sociate gaseous HI to produce H atoms with certain speeds. 
When HI dissociates, the H atoms move away rapidly, whereas 
the relatively heavy I atoms move more slowly. 
(a) What is the longest wavelength (in nm) that can dissociate a 
molecule of HI? 
(b) If a photon of 254 nm is used, what is  the excess energy (in J) 
over that needed for the dissociation? 
(c) If all this excess energy is carried away by the H atom as ki­
netic energy, what is its speed (in rnIs)? 

9.61 Carbon dioxide is  a linear molecule. Its vibrational motions 
include symmetrical stretching, bending, and asymmetrical stretch­
ing, and their frequencies are 4.02X 1 0 1 3 S- I , 2.00X 1 0 1 3 S- I , and 



7.0SX l O 1 3  S - I ,  respectively. (a) In what region of the electro­
magnetic spectrum are these frequencies? (b) Calculate the en­
ergy (in J) of each vibration. Which occurs most readily (takes the 
least energy)? 

9.62 In developing the concept of electronegativity, Pauling used 
the term excess bond energy for the difference between the ac­
tual bond energy of X -Y and the average bond energies of 
X -X and Y -Y (see text discussion for the case of HF). Based 
on the values in Figure 9.20, which of the following substances 
contains bonds with no excess bond energy? 
(a) PH3 (b) CS2 (c) BrCI (d) BH3 (e) Ses 

9.63 Without stratospheric ozone (03), harmful solar radiation 
would cause gene alterations. Ozone forms when O2 breaks and 
each 0 atom reacts with another O2 molecule. It is destroyed by 
reaction with Cl atoms that are formed when the C-Cl bond in 
synthetic chemicals breaks. Find the wavelengths of light that 
can break the C-Cl bond and the bond in O2, 

• 9.64 "Inert" xenon actually forms many compounds, especially 
with highly electronegative fluorine. The t,.H� values for xenon 
difluoride, tetrafluoride, and hexafluoride are - lOS, -284, and 
-402 kJ/mol, respectively. Find the average bond energy of the 
Xe-F bonds in each fluoride. 

• 9.65 The HF bond length is 92 pm, 1 6% shorter than the sum of 
the covalent radii of H (37 pm) and F (72 pm). Suggest a reason 
for this difference. Similar calculations show that the difference 
becomes smaller down the group from HF to HI. Explain. 

• 9.66 There are two main types of covalent bond breakage. In ho­
molytic breakage (as in Table 9.2), each atom in the bond gets 
one of the shared electrons. In some cases, the electronegativity 
of adjacent atoms affects the bond energy. In heterolytic break­
age, one atom gets both electrons and the other gets none; thus, 
a cation and an anion form. 

Problems 295 

(a) Why is the C-C bond in H3C-CF3 (423 kJ/mol) stronger 
than the bond in H3C-CH3 (376 kJ/mol)? 
(b) Use bond energy and any other data to calculate the heat of 
reaction for the heterolytic cleavage of O2, 

9.67 Find the longest wavelengths of l ight that can cleave the 
bonds in elemental nitrogen, oxygen, and fluorine. 

9.68 We can write equations for the formation of methane from 
ethane (C2H6) with its C-C bond, from ethene (C2H4) with its 
C=C bond, and from ethyne (C2H2) with its C=C bond: 
CZH6(g) + Hz<g) ---+ 2CH4(g) t,.H�xn = -6S .07 kJ/mol 

C2H4(g) + 2H2(g) ---+ 2CH4(g) t,.H�xn = -202.2 1 kJ/mol 

t,.H�xn = -376.74 kllmol 
Given that the average C-H bond energy in CH4 is 4 1 S  kJ/mo!, 
use Table 9.2 values to calculate the average C-H bond energy 
in ethane, in ethene, and in ethyne. 

9.69 Carbon-carbon bonds form the "backbone" of nearly every 
organic and biological molecule. The average bond energy of the 
C-C bond is 347 kJ/mo!. Calculate the frequency and wave­
length of the least energetic photon that can break an average 
C-C bond. In what region of the electromagnetic spectrum is 
this radiation? 

9.70 In a future hydrogen-fuel economy, the cheapest source of H2 
will certainly be water. It takes 467 kJ to produce 1 mol of H 
atoms from water. What is the frequency, wavelength, and mini­
mum energy of a photon that can free an H atom from water? 

9.71 Dimethyl ether (CH30CH3) and ethanol (CH3CH20H) are 
constitutional isomers. (a) Use Table 9.2 to calculate t,.H�xn for 
the formation of each compound as a gas from methane and oxy­
gen; water vapor also forms. (b) State which reaction is more 
exothermic. (c) Calculate t,.H�xn for the conversion of ethanol to 
dimethyl ether. 



C HAPTER TEN 

The Shapes 
of Molecu les 

Key Principles 
• A Lewis structure shows the relative positions of the atoms in the mol­

ecule or a polyatomic ion, as well as the placement of all the shared 
and unshared electron pairs. 

• In many molecules or ions one electron pair in a double bond spreads 
over an adjacent single bond, thereby delocalizing its charge, which 
stabilizes the system. In such cases, more than one Lewis structure, 
each called a resonance form, can be drawn, and the species actu­
ally exists as a resonance hybrid, a mixture of the resonance forms. 

• By assigning to each atom a formal charge based on the electrons be­
longing to the atom and shared by it, we can select the most impor­
tant of the various resonance forms. 

Outl ine 

Fitting Together The tiles i n  this wall detail from the Alhambra i n  Granada, Spain 
interconnect to form a whole. Similarly, biomolecules fit together to trigger reactions 
within organisms. In this chapter, you'll view a molecule as an object with a specific 
shape and learn the importance of shape in reactivity. 

• According to VSEPR theory, each group of valence electrons, whether 
a bonding pair or a lone pair, around a central atom repels the 
others. These repulsions give rise to five geometric arrangements­
linear, trigonal planar, tetrahedral, trigonal bipyramidal, and octahe­
dral. Various molecular shapes, with distinctive bond angles, arise 
from these arrangements. 

• A whole molecule may be polar, depending on its shape and the polar­
ities of its bonds. 

1 0. 1  Depicting Molecules and Ions 
with Lewis Structures 
Using the Octet Rule 

1 0.2 Valence-Shell Electron-Pair Repulsion 
(VSEPR) Theory and Molecular Shape 
Electron-Group Arrangements and 

Shapes with Six Electron Groups 
Using VSEPR Theory to Determine 

Molecular Shape 
Resonance 
Formal Charge 
Exceptions to the Octet Rule 
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Molecular Shapes 
Molecular Shape with Two Electron Groups 
Shapes with Three Electron Groups 
Shapes with Four Electron Groups 
Shapes with Five Electron Groups 

Shapes with More Than One Central Atom 

1 0.3 Molecular Shape and Molecular Polarity 



1 0.1 Depicting Molecules ond Ions with Lewis Structures 

The printed page, covered with atomic symbols, lines, and pairs of dots, makes 
it easy to forget the amazing, three-dimensional reality of molecular shape. In 

any molecule, each atom, bonding pair, and lone pair has its own position in space 
relative to the others, determined by the attractive and repulsive forces that gov­
ern all matter. With definite angles and distances between the nuclei, a molecule 
has a characteristic minute architecture, extending throughout its tiny volume of 
space. Whether we consider the details of simple reactions, the properties of syn­
thetic materials, or the intricate life-sustaining processes of living cells ,  molecu­
lar shape is a crucial factor. In thi s  chapter, we see how to depict molecules, first 
as two-dimensional drawings and then as three-dimensional objects. 

1 0. 1  DEPICTING MOLECULES AND IONS 
WITH LEWIS STRUCTURES 

The first step toward visualizing what a molecule looks like is  to convert its molec­
ular formula to its Lewis structure (or Lewis formula). *  This two-dimensional 
structural formula consists of electron-dot symbols that depict each atom and its 
neighbors, the bonding pairs that hold them together, and the lone pairs that fill 
each atom's outer level (valence shell) .  In many cases, the octet rule (Section 9. 1 )  
guides us i n  allotting electrons to the atoms i n  a Lewis structure; i n  many other 
cases, however, we set the rule aside. 

Using the Octet Rule to Write Lewis Structures 
To write a Lewis structure, we decide on the relative placement of the atoms in 
the molecule (or polyatomic ion)-that is,  which atoms are adjacent and become 
bonded to each other-and distribute the total number of valence electrons as 
bonding and lone pairs. Let's begin by examining Lewis structures for species that 
"obey" the octet rule-those in which each atom fills its outer level with eight 
electrons (or two for hydrogen).  

Lewis Structures for Molecules with Single Bonds First, we discuss the steps for 
writing Lewis structures for molecules that have only single bonds, using nitro­
gen trifluoride, NF3, as an example. Figure 10 . 1 lays out the steps. 

Step 1. Place the atoms relative to each other. For compounds of molecular 
formula AB", place the atom with lower group number in the center because it 
needs more electrons to attain an octet; usually, this is also the atom with the 
lower electronegativity. In NF3, the N (Group SA; EN = 3 .0) has five electrons 
and so needs three, whereas each F (Group 7 A; EN = 4.0) has seven and so needs 
only one; thus, N goes in the center with the three F atoms around it: 

F 

N 
F F 

*A Lewis structure may be more correctly called a Lewis formula because it provides informa­
tion about the relative placement of atoms in a molecule or ion and shows which atoms are 
bonded to each other, but it does not indicate the three-dimensional shape. Nevertheless, use 
of the term Lewis structure is a convention that we follow. 

Step 1 Step 2 Step 3 
Molecular Atom Sum of 
formula Place atom placement Add valence e- Draw Single 

with lowest A-group bonds. 
EN in center numbers Subtract 2e-

for each bond 

Figure 1 0. 1  The steps in converting a molecular formula into a Lewis structure. 

Concepts & Skil ls to Review 
Before You Study This Chapter 
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• electron configurations of main-group 
elements (Section 8.3) 

• electron-dot symbols (Section 9.1 ) 
• the octet rule (Section 9 . 1 )  
• bond order, bond length, and bond 

energy (Sections 9.3 and 9.4) 
• polar covalent bonds and bond polarity 

(Section 9.5) 

Step 4 

Remaining Lewis 
valence e- Give each structure 

atom 8e-
(2e- for H) 
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If the atoms have the same group number, as in S03 or CIF3, place the atom with 
the higher period number in the center. H can form only one bond, so it is never 
a central atom. 

Step 2. Determine the total number of valence electrons available. For mol­
ecules, add up the valence electrons of all the atoms. (Recall that the number of 
valence electrons equals the A-group number.) In NF3, N has five valence elec­
trons, and each F has seven: 

[1 x N(Se-)] + [3 x F(7e-)] = Se- + 2 1e- = 26 valence e-

For poly atomic ions, add one e- for each negative charge of the ion, or subtract 
one e- for each positive charge. 

Step 3. Draw a single bond from each surrounding atom to the central atom, 

and subtract two valence electrons for each bond. There must be at least a sin­
gle bond between bonded atoms:  

F 
I 

F/N"F 

Subtract 2e - for each single bond from the total number of valence electrons 
available (from step 2) to find the number remaining: 

3 N-F bonds X 2e- = 6e- so 26e- - 6e- = 20e- remaining 

Step 4. Distribute the remaining electrons in pairs so that each atom ends up 
with eight electrons (or two for H). First, place lone pairs on the surrounding 
(more electronegative) atoms to give each an octet. If any electrons remain, place 
them around the central atom. Then check that each atom has 8e - :  

:F: 
I . .  /N, . . : f./ . . 'f.: 

This is the Lewis structure for NF3. Always check that the total number of elec­
trons (bonds plus lone pairs) equals the sum of the valence electrons: 6e - in three 
bonds plus 20e - in ten lone pairs equals 26 valence electrons. 

This particular arrangement of F atoms around an N atom resembles the molec­
ular shape of NF3, as you'l l  see when we discuss shapes in Section 10.2. But, Lewis 
structures do not indicate shape, so an equally correct depiction of NF3 is 

:F: 
.. I . .  :f.-t'!-f.: 

or any other that retains the same connections among the atoms-a central N 
atom connected by single bonds to three surrounding F atoms. 

Using these four steps, you can write a Lewis structure for any singly bonded 
molecule whose central atom is C, N, or 0, as well as for some molecules with 
central atoms from higher periods. Remember that, in nearly all their compounds, 

• Hydrogen atoms form one bond. 
o Carbon atoms form four bonds. 
o Nitrogen atoms form three bonds. 
o Oxygen atoms form two bonds. 
o Halogens form one bond when they are surrounding atoms; fluorine is always 

a surrounding atom. 

SAMPLE PROBLEM 1 0. 1  Writing Lewis Structures for Molecules 
with One Central Atom 

Problem Write a Lewis structure for CCI2Fz, one of the compounds responsible for the 
depletion of stratospheric ozone. 



1 0. 1  Depicting Molecules and Ions with Lewis Structures 

Solution Step 1. Place the atoms relative to each other. In CCI2F2, carbon has the lowest 
group number and EN, so it is the central atom. The halogen atoms surround it, but their 
specific positions are not important (see margin). 
Step 2. Determine the total number of valence electrons (from A-group numbers): C is in 
Group 4A, F is in  Group 7 A, and Cl is  in Group 7 A, too. Therefore, we have 

[ 1  X C(4e-)] + [2 X F(7e-)] + [2 X CI(7e-)] = 32 valence e-

Step 3. Draw single bonds to the central atom and subtract 2e - for each bond (see mar­
gin). Four single bonds use 8e -, so 32e - - 8e - leaves 24e - remaining. 
Step 4. Distribute the remaining electrons in pairs, beginning with the surrounding atoms, 
so that each atom has an octet (see margin). 
Check Counting the electrons shows that each atom has an octet. Remember that bond­
ing electrons are counted as belonging to each atom in the bond. The total number of elec­
trons in bonds (8) and lone pairs (24) equals 32 valence electrons. Note that, as expected, 
C has four bonds and the surrounding halogens have one each. 

FOLLOW-U P  PROBLEM 1 0. 1  Write a Lewis structure for each of the following: 
(a) H2S (b) OF2 (c) SOCl2 

A slightly more complex situation occurs when molecules have two or more 
central atoms bonded to each other, with the other atoms around them. 

SAMPLE PROBLEM 1 0.2  Writing Lewis Structures for Molecules 
with More Than One Central Atom 

Problem Write the Lewis structure for methanol, (molecular formula CH40), an indus­
trial alcohol that is  also being considered as a gasoline alternative. 
Solution Step 1. Place the atoms relative to each other. The H atoms can have only one 
bond, so C and 0 must be adjacent to each other. Recall that C has four bonds and 0 has 
two, so we arrange the H atoms to show this (see margin). 
Step 2. Find the sum of valence electrons: 

[1 X C(4e-)] + [ 1  X O(6e-)] + [4 X H(1e-)] = 1 4e-

Step 3. Add single bonds and subtract 2e - for each bond (see margin). Five bonds use 
l Oe-,  so 1 4e- - l Oe- leaves 4e- remaining. 
Step 4. Add the remaining electrons in pairs. Carbon already has an octet, and each H 
shares two electrons with the C; so the four remaining valence electrons form two lone 
pairs on O. We now have the Lewis structure for methanol (see margin). 
Check Each H atom has 2e -,  and the C and 0 each have 8e -. The total number of valence 
electrons is 14e -, which equals l Oe - in bonds plus 4e - in lone pairs. Also note that each 
H has one bond, C has four, and 0 has two. 

FOLLOW-U P  PROBLEM 1 0.2  Write a Lewis structure for each of the following: 
(a) hydroxylamine (NH30) (b) dimethyl ether (C2H60; no O-H bonds) 

Lewis Structures for Molecules with Multiple Bonds Sometimes, you' l l  find that, 
after steps 1 to 4, there are not enough electrons for the central atom (or one of 
the central atoms) to attain an octet. This usually means that a multiple bond is 
present, and the following additional step is needed: 

Step 5. Cases involving multiple bonds. If, after step 4, a central atom still 
does not have an octet, make a multiple bond by changing a lone pair from one 
of the surrounding atoms into a bonding pair to the central atom. 

SAMPLE P ROBLEM 1 0.3  Writing Lewis Structures for Molecules 
with Multiple Bonds 

Problem Write Lewis structures for the following: 
(a) Ethylene (C2�)' the most important reactant in the manufacture of polymers 
(b) Nitrogen (N2), the most abundant atmospheric gas 

Step 1:  

Step 3: 

Step 4: 

Step 1:  

Step 3: 

Step 4: 

CI 

F C F 

CI 

CI 
I 

F-C-F 
I 

CI 

:(;1: 
.. I . .  
:F-C-F: . .  I . .  

:9.1: 

H 

H C 0 H 

H 

H 
I 

H-C-O-H 
I 
H 

H 
I . . 

H-C-O-H 
I . . 
H 
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Plan We show the solution following steps 1 to 4: placing the atoms, counting the total 
valence electrons, making single bonds, and distributing the remaining valence electrons 
in pairs to attain octets. Then we continue with step 5, if needed. 
Solution (a) For C2H4. After steps 1 to 4, we have 

H" . .  /H 
c-c 

H/ "H 

Step 5. Change a lone pair to a bonding pair. The C on the right has an octet, but the C 
on the left has only 6e -, so we convert the lone pair to another bonding pair between the 
two C atoms: 

(b) For N2. After steps 1 to 4, we have :N-N: 
Step 5. Neither N has an octet, so we change a lone pair to a bonding pair: :N=N: 
In this case, moving one lone pair to make a double bond still does not give the N on the 
right an octet, so we move a lone pair from the left N to make a triple bond: :N-N: 
Check In part (a), each C has four bonds and counts the 4e - in the double bond as part 
of its own octet. The valence electron total is 1 2e - ,  all in six bonds. In part (b), each N 
has three bonds and counts the 6e - in the triple bond as part of its own octet. The valence 
electron total is l Oe -, which equals the electrons in three bonds and two lone pairs. 

FOLLOW-U P  PROBLEM 1 0.3  Write Lewis structures for each of the following: 
(a) CO (the only common molecuie in which C has only three bonds) (b) HCN (c) CO2 

Resonance: Delocalized Electron-Pair Bonding 
We can often write more than one Lewis structure, each with the same relative 
placement of atoms, for a molecule or ion with double bonds next to single bonds. 
Consider ozone (03), a serious air pollutant at ground level but a life-sustaining 
absorber of harmful ultraviolet (UV) radiation in the stratosphere. Two valid Lewis 
structures (with lettered 0 atoms for clarity) are 

o :p-P B ":q: A C 
. /):S""" :q. B .q. 
A C 

II 
In structure I, oxygen B has a double bond to oxygen A and a single bond to oxy­
gen C. In structure II, the single and double bonds are reversed. These are not 
two different 03 molecules, just different Lewis structures for the same molecule. 

In fact, neither Lewis structure depicts 03 accurately. Bond length and bond 
energy measurements indicate that the two oxygen-oxygen bonds in 03 are iden­
tical, with properties that lie between those of an 0-0 bond and an 0=0 bond, 
something like a "one-and-a-half' bond. The molecule is shown more correctly 
with two Lewis structures, called resonance structures (or resonance forms), 
and a two-headed resonance arrow ( +---+ ) between them. Resonance structures 
have the same relative placement of atoms but different locations of bonding and 
lone electron pairs. You can convert one resonance form to another by moving 
lone pairs to bonding positions, and vice versa: 

o :K5B�Q. 
A C 

II  
Resonance structures are not real bonding depictions: 03 does not change back 
and forth from structure I at one instant to structure II the next. The actual mol­
ecule is a resonance hybrid,  an average of the resonance forms. 

Consider these analogies. A mule is a genetic mix, a hybrid, of a horse and a 
donkey; it is not a horse one instant and a donkey the next. Similarly, the color 
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purple is a mix of two other colors, red and blue, not red one instant and blue the 
next (Figure 1 0.2). In the same sense, a resonance hybrid is one molecular species, 
not one resonance form this instant and another resonance form the next. The prob­
lem is that we cannot depict the hybrid accurately with a single Lewis structure. 

Our need for more than one Lewis structure to depict the ozone molecule is  
the result of electron-pair delocalization. In a single, double, or triple bond, each 
electron pair is attracted by the nuclei of the two bonded atoms, and the electron 
density is greatest in the region between the nuclei: each electron pair is local­
ized. In the resonance hybrid for 03, however, two of the electron pairs (one bond­
ing and one lone pair) are de localized: their density is "spread" over the entire 
molecule. In 03, this results in two identical bonds, each consisting of a single 
bond (the localized electron pair) and a partial bond (the contribution from one 
of the delocalized electron pairs). We draw the resonance hybrid with a curved 
dashed line to show the delocalized pairs: 

o .Q."- -�o-
' , - '  \ � .' 

Electron delocalization diffuses electron density over a greater volume, which 
reduces electron-electron repulsions and thus stabilizes the molecule. Resonance 
is very common, and many molecules (and ions) are best depicted as resonance 
hybrids. Benzene (C6H6), for example, has two important resonance forms in 
which alternating single and double bonds have different positions. The actual 
molecule has six identical carbon-carbon bonds because there are six C-C bonds 
and three electron pairs delocalized over all six C atoms, often shown as a dashed 
circle (or simply a circle) : 

H 
I 

H'C/c�C ...... H I I  I � 

H ...... C'-C-:;/C'H 
I H 

, 

H 
I 

H,C;::"'C'-c ...... H I I I  
H ...... C�C/C'H 

I H 
resonance forms 

or 

resonance hybrid 

Partial bonding, such as that occurring in resonance hybrids, often leads to frac­
tional bond orders. For 03, we have 

3 electron pairs I Bond order = = 1'2  
2 bonded-atom pairs 

The carbon-to-carbon bond order in benzene is 9 electron pairs/6 bonded-atom 
pairs, or 1� also. For the carbonate ion, C03 

2
- ,  three resonance structures can be 

drawn. Each has 4 electron pairs shared among 3 bonded-atom pairs, so the bond 
order is 4/3, or 1�. One of the three resonance structures for C03

2
- is 

:0: 
I 
c 

:�:' "':9· 

2-
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Blue horse Red donkey 

Purple mule 

Figure 10.2 A purple mule, not a blue 
horse and a red donkey. 
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Note that the Lewis structure of a polyatomic ion is shown in square brackets, 
with its charge as a right superscript outside the brackets. 

SAMPLE PROBLEM 1 0.4 Writing Resonance Structures 
Problem Write resonance structures for the nitrate ion, N03 - .  
Plan We write a Lewis structure, remembering to  add l e  - to the total number of  valence 
electrons because of the 1 - ionic charge. Then we move lone and bonding pairs to write 
other resonance forms and connect them with the resonance arrow. 
Solution After steps 1 to 4, we have :0: 

I 
. / N"", .  
:q. .q: 

Step 5. Because N has only 6e -, we change one lone pair on an 0 atom to a bonding pair 
and form a double bond, which gives each atom an octet. All the 0 atoms are equivalent, 
however, so we can move a lone pair from any of the three 0 atoms and obtain three res-
onance structures: :0: 

I I  
. / N"", .  
:q. .q: 

:0: 
I N ·V :�: 

:0: 
I 

. /N""", . :q. .p' 

Check Each structure has the same relative placement of atoms, an octet around each atom, 
and 24e - (the sum of the valence electron total and Ie- from the ionic charge distributed 
in four bonds and eight lone pairs). 
Comment Remember that no double bond actually exists in the N03 - ion. The ion is a 
resonance hybrid of these three structures with a bond order of 11. (You' l l  see in the 
upcoming discussion why N can have four bonds here.) 

FOLLOW-U P  PROBLEM 1 0.4 One of the three resonance structures for C03
2
- was 

shown just before Sample Problem 10.4. Draw the other two. 

Formal Charge: Selecting the More Important Resonance Structure 
In the previous examples, the resonance forms were mixed equally to form the 
resonance hybrid because the central atoms had surrounding atoms that were all 
the same. Often this is not the case, and one resonance form may look more like 
the hybrid than the others. In other words, because the resonance hybrid is an 
average of the resonance forms, one form may contribute more and "weight" the 
average in its favor. One way to select the more important resonance form is to 
determine each atom's formal charge, the charge it would have if the bonding 
electrons were shared equally. 

An atom's formal charge is its total number of valence electrons minus the 
number of valence electrons it "owns" in the molecule: it owns all of its unshared 
valence electrons and half of its shared valence electrons. Thus, 

Formal charge of atom = 
no. of valence e - - (no. of unshared valence e - + � no. of shared valence e -) (10.1) 

For example, in 03, the formal charge of oxygen A in resonance form I is 

6 valence e- - (4 unshared e- + 1- of 4 shared e-) = 6 - 4 - 2 = 0 

The formal charges of all the atoms in the two 03 resonance forms are 

OA[6 - 4 - !(4)] = 0 

OB[6 - 2 - �(6)] = + 1 

Od6 - 6 - �(2)] = - 1  

(+ 1 )  (0) 0 (- 1 ) 
: o.r- B ":�: +------+ 
A C 

(+ 1 ) OA[6 - 6 - �(2)] = - 1  �� 1�0� .�O) .q. B Q. OB[6 - 2 - !(6)] = + 1  A C 
II Od6 - 4 - �(4)] = 0 
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Forms I and II have the same formal charges but on different 0 atoms, so they 
contribute equally to the resonance hybrid. Formal charges must sum to the actual 
charge on the species: zero for a molecule and the ionic charge for an ion. 

Note that, i n  form I, instead of the usual two bonds for oxygen, OB has 
three bonds and Oc has one. Only when an atom has a zero formal charge does 
it have its usual number of bonds ; the same holds for C in CO, N in N03 -, and 
so forth . 

Three criteria help us choose the more important resonance structures: 

• Smaller formal charges (positive or negative) are preferable to larger ones. 
• Like formal charges on adjacent atoms are not desirable. 
• A more negative formal charge should reside on a more electronegative atom. 

Let's apply these criteria next to the cyanate ion, NCO-,  which has two differ­
ent atoms around the central one. Three resonance forms with formal charges are 

Formal charges: (-2) (0) (+ 1 ) (- 1 ) (0) (0) (0) (0) (- 1 ) 
Resonance forms: [:N-c=oT � [ N=C=Q r � [:N c-9T 

I II III 

We eliminate form I because it  has larger formal charges than the others and a 
positive formal charge on 0, which is more electronegative than N. Forms II and 
III have the same magnitude of formal charges, but form III has a - 1 charge on 
the more electronegative atom, O.  Therefore, II and III are significant contribu­
tors to the resonance hybrid of the cyanate ion, but III is the more important. 

Formal charge (used to examine resonance structures) is not the same as oxi­
dation number (used to monitor redox reactions): 

• For a formal charge, bonding electrons are assigned equally to the atoms (as 
if the bonding were nonpolar covalent), so each atom has half of them: 

Formal charge = valence e - - (lone pair e - + � bonding e-) 

• For an oxidation number, bonding electrons are assigned completely to the 
more electronegative atom (as if the bonding were ionic) : 

Oxidation number = valence e - - (lone pair e - + bonding e-) 

Here are the formal charges and oxidation numbers for the three cyanate ion res­
onance structures: 

Formal charges: 

Oxidation numbers: 

(-2) (0) (+ 1 ) (- 1 )  (0) (0) (0) (0) (- 1 ) 
[:N-c-oT � [ N=c=Qr � [:N-c-9T 

-3 _4 -2 -3 ·4 -2 -3 +4 -2 

Note that the oxidation numbers do not change from one resonance form to 
another (because the electronegativities do not change), but the formal charges do 
change (because the numbers of bonding and lone pairs do change). 

Lewis Structures for Exceptions to the Octet Rule 
The octet rule is  a useful guide for most molecules with Period 2 central atoms, 
but not for every one. Also, many molecules have central atoms from higher peri­
ods. As you' ll see, some central atoms have fewer than eight electrons around 
them, and others have more. The most s ignificant octet rule exceptions are for 
molecules containing electron-deficient atoms, odd-electron atoms, and especially 
atoms with expanded valence shells. 

Electron-Deficient Molecules Gaseous molecules containing either beryllium or 
boron as the central atom are often electron deficient; that is, they have fewer 

� Animation: Formal Charge Calculations � Online Learning Center 
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than eight electrons around the Be or B atom. The Lewis structures of gaseous 
beryllium chloride* and boron trifluoride are 

:9.I-Be-¢) : 
:F: 
I . .  ",B, . . :F,'" "F,: 

There are only four electrons around beryllium and six around boron. Why don' t  
lone pairs from the surrounding halogen atoms form multiple bonds to  the cen­
tral atoms, thereby satisfying the octet rule? Halogens are much more elec­
tronegative than beryllium or boron, and formal charges show that the following 
are unlikely structures: 

(+1 ) (-2) (+ 1 ) 
:(;I=Be=6'1 : 

. .  (0) 
:F: 

(- 1 ) 1 (0) . .  ",B", . .  : F,'"  '- F: (+ l ) 

(Some data for BF3 show a shorter than expected B -F bond. Shorter bonds indi­
cate double-bond character, so the structure with the B =F bond may be a minor 
contributor to a resonance hybrid.)  The main way electron-deficient atoms attain 
an octet is by forming additional bonds in reactions. When BF3 reacts with ammo­
nia, for instance, a compound forms in which boron attains its octet: 

:F: H :F: H 
I �.I . .  I I  . .  ",B, .. ", ' N, � :F- B- N-H :F,'" "F,: H '" "H  . . I I :f.: H 

Odd-Electron Molecules A few molecules contain a central atom with an odd 
number of valence electrons, so they cannot possibly have all their electrons in 
pairs. Such species, called free radicals, contain a lone (unpaired) electron, which 
makes them paramagnetic (Section 8 .5)  and extremely reactive. Let's use formal 
charges to decide where the lone electron resides. Most odd-electron molecules 
have a central atom from an odd-numbered group, such as N [Group 5A( 1 5)] or 
CI [Group 7 A ( 1 7)] .  

Consider nitrogen dioxide (N02) as an example. A major contributor to urban 
smog is formed when the NO in auto exhaust is oxidized. N02 has several reso­
nance forms. Two involve the 0 atom that is doubly bonded, as in the case of 
ozone. Several others involve the location of the lone electron. Two of these res­
onance forms are shown below. The form with the lone electron on the singly 
bonded 0 has zero formal charges (right): 

.....-Ione electron (+ l )N \ N (0) (- l ):p� �p'(O) -- (O) :�� �p' (O) 
B ut the form with the lone electron on N (left) must be important also because 
of the way N02 reacts. Free radicals react with each other to pair up their lone 
electrons. When two N02 molecules collide, the lone electrons pair up to form 
the N -N bond in dinitrogen tetraoxide (N204) and each N attains an octet: 

.0' '0: .0' '0: . �  / .  . �  / . 
N· + ·N � N - N 

:.v. �. :.c( �· 
Expanded Valence Shells Many molecules and ions have more than eight valence 
electrons around the central atom. An atom expands its valence shell to form more 
bonds, a process that releases energy. A central atom can accommodate additional 
pairs by using empty outer d orbitals in addition to occupied s and p orbitals. 

'Even though beryll ium is an alkaline earth metal [Group 2A(2)], most of its compounds have 
properties consistent with covalent, rather than ionic, bonding (Chapter 1 4). For example, molten 
BeCI2 does not conduct electricity, ind icating the absence of ions. 
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Therefore, expanded valence shells occur only with a central nonmetal atom in 
which d orbitals are available, that is, one from Period 3 or higha 

One example is sulfur hexafluoride, SF6, a remarkably dense and inert gas 
used as an insulator in electrical equipment. The central sulfur is surrounded by 
six single bonds, one to each fluorine, for a total of 1 2  electrons: 

:F: :1=:" I /1=:: :1=:/T"F.= 
:F: 

Another example is phosphorus pentachloride, PCls, a fuming yellow-white 
solid used in the manufacture of lacquers and films. PCls is formed when phos­
phorus trichloride, PCI3, reacts with chlorine gas. The P in PCl3 has an octet, but 
it uses the lone pair to form two more bonds to chlorine and expands its valence 
shell in PCls to a total of 10 electrons. Note that when PCls forms, one Cl-Cl 
bond breaks (left side of the equation), and two P-CI bonds form (right side), 
for a net increase of one bond: 

:CI: 
:QI--J-QI: 
:QI/ "QI : 

In SF6 and PCls, the central atom forms bonds to more than four atoms. But 
there are many cases of expanded valence shells in which the central atom bonds 
to four or even fewer atoms. Consider sulfuric acid, the industrial chemical pro­
duced in the greatest quantity. Two of the resonance forms for H2S04, with for­
mal charges, are 

• .  (- 1 ) (0) :0:  :0: 
(0) ��) 1(+2) ��) (0) (0) (?! 1 1 (0) ��) (0) 
H-O-S-O-H H-O-S-O-H . .  I . .  . . I I  . . 

:0 :  :0 :  · · (- 1 ) (0) I n 
In form II, sulfur has an expanded valence shell of 12  electrons. Based on the 
formal charge rules, II contributes more than I to the resonance hybrid. More 
importantly, form II is consistent with observed bond lengths. In gaseous H2S04, 
the two sulfur-oxygen bonds with H atoms attached to ° are 1 5 7  pm long, 
whereas the two sulfur-oxygen bonds without H atoms attached to ° are 142 pm 
long. This shorter bond length indicates double-bond character, which is shown 
in form II. 

It's important to realize that formal charge is  a useful, but not perfect, tool 
for assessing the importance of contributions to a resonance hybrid. You've 
already seen that it does not predict an important resonance form of N02. In fact, 
recent theoretical calculations indicate that, for many species with central atoms 
from Period 3 or higher, forms with expanded valence shells and zero formal 
charges may be less important than forms with higher formal charges. But we 
will continue to apply the formal charge rules because it is usually the simplest 
approach consistent with experimental data. 

SAMPLE PROBLEM 1 0.5  Writing Lewis Structures for Octet-Rule Exceptions 
Problem Write Lewis structures for (a) H3P04 (pick the most likely structure) ; (b) BFCI2. 
Plan We write each Lewis structure and examine it for exceptions to the octet rule. In (a), 
the central atom is P, which is  in Period 3, so it can use d orbitals to have more than an 
octet. Therefore, we can write more than one Lewis structure. We use formal charges to 
decide if one resonance form is more important. In (b), the central atom is B, which can 
have fewer than an octet of electrons. 
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Solution (a) For H3P04, two possible Lewis structures, with formal charges, are 

:0: ( - 1 ) 
(0) \�) I \�) (0) 
H-O- P - O- H 

•• 1 (+1 ) " :0: (0) 
I (O) H 

and 

:0 (0) 
(0) \�) II (.�) (0) 
H - O - P - O- H  

• •  1 (0) • •  :0 :  (0) 
I 

(O) H 

U 

Structure IT has lower formal charges, so it is the more important resonance form. 
(b) For BFC12, the Lewis structure leaves B with only six electrons surrounding it: 

:F: 
I 

:QI/B,,-¢): 
Comment In (a), structure IT is also consistent with bond length measurements, which 
show one shorter ( IS2 pm) phosphorus-oxygen bond and three longer ( I S7 pm) ones. 

FOLLOW·U P  PROBLEM 1 0. 5  Write the most likely Lewis structure for (a) POCI3; 
(b) CI02; (c) XeF4. 

S E C T I O N  S U M M A RY 
A stepwise process is used to convert a molecular formula into a Lewis structure, a 
two-dimensional representation of a molecule (or ion) that shows the relative place­
ment of atoms and distribution of valence electrons among bonding and lone pairs. 
When two or more Lewis structures can be drawn for the same relative placement of 
atoms, the actual structure is a hybrid of those resonance forms. Formal charges are 
often useful for determining the most important contributor to the hybrid. Electron­
deficient molecules (central Be or B) and odd-electron species (free radicals) have 
less than an octet around the central atom but often attain an octet in reactions. In 
a molecule (or ion) with a central atom from Period 3 or higher, the atom can hold 
more than eight electrons by using d orbitals to expand its valence shell. 

1 0.2 VALENCE-SHELL ELECTRON-PAIR REPULSION 
(VSEPR) THEORY AND MOLECULAR SHAPE 

Virtually every biochemical process hinges to a great extent on the shapes of inter­
acting molecules. Every medicine you take, odor you smell, or flavor you taste 
depends on part or all of one molecule fitting physically together with another. 
This universal importance of molecular shape in  the functioning of each organ­
ism carries over to the ecosystem. B iologists have learned of complex interactions 
regulating behaviors (such as mating, defense, navigation, and feeding) that 
depend on one molecule's shape matching up with that of another. In this section, 
we discuss a model for understanding and predicting molecular shape. 

The Lewis structure of a molecule is something like the blueprint of a build­
ing: a flat drawing showing the relative placement of parts (atom cores), struc­
tural connections (groups of bonding valence electrons), and various attachments 
(pairs of nonbonding valence electrons). To construct the molecular shape from 
the Lewis structure, chemists employ valence-shell electron-pair repulsion 
(VSEPR) theory. Its basic principle is that each group of valence electrons 
around a central atom is located as far away as possible from the others in order 
to minimize repulsions. We define a "group" of electrons as any number of elec­
trons that occupy a localized region around an atom. Thus, an electron group may 
consist of a single bond, a double bond, a triple bond, a lone pair, or even a lone 
electron. [The two electron pairs in a double bond (or the three pairs in a triple 
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bond) occupy separate orbitals, so they remain near each other and act as one 
electron group, as you'll see in Chapter 1 1 . ]  Each group of valence electrons 
around an atom repels the other groups to maximize the angles between them. It 
is the three-dimensional arrangement of nuclei joined by these groups that gives 
rise to the molecular shape. 

Electron-Group Arrangements and Molecular Shapes 
When two, three, four, five, or six objects attached to a central point maximize 
the space that each can occupy around that point, five geometric patterns result. 
Figure 1 O.3A depicts these patterns with balloons. If the objects are the valence­
electron groups of a central atom, their repulsions maximize the space each occu­
pies and give rise to the five electron-group arrangements of minimum energy 
seen in the great majority of molecules and polyatomic ions. 

The electron-group arrangement is defined by the valence-electron groups, 
both bonding and nonbonding, around the central atom. On the other hand, the 
molecular shape is defined by the relative positions of the atomic nuclei. Fig­
ure 1 O.3B shows the molecular shapes that occur when all the surrounding elec­
tron groups are bonding groups. When some are nonbonding groups, different 
molecular shapes occur. Thus, the same electron-group arrangement can give rise 
to different molecular shapes: some with all bonding groups (as in Figure 1 O.3B) 

and others with bonding and nonbonding groups. To classify molecular shapes, 
we assign each a specific AXI11En designation, where m and n are integers, A is 
the central atom, X is a surrounding atom, and E is a non bonding valence­
electron group (usually a lone pair). 

The bond angle is the angle formed by the nuclei of two surrounding atoms 
with the nucleus of the central atom at the vertex. The angles shown for the 
shapes in Figure l O.3B are ideal bond angles, those predicted by simple geom­
etry alone. These are observed when all the bonding electron groups around a 
central atom are identical and are connected to atoms of the same element. 
When this is  not the case, the bond angles deviate from the ideal angles, as 
you' l l  see shortly. 

It's important to realize that we use the VSEPR model to account for the 
molecular shapes observed by means of various laboratory instruments. In almost 

A 

B Linear Trigonal planar Tetrahedral Trigonal bipyramidal 
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Octahedral 

Figure 10.3 Electron-group repulsions and the five basic molecu­
lar shapes. A, As an analogy for electron-group arrangements, two to 
six attached balloons form five geometric orientations such that each 
balloon occupies as much space as possible. B, Mutually repel l ing 

electron groups attached to a central atom (red) occupy as much 
space as possible. If each is a bonding group to a surrounding atom 
(dark gray), these molecular shapes and bond angles are observed. 
The shape has the same name as the electron-group arrangement. 
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LINEAR 

Class Shape 

Linear 

Examples: CS2, HCN, BeF2 

A = 

E =  

Key 

Figure 10.4 The single molecular shape 
of the linear electron-group arrange­
ment. The key (bottom) for A, X, and E also 
refers to Figures 1 0.5, 1 0.6, 1 0.8, and 1 0.9. 

� Animation: VSEPR Theory and the Shape � of Molecules 
Online Learning Center 

TRIGONAL PLANAR 

Class Shape 

Figure 10.5 The two molecular shapes 
of the trigonal planar electron-group 
arrangement. 
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every case, VSEPR predictions are in accord with actual observations. (We dis­
cuss some of these observational methods in Chapter 1 2.) 

The Molecular Shape with Two Electron Groups 
(Linear Arrangement) 
When two electron groups attached to a central atom are oriented as far apart as 
possible, they point in opposite directions. The linear arrangement of electron 
groups results in a molecule with a linear shape and a bond angle of 1 80°. Fig­
ure 1 0.4 shows the general form (top) and shape (middle) with VSEPR shape class 
(AX2), and the formulas of some linear molecules. 

Gaseous beryllium chloride (BeCI2) is  a linear molecule (AX2). Gaseous 
beryllium compounds are electron deficient, with only two electron pairs around 
the central Be atom: 

180' 
:9.I�9.I : 

In carbon dioxide, the central C atom forms two double bonds with the 0 atoms: 

1 80' 
" � , ,  Q=c=Q 

Each double bond acts as one electron group and is oriented 1 80° away from the 
other, so CO2 is linear. Notice that the lone pairs on the 0 atoms of CO2 or on 
the CI atoms of BeCl2 are not involved in the molecular shape: only electron 
groups around the central atom influence shape. 

Molecular Shapes with Three E lectron Groups 
(Trigonal Planar Arrangement) 
Three electron groups around the central atom repel each other to the corners of 
an equilateral triangle, which gives the trigonal planar arrangement, shown in 
Figure 1 0.5,  and an ideal bond angle of 1 20°. This arrangement has two possible 
molecular shapes, one with three surrounding atoms and the other with two atoms 
and one lone pair. It provides our first opportunity to see the effects of double 
bonds and lone pairs on bond angles. 

When the three electron groups are bonding groups, the molecular shape is 
trigonal planar (AX3)' Boron trifluoride (BF3), another electron-deficient mol­
ecule, is an example. It has six electrons around the central B atom in three sin­
gle bonds to F atoms. The nuclei lie in a plane, and each F-B-F angle is 1 20°: 

:F: 
I 

" ...-B ..... " 
:F/'--./ ..... F: 
" 120' " 

The nitrate ion (N03 -)  is one of several polyatomic ions with the trigonal planar 
shape. One of three resonance forms of the nitrate ion (Sample Problem 1 0.4) is 

:0: 
II 
N 

. <J . 
:q. 120' .q: 

The resonance hybrid has three identical bonds of bond order l �, so the ideal 
bond angle is observed. 

Effect of Double Bonds How do bond angles deviate from the ideal angles when 
the sUlTounding atoms and electron groups are not identical? Consider formalde­
hyde (CH20), a substance with many uses, including the manufacture of Formica 
countertops, the production of methanol, and the preservation of cadavers. Its 
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trigonal planar shape is due to two types of surrounding atoms (0 and H) and 
two types of electron groups (single and double bonds): 

H 120· 

("'" . .  
120· C=O 

/ . .  
H 

ideal 

H 122· 

("'" . . 1 1 6· C=O 
/ . .  

H 

actual 

The actual bond angles deviate from the ideal because the double bond, with its 
greater electron density, repels the two single bonds more strongly than they repel 
each otheJ: Note that the H-C-H bond angle is  less than 1 20°. 

Effect of Lone Pairs The molecular shape is defined only by the positions of the 
nuclei, so when one of the three electron groups is a lone pair (AX2E), the shape 
is bent, or V shaped, not trigonal planar. Gaseous tin (H) chloride is an example, 
with the three electron groups in a trigonal plane and the lone pair at one of the 
triangle's corners. A lone pair can have a major effect on bond angle. Because a 
lone pair is held by only one nucleus, it is less confined and exerts stronger repul­
sions than a bonding pair. Thus, a lone pair repels bonding pairs more strongly 
than bonding pairs repel each othel: This stronger repulsion decreases the angle 
between bonding pairs. Note the decrease from the ideal 1 20° angle in SnCI2: 

o 
Sn . . /-,,- . . 

: 9.1 95" 9.1: 

Molecular Shapes with Four Electron Groups 
(Tetrahedral Arrangement) 
The shapes described so far have all been easy to depict in two dimensions, but 
four electron groups must use three dimensions to achieve maximal separation. 
Recall that Lewis structures do not depict shape. Consider methane. The Lewis 
structure shown below (left) indicates four bonds pointing to the corners of a 
square, which suggests a 90° bond angle. However, in three dimensions, the four 
electron groups move farther apart and point to the veltices of a tetrahedron, a 
polyhedron with four faces made of identical equilateral triangles. Methane has a 
bond angle of 1 09.5°.  Perspective drawings, such as the one shown below (mid­
dle) for methane, indicate depth by using solid and dashed wedges for some of 
the bonds: 

In a perspective drawing (middle), the normal bond lines (blue) represent bonds 
in the plane of the page; the solid wedge (green) is  the bond between the atom 
in the plane of the page and a group lying toward you above the page; and the 
dashed wedge (red) i s  the bond to a group lying away from you below the page. 
The ball-and-stick model (right) shows the tetrahedral shape clearly. 

All molecules or ions with four electron groups around a central atom adopt 
the tetrahedral arrangement (Figure 1 0.6) . When all four electron groups are 
bonding groups, as in the case of methane, the molecular shape is also tetrahedral 
(AX4), a very common geometry in organic molecules. In Sample Problem 1 0. 1 ,  
we drew the Lewis structure for the tetrahedral molecule dichlorodifluoromethane 

TETRAHEDRAL 

� 
1 09.50 

J 
Class Shape 

Trigonal pyramidal 

Figure 10.6 The three molecular 
shapes of the tetrahedral electron­
group arrangement. 
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: F : 
.. I . .  

:CI-C-CI: .. I . .  
: F :  

same as 

:CI: 
. .  I . . :CI-C-F: . .  I . .  

: F :  

Figure 1 0.7 Lewis structures and molecular shapes. Lewis structures do  not ind icate geometry. 
For example, it may seem as if two different Lewis structures can be written for CCI2F2, but a twist 
of the model (CI ,  green; F, yel/ow) shows that they represent the same molecule. 

(CCI2F2), without regard to how the halogen atoms surround the carbon atom. 
Because Lewis structures are fiat, it may seem as if we can write two different struc­
tures for CCI2F2, but these actually represent the same molecule, as Figure 1 0.7 
makes clear. 

When one of the four electron groups in the tetrahedral arrangement is a lone 
pair, the molecular shape is that of a trigonal pyramid (AX3E), a tetrahedron 
with one vertex "missing." As we would expect from the stronger repulsions due 
to the lone pair, the measured bond angle is slightly less than the ideal l09 S .  In 
ammonia (NH3), for example, the lone pair forces the N -H bonding pairs closer, 
and the H-N-H bond angle is 1 07.3° .  

Picturing molecular shapes is  a great way to visualize what happens during 
a reaction. For instance, when ammonia accepts the proton from an acid, the lone 
pair on the N atom of trigonal pyramidal NH3 forms a covalent bond to the H+ 

and yields the ammonium ion (NH4 +) ,  one of many tetrahedral polyatomic ions. 
Note how the H-N-H bond angle expands from 1 07.3° in NH3 to 1 09S in 
NH4 + , as the lone pair becomes another bonding pair: 

H 

107,30 8 " ,\IIN . 
H '" 

j + H+ -
H 

+ H+ -

H + 
109 5'(\ 

" ,,\\\N- H  
H" '

j 
H 

When the four electron groups around the central atom include two bond­
ing and two nonbonding groups, the molecular shape is bent, or V shaped 
(AX2E2) . [In the trigonal planar arrangement, the shape with two bonding 
groups and one lone pair (AX2E) is also called bent, but its ideal bond angle is 
1 20°, not 1 09.5° . ]  Water is  the most important V-shaped molecule with the tetra­
hedral arrangement. We might expect the repulsions from its two lone pairs to 
have a greater effect on the bond angle than the repulsions from the single lone 
pair in NH3. Indeed, the H-O-H bond angle is 1 04.5°,  even less than the 
H-N-H angle in NH3 : 

Q "o� 
H( J � 

104 5' I , H 
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Thus, for similar molecules within a given electron-group arrangement, electron­
pair repulsions cause deviations from ideal bond angles in the following order: 

Lone pair-lone pair > lone pair-bonding pair > bonding pair-bonding pair (10.2) 

Molecular Shapes with Five Electron Groups 
(Trigonal Bipyramidal Arrangement) 
All molecules with five or six electron groups have a central atom from Period 3 
or higher because only these atoms have the d orbitals available to expand the 
valence shell beyond eight electrons. 

When five electron groups maximize their separation, they form the trigonal 
bipyramidal arrangement. In a trigonal bipyramjd, two trigonal pyramids share 
a common base, as shown in Figure 1 0.8 .  Note that, in a molecule with this 
arrangement, there are two types of positions for surrounding electron groups and 

two ideal bond angles. Three equatorial groups lie in a trigonal plane that 
includes the central atom, and two axial groups lie above and below this plane. 
Therefore, a 1 200 bond angle separates equatorial groups, and a 900 angle sepa­
rates axial from equatorial groups. In general, the greater the bond angle, the 
weaker the repulsions, so equatorial-equatorial (1200) repulsions are weaker than 
axial-equatorial (900) repulsions. The tendency of the electron groups to occupy 
equatorial positions, and thus minimize the stronger axjal-equatorial repulsions, 
governs the four shapes of the trigonal bipyramidal arrangement. 

With all five positions occupied by bonded atoms, the molecule has the tri­
gonal bipyramidal shape (AXs), as in phosphorus pentachloride (pels) : 

Three other shapes arise for molecules with lone pairs. Lone pairs exert 
stronger repulsions than bonding pairs, so lone pairs occupy equatorial positions. 

With one lone pair present at an equatorial position, the molecule has a seesaw 
shape (AX4E). Sulfur tetrafluoride (SF4), a powerful fluorinating agent, has tills 
shape, shown here and in Figure 1 0.8  with the "seesaw" tipped up on an end. Note 
how the equatorial lone pair repels all four bonding pairs to reduce the bond angles: 

:F: 
:F .. 18 . 0  -'II 1 01 .5· ( "S : 

:F.�I 
:F:  

The tendency of lone pairs to occupy equatorial positions causes molecules 
with three bonding groups and two lone pairs to have a T shape (AX3E2)' 
Bromine trifluoride (BrF3), one of many compounds with fluorine bonded to a 
larger halogen, has this shape. Note the predicted decrease from the ideal 900 
F-Br-F bond angle: 

SF' .' ' 1 '86.2. ::\ . .  
Br-F: 

'. I _ . 
:F: 

Molecules with three lone pairs in equatorial positions must have the two bond­
ing groups in axial positions, willch gives the molecule a linear shape (AX2E3) and 

TRIGONAL BIPYRAMIDAL 

Class Shape 

311 

Trigonal bipyramidal 

Examples: PFs' AsFs' SOF4 

Examples: CIF3, BrF3 

Figure 10.8 The four molecular shapes 
of the trigonal bipyramidal electron­
group arrangement_ 
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OCTAHEDRAL 

Class Shape 

Octahedral 

Examples: SF6, IOF5 

Square pyramidal 

Examples: BrF5, TeF5-, XeOF4 

Square planar 

Examples: XeF 4' ICI4-

Figure 1 0.9 The three molecular 
shapes of the octahedral electron­
group arrangement. 
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a 1 80° axial-to-central-to-axial (X-A-X) bond angle. For example, the trijodide 
ion (13-), which forms when 12 dissolves in aqueous 1- solution, is linear: 

citY : r :  

Molecular Shapes with Six Electron Groups 
(Octahedral Arrangement) 
The last of the five major electron-group arrangements is the octahedral 
arrangement. An octahedron is a polyhedron with eight faces made of identical 
equilateral triangles and six identical vertices, as shown in Figure 10.9. In a mol­
ecule (or ion) with this arrangement, six electron groups surround the central atom 
and each points to one of the six vertices, which gives all the groups a 90° ideal 
bond angle. Three important molecular shapes occur with this arrangement. 

With six bonding groups, the molecular shape is octahedral (AX6), as in sul­
fur hexafluoride (SF6): 

:F: 
:F .... I . .  ' F: . .  I",

S
\\\" . .  

:F.""""'- I "'F.: 
:F: 

Because all six electron groups have the same ideal bond angle, it makes no 
difference which position one lone pair occupies. Five bonded atoms and one lone 
pair define the square pyramidal shape (AXsE), as in iodine pentafluoride (IFs): 

When a molecule has four bonded atoms and two lone pairs, however, the 
lone pairs always lie at opposite vertices to avoid the stronger 90° lone pair-lone 
pair repulsions. This positioning gives the square planar shape (AX4E2), as in 
xenon tetrafluoride (XeF4) : 

Using VSEPR Theory to Determine Molecular Shape 
Let's apply a stepwise method for using the VSEPR theory to determine a molec­
ular shape from a molecular formula: 

Step 1. Write the Lewis structure from the molecular formula (Figure 10. 1 )  to see 
the relative placement of atoms and the number of electron groups. 

Step 2. Assign an electron-group arrangement by counting all electron groups 
around the central atom, bonding plus nonbonding. 
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Step 3. Predict the ideal bond angle from the electron-group arrangement and 
the direction of any deviation caused by lone pairs or double bonds. 

Step 4. Draw and name the molecular shape by counting bonding groups and 
nonbonding groups separately. 

Figure 10.10 sLlnunarizes these steps, and the next two sample problems apply them. 

Step 1 Step 2 Step 3 
Molecular Lewis Electron-

formula See structure Count all group Note positions 
Figure 1 0. 1  e 

-
groups arrangement of any lone 

around central pairs and 
atom (Al double bonds 

SAMPLE PROBLEM 1 0.6 Predicting Molecular Shapes with Two, Three, 
or Four Electron Groups 

Problem Draw the molecular shapes and predict the bond angles (relative to the ideal 
angles) of (a) PF3 and (b) COCI2. 
Solution (a) For PF3. 
Step 1.  Write the Lewis structure from the formula (see below left). 
Step 2. Assign the electron-group arrangement: Three bonding groups plus one lone pair 
give four electron groups around P and the tetrahedral arrangement. 
Step 3. Predict the bond angle: For the tetrahedral electron-group arrangement, the 
ideal bond angle is 109 .50• There is one lone pair, so the actual bond angle should be 
less than 1 09.50• 

Step 4. Draw and name the molecular shape: With four electron groups, one of them a 
lone pair, PF3 has a trigonal pyramidal shape (AX3E): 

:F-P-F: =;> 
.. 1 

.
. 4 e

-
:F:  groups 

(b) For COCI2. 

Tetrahedral 
arrangement 

=;> < 1 09.50 
1 lone 

pair 
3 bonding 

groups 

o . . ''''',' P J--- F"
· 'F'''' ..,/ . 

' . .  96.3° . .  
' F ' 
' . : AX3E 

Step 1. Write the Lewis structure from the formula (see below left). 
Step 2. Assign the electron-group arrangement: Two single bonds plus one double bond 
give three electron groups around C and the trigonal planar arrangement. 
Step 3. Predict the bond angles: The ideal bond angle is 1 200, but the double bond between 
C and 0 should compress the Cl-C-Cl angle to less than 1 200• 
Step 4. Draw and name the molecular shape: With three electron groups and no lone pairs, 
COCl2 has a trigonal planar shape (AX3): 

Trigonal 
planar 

arrangement 

==�: CI-C-O > 1 200 
1 double CI-C-CI < 1 200 bond 

3 bonding 
groups 

:0: 
1 1 \ 1 24 50 
C ) . 

:CI�""-CI: . .  1 1 1° . .  
AX3 

Check We compare the answers with the information in Figures 10.5 and 10.6. 
Comment Be sure the Lewis structure is correct because it determines the other steps. 

FOLLOW· U P  PROBLEM 1 0.6 Draw the molecular shapes and predict the bond 
angles (relative to the ideal angles) of (a) CS2; (b) PbCI2; (c) CBr4; (d) SF2. 

SAMPLE PROBLEM 1 0.7  Predicting Molecular Shapes with Five or Six 
Electron Groups 

Problem Determine the molecular shapes and predict the bond angles (relative to the ideal 
angles) of (a) SbFs and (b) BrFs. 
Plan We proceed as in Sample Problem 10.6, keeping in mind the need to minimize the 
number of 900 repulsions. 
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Figure 10.10 The steps in determining 
a molecular shape. Four steps are 
needed to convert a molecular formula to 
a molecular shape. 

Bond 
angles 

Step 4 
Molecular 

Count bonding shape 
and nanbonding (AXmEnl 
e- groups 
separately 
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Figure 10.11 The tetrahedral centers of 
ethane and of ethanol. When a molecule 
has more than one central atom, the 
overall shape is a composite of the shape 
around each center. A, Ethane's shape can 
be viewed as two overlapping tetrahedra. 
B, Ethanol's shape can be viewed as three 
overlapping tetrahedral arrangements, 
with the shape around the 0 atom bent 
(V shaped) because of its two lone pairs. 

CHAPTER 1 0  The Shapes of Molecules 

Solution (a) For SbFs. 
Step 1. Lewis structure (see below left). 
Step 2. Electron-group arrangement: With five electron groups, this is the trigonal bipyra­
midal arrangement. 
Step 3. Bond angles: All the groups and surrounding atoms are identical, so the 
bond angles are ideal: 1 20° between equatorial groups and 90° between axial and equa­

torial groups. 
Step 4. Molecular shape: Five electron groups and no lone pairs give the trigonal 
bipyramidal shape (AXs): 

Trigonal Ideal 
b' 'd I no lone bond 

=====} 5 e­
groups Ipyraml a pairs or 

arrangement double bonds angles 

(b) For BrFs. 
Step 1. Lewis structure (see below left). 

5 bonding 
groups 

:F: ." 1 90· .F ... ""","U" •• "" h�" 120· ( "Sb F: :F./ I  . . 
:F: 

AXs 

Step 2. Electron-group arrangement: Six electron groups give the octahedral arrangement. 
Step 3. Bond angles: The lone pair should make all bond angles less than the ideal 90°. 
Step 4. Molecular shape: With six electron groups and one of them a lone pair, BrFs has 
the square pyramidal shape (AXsE): 

:F: :F.'-. , /F.: 
. .  ....Br, . . =====} :F./ .. 'F.: 6 e-

groups 
Octahedral 

arrangement 
=====} <900 

1 lone 
pair 

5 bonding 
groups 

:F: S4.S• ,' . '""",, " . .F. ·····" " Br '\"····· f.. :F.,......()�F.: 
AXsE 

Check We compare our answers with Figures 1 0.8 and 10.9. 
Comment We will encounter the linear, tetrahedral, square planar, and octahedral shapes 
in coordination compounds, which we discuss in Chapter 22. 

FOLLOW-U P  PROBLEM 1 0.7 Draw the molecular shapes and predict the bond 
angles (relative to the ideal angles) of (a) IC12 - ; (b) ClF3; (c) SOF4. 

Molecular Shapes with More Than One Central Atom 
Many molecules, especially those in living systems, have more than one central atom. 
The shapes of these molecules are combinations of the molecular shapes for each 
central atom. For these molecules, we find the molecular shape around one central 
atom at a time. Consider ethane (CH3CH3; molecular formula C2H6), a component 
of natural gas (Figure 1 O. l 1 A). With four bonding groups and no lone pairs around 
each of the two central carbons, ethane is shaped like two overlapping tetrahedra. 

H H 
\ £-H c-c 

H .... ·' \ 
H H 

A 

H H 
\ I �H 
c-c"""-

H ·····'j \ 

B 

H

CO
H 



1 0.3 Molecular Shape and Molecular Polarity 

Ethanol (CH3CH20H; molecular formula C2H60), the intoxicating substance 
in beer and wine, has three central atoms (Figure l O. l l B) .  The CH3 - group is 
tetrahedrally shaped, and the - CH2- group has four bonding groups around its 
central C atom, so it is tetrahedrally shaped also. The 0 atom has four electron 
groups and two lone pairs around it, which gives the V shape (AX2E2). 

SAMPLE PROBLEM 1 0.8  Predicting Molecular Shapes with More Than 
One Central Atom 

Problem Determine the shape around each of the central atoms in acetone, (CH3hC=O. 
Plan There are three central atoms, all C, two of which are in CH3- groups. We deter­
mine the shape around one central atom at a time. 
Solution 
Step 1. Lewis structure (see below left). 
Step 2. Electron-group arrangement: Each CH3- group has four electron groups around 
its central C, so its electron-group arrangement is tetrahedral. The third C atom has three 
electron groups around it, so it has the trigonal planar arrangement. 
Step 3. Bond angles: The H-C-H angle in the CH3- groups should be near the ideal 
tetrahedral angle of 1 09.5° .  The C=O double bond should compress the C-C-C angle 
to less than the ideal 1 20°. 
Step 4. Shapes around central atoms: With four electron groups and no lone pairs, the shapes 
around the two C atoms in the CH3- groups are tetrahedral (AX4). With three electron 
groups and no lone pairs, the shape around the middle C atom is trigonal planar (AX3): 

H :0: H 
I I I I 

H-C-C-C-H 
3 e- groups 

(middle C) 
4 e- groups 

Trigonal planar 
(middle C) 

Tetrahedral 
(end C's) 

==�; C-C-O >1 20° 
1 dou

bl
e C-C-C <1 200 b

ond 
all 

b
onding 

groups 

:0: �j 1220 
H ... / "  .. " H " " 11 C /'----'" C\\',·,) 

I I 
H H (end C's) 

(middle C) H-C -H - 1 09.5° 
H-C-C -1 09.5° 

,,- \ 1 1 60 / �-109SO 
H H H H 

FOLLOW-U P  PROBLEM 1 0.8  Determine the shape around each central atom and 
predict any deviations from ideal bond angles in the following: (a) H2S04; (b) propyne 
(C3H4; there is one C-C bond); (c) S2F2' 

S E C T I O N  S U M M A RY 
The VSEPR theory proposes that each group of electrons (single bond, multiple bond, 
lone pair, or lone electron) around a central atom remains as far away from the oth­
ers as possible. One of five electron-group arrangements results when two, three, four, 
five, or six electron groups surround a central atom. Each arrangement is associated 
with one or more molecular shapes. Ideal bond angles are prescribed by the regular 
geometric shapes; deviations from these angles occur when the surrounding atoms 
or electron groups are not identical. Lone pairs and double bonds exert greater repul­
sions than single bonds. Larger molecules have shapes that are composites of the 
shapes around each central atom. 

1 0.3 MOLECULAR SHAPE AND MOLECULAR POLARITY 

Knowing the shape of a substance's molecules is a key to understanding its phys­
ical and chemical behavior. One of the most important and far-reaching effects of 
molecular shape is molecular polarity, which can influence melting and boiling 
points, solubility, chemical reactivity, and even biological function. 

3 1 5  

I n  Chapter 9 ,  you learned that a covalent bond i s  polar when i t  joins atoms of 
different electronegativities because the atoms share the electrons unequally. In 
diatomic molecules, such as HF, where there is only one bond, the bond polatity 
causes the molecule itself to be polar. Molecules with a net imbalance of charge have 
a molecular polarity. In molecules with more than two atoms, both shape and bond 

polarity determine molecular polarity. In an electric field, polar molecules become 
� Animation: Influence of Shape on Polarity � Online Learning Center 
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A 

B Electric field off 

C Electric field on 

Figure 10.12 The orientation of polar 
molecules in an electric field. A, A 
space-fil l ing model of HF (left) shows the 
partial charges of this polar molecule. The 
electron density model (right) shows high 
electron density (red) associated with the 
F end and low electron density (blue) with 
the H end. B, In the absence of an exter­
nal electric field. HF molecules are 
oriented randomly. C, In the presence of 
an electric field. the molecules. on aver­
age. become oriented with their partial 
charges pointing toward the oppositely 
charged plates. 

CHAPTER 10 The Shapes of Molecules 

oriented, on average, with their partial charges pointing toward the oppositely charged 
electric plates, as shown for HF in Figure 10. 12 . The dipole moment (V-) is the prod­
uct of these partial charges and the distance between them. It is typically measured 
in debye (D) units; using the SI units of charge (coulomb, C) and length (meter, m), 
1 D = 3 .34X 10-

3
0 C·m. [The unit is named for Peter Debye ( 1 884- 1966), the 

Dutch American chemist and physicist who won a Nobel Prize in 1936 for his major 
contributions to our understanding of molecular structure and solution behavior.] 

To determine molecular polarity, we also consider shape because the presence 
of polar bonds does not always lead to a polar molecule. In carbon dioxide, for 
example, the large electronegativity difference between C (EN = 2.5) and 0 
(EN = 3 .5 )  makes each C=O bond quite polar. However, CO2 is linear, so its 
bonds point 1 800 from each other. As a result, the two identical bond polarities 
are counterbalanced and give the molecule no net dipole moment (f.L = 0 D). The 
electron density model shows regions of high negative charge (red) distributed 
equally on either side of the central region of high positive charge (blue): 

Q=C=Q 
� . 0  

Water also has identical atoms bonded to the central atom, but it does have 
a significant dipole moment (f.L = 1 .85 D). In each O-H bond, electron density 
is pulled toward the more electronegative 0 atom. Here, the bond polarities are 
not counterbalanced, because the water molecule is V shaped (also see Figure 
4. 1 ) .  Instead, the bond polarities are partially reinforced, and the 0 end of the 
molecule is more negative than the other end (the region between the H atoms), 
which the electron density model shows clearly: 

W 
(The molecular polarity of water has some amazing effects, from determining the 
composition of the oceans to supporting life itself, as you'll see in Chapter 12 . )  

In the two previous examples, molecular shape influences polarity. When dif­
ferent molecules have the same shape, the nature of the atoms surrounding the cen­
tral atom can have a major effect on polarity. Consider carbon tetrachloride (CCI4) 
and chloroform (CHCI3), two tetrahedral molecules with very different polarities. In 
CCI4, the surrounding atoms are all CI atoms. Although each C-Cl bond is polar 
(AEN = 0.5), the molecule is nonpolar (f.L = 0 D) because the individual bond polar­
ities counterbalance each other. In CHCI3, H substitutes for one CI atom, disrupting 
the balance and giving chloroform a significant dipole moment (f.L = 1 .01 D): 

:CI: 
.. _ It :CI .. · .... ·" C · : ·# �C . . I · :�I v . . ' 

SAM PLE PROBLEM 1 0.9 Predicting the Polarity of Molecules 
Problem From electronegativity (EN) values and their periodic trends (see Figure 9 .20), 
predict whether each of the following molecules is polar and show the direction of bond 
dipoles and the overall molecular dipole when applicable: 
(a) Ammonia, NH3 (b) Boron trifluoride, BF3 
(c) Carbonyl sulfide, COS (atom sequence SCO) 



For Review and Reference 

Plan First, we draw and name the molecular shape. Then, using relative EN values, we 
decide on the direction of each bond dipole. Finally, we see if the bond dipoles balance 
or reinforce each other in the molecule as a whole. 
Solution (a) For NH3. The molecular shape is trigonal pyramidal. From Figure 9.20, we 
see that N (EN = 3 .0) is more electronegative than H (EN = 2. 1 ), so the bond dipoles 
point toward N. The bond dipoles partially reinforce each other, and thus the molecular 
dipole points toward N: 

\-) \-) \-) H .. -;N"'H H4�H " 1"'" I H H H 
molecular shape bond dipoles molecular dipole 

Therefore, ammonia is  polar. 
(b) For BF3. The molecular shape is trigonal planar. Because F (EN = 4.0) is farther to 
the right in Period 2 than B (EN = 2 .0), i t  is more electronegative; thus, each bond dipole 
points toward F. However, the bond angle is 1 200, so the three bond dipoles counter­
balance each other, and BF3 has no molecular dipole: 

:F: 
I 

. . /B , . . :F. / 'F.: 
molecular shape 

:F: 
U 

.. /B� . . :F.? 'F.: 
bond dipoles 

Therefore, boron trifluoride is  nonpolar. 

:F: 
I 

. . /B .... . .  :F./ 'F.: 
no molecular dipole 

(c) For COS. The molecular shape is bnear. With C and S having the same EN, the C=S 
bond is nonpolar, but the C=O bond is quite polar (LlEN = 1 .0), so  there is a net molec­
ular dipole toward the 0: 

�=C=Q �=C=Q 
molecular shape bond dipole 

Therefore, carbonyl sulfide is  polar. 

I ) 
�=C=Q 

molecular dipole 

FOLLOW-U P  P ROBLEM 1 0.9 Show the bond dipoles and molecular dipole, if any, 
for (a) dichloromethane (CH2CI2) ;  (b) iodine oxide pentafl.uoride (IOFs); (c) nitrogen tri­
bromide (NBr3)' 

S E C T I O N  S U M MA RY 
Bond polarity and molecular shape determine molecular polarity, which is measured 
as a dipole moment. When bond polarities counterbalance each other, the molecule 
is nonpolar; when they reinforce each other, even partially, the molecule is polar. 

For Review and Reference {Numbers in parentheses refer to pages, unless noted otherwise.} 
Learning Objectives 
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To help you review these leorning objectives, the numbers of re­
lated sections (§),  sample problems (SP), and end-of-chapter 
problems (EP) are listed in parentheses. 

important resonance structure (§ lO. l )  (SP l O.S) (EPs 1 0.3, 1 0.4, 
10 . 1 3- 10.24) 

l .  Use the octet rule to draw a Lewis structure from a molecular 
formula (§ 1 0. 1 )  (SPs 10 . 1- 10.3) (EPs 1 0. 1 ,  1 0.5-1 0.8) 
2 .  Understand how electron delocalization explains bond proper­
ties, and draw resonance structures (§ 1 0. 1 )  (SP 1 0.4) (EPs 1 0.2, 
1 0.9- 10. 1 2) 
3. Describe the three exceptions to the octet rule, draw Lewis 
structures for them, and use formal charges to select the most 

4. Describe the five electron-group arrangements and associated 
molecular shapes, predict molecular shapes from Lewis struc­
tures, and explain deviations from ideal bond angles (§ 1 0.2) (SPs 
1 0.6-1 0.8) (EPs 1 0.25-10.49) 
S. Understand how a molecule's polarity arises, and use molecu­
lar shape and EN values to predict the direction of a dipole 
(§ 1 0.3) (SP 1 0.9) (EPs lO.SO- IO.SS) 



318 CHAPTER 1 0  The Shapes of Molecules 

Key Terms 
Section 1 0. 1  
Lewis structure (Lewis 

formula) (297) 
resonance structure 

(resonance form) (300) 
resonance hybrid (300) 
electron-pair 

delocalization (30 1 )  
formal charge (302) 
electron deficient (303) 

free radical (304) 
expanded valence shell (305) 
Section 1 0.2 
valence-shell electron-pair 

repulsion (VSEPR) 
theory (306) 

molecular shape (307) 
bond angle (307) 
linear arrangement (308) 
l inear shape (308) 

Key Equations and Relationships 
1 0. 1  Calculating the formal charge on an atom (302): 
Formal charge of atom 

= no. of valence e - - (no. of unshared valence e­
+ � no. of shared valence e-) 

Brief Solutions to Follow-up Problems 

1 0. 1  (a) H-S: (b) /ci� 
I :F :  :F : 
H 

1 0.2 (a) H-N-O-H 
I . .  (b) 

(c) :0 :  
�" 

:9,1/ "9,1: 
H H 
I . .  I 

H H-C-O-C-H 
I . . I 
H H 

10.3 (a) :C-O: (b) H-C-N: (c) :Q=C=Q: 
1 0.4 :0: 

I I  
. /

C
" . :�. .�: 

2-

1 0.5 (a) :0 :  
I I  p 

:cl/ I "cl: .. :9.1 :  • •  

1 0.6 (a) s=C=s 
. .  - ,  

Linear, 1 80° 

Tetrahedral, 1 09.5° 

:0: 2-
I 
C .� :q: 

(b) 

(d) CJ 
:1: ···· .. ,'/0 

:F: 
V shaped, < 109.5° 

trigonal planar 
arrangement (308) 

seesaw shape (3 1 1 ) 
T shape (3 1 1 ) 

bent shape (V shape) (309) 
tetrahedral atnngement (309) 
trigonal pyramidal 

octahedral atTangement (3 1 2) 
square pyramidal 

shape (3 12) 
shape (3 1 0) square planar shape (3 1 2) 

trigonal bipyramidal 
arrangement (3 1 1 ) 

equatorial group (3 1 1 ) 
axial group (3 1 1 ) 

Section 1 0.3 
molecular polarity (3 15)  
dipole moment (f.L)  (3 16) 

1 0.2 Ranking the effect of electron-pair repulsions on bond 
angle (3 1 1 ): 
Lone pair-lone pair > lone pair-bonding pair 

1 0.7 

('l 010 VCI: 

Linear, 1 80° 

1 0.8 (a) :0: 

> bonding pair-bonding pair 

(b) o.F: (c) :F: 
: I • • 'F  I CI -F : . . . ..... " . . 
'. I "  . .  �8=Q 

:f.: :f..... I 
:F: 

T shaped, <90° Trigonal bipyramidal 
Feq-S-Feq angle < 120° 
Fax-S-Feq angle <90° 

S is tetrahedral; double bonds com­
press O-S-O angle to < 109.5° . 
Each central 0 is V shaped; lone 
pairs compress H-O-S angle to 
< 1 09.5°. 

c9. \\ . . 8=0 : O
······,"

J 
. .  

<(9 
(b) H 

\ 
H ·· .... 't-C_C-H 

H 
C in CH3- is tetrahedral � 1 09.5°; 
other C atoms are linear, 1 80°. 
1 0.9 
(a) :CI: 11/ . . 

H4�C=CI: 

""
1/ 

. . 
H 

Each S is V shaped; 
F-S-S angle < 109.50. 



Problems 
Problems with colored numbers are answered in Appendix E. 
Sections match the text and provide the numbers of relevant 
sample problems. Bracketed problems are grouped in pairs 
(indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

Depicting Molecules and Ions with Lewis Structures 
(Sample Problems 1 0. 1 to 1 0.5) 

10 . 1  Which of these atoms cannot serve as a central atom in a 
Lewis structure: (a) 0; (b) He; (c) F; (d) H; (e) P? Explain. 

1 0.2 When is a resonance hybrid needed to adequately depict the 
bonding in a molecule? Using N02 as an example, explain how 
a resonance hybrid is consistent with the actual bond length, 
bond strength, and bond order. 

1 0.3 In which of these bonding patterns does X obey the octet 
rule? 

(a) 
I -x-
I 

(b) 
I :x -
I 

(c) (d) 

--l-- -X: 
/ \  

(e) (f) (g) (h) 

-X= 
I .. 2--X= /X ....... :X :  I 

1 0.4 What is required for an atom to expand its valence shell? 
Which of the following atoms can expand its valence shell :  F, S, 
H, AI, Se, CI? 

[ 1 0.5 Draw a Lewis structure for (a) SiF4; (b) SeCI2; (c) COF2 
(C is central). 

1 0.6 Draw a Lewis structure for (a) PH4 +; (b) C2F4; (c) SbH3. 

1 0.7 Draw a Lewis structure for (a) PF3; (b) H2C03 (both H atoms 
are attached to 0 atoms); (c) CS2. 

1 0.8 Draw a Lewis structure for (a) CH4S ; (b) S2C12; (c) CHCI3. 

1 0.9 Draw Lewis structures of all the important resonance forms 
of (a) N02 + ;  (b) N02F (N is central). 

1 0. 1 0  Draw Lewis structures of all the important resonance forms 
of (a) HN03 (HON02); (b) HAsO/- (HOAs03

2
-) .  

1 0. 1 1 Draw Lewis structures of all the important resonance forms 
of (a) N3 - ;  (b) N02- . 

1 0. 1 2  Draw Lewis structures of all the important resonance forms 
of (a) HC02 - (H is attached to C); (b) HBr04 (HOBr03). 

1 0. 1 3  Draw a Lewis structure and calculate the formal charge of 
each atom in (a) IFs; (b) AIH4- .  

1 0. 1 4  Draw a Lewis structure and calculate the formal charge of 
each atom in (a) COS (C is central); (b) NO. 

1 0. 1 5  Draw a Lewis structure for the most important resonance 
form of each ion, showing formal charges and oxidation num­
bers of the atoms: (a) Br03 - ;  (b) SO/- .  

1 0. 1 6  Draw a Lewis structure for the most important resonance 
form of each ion, showing formal charges and oxidation num­
bers of the atoms: (a) Asol- ; (b) CI02- .  

1 0. 1 7  These species do not obey the octet rule. Draw a Lewis 
structure for each, and state the type of octet-rule exception: 
(a) BH3 (b) AsF4 - (c) SeCI4 

Problems 3 1 9  

1 0. 1 8  These species do not obey the octet rule. Draw a Lewis 
structure for each, and state the type of octet-rule exception: 
(a) PF6 - (b) CI03 (c) H3P03 

1 0. 1 9  These species do not obey the octet rule. Draw a Lewis 
structure for each, and state the type of octet-rule exception: 
(a) BrF3 (b) ICI2 - (c) BeF2 

1 0.20 These species do not obey the octet rule. Draw a Lewis 
structure for each, and state the type of octet-rule exception: [ (a) 03 - (b) XeF2 (c) SbF4-

1 0.21 Molten beryllium chloride reacts with chloride ion from 
molten NaCI to form the BeCl/- ion, in which the Be 
atom attains an octet. Show the net ionic reaction with Lewis 
structures. 

1 0.22 Despite many attempts, the perbromate ion (Br04 -) was 
not prepared in the laboratory until about 1 970. (Indeed, articles 
were published explaining theoretically why it could never be 
prepared ! )  Draw a Lewis structure for Br04 - in which all atoms 
have the lowest formal charges. 

1 0.23 Cryolite (Na3AIF6) is an indispensable component in the 
electrochemical manufacture of aluminum. Draw a Lewis struc­
ture for the AIFi- ion. 

1 0.24 Phosgene is a colorless, highly toxic gas employed against 
troops in World War I and used today as a key reactant in organic 
syntheses. Use formal charges to select the most important of the 
following resonance structures: 

:0: 
" 

. . /c ....... . .  
: 9.1 9.1 :  

A 

: 0 : 
I 

. . �c ....... . .  
:C I  9.1: 

B 

:0: 
I 

. . /C� . . 
:CI "CI: 

C 

Valence-Shell Electron-Pair Repulsion (VSEPR) Theory 
and Molecular  Shape 
(Sample Problems 1 0.6 to 1 0.8)  

1 0.25 If you know the formula of a molecule or ion, what is the 
first step in predicting its shape? 

1 0.26 In what situation is the name of the molecular shape the 
same as the name of the electron-group arrangement? 

1 0.27 Which of the following numbers of electron groups can give 
rise to a bent (V-shaped) molecule: two, three, four, five, six? 
Draw an example for each case, showing the shape classification 
(AX",En) and the ideal bond angle. 

1 0.28 Name all the molecular shapes that have a tetrahedral 
electron-group arrangement. 

1 0.29 Why aren 't lone pairs considered along with surrounding 
bonding groups when describing the molecular shape? 

1 0.30 Use wedge-bond perspective drawings (if necessary) to 
sketch the atom positions in a general molecule of formula (not 
shape class) AXn that has each of the following shapes: 
(a) V shaped (b) trigonal planar (c) trigonal bipyramidal 
(d) T shaped (e) trigonal pyramidal (f) square pyramidal 

1 0.3 1 What would you expect to be the electron-group arrange­
ment around atom A in each of the following cases? For each 
arrangement, give the ideal bond angle and the direction of any 
expected deviation: 
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(a) x 
I 

(b) X - A-X (c) x 
I 

(d) x -A-x 
X-A: 

I x 
(e) X = A=X 

x 

(f) :A/
X 

I "x 
X 

X = A -X 

1 1 0.32 Determine the electron-group arrangement, molecular 
shape, and ideal bond angle(s) for each of the following: 
(a) 03 (b) H30+ (c) NF3 

1 0.33 Determine the electron-group arrangement, molecular 
shape, and ideal bond angle(s) for each of the following: 
(a) SO/- (b) N02 - (c) PH3 

1 0.34 Determine the electron-group arrangement, molecular 
shape, and ideal bond angle(s) for each of the following: 
(a) CO/- (b) S02 (c) CF4 

1 0.35 Determine the electron-group arrangement, molecular 
shape, and ideal bond angle(s) for each of the following: 
(a) S03 (b) N20 (N is central) (c) CH2Cl2 

1 0.36 Name the shape and give the AXmEn classification and ideal 
bond angle(s) for each of the following general molecules: 

• 

(a) (b) (c) " 

1 0.37 Name the shape and give the AXI1IEn classification and ideal 
bond angle(s) for each of the following general molecules: 

(a) (b). (c) 

1 0.38 Determine the shape, ideal bond angle(s), and the direction 
of any deviation from these angles for each of the following: 
(a) CI02 - (b) PFs (c) SeF4 (d) KrF2 

1 0.39 Determine the shape, ideal bond angle(s), and the direction 
of any deviation from these angles for each of the following: 
(a) Cl03- (b) IF4- (c) SeOF2 (d) TeFs-

1 0.40 Determine the shape around each central atom in each mol­
ecule, and explain any deviation from ideal bond angles: 
(a) CH30H (b) N204 (02NN02) 

1 0.41 Determine the shape around each central atom in each mol­
ecule, and explain any deviation from ideal bond angles: 
(a) H3P04 (no H-P bond) (b) CH3-O-CH2CH3 

1 0.42 Determine the shape around each central atom in each mol­
ecule, and explain any deviation from ideal bond angles: 
(a) CH3COOH (b) H202 

1 0.43 Determine the shape around each central atom in each mol­
ecule, and explain any deviation from ideal bond angles: 
(a) H2S03 (no H-S bond) (b) N203 (ONN02) 

1 0.44 Arrange the following AFIl species in order of increasing 
F-A-F bond angles: BF3, BeFb CF4, NF3, OF2. 

1 0.45 Arrange the following ACln species in order of decreasing 
CI-A-CI bond angles: SCI2, OCI2, PCI3, SiCI4, SiCI/- . 

1 0.46 State an ideal value for each of the bond angles in each mol­
ecule, and note where you expect deviations: 
(a) (b) (c) 

H H H 
H 
I :0: 

I . . I . . I . .  I . .  
H-C=['!-�-H H-�-B-�-H H-C-O-C-H 

I 
.

. I H H 

1 0.47 State an ideal value for each of the bond angles in each mol­
ecule, and note where you expect deviations: 
W � H � :0: 

I I  . . O=N-O-H H-6-c=o H-C-O-H . .  
I 

. . 
I I . . :0: H H 

1 0.48 Because both tin and carbon are members of Group 4A( 14) ,  
they form structurally similar compounds. However, tin exhibits 
a greater variety of structures because it forms several ionic 
species. Predict the shapes and ideal bond angles, including any 
deviations, for the following: 
(a) Sn(CH3h (b) SnCl3 - (c) Sn(CH3)4 
(d) SnFs - (e) SnF6

2
-

1 0.49 In the gas phase, phosphorus pentachloride exists as sepa­
rate molecules. In the solid phase, however, the compound is 
composed of alternating PCl4 + and PCI6 - ions. What change(s) 
in molecular shape occur(s) as PC Is solidifies? How does the 
CI-P-CI angle change? 

Molecular Shape and Molecular Polarity 
(Sample Problem 1 0.9) 

1 0.50 How can a molecule with polar covalent bonds not be polar? 
Give an example. 

1 1 0.5 1  Consider the molecules SClb F2, CSb CF4, and BrCI. 
(a) Which has bonds that are the most polar? 
(b) Which have a molecular dipole moment? 

1 0.52 Consider the molecules BF3, PF3, BrF3, SF4, and SF6. 
(a) Which has bonds that are the most polar? 
(b) Which have a molecular dipole moment? 

1 0.53 Which molecule in each pair has the greater dipole mo­
ment? Give the reason for your choice. 
(a) S02 or S03 (b) ICI or IF 
(c) SiF4 or SF4 (d) H20 or H2S 

1 0.54 Which molecule in each pair has the greater dipole moment? 
Give the reason for your choice. 
(a) CI02 or S02 (b) HBr or HCI 
(c) BeCl2 or SCl2 (d) AsF3 or AsFs 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

* 1 0.55 There are three different dichloroethylenes (molecular for­
mula C2H2CI2), which we can designate X, Y, and Z. Compound 
X has no dipole moment, but compound Z does. Compounds X 
and Z each combine with hydrogen to give the same product: 

C2H2Cl2 (X or Z) + H2 -----+ CICH2-CH2Cl 
What are the structures of X, Y, and Z? Would you expect com­
pound Y to have a dipole moment? 

1 0.56 In addition to ammonia, nitrogen forms three other hy­
drides: hydrazine (N2H4), diazene (N2H2), and tetrazene (N4H4). 



(a) Use Lewis structures to compare the strength, length, and or­
der of nitrogen-nitrogen bonds in hydrazine, diazene, and N2. 
(b) Tetrazene (atom sequence H2NNNNH2) decomposes above 
O°C to hydrazine and nitrogen gas. Draw a Lewis structure for 
tetrazene, and calculate /::;.H�xn for this decomposition. 

1 0.57 Both aluminum and iodine form chlorides, Al2Cl6 and 12C16, 
with "bridging" Cl atoms. The Lewis structures are 

(a) What is the formal charge on each atom? (b) Which of these 
molecules has a planar shape? Explain. 

1 0.58 Nitrosyl fluoride (NOF) has an atom sequence in which all 
atoms have formal charges of zero. Write the Lewis structure 
consistent with this fact. 

1 0.59 The VSEPR model was developed in the 1 9S0s, before any 
xenon compounds had been prepared. Thus, in the early 1 960s, 
these compounds provided an excellent test of the model 's pre­
dictive power. What would you have predicted for the shapes of 
XeF2, XeF4, and XeF6? 

1 0.60 The actual bond angle in N02 is 1 34.3°, and in N02 - it is 
1 1 5 .4°, although the ideal bond angle is 1 20° in both. Explain. 

1 0.61 "Inert" xenon actually forms several compounds, especially 
with the highly electronegative elements oxygen and fluorine. 
The simple fluorides XeF2, XeF4, and XeF6 are all formed by di­
rect reaction of the elements. As you might expect from the size 
of the xenon atom, the Xe-F bond is not a strong one. Calcu­
late the Xe -F bond energy in XeF6, given that the heat of for­
mation is -402 kJ/mo!. 

1 0.62 Chloral, CI3C-CH=0, reacts with water to form the seda­
tive and hypnotic agent chloral hydrate, CI3C-CH(OHh. Draw 
Lewis structures for these substances, and describe the change in 
molecular shape, if any, that occurs around each of the carbon 
atoms during the reaction. 

* 1 0.63 Like several other bonds, carbon-oxygen bonds have 
lengths and strengths that depend on the bond order. Draw Lewis 
SU'uctures for the following species, and anange them in order of 
increasino carbon-oxyoen bond length and then by increasing o b 2

-carbon-oxygen bond strength: (a) CO; (b) C03 ; (c) H2CO; 
(d) CH40; (e) HC03 - (H attached to 0). 

1 0.64 The four bonds of carbon tetrachloride (CCI4) are polar, but 
the molecule is nonpolar because the bond polarity is canceled 
by the symmetric tetrahedral shape. When other atoms substitute 
for some of the Cl atoms, the symmetry is broken and the molecule 
becomes polar. Use Figure 9.20 to rank the following molecules 
from the least polar to the most polar: CH2Br2, CF2CI2, CH2F2, 
CH2CI2, CBr4, CF2Br2' 

* 1 0.65 Ethanol (CH3CH20H) is being used as a gasoline additive 
or alternative in many parts of the world. 
(a) Use bond energies to find the /::;'H�xn for the combustion of 
gaseous ethano!. (Assume H20 forms as a gas.) 
(b) In its standard state at 25°C, ethanol is a liquid. Its vaporiza­
tion requires 40.5 kJ/mo!. Correct the value from part (a) to find 
the heat of reaction for the combustion of liquid ethanol. 
(c) How does the value from part (b) compare with the value you 
calculate from standard heats of formation (Appendix B)? 
(d) Methods for sustainable energy produce ethanol from corn 
and other plant material, but the main industrial method still 
involves hydrating ethylene from petroleum. Use Lewis structures 
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and bond energies to calculate /::;.H�n for the formation of gaseous 
ethanol from ethylene gas with water vapor. 

1 0.66 An oxide of nitrogen is 25.9% N by mass, has a molar mass 
of 1 08 glmol, and contains no nitrogen-nitrogen or oxygen­
oxygen bonds. Draw its Lewis structure, and name it. 

* 1 0.67 An experiment requires 50.0 mL of 0.040 M NaOH for the 
titration of J .00 mmol of acid. Mass analysis of the acid shows 
2.24% hydrogen, 26.7% carbon, and 7 1 . 1  % oxygen. Draw the 
Lewis structure of the acid. 

* 1 0.68 A major short-lived, neutral species in flames is OH. 
(a) What is unusual about the electronic structure of OH? 
(b) Use the standard heat of formation of OH(g) and bond ener­
gies to calcul ate the 0-H bond energy in OH(g) [/::;.H'f of 
OH(g) = 39.0 kJ/molJ .  
(c) From the average value for the O-H bond energy i n  Table 
9.2 and your value for the 0-H bond energy in OH(g), find the 
energy needed to break the first 0-H bond in water. 

1 0.69 Pure HN3 (atom sequence HNNN) is a very explosive com­
pound. In aqueous solution, it is a weak acid (comparable to 
acetic acid) that yields the azide ion, N3 -. Draw resonance struc­
tures to explain why the nitrogen-nitrogen bond lengths are 
equal in N3 - but unequal in HN3. 

1 0.70 Except for nitrogen, the elements of Group SAC I S) all form 
pentafluorides, and most form pentachlorides. The chlorine 
atoms of PCls can be replaced with fluorine atoms one at a time 
to give, successively, PCl4F, PCI3F2, . . .  , PFs. 
(a) Given the sizes of F and Cl, would you expect the first two F 
substitutions to be at axial or equatorial positions? Explain. 
(b) Which of the five fluorine-containing molecules have no di­
pole moment? 

1 0.7 1 Dinitrogen monoxide (N20),  used as the anesthetic 
"laughing gas" in dental surgery, supports combustion in a 
manner similar to oxygen, with the nitrogen atoms forming 
No. Draw three resonance structures for N20 (one N is cen­
tr;l ) ,  and use formal charges to decide the relative importance 
of each. What correlation can you suggest between the most 
important structure and the observation that N20 supports 
combustion? 

1 0.72 Some scientists speculate that many organic molecules re­
quired for life on the young Earth arrived on meteorites. The 
Murchison meteorite that landed in Australia in 1 969 contained 
92 different amino acids, including 2 1  found in Earth organisms. 
A skeleton structure (single bonds only) of one of these extra­
terrestrial amino acids is 

H N-CH-C-O 
3 I I 

CH2 0 
I 
CH3 

Draw a Lewis structure, and identify any atoms with a nonzero 
formal charge. 

1 0.73 When gaseous sulfur trioxide is dissolved in concentrated 
sulfuric acid, disulfuric acid forms: 

S03(g) + H2S04(l) -- H2S207(l) 
Use bond energies (Table 9.2) to determine /::;'H�xn' (The S atoms 
in H2S207 are bonded through an 0 atom. Assume Lewis struc­
tures with zero formal charges; BE of S=O is 552 kJ/mo!.) 

1 0.74 In addition to propyne (see Follow-up Problem 1 0.8), there 
are two other constitutional isomers of formula C3H4. Draw a 
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Lewis structure for each, determine the shape around each car­
bon, and predict any deviations from ideal bond angles. 

1 0.75 A molecule of formula AY3 is found experimentally to be 
polar. Which molecular shapes are possible and which impossi­
ble for AY3? 

* 1 0.76 In contrast to the cyanate ion (NCO-), which is stable and 
found in many compounds, the fulminate ion (CNO-), with its 
different atom sequence, is unstable and forms compounds with 
heavy metal ions, such as Ag + and Hg

2
+ ,  that are explosive. 

Like the cyanate ion, the fulminate ion has three resonance struc­
tures. Which is the most important contributor to the resonance 
hybrid? Suggest a reason for the instability of fulminate. 

1 0.77 Hydrogen cyanide (and organic nitriles, which contain the 
cyano group) can be catalytically reduced with hydrogen to form 
amines. Use Lewis structures and bond energies to determine 
tlH�xn for 

HCN(g) + 2H2(g) �CH3NH2(g) 

1 0.78 Ethylene, C2H4, and tetrafluoroethylene, C2F4, are used to 
make the polymers polyethylene and polytetrafluoroethylene 
(Teflon), respectively. 
(a) Draw the Lewis structures for C2H4 and C2F4, and give the 
ideal H-C-H and F-C-F bond angles. 

(b) The actual H-C-H and F-C-F bond angles are 1 1 7 .4° 
and 1 1 2.4°, respectively. Explain these deviations. 

1 0.79 Lewis structures of mescaline, a hallucinogenic compound 
in peyote cactus, and dopamine, a neurotransmitter in the mam­
malian brain, appear below. Suggest a reason for mescaline's 
ability to disrupt nerve impulses. 

H 
I . .  H-C-N-H 
I I 

H ....... C�C ....... �/H 

H I I I  H I • .  /C�c/C ....... . .  I 
H-C-O O-C-H 

I .. . 1 .  . . I H .0. H I 
H-C-H 

I H 
mescaline dopamine 

1 0.80 Phosphorus pentachloride, a key industrial compound with 
annual world production of about 2X 1 07 kg, is used to make 
other compounds. It reacts with sulfur dioxide to produce phos­
phorus oxychloride (POCI3) and thionyl chloride (SOCI2). Draw 
a Lewis structure and name the molecular shape of each product. 



Rationalizing the Bond What is a chemical bond, and how do molecular shapes, 
like this depiction of phosphorus pentachloride, emerge from interacting atoms? In 
this chapter, you'll explore two models that rationalize the rich properties of the 
covalent bond. 

Key Principles 
• According to valence bond (VB) theory, a covalent bond forms when 

an electron pair is localized in the region where orbitals of the bond­
ing atoms overlap. 

• To account for observed molecular shapes, VB theory proposes that 
the orbitals of an isolated atom mix together and become hybrid or­
bitals that have the same orientation in space as the electron-group 
arrangements of VSEPR theory. 

• The mode of orbital overlap determines the type of covalent bond: a 
sigma ((J') bond results from end-to-end overlap , and a pi ('TT) bond 
results from side-to-side overlap. A single bond is a (J' bond, a dou­
ble bond consists of a (J' bond and a 'TT bond, and a triple bond 
consists of a (J' bond and two 'TT bonds. 

Outl ine 

C HAPTER E LEVE N 

Theories of Cova lent 
Bond ing 

• According to molecular orbital (MO) theory, atomic orbitals (AOs) com­
bine mathematically to form molecular orbitals (MOs), which are 
spread over the whole molecule. Adding AOs together gives a 
bonding MO; subtracting them gives an antibonding MO. Each type 
of MO has its own shape and energy and can hold a maximum of 
two electrons. The molecule is stabilized when electrons occupy a 
bonding MO. 

• Like AOs, MOs become occupied one electron at a time and have 
specific energy levels. MO theory proposes that the magnetic prop­
erties of molecules depend on the number of unpaired electrons, 
and the spectral properties arise from electrons moving to different 
energy levels as a molecule absorbs or emits energy. 

1 1 .1 Valence Bond (VB) Theory and Orbital 
Hybridization 

1 1 .2 The Mode of Orbital Overlap and the 
Types of Covalent Bonds 

1 1 .3 Molecular Orbital (MO) Theory and 
Electron Delocalization 

Central Themes of VB Theory 
Types of Hybrid Orbitals 

Single and Multiple Bonds 
Mode of Overlap and Molecular Properties 

Central Themes of MO Theory 
Homonuclear Diatomic Molecules of the 

Period 2 Elements 
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Concepts & Ski l l s to Review 
Before You Study This Chapter 

• atomic orbital shapes (Section 7.4) 
• the exclusion principle (Section 8.2) 
• Hund's rule (Section 8.3) 
• Lewis structures (Section 1 0. 1 )  
• resonance i n  covalent bonding 

(Section 1 0. 1 )  
• molecular shapes (Section 1 0.2) 
• molecular polarity (Section 1 0.3) 

A Hydrogen, H2 

CHAPTER 1 1  Theories of Covolent Bonding 

All  scientific models have limitations because they are simplifications of reality. 
The VSEPR model we discussed in Chapter 1 0  accounts for molecular shapes 

by assuming that electron groups minimize their repulsions, and thus occupy as 
much space as possible around a central atom. But it does not explain how the 
shapes arise from interactions of atomic orbitals. After all, the orbitals we exam­
ined in Chapter 7 aren't oriented toward the corners of a tetrahedron or a trigonal 
bipyramid, to mention just two of the common molecular shapes. Moreover, know­
ing the shape doesn ' t  help us explain the magnetic and spectral properties of mol­
ecules; only an understanding of their orbitals and energy levels can do that. 

In this chapter, we discuss two theories of bonding in molecules, both of 
which are based on quantum mechanics. Valence bond (VB) theory rationalizes 
observed molecular shapes through interactions of atomic orbitals ;  molecular 
orbital (MO) theory explains molecular energy levels and properties. 

1 1 . 1  VALENCE BOND (VB) THEORY AND ORBITAL 
HYBRIDIZATION 

What is a covalent bond, and what characteristic gives i t  strength? And how can 
we explain molecular shapes based on the interactions of atomic orbitals? The most 
useful approach for answering these questions is valence bond (VB) theory. 

The Central Themes of VB Theory 
The basic principle of VB theory is that a covalent bond forms when orbitals of 
two atoms overlap and the overlap region, which is between the nuclei, is occu­
pied by a pair of electrons. ("Orbital overlap" is another way of saying that the 
two wave functions are in. phase, so the amplitude increases between the nuclei . )  
The central themes of VB theory derive from this principle: 

1 .  Opposing spins of the electron pair. As the exclusion principle (Section 
8.2) prescribes, the space formed by the overlapping orbitals has a maximum 
capacity of two electrons that must have opposite spins. When a molecule of H2 
forms, for instance, the two I s  electrons of two H atoms occupy the overlapping 
Is orbitals and have opposite spins (Figure 1 l . I A). 

2. Maximum overlap of bonding orbitals. The bond strength depends on the 
attraction of the nuclei for the shared electrons, so the greater the orbital over­

lap, the stronger (more stable) the bone/. The extent of overlap depends on the 
shapes and directions of the orbitals. An s orbital is spherical, but p and d orbitals 
have more electron density in one direction than in another. Thus, whenever 
possible, a bond involving p or d orbitals will be oriented in the direction that 
maximizes overlap. In the HF bond, for example, the I s  orbital of H overlaps the 
half-filled 2p orbital of F along the long axis of that orbital (Figure l U B).  Any 

B Hydrogen fluoride, HF  C Fluorine, F2 

Figure 11 . 1  Orbital overlap and spin pairing in three diatomic mol­
ecules. A, In the H2 molecule, the two overlapping 15 orbitals are oc­

cupied by the two 15 electrons with opposite spins. (The electrons, 

shown as arrows, spend the most time between the nuclei but move 

throughout the overlapping orbitals.) B, To maximize overlap in HF, 

half-filled H 15 and F 2p orbitals overlap along the long axis of the 2p 
orbital involved in the bonding. (The 2px orbital is shown bonding; the 

other two 2p orbitals of F are not shown.) C, In F2, the half-filled 2px or­

bital on one F points end to end toward the similar orbital on the other 

F to maximize overlap. 
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other direction would res ult in less overlap and, thus , a weaker bond. Simi larly, 
in the F-F bond of F2, the two half-filled 2p orbitals interact end to end, that 
is , along the long axes of the orbitals , to maximize overlap ( Figure 1l.1 C). 

3. Hybridization of atomic orbitals. To account for the bonding in s i mple 
diatomic molecules like HF, we picture the direct overlap of s and p orbitals of 
is olated atoms . But how can we account for the s hapes of so many molecules and 
polyatomic ions through the overlap of s pherical s orbi tals , dumbbell-s haped p 
orbitals , and cloverleaf-s haped d orbitals? 

Cons ider a methane molecule, CH4 .  It has four H atoms bonded to a central 
C atom. An is olated ground-s tate C atom ([ He] 2i2p2) has four valence electrons : 

two in the 2s orbital and one each in two of the three 2p orbitals . We might eas ­
ily s ee how the two half-filled p orbitals of C could overlap with the Is orbitals 
of two H atoms to form two C-H bonds with a 90° H-C-H bond angle. But 
methane is not CH2 and does n ' t  have a bond angle of 90°. It's not as eas y  to s ee 
how the orbitals overlap to form the four c-H bonds with the 109.5° bond angle 
that occurs in methane. 

To explain s uch facts , Linus Pauling propos ed that the valence atomic orbitals 
in the molecule are different from those in the isolated atoms. Indeed, quantum­
mechanical calculations s how that if we "mi x" s pecific combinations of orbitals 
mathematically, we obtain new atomic orbitals. The s patial orientations of thes e 
new orbitals lead to more s table bonds and are cons is tent with obs erved molecu­
lar s hapes .  The process of orbital mi xing is called hybridization, and the new 
atomic orbi tals are called hybrid orbitals. Two key points about the number and 
type of hybrid orbitals are that 

• The number of hybrid orbitals obtained equals the number of atomic orbitals 

mixed. 
• The type of hybrid orbitals obtained varies wi th the types of atomic orbitals mixed. 

Y ou can imagine hybridization as a process in which atomic orbitals mix, hybrid 
orbitals form, and electrons enter them with s pins parallel ( Hund's rule) to create 
s table bonds . I n  truth, though, hybridization is a mathematically derived res ult 
from quantum mechanics that accounts for the molecular s hapes we observe. 

Types of Hybrid Orbitals 
We pos tulate the pres ence of a certain type of hybrid orbital after we obs erve the 
molecular s hape. As we dis cuss the five common types of hybridization, notice 
that the s patial orientation of each type of hybrid orbital corres ponds with one of 
the five common electron-group arrangements predicted by VSEPR theory. 

sp Hybridization When two electron groups s urround the central atom, we 
obs erve a linear s hape, which means that the bonding orbitals mus t have a linear 
orientation. VB theory explains this by propos ing that mixing two nonequivalent 
orbitals of a central atom, one s and one p, gives ris e to two equivalent sp hybrid 

orbitals that lie 180° apart ( Figure 1 l .2A on the next page). Note the s hape of 
the hybrid orbital: with one large and one s mall lobe, it diff ers markedly from the 
shapes of the atomic orbitals that were mixed. The orientati ons of hybrid orbitals 
extend electron dens ity in the bonding direction and minimize repuls ions between 
the electrons that occupy them. Thus , both shape and orientation maximize over­

lap with the orbital of the other atom in the bond. 
In gas eous BeC1 2 ,  for example, the paired 2s electrons in the is olated Be atom 

are dis tributed into two sp hybrid orbitals ,  which form two Be-Cl bonds by over­
lapping with the 3p orbitals of two CI atoms ( Figure 1 1 .2B-D). 
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Figure 1 1 .2 The 5p hybrid orbitals in gaseous BeCI2• A, One 25 and 
one 2p atomic orbital mix to form two sp hybrid orbitals (shown above 
and below one another and slightly to the side for ease of viewing). 
Note the large and small lobes of the hybrid orbitals. In the molecule, 

the two sp orbitals of Be are oriented in opposite directions. For clar­
ity, the simplified hybrid orbitals will be used throughout the text, usu­
ally without the small lobe. B, The orbital diagram for hybridization in 

Be is drawn vertically and shows that the 25 and one of the three 2p 
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orbitals form two sp hybrid orbitals, and the two other 2p orbitals re­
main unhybridized. Electrons half-fi l l  the sp hybrid orbitals. During 

bonding, each 5p orbital fills by sharing an electron from CI (not 

shown). C, The orbital diagram is shown with orbital contours instead 

of electron arrows. D, BeCI2 forms by overlap of the two sp hybrids 

with the 3p orbitals of two CI atoms; the two unhybridized Be 2p or­

bitals lie perpendicular to the sp hybrids. (For clarity, only the 3p orbital 

involved in bonding is shown for each CI.) 
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Sp2 Hybridization To ration alize the trigon al plan ar electron -group arran gemen t  
and the shapes of molecules based on it, we in troduce the mixin g  of on e s an d 
two p orbitals of the cen tral atom to give three hybrid orbitals that point toward 
the vertices of an equilateral trian gle, their axes 120° apart. These are called Sp2 

hybrid orbitals. ( Note that, un like electron con figuration n otation ,  hybrid orbital 
n otation uses superscripts for the number of atomic orbitals of a given type that 
are mixed, not for the n umber of electron s in the orbital: here, on e s an d two p 
orbitals were mixed, so we have Slp2, or Sp2.) 

For example, VB theory proposes that the cen tral B atom in the BF3 mol­
ecule is Sp2 hybridized. Figure 11.3 shows the three Sp2 orbitals in the trigon al 
plan e, with the third 2p orbital unhybridized an d perpen dicular to this plan e. Each 
Sp2 orbital overlaps the 2p orbital of an F atom, an d the six valen ce electrons­
three from B an d on e from each of the three F atoms-form three bon din g pairs. 

�2p--2p-: 2p 

iITJD:D 
I ___ J 

I � 
I 
I 
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A 

2p 
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�---______ I 
Hybridized B atom 

B 

To accoun t for other molecular shapes within a given electron -group arran ge­
men t, we postulate that on e or more of the hybrid orbitals con tain s lon e  pairs. In 
ozon e  ( 03) ,  for example, the cen tral 0 i s  Sp2 hybridized and a lon e  pair fills on e 
of its three Sp2 orbitals, so ozon e  has a ben t  molecular shape. 

Sp3 Hybridization Now let's return to the question posed earlier about the orbital s  
in methan e, the same question that arises for any species with a tetrahedral electron ­
group arran gemen t. VB theory proposes that the on e s an d all three p orbitals of 
the cen tral atom mix an d form four Sp3 

hybrid orbitals, which poin t  toward the 
vertices of a tetrahedron . As shown in Figure 1104, the C atom in methan e  is Sp3 

hybridized. Its four valen ce electron s half-fill the four sp
3 

hybrids, which overlap 
the half-filled I s  orbitals of four H atoms an d form four C-H bon ds. 

: 2p 2p 2P : :[1] II] D: 
I -------
I 
I 
I 
I 
I 
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: 2s : 1.1 
I I 
L __ -.l 
Isolated C atom 

A 

mix llTIrnrnml 
I Sp3 sp3 sp3 sp3 I 
I ___________ J s 

Hybridized C atom 

Figure 1 1.4 The Sp3 hybrid orbitals in CH4• A, The 2s and all three 2p orbitals of C are mixed to 

form four Sp3 hybrids. Carbon's four valence electrons half-fill the Sp3 hybrids. B, In methane, the 

four Sp3 orbitals of C point toward the corners of a tetrahedron and overlap the 1 s orbitals of four 

H atoms. Each Sp3 orbital fills by addition of an electron from one H (electrons are shown as dots). 
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Figure 1 1.3 The Sp2 hybrid orbitals in 
BF3• A, The orbital diagram shows that 

the 2s and two of the three 2p orbitals of 

the B atom mix to make three Sp
2 

hybrid 

orbitals. Three electrons (up arrows) half­
fi l l the Sp

2 
hybrids. The third 2p orbital re­

mains empty and unhybridized. B, BF3 
forms through overlap of 2p orbitals on 

three F atoms with the Sp
2 

hybrids. Dur­
ing bonding, each Sp

2 
orbital fills with an 

electron from one F (down arrow). The 
three Sp2 hybrids of B l ie 1 200 apart, and 

the unhybridized 2p orbital is perpendicu­
lar to the trigonal bonding plane. 
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Figure 1 1.5 The Sp3 hybrid orbitals in 
NH3 and H20. A, The orbital diagrams 
show Sp3 hybridization, as in CH4. In NH3 
(top) , one Sp3 orbital is filled with a lone 
pair. In H20 (bottom), two Sp3 orbitals are 
filled with lone pairs. B, Contour diagrams 
show the tetrahedral orientation of the 
Sp3 orbitals and the overlap of the 
bonded H atoms. Each half-fil led Sp3 or­
bital fills by addition of an electron from 

one H. (Shared pairs and lone pairs are 
shown as dots.) 

Figure 1 1 .6 The sp3d hybrid orbitals in 
PCls. A, The orbital diagram shows that 
one 3s, three 3p , and one of the five 3d 
orbitals of P mix to form five sp3d orbitals 
that are half-filled. Four 3d orbitals are 

un hybridized and empty. B, The trigonal 

bipyramidal PC Is molecule forms by the 

overlap of a 3p orbital from each of the 
five CI atoms with the sp3d hybrid orbitals 
of P (un hybridized, empty 3d orbitals not 
shown). Each sp3d orbital fil ls by addition 
of an electron from one CI. (The five 
bonding pairs are not shown.) 
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Figure 1 1 .5 shows the bonding in other molecular shapes with the tetrahedral 
electron-group anangement. The trigonal pyramidal shape of NH3 arises when a 
lone pair fills one of the four Sp3 orbitals of N, and the bent shape of H20 arises 
when lone pairs fill two of the Sp3 orbitals of O. 

sp3d Hybridization The shapes of molecules with trigonal bipyramidal or octa­
hedral electron-group arrangements are rationalized with VB theory through 
similar arguments. The only new point is that such molecules have central atoms 
from Period 3 or higher, so atomic d orbitals, as well as s and p orbitals, are 
mixed to form the hybrid orbitals .  

For the trigonal bipyramidal shape of the pels molecule, for example, the 
VB model proposes that the one 3s, the three 3p , and one of the five 3d orbitals 
of the central P atom mix and form five sp3d hybrid orbitals, which point 
to the vertices of a trigonal bipyramid (Figure 1 1 .6). Seesaw, T-shaped, and 
linear molecules have this electron-group anangement with lone pairs in one, 
two, or three of the central atom's sp3d orbitals, respectively. 
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Figure 1 1 .7 The sp3d2 hybrid orbitals in SF6• A, The orbital diagram shows that one 35, three 3p, 
and two 3d orbitals of S mix to form six 5p3d2 orbitals that are half-fi lled. Three 3d orbitals are un­
hybridized and empty. B, The octahedral SFs molecule forms from overlap of a 2p orbital from each 
of six F atoms with the sp3d2 orbitals of S (unhybridized, empty 3d orbitals not shown). Each 5p3d2 
orbital fil ls by addition of an electron from one F. (The six bonding pairs are not shown.) 

sp3d2 Hybridization To rationalize the shape of SF6, the VB model proposes that 
the one 3s, the three 3p, and two of the five 3d orbitals of the central S atom mix 
and form six Sp3 d2 hybrid orbitals, which point to the vertices of an octahedron 
(Figure 11.7). Square pyramidal and square planar molecules have lone pairs in 
one and two of the central atom's sp3d2 orbitals, respectively. 

Table 11.1 summarizes the numbers and types of atomic orbitals that are 
mixed to obtain the five types of hybrid orbitals. Once again, note the similari­
ties between the orientations of the hybrid orbitals proposed by VB theory and 
the shapes predicted by VSEPR theory (see Figure 10.3). Figure 11.8 (on the next 

page) shows the three conceptual steps from molecular formula to postulating the 
hybrid orbitals in the molecule, and Sample Problem 11.1 details the end of 
that process. 

IttWI'dl Composition and Orientation of Hybrid Orbitals 

Linear 
Trigonal 
Planar Tetrahedral 

Atomic orbitals one s one s one s 
mixed onep twop three p 

Hybrid orbitals 
three sp2 four sp3 formed two sp 

Unhybridized 
orbitals remaining twop onep none 

Orientation 
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I Step 1 Step 2 

r Lewis 
Figure 1 0.1 structure Figure 1 0. 1 0  

Molecular 
shape and 
e--group 

arrangement 

Step 3 

Table 1 1 . 1 
Hybrid 

orbitals 

:'. 

Figure 1 1 .8 The conceptual steps from molecular formula to the hybrid orbitals used in 
bonding. (See Figures 1 0.1 and 1 0. 1 0.) 

SAMPLE PROBLEM 11.1 Postulating Hybrid Orbitals in a Molecule 
Problem Use partial orbital diagrams to describe how mixing of the atomic orbitals of the 
central atom(s) leads to the hybrid orbitals in each of the following: 
(a) Methanol, CH30H (b) Sulfur tetrafluoride, SF4 
Plan From the Lewis structure, we determine the number and arrangement of electron 
groups around each central atom, along with the molecular shape. From that, we postu­
late the type of hybrid orbitals involved. Then, we write the partial orbital diagram for 
each central atom before and after the orbitals are hybridized. 
Solution (a) For CH30H. The electron-group arrangement is tetrahedral around both C 
and 0 atoms. Therefore, each central atom is Sp

3 hybridized. The C atom has four half­
filled Sp

3 
orbitals: 

I tit I 
2p 

I t.j, I Isolated 
2s C atom 

Sp
3 

Hybridized C atom 

The 0 atom has two half-filled sp3 orbitals and two filled with lone pairs: 

IHI tit I 
2p 

I t.j, I Isolated 
2s 0 atom 

mix 
------+ IHIHI tit I 

Sp
3 

Hybridized 0 atom 

.�-o0 
H '''/ �0 

H H 

During bonding, each half-filled C or 0 orbital becomes filled. The second electron comes 
from an H atom, or in the c-o bond, from the overlapping C and 0 orbitals. 
(b) For SF 4' The molecular shape is seesaw, which is based on the trigonal bipyramidal 
electron-group arrangement. Thus, the central S atom is surrounded by five electron 
groups, which implies sp

3d hybridization. One 3s orbital, three 3p orbitals, and one 3d 
orbital are mixed. One hybrid orbital is filled with a lone pair, and four are half-filled. 
Four u nhybridized 3d orbitals remain empty: 

3d 
IHI tit I 

3p 

I t.j, I Isolated 
3s S atom 

3d 

� IHI tit I tit I 
sp

3
d 

Hybridized S atom 

:F: 
:F .... IO i�y : 

:F: 

During bonding, each half-filled S orbital becomes filled, with the second electrons com­
ing from F atoms. 

F OLLOW-UP PROBLEM 11.1 Use partial orbital diagrams to show how the atomic 
orbitals of the central atoms mix to form hybrid orbitals in (a) beryllium fluoride, BeF2; 
(b) silicon tetrachloride, SiCI4; (c) xenon tetrafluoride, XeF4. 
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SECTION SUMMARY 
VB theory explains that a covalent bond forms when two atomic orbitals overlap and 
two electrons with paired (opposite) spins occupy the overlapped region.  Orbital 
hybridization allows us to explain how atomic orbitals mix and change their charac­
teristics during bonding. Based on the observed molecular shape (and the related 
electron-group arrangement), we postulate the type of hybrid orbital needed. 

11.2 THE MODE OF ORBITAL OVERLAP AND THE TYPES 
OF COVALENT BONDS 

In this section, we focus on the mode by which orbitals overlap-end to end or 
side to side-to see the detailed makeup of covalent bonds. These two modes 
give rise to the two types of covalent bonds-sigma bonds and pi bonds. We' ll 
use valence bond theory to describe the two types here, but they are essential fea­
tures of molecular orbital theory as well. 

Orbital Overlap in Single and Multiple Bonds 
The VSEPR model predicts, and measurements verify, different shapes for ethane 
(C2H6), ethylene (C2H4), and acetylene (C2H2). Ethane is tetrahedrally shaped at 
both carbons, with bond angles of about 1 09.50• Ethylene is trigonal planar at 
both carbons, with the double bond acting as one electron group and bond angles 
near the ideal 1200. Acetylene has a linear shape, with the triple bond acting as 
one electron group and bond angles of 1 800: 

H H.... -109.5'/ 
H-::-'" r: C-c",,, / \"' H 

H H 
ethane 

180' 

H-C 0- H 

ethylene acetylene 

A close look at the bonds shows two modes of orbital overlap, which cOlTespond 
to the two types of covalent bonds: 

1. End-to-end overlap and sigma (a) bonding. Both C atoms of ethane are 
Sp3 

hybridized (Figure 11.9). The C-C bond involves overlap of one sp3 orbital 
from each C, and each of the six C-H bonds involves overlap of a C Sp3 

orbital 
with an H Is orbital. The bonds in ethane are like all the others described so far 
in this chapter. Look closely at the C-C bond, for example. It involves the over­
lap of the end of one orbital with the end of the other. The bond resulting from 
such end-to-end overlap is called a sigma (0") bond. It has its highest electron 
density along the bond axis (an i maginary line joining the nuclei) and is shaped 
like an ellipse rotated about its long axis (the shape resembles a football). All 

H.. 
H 

H ........ ··· .••• ,
. / � 
iC--C�' -H 

c 

H H 

33 1 

Figure 1 1 .9 The <T bonds in ethane (C2HS)' A, Two Sp3 hybridized C 

atoms and six H atoms in ethane form one C-C a bond and six C-H 

a bonds. B, Electron density is distributed relatively evenly among the 
a bonds. C, Wedge-bond perspective drawing. 
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Two lobes of 
one 1[ bond 

H,.... , ..... H "111111 __ ,\\\\\\ ",c--c" 
H H 

E 

Figure 1 1 . 1 0  The (J and 'IT bonds in ethylene (C2H4). A, Two Sp2 

hybridized C atoms form one C-C a bond and four C-H a bonds. 
Half-filled unhybridized 2p orbitals (shown in stylized form) lie perpen­
dicular to the a-bond axis. B, The 2p orbitals (shown in accurate form) 
actually overlap side to side; the a bonds are shown as ball-and-stick 

models. C, The two overlapping regions comprise one 'IT bond, which 
is occupied by two electrons. D, With four electrons (one a bond and 
one 'IT bond) between the C atoms, electron density (red shading) is 
high. E, Wedge-bond perspective drawing. 

single bonds, formed by any combination of overlapping hybrid, s, or p orbitals, 
have their electron density concentrated along the bond axis, and thus are a bonds. 

2. Side-to-side overlap and pi ('TT") bonding. A close look at Figure 1 1 . 1 0 
reveals the double nature of the carbon-carbon bond in ethylene. Here, each C 
atom is Sp2 hybridized. Each C atom's four valence electrons half-fill its three Sp2 

orbitals and its unhybridized 2p orbital, which lies perpendicular to the Sp
2 

plane. 
Two Sp2 orbitals of each C form C-H a bonds by overlapping the Is orbitals 
of two H atoms. The third Sp

2 
orbital forms a C-C a bond with an sl orbital 

of the other C because their orientation allows end-to-end overlap. With the 
a-bonded C atoms near each other, their half-fiIled unhybridized 2p orbitals are 
close enough to overlap side to side. Such overlap forms another type of covalent 
bond called a pi ('iT) bond. It has two regions of electron density, one above and 
one below the a-bond axis. One 7T bond holds two electrons that occupy both 
regions of the bond. A double bond always consists of one a bond and one 7T bond. 
As shown in Figure l 1 . lOD, the double bond increases electron density between 
the C atoms. 

Now we can answer a question brought up in our discussion of VSEPR the­
ory in Chapter 10 :  why do the two electron pairs in a double bond act as one 
electron group; that is, why don't  they push each other apart? The answer is that 
each electron pair occupies a distinct orbital, a specific region of electron density, 
so repulsions are reduced. 

A triple bond, such as the C C bond in acetylene, consists of one a and 
two 7T bonds (Figure 1 1 . 1 1 ) .  To maximize overlap in a linear shape, one s and 
one p orbital in each C atom form two sp hybrids, and two 2p orbitals remain 
unhybridized. The four valence electrons half-fill all four orbitals. Each C uses 
one of its sp orbitals to form a a bond with an H atom and uses the other to form 
the C-C a bond. Side-to-side overlap of one pair of 2p orbitals gives one 'IT 
bond, with electron density above and below the a bond. Side-to-side overlap of 
the other pair of 2p orbitals gives the other 'IT bond, 900 away from the first, with 
electron density in front and back of the a bond. The result is a cylindrically sym­
metrical H-C C-H molecule. Note the greater electron density between the 
C atoms created by the six bonding electrons. Figure 11.12 shows electron den­
sity relief maps of the carbon-carbon bonds in these compounds; note the increas­
ing electron density between the nuclei from single to double to triple bond. 

Mode of Overlap and Molecular Properties 
The way in which orbitals overlap affects several properties of molecules, such 
as bond strength and molecular rotation. The mode of overlap influences bond 
strength because side-to-side overlap is not as extensive as end-to-end overlap. 
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Two lobes 
of one 
1t bond 

Two lobes 
of one 
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Figure 1 1 . 1 1 The a bonds and 'IT bonds in acetylene (C2H:J. A, The 

C - C  a bond in acetylene forms when an sp orbital of each C overlaps. 

Two C-H a bonds form from overlap of the other sp orbital of each C 

and an s orbital of an H. Two unhybridized 2p orbitals on each C are 

shown in stylized form (one pair is in red for clarity). B, The 2p orbitals 
(shown in accurate form) actually overlap side to side; the a bonds are 

shown as ball-and-stick models. C, Overlap of pairs of 2p orbitals 
results in two 1T bonds, one (black) with its lobes above and below the 

C-C a bond, and the other (red) with its lobes in front of and behind the 
a bond. D, The two 1T bonds give the molecule cylindrical symmetry. Six 

electrons-one a bond and two 1T bonds-create greater electron den­
sity between the C atoms than in ethylene. E, Bond-line drawing. 

Therefore, we would expect a 'IT bond to be weaker than a a bond, and so a dou­
ble bond should be less than twice as strong as a single bond. This expectation 
is borne out for carbon-carbon bonds. However, many factors, such as lone-pair 
repulsions, bond polarities, and other electrostatic contributions, affect overlap and 
the relative strength of a and 'IT bonds between other pairs of atoms. Thus, as a 
rough approximation, a double bond is about twice as strong as a single bond, 
and a triple bond is about three times as strong. 

The mode of overlap also influences molecular rotation, the ability of one part 
of a molecule to rotate relative to another part. A (J bond allows free rotation of 
the parts of the molecule with respect to each other because the extent of over­
lap is not affected. If you could hold one CH3 group of the ethane molecule, the 

other CH3 group could spin like a pinwheel without affecting the C-C a-bond 
overlap (see Figure 1 1 .9). 

However, p orbitals must be parallel to engage in side-to-side overlap, so a 
7T bond restricts rotation around it. Rotating one CH2 group in ethylene with 
respect to the other must decrease the side-to-side overlap and break the 'IT bond 
(see Figure 1 1 . 1 0) .  (In Chapter 1 5, you ' ll see that restricted rotation leads to 
another type of isomerism.) 

Figure 11.12 Electron density and bond 
order. Relief maps of the carbon-carbon 
bonding region in ethane, ethylene, and 
acetylene show a large increase in elec­

tron density as the bond order increases. 



334 CHAPTER 11 T heories of Covalent Bonding 

SAMPLE PROBLEM 11.2 Describing the Types of Bonds in Molecules 
Problem Describe the types of bonds and orbitals in acetone, (CH3hCO. 
Plan We note, as in Sample Problem 1 1 . 1 ,  the shape around each central atom to postulate 
the type of the hybrid orbitals, paying attention to the multiple bonding of the C and 0 bond. 
Solution In Sample Problem la.8, we determined the shapes around the three central 
atoms of acetone: tetrahedral around each C of the two CH3 (methyl) groups and trigonal 
planar around the middle C atom. Thus, the middle C has three Sp2 orbitals and one unhy­
bridized p orbital. Each of the two methyl C atoms has four Sp3 orbitals. Three of these 
sp3 orbitals overlap the Is orbitals of the H atoms to form (J" bonds; the fourth overlaps 
an Sp2 orbital of the middle C atom. Thus, two of the three Sp2 orbitals of the middle C 
form (J" bonds to the other two C atoms. 

The 0 atom is also sl hybridized and has an unhybridized p orbital that can form a 
'IT bond. Two of the 0 atom's Sp2 orbitals hold lone pairs, and the third forms a (J" bond 
with the third Sp2 orbital of the middle C atom. The unhybridized, half-filled p orbitals of 
C and 0 form a 'IT bond. The (J" and 'IT bonds constitute the C=O bond: 

:0: II 
H··... /C , ... · H  

""IC / ....... C\",· 
H/ \ / �H H H 

(J bonds 

1t bond 
(shown with molecule 

rotated 90°) 

Comment How can we tell if a terminal atom, such as the 0 atom in acetone, is hybridized? 
After all, it could use two perpendicular p orbitals for the (J" and 'IT bonds with C and leave 
the other p and the s orbital to hold the two lone pairs. But, having each lone pair in an spz 

orbital oriented away from the C=O bond, rather than in an s orbital, lowers repulsions. 

FOLLOW-UP PROBLEM 11.2 Describe the types of bonds and orbitals in (a) hydro­
gen cyanide, HCN, and (b) carbon dioxide, COz. 

SECTION SUMMARY 
End-to-end overlap of atomic orbitals forms a (J" bond and allows free rotation of the 
parts of the molecule. Side-to-side overlap forms a 1T bond, which restricts rotation. 
A m ultiple bond consists of a (J" bond and either one 1T bond (double bond) or two 
1T bonds (triple bond) . Multiple bonds have greater electron density than single bonds. 

11.3 MOLECULAR ORBITAL (MO) THEORY 
AND ELECTRON DE LOCALIZATION 

Scientists choose the model that best helps them answer a particular question. If 
the question concerns molecular shape, chemists choose the VSEPR model, 
followed by hybrid-orbital analysis with VB theory. But VB theory does not ade­
quately explain magnetic and spectral properties, and it understates the importance 
of electron delocalization. In order to deal with these phenomena, which involve 
molecular energy levels, chemists choose molecular orbital (MO) theory. 

In VB theory, a molecule is pictured as a group of atoms bound together 
through localized overlap of valence-shell atomic orbitals. In MO theory, a mol­
ecule is pictured as a collection of nuclei with the electron orbitals delocalized 
over the entire molecule. The MO model is a quantum-mechanical treatment for 
molecules similar to the one for atoms in Chapter 8. Just as an atom has atomic 
orbitals (AOs) with a given energy and shape that are occupied by the atom's 
electrons, a molecule has molecular orbitals (MOs) with a given energy and 
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shape that are occupied by the molecule 's electrons. Despite the great usefulness 
of MO theory, it too has a drawback: MOs are more difficult to visualize than the 
easily depicted shapes of VSEPR theory or the hybrid orbitals of VB theory. 

The Central Themes of MO Theory 
Several key ideas of MO theory appear in its description of the hydrogen mol­
ecule and other simple species. These ideas include the formation of MOs, their 
energy and shape, and how they fi ll with electrons. 

Formation of Molecular Orbitals Because electron motion is so complex, we use 
approximations to solve the SchrOdinger equation (see Section 7.4) for an atom with 
more than one electron. Similar complications arise even with H2o the simplest mol­
ecule, so we use approximations to solve for the properties of MOs. The most com­
mon approximation mathematically combines (adds or subtracts) the atomic orbitals 
(atomic wave functions) of nearby atoms to form MOs (molecular wave functions). 

When two H nuclei lie near each other, as in H2, their AOs overlap. The two 
ways of combining the AOs are as follows: 

• Adding the wave functions togetheJ: This combination forms a bonding MO, 
which has a region of high electron density between the nuclei. Additive over­
lap is analogous to light waves reinforcing each other, making the resulting 
amplitude higher and the light brighter. For electron waves, the overlap increases 

the probability that the electrons are between the nuclei (Figure 1 1 . 1 3A). 
• Subtracting the wave functions from each other. This combination forms an 

antibonding MO, which has a region of zero electron density (a node) between 
the nuclei (Figure 1 l . 1 3B) .  Subtractive overlap is analogous to light waves can­
cel ing each other, so that the light disappears. With electron waves, the prob­
ability that the electrons lie between the nuclei decreases to zero. 

The two possible combinations for hydrogen atoms HA and HB are 

AO of HA + AO of HB = bonding MO of H2 (more e - density between nuclei) 
AO of HA - AO of HB = antibonding MO of H2 (less e- density between nuclei) 

Notice that the number of AOs combined always equals the number of MOs 
formed: two H atomic orbitals combine to form two H2 molecular orbitals. 

Energy and Shape of H2 Molecular Orbitals The bonding MO is lower in energy 
and the antibonding MO higher in energy than the AOs that combined to form 

them. Let's examine Figure 1 1. 1 4 to see why this i s  so. 

Subtract 
(1s-1s) 

Isolated H atoms Add 

(1s+ 1s) 

Antibonding MO, 015 
Node . I . 

Bonding MO, 015 
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Figure 1 1 . 1 3  An analogy between light 
waves and atomic wave functions. When 

light waves undergo interference, their 
amplitudes either add together or sub­

tract. A, When the amplitudes of atomic 
wave functions (dashed lines) are added, 
a bonding molecular orbital (MO) results, 
and electron density (red line) increases 
between the nuclei. B, Conversely, when 
the amplitudes of the wave functions are 
subtracted, an anti bonding MO results, 

which has a node (region of zero electron 
density) between the nuclei. 

Figure 1 1 . 1 4  Contours and energies of 
the bonding and anti bonding molecular 
orbitals (MOs) in H2• When two H 15 

atomic orbitals (AOs) combine, they form 
two H2 MOs. The bonding MO (0-'5) forms 

from addition of the AOs and is lower in 
energy than those AOs because most of 
its electron density lies between the nu­

clei (shown as dots). The antibonding MO 
(0-;5) forms from subtraction of the AOs 

and is higher in energy because there is a 

node between the nuclei and most of the 

electron density lies outside the internu­

clear region. 
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Figure 11.15 The MO diagram for H2. 
The positions of the boxes indicate the 
relative energies and the arrows show the 
electron occupancy of the Mas and the 
AOs from which they formed. Two elec­
trons, one from each H atom, fill the lower 
energy 0"1s MO, whi le the higher energy 
O"�s MO remains empty. Orbital occupancy 
is also shown by color (darker = fu l l ,  
paler = half-fi l led, no color = empty). 
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Figure 11.16 MO diagrams for He2 + 
and He2' A, In He2 +, three electrons enter 
MOs in order of increasing energy to give 
a filled 0"1s MO and a half-filled O"�s MO. 
The bond order of � implies that He2 + ex­
ists. B, In He2, the four electrons fill both 
the 0"1s and the O"�s Mas, so there is no 
net stabilization (bond order = 0). 

CHAPTER 1 1  Theories of Covalent Bonding 

The bonding MO in H2 is spread mostly between the nuclei, with the nuclei 
attracted to the intervening electrons. An electron in this MO can delocalize its 
charge over a much larger volume than is possible in an individual AO in either 
H. Because the electron-electron repulsions are reduced, the bonding MO is lower 
in energy than the isolated AOs. Therefore, when electrons occupy this orbital, 
the molecule is more stable than the separate atoms. In contrast, the anti bonding 
MO has a node between the nuclei and most of its electron density outside the 
internuclear region. The electrons do not shield one nucleus from the other, which 
increases the nucleus-nucleus repulsion and makes the antibonding MO higher in 
energy than the isolated AOs. Therefore, when the antibonding orbital is occu­
pied, the molecule is less stable than when this orbital is empty. 

Both the bonding and antibonding MOs of H2 are sigma (0') MOs because 

they are cylindrically symmetrical about an imaginary line that runs through the 
two nuclei. The bonding MO is denoted by als' that is, a a MO formed by com­
bination of I s  AOs. Antibonding orbitals are denoted with a superscript star, so 
the orbital derived from the Is AOs is a'is (spoken "sigma, one ess, star"). 

To interact effectively and form MOs, atomic orbitals must have similar 
energy and orientation. The Is orbitals on two H atoms have identical energy and 
orientation, so they interact strongly. 

Filling Molecular Orbitals with Electrons Electrons fill MOs just as they fill AOs: 

• MOs are filled in order of increasing energy (aufbau principle). 
• An MO has a maximum capacity of two electrons with opposite spins (exclu­

sion principle). 
• MOs of equal energy are half-filled, with spins parallel, before any of them is 

completely filled (Hund's rule). 

A molecular orbital (MO) diagram shows the relative energy and number of 
electrons in each MO, as well as the AOs from which they formed. Figure ILlS 
is the MO diagram for H2. 

MO theory redefines bond order. In a Lewis structure, bond order is the num­
ber of electron pairs per linkage. The MO bond order is  the number of electrons 
in bonding MOs minus the number in anti bonding MOs, divided by two: 

Bond order = i[(no. of e - in bonding MO) - (no. of e - in antibonding MO)] (11.1) 
Thus, for H2, the bond order is �(2 - 0) = 1 .  A bond order greater than zero 
indicates that the molecular species i s  stable relative to the separate atoms, 
whereas a bond order of zero implies no net stability and, thus, no likelihood that 
the species will form. In general, the higher the bond order, the stronger the bond. 

Another similarity of MO theory to the quantum-mechanical model for atoms 
is that we can write electron configurations for a molecule. The symbol of each 
occupied MO is shown in parentheses, and the number of electrons in it is writ­
ten outside as a superscript. Thus, the electron configuration of H2 is (alsf 

One of the early triumphs of MO theory was its ability to predict the exis­
tence of He2 + , the dihelium molecule-ion, which is  composed of two He nuclei 
and three electrons. Let's use MO theory to see why He2 + exists and, at the same 
time, why He2 does not. In He2 + , the Is atomic orbitals form the molecular 
orbitals, so the MO diagram, shown in Figure 1 1 .16A, is similar to that for H2. 
The three electrons enter the MOs to give a pair in the als MO and a lone elec­
tron in the ais MO. The bond order is �(2 - 1) = �. Thus, He2 + has a relatively 
weak bond, but it should exist. Indeed, this molecular ionic species has been 
observed frequently when He atoms collide with He + ions. Its electron configu­
ration is (a Is)

2
( a 'is) I. 

On the other hand, He2 has four electrons to place in its a1s and a':'s MOs. 
As Figure 1 1 . 1 6B shows, both the bonding and antibonding orbitals are filled. The 
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stabilization arising from the electron pair in the bonding MO is canceled by the 
destabilization due to the electron pair in the anti bonding MO. From its zero bond 
order [�(2 - 2) = 0], we predict, and experiment has so far confirmed, that a 
covalent He2 molecule does not exist. 

SAMPLE PROBLEM 11.3 Predicting Stability of Species Using MO Diagrams 
Problem Use MO diagrams to predict whether H2 + and H2 - exist. Determine their bond 
orders and electron configurations. 
Plan In these species, the Is orbitals form MOs, so the MO diagrams are similar to that 
for H2. We determine the number of electrons in each species and distribute the electrons 
in pairs to the bonding and anti bonding MOs in order of increasing energy. We obtain 
the bond order with Equation 11.1 and write the electron configuration as described in 
the text. 
Solution For H2 + . H2 has two e -, so H2 + has only one, as shown in the margin (top 
diagram). The bond order is �(1 - 0) = t, so we predict that H2 + does exist. The 

electron configuration is (a-Is) I. 
For H2 -. H2 has two e -, so H2 - has three, as shown in the margin (bottom diagram). 
The bond order is �(2 - 1) = t so we predict that H2 - does exist. The electron 

configuration is (a-Is)2(a-js)l. 
Check The number of electrons in the MOs equals the number of electrons in the AOs, 
as it should. 
Comment Both these species have been detected spectroscopically: H2 + occurs in the 
hydrogen-containing material around stars; H2 - has been formed in the laboratory. 

FOLLOW-UP PROBLEM 11.3 Use an MO diagram to predict whether two hydride 
ions (H-) will form H2 2-. Calculate the bond order of H2 2-, and write its electron 
configuration. 

Homonuclear Diatomic Molecules of the Period 2 Elements 
Homonuclear diatomic molecules are those composed of two identical atoms. 
In addition to H2 from Period 1 ,  you 're also familiar with several from Period 
2-N2, O2, and F2-as the elemental forms under standard conditions. Others in 
Period 2-Li2, Be2, B2, C2, and Ne2-are observed, if at all, only in high­
temperature gas-phase experiments. Molecular orbital descriptions of these 
species provide some interesting tests of the model . Let's look first at the mol­
ecules from the s block, Groups 1A( I )  and 2A(2), and then at those from the p 
block, Groups 3A(13)  through 8A( 1 8) .  

Bonding in the s-Block Homonuclear Diatomic Molecules Both Li and Be occur 
as metals under normal conditions, but let's see what MO theory predicts for their 
stability as the diatomic gases dilithium (Li2) and diberyllium (Be2). 

These atoms have both inner (Is) and outer (2s) electrons, but the Is orbitals 
interact negligibly. As we do when writing Lewis structures, we ignore the inner 
electrons here because, in general, only outer (valence) orbitals interact enough 
to form molecular orbitals. Like the MOs formed from I s  AOs, those formed from 
2s AOs are u orbitals, cylindrically symmetrical around the internuclear axis. 
Bonding (U2J and antibonding (uis) MOs form, and the two valence electrons fill 
the bonding MO, with opposing spins (Figure ll.l7A, next page). Dilithium has 
two electrons in bonding MOs and none in antibonding MOs; therefore, its bond 
order is �(2 - 0) = 1 .  In fact, Li2 has been observed, and the MO electron con­
figuration is (U2s)

2
. 

With its two additional electrons, the MO diagram for Be2 has filled U2s and 
uis MOs (Figure 1 1 . 1 7B, next page). This is similar to the case of He2. The bond 
order is �(2 - 2) = O. In keeping with a zero bond order, the ground state of Be2 
has never been observed. 
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Figure 1 1 . 1 7  Bonding in s-block homo­
nuclear diatomic molecules. Only outer 
(valence) AOs interact enough to form 
MOs. A, Li2. The two valence electrons 
from two Li atoms fill the bonding (T2s) 
MO, and the anti bonding (T;s) remains 
empty. With a bond order of 1, Li2 does 
form. B, Be2' The four valence electrons 
from two Be atoms fi l l  both MOs to give 
no net stabilization. Ground-state Be2 
has a zero bond order and has never 
been observed. 
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Molecular O rbitals from Atomic p·Orbital Combinations As we move to boron 
in the p block, atomic 2p orbitals become involved, so let's first consider the 
shapes and energies of the MOs that result from their combinations. Recall that 
p orbitals can overlap with each other in two different modes, as shown in Fig­

ure 1 1 . 1 8 .  End-to-end combination gives a pair of 0" MOs, the 0"2p and O"�p. Side­
to-side combination gives a pair of pi ('iT) MOs, 'IT2p and 'IT�p. Similar to MOs 
formed from s orbitals, bonding MOs from p-orbital combinations have their 
greatest electron density between the nuclei, whereas antibonding MOs from 
p-orbital combinations have a node between the nuclei and most of their electron 
density outside the internuclear region. 
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Figure 1 1 . 1 8  Contours and energies of (J" and 1T MOs from combinations of 2p atomic orbitals. 
A, The p orbitals lying along the line between the atoms (usually designated Px) undergo end-to­
end overlap and form (T2p and (T;p MOs. Note the greater electron density between the nuclei for 
the bonding MO and the node between the nuclei for the antibonding MO. B, The p orbitals that lie 
perpendicular to the internuclear axis (Py and pz) undergo side-to-side overlap to form two 1T MOs. 
The pz interactions are the same as those shown here for the Py orbitals, so a total of four 1T MOs 
form. A 1T2p is a bonding MO with its greatest density above and below the internuclear axis; a 1T;p 
is an anti bonding MO with a node between the nuclei and its electron density outside the 
internuclear region. 
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The order of MO energy levels, whether bonding or antibonding, is based on 
the order of AO energy levels and on the mode of the p-orbital combination: 

• Mas formed from 2s orbitals are lower in energy than Mas formed from 2p 
orbitals because 2s AOs are lower in energy than 2p AOs. 

• Bonding Mas are lower in energy than antibonding Mas, so (J2p is lower in 
energy than (Jip and 'IT2p is  lower than 'ITt). 

• Atomic p orbitals can interact more extensively end to end than they can side 
to side. Thus, the (J2p MO is lower in energy than the 'IT2p MO. Similarly, the 
destabilizing effect of the (Jip MO is greater than that of the 'ITip MO. 

Thus, the energy order for Mas derived from 2p orbitals is 

There are three mutually perpendicular 2p orbitals in each atom. When the 
six p orbitals in two atoms combine, the two orbitals that interact end to end form 
a (J and a (J* MO, and the two pairs of orbitals that interact side to side form two 
'IT Mas of the same energy and two 'IT* Mas of the same energy. Combining these 

orientations with the energy order gives the expected MO diagram for the p-block 
Period 2 homonuclear diatomic molecules (Figure 1 1 . 19A). 

One other factor influences the MO energy order. Recall that only AOs of 
similar energy interact to form Mas. The order in Figure 1 l . 19A assumes that 
the s and p AOs are so different in energy that they do not interact with each 
other: the orbitals do not mix. This is  true for 0, F, and Ne. These atoms are 
small ,  so relatively strong repulsions occur as the 2p electrons pair up; these 
repulsions raise the energy of the 2p orbitals high enough above the energy of 
the 2s orbitals to minimize orbital mixing. In contrast, B, C, and N atoms are 
larger, and when the 2p AOs are half-fi lled, repulsions are relatively smal l ;  so 
the 2p energies are much closer to the 2s energy. As a result, some mixing 
occurs between the 2s orbital of one atom and the end-on 2p orbital of the 
other. This orbital mixing lowers the energy of the (J2s and (Jis Mas and raises 
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Figure 1 1 . 1 9  Relative MO energy levels 
for Period 2 homonuclear diatomic 
molecules. A, MO energy levels for O2• 
F2• and Ne2' The six 2p orbitals of the two 
atoms form six MOs that are higher in en­
ergy than the two MOs formed from the 
two 25 orbitals. The AOs forming 'IT orbitals 
give rise to two bonding MOs ('IT2p) of equal 
energy and two antibonding MOs ('IT�) of 
equal energy. This sequence of energy lev­
els arises from minimal 2s-2p orbital mix­
ing. B, MO energy levels for 82• C2• and N2. 
Because of significant 2s-2p orbital mixing. 
the energies of (J' MOs formed from 2p or­
bitals increase and those formed from 2s 
orbitals decrease. The major effect of this 
orbital mixing on the MO sequence is that 
the (J'2p is higher in energy than the 'IT2p. 
(For clarity. those MOs affected by mixing 
are shown in purple.) 
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the energy of the a2p and aip Mas; the 'IT Mas are not affected. The MO 
diagram for B2 through N2 (Figure 1 1 . 1 9B)  reflects this AO mixing. The only 
change that affects this discussion is the reverse in energy order of the a2p and 
'IT2p Mas. 

Bonding in the p-Block Homonuclear Diatomic Molecules Figure 1 1 .20 shows 
the Mas, their electron occupancy, and some properties of B2 through Ne2. Note 
how a higher bond order correlates with a greater bond energy and shorter bond 
length. Also note how orbital occupancy correlates with magnetic properties. 
Recall from Chapter 8 that the spins of unpaired electrons in an atom (or ion) 
cause the substance to be paramagnetic, attracted to an external magnetic field. 
If all the electron spins are paired, the substance is diamagnetic, unaffected (or 
weakly repelled) by the magnetic field. The same observations apply to molecules. 
These properties are not addressed directly in VSEPR or VB theory. 

The B2 molecule has six outer electrons to place in its Mas. Four of these fill 
the a2s and ais Mas. The remaining two electrons occupy the two 'IT2p Mas, one 
in each orbital, in keeping with Hund's rule. With four electrons in bonding Mas 
and two electrons in antibonding Mas, the bond order of B2 is �(4 - 2) = 1 .  As 
expected from its MO diagram, B2 is paramagnetic. 
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Figure 1 1 .20 MO occupancy and molecular properties for 82 through Ne2' The sequence of 
MOs and their electron populations are shown for the homonuclear diatomic molecules in the p block 
of Period 2 [Groups 3A(13) to SA(1 S)]. The bond energy, bond length, bond order, magnetic properties, 
and outer (valence) electron configuration appear below the orbital diagrams. Note the correlation be­
tween bond order and bond energy, both of which are inversely related to bond length. 
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The two additional electrons present in C2 fill  the two 7r2p Mas. Because C2 
has two more bonding electrons than B2, it has a bond order of 2 and the expected 
stronger, shorter bond. All the electrons are paired, and, as the model predicts, C2 
is diamagnetic. 

In N2, the two additional electrons fill the (J2p MO. The resulting bond order 
is 3, which is consistent with the triple bond in the Lewis structure. As the model 
predicts, the bond energy is higher and the bond length shorter than for C2, and 
N2 is diamagnetic. 

With O2, we really see the power of MO theory compared to theories based 
on localized orbitals. For years, it seemed impossible to reconcile bonding theo­

ries with the bond strength and magnetic behavior of O2, On the one hand, the 
data show a double-bonded molecule that is paramagnetic. On the other hand, we 
can write two possible Lewis structures for O2, but neither gives such a molecule. 
One has a double bond and all electrons paired, the other a single bond and two 
electrons unpaired: 

Q=Q or :9-9: 
MO theory resolves this paradox beautifully. As Figure 1 1 .20 shows, the bond 

order of O2 is 2: eight electrons occupy bonding Mas and four occupy anti­
bonding Mas [i(8 - 4) = 2] . Note the lower bond energy and greater bond length 

relative to N2. The two electrons with highest energy occupy the two 7r;p Mas 
with unpaired (parallel) spins, making the molecule paramagnetic. Figure 1 1 .2 1  
shows liquid O2 suspended between the poles of a powerful magnet. 

The two additional electrons in F2 fill the 7r;p orbitals, which decreases the 
bond order to 1 ,  and the absence of unpaired electrons makes F2 diamagnetic. As 
expected, the bond energy is lower and the bond distance longer than in O2, Note 
that the bond energy for F2 is only about half that for B2, even though they have 
the same bond order. F is smaller than B, so we might expect a stronger bond. 
But the 1 8  electrons in the smaller volume of F2 compared with the 10 electrons 
in B2 cause greater repulsions and make the F2 single bond easier to break. 

The final member of the series, Ne2, does not exist for the same reason that 
He2 does not: all the Mas are filled, so the stabilization from bonding electrons 
cancels the destabilization from antibonding electrons, and the bond order is zero. 

SAMPLE PROBLEM 1 1 .4 Using MO Theory to Explain Bond Properties 
Problem As the following data show, removing an electron from N2 forms an ion with a 
weaker, longer bond than in the parent molecule, whereas the ion formed from O2 has a 
stronger, shorter bond: 

Bond energy (kllmol) 
Bond length (pm) 

945 
1 10 

841 
1 12 

498 
1 2 1  

623 
1 12 

Explain these facts with diagrams that show the sequence and occupancy of MOs. 
Plan We first determine the number of valence electrons in  each species. Then, we draw 
the sequence of MO energy levels for the four species, recalling that they differ for N2 
and O2 (see Figures 1 1 . 19 and 1 1 .20), and fill them with electrons. Finally, we calculate 
bond orders and compare them with the data. Recall that bond order is related directly to 
bond energy and inversely to bond length. 
Solution Determining the valence electrons: 

N has 5 valence e-, so N2 has 10 and N2 + has 9 
o has 6 valence e - ,  so O2 has 12 and O2+ has 1 1  
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Figure 1 1 .21  The paramagnetic prop­
erties of 02' Liquid O2 is attracted to 
the poles of a magnet because it is para­

magnetic, as MO theory predicts. A dia­
magnetic substance would fall between 
the poles. 
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Drawing and filling the MO diagrams: 

N2 N2+ O2 O2+ 

D <T2p D D <T2p D 
CD TI2p CD ITTIJ TI2p [IT] 
[ill <T2p IT] Ittlttl TI2p It-J,lttl 

Ittlttl TI2p Ittlttl [ill <T2p [ill 
[ill <T2s [IT] [IT] <T2S [IT] 
[IT] <T2s [IT] [IT] <T2s [IT] 

Calculating bond orders: 

t (8 - 2) = 3 t(7 - 2) = 2.5 4(8 - 4) = 2 4 (8 - 3) = 2.5 

When N2 forms N2 +,  a bonding electron is removed, so the bond order decreases. Thus, 
N2 + has a weaker, longer bond than N2. When O2 forms O2+ ,  an antibonding electron is 
removed, so the bond order increases. Thus, O2+ has a stronger, shorter bond than O2. 
Check The answer makes sense in terms of the relationships among bond order, bond 
energy, and bond length. Check that the total number of bonding and anti bonding elec­
trons equals the number of valence electrons calculated. 

FOLLOW·UP PROBLEM 1 1 .4 Determine the bond orders for the following species: 
F2 

2
- ,  F2 -, F2, F2 +, F2

2
+ .  List the species in order of increasing bond energy and in order 

of increasing bond length. 

SECTION SUMMARY 
MO theory treats a molecule as a col lection of nuclei with molecular orbitals delo­
calized over the entire structure. Atomic orbitals of comparable energy can be 
added and subtracted to obtain bond ing and antibonding MOs, respectively. Bond­
ing MOs have most of their electron density between the n uclei and are lower in 
energy than the atomic orbitals; most of the electron density of anti bonding MOs 
does not lie between the n uclei ,  so these MOs are higher in energy. MOs are fi l led 
in order of their energy with paired electrons having opposing spins.  MO diagrams 
show energy levels and orbital occupancy. The diagrams for homonuclear d iatomic 
molecu les of Period 2 explain observed bond energy, bond length, and magnetic 
behavior. 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 

Learning Obiectives 
To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are l i sted in parentheses. 

1 .  Describe how orbitals mix to form hybrid orbitals, and use the 
molecular shape from VSEPR theory to postulate the hybrid or­
bitals of a central atom (§ I Ll )  (SP I Ll ) (EPs 1 1 . 1- 1 1 . 1 9) 
2. Describe the modes of overlap that give sigma (<T) or pi (TI) 
bonds, and explain the makeup of single and multiple bonds 
(§ 1 1 .2) (SP 1 1 .2) (EPs 1 1 .20- 1 1 .24) 

3. Understand how MOs arise from AOs; describe the shapes of 
MOs, and draw MO diagrams, with electron configurations and 
bond orders; and explain properties of homonucIear diatomic 
species from Periods 1 and 2 (§ 1 l .3) (SPs 1 1 . 3 ,  1 1 .4) (EPs 
1 1 .25- 1 1 .36) 



Key Terms 
Section 1 1 . 1 
valence bond (VB) 

theory (324) 
hybridization (325) 
hybrid orbital (325) 
sp hybrid orbital (325) 
Sp2 hybrid orbital (327) 

Sp3 hybrid orbital (327) 
sp3d hybrid orbital (328) 
sp3d2 hybrid orbital (329) 
Section 1 1 .2 
sigma (0") bond (33 1 )  
pi (1T) bond (332) 

Key Equations and Relationships 

For Review and Reference 

Section 1 1 .3 
molecular orbital (MO) 

theory (334) 
molecular orbital (MO) (334) 
bonding MO (335) 
antibonding MO (335) 
sigma (0") MO (336) 

molecular orbital (MO) 
diagram (336) 

MO bond order (336) 
homonucJear diatomic 

molecule (337) 
pi (1T) MO (338) 
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1 1 . 1  Calculating the MO bond order (336): Bond order = 1[(no. of e - in bonding MO) - (no. of e - in antibonding MO)] 

Brief Solutions to Follow-up Problems 
1 1.1 (a) Shape is linear, so Be is sp hybridized. 

OJ 
2p 2p 

mix [ill] 
sp 

2s 
Isolated Be atom Hybridized Be atom 

(b) Shape is tetrahedral, so Si is Sp3 hybridized. 

I t i t I 
3p 

mix 

3s 
Isolated Si atom Hybridized Si atom 

(c) Shape is square planar, so Xe is sp3d2 hybridized. 

5d 5d 

IHIHIHI mix IHIHl t l t l t l t l  
5p sp3d2 

5s 
Isolated Xe atom Hybridized Xe atom 

1 1 .2 (a) H-C -N :  

HCN i s  linear, s o  C i s  sp hybridized. N i s  also sp hybridized. 
One sp of C overlaps the Is of H to form a 0" bond. The other sp 
of C overlaps one sp of N to form a 0" bond. The other sp of N 
holds a lone pair. Two unhybridized p orbitals of N and two of C 
overlap to form two 1T bonds. 
(b) O=C=O . .  . .  

CO2 i s  linear, so C i s  sp hybridized. Both 0 atoms are Sp2 hy­
bridized. Each sp of C overlaps one Sp2 of an 0 to form two 0" 
bonds. Each of the two unhybridized p orbitals of C forms a 1T 

bond with the unhybridized p of one of the two 0 atoms. Two Sp2 
of each 0 hold lone pairs. 
1 1 .3 I " , "

" � "
"

"

, 

f [ill::' ': :@ 
1 "  · mr  . " 

01s 

AO of W MO of H2
2- AO of H-

Does not exist: bond order = �(2 - 2) = 0; (0"Is)2(0"'f,)2 
1 1 .4 Bond orders: F/- = 0; F2 - = 1; F2 = I; F2 + = 1 1  

F/+ = 2 
Bond energy: F22- < F2 - < F2 < F2 + < F22+ 
Bond length: F22+ < F2 + < F2 < F2 - ;  F/- does not exist 
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Problems 
Problems with colored numbers are answered in Aprendix E. 
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are grouped in pairs 
( indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

Valence Bond (VB) Theory and Orbital Hybridization 
(Sample Problem 1 1 . 1 )  
1 1 . 1  What type of central-atom orbital hybridization corresponds to 

each electron-group arrangement: (a) trigonal planar; (b) octahe­
dral; (c) linear; (d) tetrahedral; (e) trigonal bipyramidal? 

1 1 .2 What is the orbital hybridization of a central atom that has 
one lone pair and bonds to: (a) two other atoms; (b) three other 
atoms; (c) four other atoms; (d) five other atoms? 

1 1 .3 How do carbon and silicon differ with regard to the types of 
orbitals available for hybridization? Explain. 

1 1 .4 How many hybrid orbitals form when four atomic orbitals of 
a central atom mix? Explain. 

[ 1 1 .5 Give the number and type of hybrid orbital that forms when 
each set of atomic orbitals mixes: 
(a) two d, one s ,  and three p (b) three p and one s 

1 1 .6 Give the number and type of hybrid orbital that forms when 
each set of atomic orbitals mixes: 
(a) one p and one s (b) three p, one d, and one s 

1 1 .7 What is the hybridization of nitrogen in each of the follow­
ing: (a) NO; (b) N02; (c) N02-? 

1 1 .8 What is the hybridization of carbon in each of the foHowing: 
(a) CO/- ;  (b) C20/- ; (c) NCO- ?  

1 1 .9 What is the hybridization of chlorine i n  each of the following: 
(a) CI02; (b) CI03 -; (c) CI04-? 

1 1 . 10  What is the hybridization of bromine in each of the follow­
ing: (a) BrF3; (b) Br02 - ;  (c) BrFs? 

1 1 . 1 1 Which types of atomic orbitals of the central atom mix to 
form hybrid orbitals in (a) SiClH3; (b) CS2? 

1 1 . 1 2  Which types of atomic orbitals of the central atom mix to 
form hybrid orbitals in (a) CI20; (b) BrCI3? 

1 1 . 1 3  Which types of atomic orbitals of the central atom mix to 
form hybrid orbitals in (a) SCI3F; (b) NF3? 

1 1 . 14  Which types of atomic orbitals of the central atom mix to 
form hybrid orbitals in (a) PFs; (b) S03

2
- ?  

1 1 . 1 5  Use partial orbital diagrams to show how the atomic 
orbitals of the central atom lead to hybrid orbitals in (a) GeCI4; 
(b) BCI3; (c) CH3 + .  

1 1 . 16  Use partial orbital diagrams to show how the atomic 
orbitals of the central atom lead to hybrid orbitals in (a) BF4-;  
(b) PO/- ; (c) S03. 

1 1 . 1 7  Use partial orbital diagrams to show how the atomic orbitals 
of the central atom lead to hybrid orbitals in (a) SeCI2; 
(b) H30+;  (c) IF4-.  

1 1 . 1 8  Use partial orbital diagrams to show how the atomic orbitals 
of the central atom lead to hybrid orbitals in (a) AsCI3; 
(b) SnCI2; (c) PF6-.  

1 1 . 1 9  Methyl isocyanate, CH3-N=C=O: ,  is an intermediate in 
the manufacture of many pesticides. It received notoriety in 
1 984 when a leak from a manufacturing plant resulted in the 
death of more than 2000 people in Bhopal, India. What are the 
hybridizations of the N atom and the two C atoms in methyl iso­
cyanate? Sketch the molecular shape. 

The Mode of Orbital Overlap and the Types 
of Covalent Bonds 
(Sample Problem 1 l .2) 

1 1 .20 Are these statements true or false? Correct any that are false. 
(a) Two (J" bonds comprise a double bond. 
(b) A triple bond consists of one 'IT bond and two (J" bonds. 
(c) Bonds formed from atomic s orbitals are always (J" bonds. 
(d) A 'IT bond restricts rotation about the (J"-bond axis. 
(e) A 'IT bond consists of two pairs of electrons. 
(f) End-to-end overlap results in a bond with electron density 
above and below the bond axis. 

[ 1 1 .21  Describe the hybrid orbitals used by the central atom and 
the type(s) of bonds formed in (a) N03 -; (b) CS2; (c) CH20. 

1 1 .22 Describe the hybrid orbitals used by the central atom and the 
type(s) of bonds formed in (a) 03; (b) 13 -; (c) COCl2 (C is central). 

1 1 .23 Describe the hybrid orbitals used by the central atom(s) and 
the type(s) of bonds formed in (a) FNO; (b) C2F4; (c) (CNh. 

1 1 .24 Describe the hybrid orbitals used by the central atom(s) and 
the type(s) of bonds formed in (a) BrF3; (b) CH3C =CH; 

[ (c) S02. 

Molecular Orbital (MO) Theory and Electron 
Delocalization 
(Sample Problems 1 1 .3 and 1 1 .4) 

1 1 .25 Two p orbitals from one atom and two p orbitals from an­
other atom are combined to form molecular orbitals for the 
joined atoms. How many MOs will result from this combina­
tion? Explain. 

1 1 .26 Certain atomic orbitals on two atoms were combined to 
form the following MOs. Name the atomic orbitals used and the 
MOs formed, and explain which MO has higher energy: 

and 

1 1 .27 How do the bonding and antibonding MOs formed from a 
given pair of AOs compare to each other with respect to (a) en­
ergy; (b) presence of nodes; (c) internuclear electron density? 

1 1 .28 Antibonding MOs always have at least one node. Can a 
bonding MO have a node? If so, draw an example. 

[ 1 1 .29 How many electrons does it take to fil l  (a) a (J" bonding MO; 
(b) a 'IT antibonding MO; (c) the MOs formed from combination 
of the Is orbitals of two atoms? 

1 1 .30 How many electrons does it take to fill (a) the MOs formed 
from combination of the 2p orbitals of two atoms; (b) a (J"ip MO; 
(c) the MOs formed from combination of the 2s orbitals of two 
atoms? 



1 1.31 Show the shapes of bonding and anti bonding MOs formed 
by combination of (a) an s orbital and a p orbital; (b) two p or­
bitals (end to end). 

1 1 .32 Show the shapes of bonding and anti bonding MOs formed 
by combination of (a) two s orbitals; (b) two p orbitals (side to 
side). 

1 1 .33 Use MO diagrams and the bond orders you obtain from 
them to answer: (a) Is Be2 + stable? (b) Is Be2 + diamagnetic? 
(c) What is the outer (valence) electron configuration of Be2 +? 

1 1 .34 Use MO diagrams and the bond orders you obtain from 
them to answer: (a) Is O2- stable? (b) Is O2 - paramagnetic? 
(c) What is the outer (valence) electron configuration of O2 - ?  

1 1 .35 Use M O  diagrams to place C 2  - ,  C2, and C 2  + i n  order of 
(a) increasing bond energy; (b) increasing bond length. 

1 1 .36 Use MO diagrams to place B2 +, B2, and B2 - in order of 
I (a) decreasing bond energy; (b) decreasing bond length. 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

1 1 .37 Predict the shape, state the hybridization of the central atom, 
and give the ideal bond angle(s) and any expected deviations for 
(a) Br03 - (b) AsCI4 - (c) SeO/- (d) BiFs

2
-

(e) SbF4 + (f) AIFi- (g) IF4 + 
1 1 .38 Butadiene (shown below) is a colorless gas used to make 

synthetic rubber and many other compounds: 

H H H H 
I I I I H-C=C-C=C-H 

How many (J" bonds and 'IT bonds does the molecule have? 
1 1 .39 Epinephrine (or adrenaline) is a naturally occurring hor­

mone that is also manufactured commercially for use as a heart 
stimulant, a nasal decongestant, and to treat glaucoma. A valid 
Lewis structure is 

H H H I \c-ci :0: H H 
.. 1 - \  I I . . I 

H-O-C C-C-C-N-C-H . .  \:_& I I I I \ H H H H 
H 

(a) What is the hybridization of each C, 0, and N atom? 
(b) How many (J" bonds does the molecule have? 
(c) How many 'IT electrons are delocalized in the ring? 

1 1 .40 Use partial orbital diagrams to show how the atomic orbitals 
of the central atom lead to the hybrid orbitals in 
(a) IF2 - (b) ICI3 (c) XeOF4 (d) BHF2 

1 1.4 1 Isoniazid is an antibacterial agent that is very useful against 
many common strains of tuberculosis .  A valid Lewis structure is 

H H 
\ I C-C 
/; � . . . .  

: N  C-C-N-N-H 
\c-ci I I  I I 1 - \ :0: H H 
H H 

(a) How many (J" bonds are in the molecule? 
(b) What is the hybridization of each C and N atom? 

Problems 345 

1 1 .42 Hydrazine, N2H4, and carbon disulfide, CS2, form a cyclic 
molecule with the following Lewis structure: 

f..j-f..j 
. .  11 '\\ . .  H-S-C C-S- H  . . ';S: . .  

(a) Draw Lewis structures for N2H4 and CS2. 
(b) How do electron-group arrangement, molecular shape, and 
hybridization ofN change when N2H4 reacts to form the product? 
(c) How do electron-group arrangement, molecular shape, and 
hybridization of C change when CS2 reacts to form the product? 

1 1 .43 In each of the following equations, what hybridization 
change, if any, occurs for the underlined atom? 
(a) .!iF3 + NaF --- Na+BF4-
(b) ECl3 + Cl2 --- PCIs 
(c) HC=CH + H2 --- H2C=CH2 
(d) SiF4 + 2F- --- SiFi-
(e) S02 + �02 --- S03 

1 1 .44 Glyphosate (below) is a common herbicide that is relatively 
harmless to animals but deadly to most plants. Describe the 
shape around and the hybridization of the P, N, and three num­
bered C atoms. 

:0: H H H '0. 
. . II I I I II " 

H-O-P-C -N-C -C 
. .  I 1 1 . .  1 2 { . 
H- Q: H H Q-H 

* 1 1 .45 The sulfate ion can be  represented with four S-O bonds or 
with two S -O and two S=O bonds. (a) Which representation 
is better from the standpoint of formal charges? (b) What is the 
shape of the sulfate ion, and what hybrid orbitals of S are postu­
lated for the (J" bonding? (c) In view of the answer to part (b), 
what orbitals of S must be used for the 'IT bonds? What orbitals 
of O? (d) Draw a diagram to show how one atomic orbital from 
S and one from 0 overlap to form a 'IT bond. 

1 1 .46 Tryptophan is one of the amino acids found in proteins: 

H H 
1 H a l l 

H-...... .--:::C-...... c 1 4 / !,!-H 
Cr C - C-C-C 
I 6 " " 5 1 / "C�b O �H 
C C C H H II . .  

W/ �C/ "f..j/ -"""H :0: I I H H 

(a) What is the hybridization of each of the numbered C, N, and 
o atoms? 
(b) How many (J" bonds are present in tryptophan? 
(c) Predict the bond angles at points a, b, and c.  

1 1 .47 Sulfur forms oxides, oxoanions, and halides. What is the hy­
bridization of the central S in S02, S03, S03 

2
- ,  SCI4, SCI6, and 

S2Ci2 (atom sequence CI-S-S-Cl)? 
* 1 1.48 The hydrocarbon allene, H2C=C=CH2, is obtained indi­

rectly from petroleum and used as a precursor for several types 
of plastics. What is the hybridization of each C atom in allene? 
Draw a bonding picture for allene with l ines for (J" bonds, and 
show the arrangement of the 'IT bonds. Be sure to represent the 
geometry of the molecule in three dimensions. 

1 1 .49 Some species with two oxygen atoms only are the oxygen 
molecule, O2, the peroxide ion, 0/-,  the superoxide ion, O2-, 
and the dioxygenyl ion, O2+ ,  Draw an MO diagram for each, 
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rank them in order of increasing bond length, and find the num­
ber of unpaired electrons in each. 

1 1 .50 There is concern in health-related government agencies that 
the American diet contains too much meat, and numerous rec­
ommendations have been made urging people to consume more 
fruit and vegetables. One of the richest sources of vegetable pro­
tein is soy, avai lable in many forms. Among these is soybean 
curd, or tofu, which is a staple of many Asian diets. Chemists 
have isolated an anticancer agent called genistein from tofu, 
which may explain the much lower incidence of cancer among 
people in the Far East. A valid Lewis structure for genistein is 

H 
. .  I . . HO, fiC, /0, /H 
. .  ' C /  ' C  C H 

I I I  I I  I 
/C� /C" /C" �C" /H 

H C C C C 
I I I  I I I  

:QH :0: H/C�C/C"OH 
I . .  
H 

(a) Is the hybridization of each C in the right-hand ring the 
same? Explain. 
(b) Is the hybridization of the 0 atom in the center ring the same 
as that of the 0 atoms in OH groups? Explain. 
(c) How many carbon-oxygen (J" bonds are there? How many 
carbon-oxygen 1T bonds? 
(d) Do all the lone pairs on oxygens occupy the same type of 
hybrid orbital? Explain. 

1 1 .5 1  Silicon tetrafluoride reacts with F- to produce the hexa­
fluorosilicate ion, SiF6

2
- ;  GeF4 behaves similarly, but CF4 does 

not. (a) Draw Lewis structures for S iF4, GeF6
2

- ,  and CF4. 
(b) What is the hybridization of the central atom in each species? 
(c) Why doesn't CF4 react with F- to form CFl- ?  

1 1 .52 The compound 2,6-dimethylpyrazine gives chocolate its 
odor and is used in flavorings. A valid Lewis structure is 

H H 
I • •  I 

H-C, �N, /C-H 

� '( R � 
C C 

w ..... �t'!/ 'H 

(a) Which atomic orbitals mix to form the hybrid orbitals of N? 
(b) In  what type of hybrid orbital do the lone pairs of N reside? 
(c) Is the hybridization of each C in a CH3 group the same as that 
of each C in the ring? Explain. 

1 1 .53 Acetylsalicylic acid (aspirin), the most widely used medi­
cine in the world, has the following Lewis structure: 

H H 
\ / ·0· C-C . .  I; � II . . H-C C-C-O-H 
\ / :O:

·H l=\ I I I 
H :O-C-C-H . . I 

H 

(a) What is the hybridization of each C and each 0 atom? 
(b) How many localized 1T bonds are present? 
(c) How many C atoms have a trigonal planar shape around 
them? A tetrahedral shape? 



Holding Molecules Together Various combinations of attractive and repulsive 
forces among molecules create these spherical droplets and attach them �o a stem. 
As you'll d iscover in this chapter, they also determine the properties of the three 
states of matter and 1heir changes from one to another. 

Key Principles 
• The relative magnitudes of the energy of motion (kinetic) and the en­

ergy of attraction (potentia/) determine whether a substance exists 

as a gas, a liquid, or a solid under a given set of conditions: in a gas, 

kinetic energy is much greater than potential energy, whereas in a 
solid, the relative magnitudes are reversed. 

• A heating-cooling curve shows a substance gaining or losing heat in a 

series of stages. Within a given state (phase) , adding or subtracting 
heat results in a change in temperature, but a change in state 
(phase change) occurs at constant temperature. 

• Each type of phase change is reversible and has an enthalpy change 
that is positive in one direction and negative in the other. It takes 
more energy to convert a liquid to a gas than to convert a solid to a 

liquid, because the molecules are being more completely separated 

in the conversion to a gas. 

• When a liquid vaporizes in a closed container at a given temperature, it 
reaches a state of equilibrium as the rates of vaporization and con­
densation become equal. At that point, the pressure of the gas (va­
por pressure) becomes constant. 

• A phase diagram for a substance shows the conditions of pressure 
and temperature at which each phase is stable and at which phase 

changes occur. 

Outl i ne 

C HAPTER TWE LVE 

u a r  For 
l ids,  a 

ges 

• Charged regions of one molecule can attract oppositely charged 

regions of another, and the strength of these non bonding forces­

intermolecular forces-determines many physical properties. 

Hydrogen bonding requires a specific arrangement of atoms; 
dispersion forces exist between all atoms, ions, and molecules. 

• A combination of intermolecular forces determines the properties of 
liquids-surface tension, capillarity, and viscosity. The unique proper­
ties of water allow it to play vital roles in biology and the environment. 

• Crystalline solids consist of particles tightly packed into a regular array 
called a crystal lattice. The unit cell is the simplest portion of the 
crystal that, when repeated, gives the crystal. Many substances 
crystallize in one of three types of cubic unit cells, which differ in the 

arrangement of the particles and, therefore, in the number of parti­

cles per unit cell and how efficiently they are packed. 

• Solids have properties based on the type(s) of particles present­
atoms, molecules, or ions-and the bonding or non bonding forces 

among them. Properties of metals also depend on the number and 
delocalization of valence electrons. 

1 2.1 An Overview of Physical States and 
Phase Changes 

1 2.4 Properties of the Liquid State 
Surface Tension 

1 2.6 The Solid State: Structure, Properties, 
and Bonding 

1 2.2 Quantitative Aspects of Phase Changes 
Heat Involved in Phase Changes 
Equilibrium Nature of Phase Changes 
Phase Diagrams 

1 2.3 Types of Intermolecular Forces 
lon-Dipole Forces 
Dipole-Dipole Forces 
The Hydrogen Bond 
Charge-Induced Dipole Forces 
Dispersion (London) Forces 

Capillarity 
Viscosity 

1 2.5 The Uniqueness of Water 
Solvent Properties 
Thermal Properties 
Surface Properties 
Density of Solid and Liquid Water 

Structural Features of Solids 
Crystalline Solids 
Amorphous Solids 
Bonding in Solids 
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Concepts & Ski l l s to Review 
Before You Study This Chapter 

• properties of gases, l iquids, and solids 
(Section 5 . 1 )  

• kinetic-molecular theory of  gases 
(Section 5.6) 

• kinetic and potential energy 
(Section 6 . 1 )  

• enthalpy change, heat capacity, and 
Hess's law (Sections 6.2, 6.3, and 6.5) 

• diffraction of light (Section 7 . 1 )  
• Coulomb's law (Section 9.2) 
• chemical bonding models (Chapter 9) 
• molecular polarity (Section 1 0.3) 
• molecular orbital treatment of diatomic 

molecules (Section 1 1  .3) 

CHAPTER 1 2  Intermolecular Forces: Liquids, Solids, and phase Changes 

All  the matter around you occurs in one of three physical states-gas, liquid, or 
solid. Under specific conditions, many pure substances can exist in any of the 

states. The three states were introduced in Chapter 1 and their properties compared 
when we examined gases in Chapter 5; now we turn our attention to liquids and 
solids. A physical state is one type of phase, any physically distinct, homogeneous 
part of a system. The water in a -glass constitutes a single phase. Add some ice and 
you have two phases; or, if there are bubbles in the ice, you have three. 

Liquids and solids are called condensed phases (or condensed states) because 
their particles are extremely close together. Electrostatic forces among the parti­
cles, called interparticle forces or, more commonly, intermolecular forces, com­
bine with the particles' kinetic energy to create the properties of each phase as 
well as phase changes, the changes from one phase to another. 

12.1 AN OVERVIEW OF PHYSICAL STATES 
AND PHASE CHANGES 

Imagine yourself among the particles of a molecular substance, HF, and you' ll 
discover two types of electrostatic forces at work: 

• Intramolecular forces (bonding forces) exist within each molecule and influ­
ence the chemical properties of the substance. 

• Intermolecular forces (nonbonding forces) exist between the molecules and 
influence the physical properties of the substance. 

Now imagine a molecular view of the three states of water, as an example, 
and focus on just one molecule from each state. They look identical-bent, polar 
H - 0 -H molecules. In fact, the chemical behavior of the three states is identi­
cal because their molecules are held together by the same intramolecular bond­
ing forces. However, the physical behavior of the states differs greatly because 
the strengths of the intermolecular nonbonding forces differ greatly. 

A Kinetic-Molecular View of the Three States Whether a substance is a gas, liq­
uid, or solid depends on the interplay of the potential energy of the intermolecu­
lar attractions, which tends to draw the molecules together, and the kinetic energy 
of the molecules, which tends to disperse them. According to Coulomb's law, the 
potential energy depends on the charges of the particles and the distances between 
them (see Section 9.2) .  The average kinetic energy, which is related to the 
particles' average speed, is proportional to the absolute temperature. 

In Table 1 2. 1 ,  we distinguish among the three states by focusing on three 
properties-shape, compressibility, and ability to flow. The following kinetic­
molecular view of the three states is  an extension of the model we used to under­
stand gases (see Section 5.6): 

ImCIEII A Macroscopic Comparison of Gases, Liquids, and Solids 

State Shape and Volume Compressibility 
Ability 
to Flow 

Gas Conforms to shape and volume of High High 
container 

Liquid Conforms to shape of container; Very low Moderate 
volume limited by surface 

Solid Maintains its own shape and volume Almost none Almost none 



1 2. 1  An Overview of Physical States and phose Changes 

• In a gas, the energy of attraction is sq1all relative to the energy of motion; 
so, on average, the particles are far apart. This large interparticle distance has 
several macroscopic consequences. A gas moves randomly throughout its 
container and fills it. Gases are highly compressible, and they flow and diffuse 
easily through one another. 

• In a liquid, the attractions are stronger because the particles are in contact. But 
their kinetic energy still allows them to tumble randomly over and around each 
other. Therefore, a liquid conforms to the shape of its container but has a sur­
face. With very little free space between the particles, liquids resist an applied 
external force and thus compress only very slightly. They flow and diffuse but 
much more slowly than gases. 

• In a solid, the attractions dominate the motion so much that the particles remain 
in position relative to one another, j iggling in place. With the positions of the 
particles fixed, a solid has a specific shape and does not flow significantly. The 
particles are usually slightly closer together than in a liquid, so solids com­
press even less than liquids. 

Types of Phase Changes Phase changes are also determined by the interplay 
between kinetic energy and intermolecular forces. As the temperature increases, 
the average kinetic energy increases as well, so the faster moving particles can 
overcome attractions more easily; conversely, lower temperatures allow the forces 
to draw the slower moving particles together. 

What happens when gaseous water is cooled? A mist appears as the particles 
form tiny microdroplets that then collect into a bulk sample of liquid with a sin­
gle surface. The process by which a gas changes into a liquid is  called con­
densation; the opposite process, changing from a liquid into a gas, is called 
vaporization. With further cooling, the particles move even more slowly and 
become fixed in position as the liquid solidifies in the process of freezing; the 
opposite change is called melting, or fusion. In common speech, the term freez­

ing implies low temperature because we typically think of water. But, most met­
als ,  for example, freeze (solidify) at much higher temperatures. 

Enthalpy changes accompany phase changes. As the molecules of a gas attract 
each other and come closer together in the liquid, and then become fixed in the 
solid, the system of particles loses energy, which is released as heat. Thus, con­
densing and freezing are exothermic changes. On the other hand, energy must be 
absorbed by the system to overcome the attractive forces that keep the particles 
in a liquid together and those that keep them fixed in place in a solid. Thus, melt­
ing and vaporizing are endothermic changes. As a familiar example, the evapo­
ration of sweat cools our bodies. 

For a pure substance, each phase change has a specific enthalpy change per 
mole (measured at 1 atm and the temperature of the change). For vaporization, it 
is called the heat of vaporization (AB�ap), and for fusion, it is the heat of fusion 
(ABrus). In the case of water, we have 

H20(l) --+ H20(g) t:.H = t:.H�ap = 40.7 klima! (at 1 00°C) 
H20(s) --+ Hz0(l) t:.H = t:.Hrus = 6.02 klima! (at O°C) 

The reverse processes, condensing and freezing, have enthalpy changes of the 
same magnitude but opposite sign: 

H20(g) --+ H2°(l) 

HzO(l) --+ HzO(s) 

t:.H = -t:.H�ap = -40.7 klima! 
t:.H = -t:.Hrus = -6.02 klima! 

Water is typical of most pure substances in that it takes less energy to 
melt 1 mol of solid water than to vaporize 1 mol of liquid water: !::.H'fus < !::.H�ap .  
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Figure 1 2. 1  Heats of vaporization and 
fusion for several common sub­
stances. tlH�ap is always larger than 
tlH'fus because it takes more energy to 
separate particles completely than just 
to free them from their fixed positions in 
the solid. 

Figure 1 2.2 Phase changes and their 
enthalpy changes. Each type of phase 

change is shown with its associated en­
thalpy change. Fusion (or melting), vapor­

ization, and sublimation are endothermic 

changes (positive tlHO), whereas freezing, 
condensation, and deposition are 
exothermic changes (negative tlHO). 
� Animation: Vapor Pressure 
� Online Learning Center 
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o L'lH�ap 
o L'lHlus 

Argon 
(Ar) 

40.5 
34.1 

29 

1 0.0 
0.94 

Methane Diethyl ether Benzene 
(CH4) (C2HsOC2Hs) (CeHe) 

40.7 

59 

23.4 

Mercury 
(Hg) 

Figure 1 2. 1  shows several examples. The reason is that a phase change is essen­
tially a change in intermolecular distance and freedom of motion. Less energy 
is needed to overcome the forces holding the molecules in fixed positions (melt 
a solid) than to separate them completely from each other (vaporize a liquid). 

The three states of water are so common because they all are stable under 
ordinary conditions. Carbon dioxide, on the other hand, is familiar as a gas and 
a solid (dry ice), but liquid CO2 occurs only at external pressures greater than 
5 atm. At ordinary conditions, solid CO2 becomes a gas without first becoming a 
liquid. This process is called sublimation. Freeze-dried foods are prepared by 
sublimation. The opposite process, changing from a gas directly into a solid, is 
called deposition-you may have seen ice crystals form on a cold window from 
the deposition of water vapor. The heat of sublimation (aH�ubl) is the enthalpy 
change when 1 mol of a substance sublimes. From Hess 's law (Section 6.5), it 
equals the sum of the heats of fusion and vaporization: 

Solid --.. liquid 

Liquid --.. gas 

Solid --.. gas I1H�ubl 
Figure 1 2.2 summarizes the terminology of the various phase changes and shows 
the enthalpy changes associated with them. 
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1 2.2 Quantitative Aspects of phase Changes 

SECTI ON SUMMARY 
Because of the relative magnitudes of intermolecular forces and kinetic energy, the 
particles i n  a gas are far apart and moving randomly, those in a l iquid are in contact 
but still moving relative to each other, and those in a solid are in contact and fixed 
relative to one another in a rigid structure. These molecular- level differences in the 
states of matter account for macroscopic differences in shape, compressibi l ity, and 
ability to flow. When a solid becomes a l iquid (melting,  or fusion) or a l iquid becomes 
a gas (vaporization), energy is absorbed to overcome intermolecular forces and 
increase the average distance between particles. When particles come closer together 
in the reverse changes (freezing and condensation), energy is released. Sublimation 
is the changing of a solid directly into a gas. Each phase change is associated with 
a given enthalpy change under specified conditions. 

12.2 QUANTITATIVE ASPECTS OF PHASE CHANGES 

In this  section, we examine the heat absorbed or released in a phase change and 
the equilibrium nature of the process. 

Heat Involved in Phase Changes: A Kinetic-Molecular Approach 
We can apply the kinetic-molecular theory quantitatively to phase changes by 
means of a heating-cooling curve, which shows the changes that occur when heat 
is added to or removed from a particular sample of matter at a constant rate. As 
an example, the cooling process is depicted in Figure 1 2.3 for a 2.50-mol sam­
ple of gaseous water in a closed container, with the pressure kept at 1 atm and 

Stage 3 

1 30 

GAS - LIQUID 
1 00 

U L 
Q) 
:; 
� Q) Q. 
E � 

0 �---- dHVap,-----:;>� 

Stage 4 

LlQUID­
SOLID 

k:--t::.Hfus� I I 
I I 

35 1 

Stage 5 

I I SOLID 
- 40 �--�----��,(�----�L--------------------�'--?;0��-���� 

Figure 1 2.3 A cooling curve for the conversion of gaseous water 
to ice. A plot is shown of temperature vs. heat removed as gaseous 
water at 1 30°C changes to ice at - 40°C. This process occurs in five 
stages, with a molecular-level depiction shown for each stage. Stage 
1 :  Gaseous water cools. Stage 2: Gaseous water condenses. Stage 3: 
liquid water cools. Stage 4: liquid water freezes. Stage 5: Solid water 

Heat removed � 

cools. The slopes of the lines in stages 1 ,  3, and 5 reflect the magni­
tudes of the molar heat capacities of the phases. Although not drawn 
to scale, the line in stage 2 is longer than the line in stage 4 because 
tlH�ap of water is greater than tlHtus. A plot of temperature vs. heat 
added would have the same steps but in reverse order. 
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the temperature changing from 1 30°C to -40°C. We can divide the process into 
the five heat-releasing (exothermic) stages of the curve: 

Stage 1. Gaseous water cools. Picture a collection of water molecules behav­
ing like a typical gas. At a high enough temperature, the most probable speed, 
and thus the average kinetic energy (Ek), of the molecules is high enough to over­
come the potential energy (Ep) of attractions among them. As the temperature 
falls,  the average Ek decreases, so the attractions become increasingly important. 

The change is H20(g) [ l 30°C] -----+ H20(g) [ l OO°C] . The heat (q) is the 
product of the amount (number of moles, n) of w ater, the molar heat capacity of 
gaseous water, Cwater(g)' and the temperature change, tlT (Tfinal - Tinitial): 

q = n X Cwater(g) X t:J.T = (2.50 mol) (33 . 1  J/mol ·°C) ( lOOoe - 1 30°C) 
= -2482 J = -2.48 kJ 

The mi nus s ign indicates that heat is released. (For purposes of canceling, 
the units for C include °C, rather than K, which represents the same temp­
erature increment.) 

Stage 2. Gaseous water condenses. At the condensation point, the slowest of 
the molecules are near each other long enough for intermolecular attractions to 
form groups of molecules, which aggregate into microdroplets and then a bulk 
liquid. Note that while the state is changing from gas to liquid, the temperature 
remains constant, so the average Ek is constant. However, removing heat from 
the system involves a decrease in the average Ep' as the molecules approach and 
attract each other more strongly. In other words, at l OO°C, gaseous water and liq­
uid water have the same average Eb but the liquid has lower Ep. 

The change is H20(g) [ l OO°C] -----+ H20(l) [ l OO°C] . The heat released is 
the amount (n) times the negative of the heat of vaporization (- tlH�ap) :  

q = n( - t:J.H�ap) = (2.50 mol) ( -40.7 kJ/mal) = - 102 kJ 

This step contributes the greatest portion of the total heat released because of the 
decrease in potential energy that occurs with the enormous decrease in distance 
between molecules in a gas and those in a liquid. 

Stage 3. Liquid water cools. The molecules are now in the liquid state. The 
continued loss of heat appears as a decrease in temperature, that is, as a decrease 
in the most probable molecular speed and, thus, the average Ek. The temperature 
decreases as long as the sample remains liquid. 

The change is H20(I) [ l OO°C] -----+ H20(l) [O°C] . The heat depends on 
amount (n), the molar heat capacity of liquid water, and tlT: 

q = n X Cwater(l) X t:J.T = (2.50 mol) (75 .4 J/molo 0C) (OOe - 1 00°C) 
= - 1 8,850 J = - 1 8.8 kJ 

Stage 4. Liquid water freezes. At the freezing temperature of water, O°C, inter­
molecular attractions overcome the motion of the molecules around one another. 
Beginning with the slowest, the molecules lose Ep and align themselves into the 
crystalline structure of ice. Molecular motion continues, but only as vibration of 
atoms about their fixed positions. As during condensation, the temperature and 
average Ek remain constant during freezing. 

The change is H20(l) [O°C] -----+ H20(s) [DoC] . The heat released is n times 
the negative of the heat of fusion (- tlH�us) : 

q = n(-t:J.H�us) = (2.50 mol) (-6.02 kJ/mol) = - 1 5.0 kJ 

Stage 5. Solid water cools. With motion restricted to jiggling in place, fur­
ther cooling merely reduces the average speed of this j iggling. 

The change is H20(s) [O°C] -----+ H20(s) [ - 40°C] . The heat released 
depends on n, the molar heat capacity of solid water, and tlT: 

q = n X Cwater(s) X t:J.T = (2.50 mol) (37.6 J/molo 0C) ( - 40°C - OOe) 
= - 3760 J = - 3.76 kJ 
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According to Hess's  law, the total heat released is the sum of the heats 
released for the individual stages. The sum of q for stages 1 to 5 is - 1 42 kJ. 

The Equilibrium Nature of Phase Changes 
In everyday experience, phase changes take place in open containers-the out­
doors, a pot on a stove, the freezer compartment of a refrigerator-so such a 
change is not reversible. In a closed container under controlled conditions, how­
ever, phase changes of many substances are reversible. 

Liquid-Gas Equilibria Picture an open flask containing a pure liquid at constant 
temperature and focus on the molecules at the surface. Within their range of 
molecular speeds, some are moving fast enough and in the right direction to over­
come attractions, so they vaporize. Nearby molecules immediately fill the gap, 
and with energy supplied by the constant-temperature surroundings, the process 
continues until the entire liquid phase is gone. 

Now picture starting with a closed flask at constant temperature, as in Figure 
1 2 .4A, and assume that a vacuum exists above the liquid. As before, some of the 
molecules at the surface have a high enough Ek to vaporize. As the number of 
molecules in the vapor phase increases, the pressure of the vapor increases. At 
the same time, some of the molecules in the vapor that collide with the surface 
have a low enough Ek to become attracted too strongly to leave the liquid and 
they condense. For a given surface area, the number of molecules that make up 
the surface is constant; therefore, the rate of vaporization-the number of mol­
ecules leaving the surface per unit time-is also constant. On the other hand, as 
the vapor becomes more populated, molecules collide with the surface more often, 
so the rate of condensation slowly increases. As condensation continues to offset 
vaporization, the increase in the pressure of the vapor slows. Eventually, the rate 
of condensation equals the rate of vaporization, as depicted in Figure 1 2 .4B . From 
this time onward, the pressure of the vapor is constant at that temperature. Macro­
scopically, the situation seems static, but at the molecular level, molecules are 
entering and leaving the liquid surface at equal rates.  The system has reached a 
state of dynamic eqUilibrium: 

Liquid � gas 

Figure 1 2.4C depicts the entire process graphically. The pressure exerted by the 
vapor at equilibrium is called the equilibrium vapor pressure, or just the vapor 
pressure, of the liquid at that temperature. (In later chapters, beginning with 
Chapter 1 7 ,  you ' ll see that reactions also reach a state of equilibrium, in which 
reactants are changing into products and products into reactants at the same rate. 
Thus, the yield of product becomes constant, and it seems as if no changes 
are occurring.) 
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Figure 1 2.4 Liquid-gas equilibrium. 
A, In a closed flask at constant tempera­
ture with the air removed, the initial 
pressure is zero. As molecules leave the 
surface and enter the space above the 
liquid, the pressure of the vapor rises. 
B, At equilibrium, the same number of 
molecules leave as enter the liquid within 
a given time, so the pressure of the vapor 
reaches a constant value. C, A plot of 
pressure vs. time shows that the pressure 
of the vapor increases as long as the rate 
of vaporization is greater than the rate of 
condensation. At equilibrium, the rates 
are equal, so the pressure is constant. 
The pressure at this point is the vapor 
pressure of the liquid at that temperature. 
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Figure 1 2.6 Vapor pressure as a func­
tion of temperature and intermolecular 
forces. The vapor pressures of three liq­
uids are plotted against temperature. At 
any given temperature (see the vertical 
dashed line at 20°C), diethyl ether has the 
highest vapor pressure and water the 
lowest, because diethyl ether has the 
weakest intermolecular forces and water 
the strongest. The horizontal dashed line 
at 760 torr shows the normal boiling point 
of each liquid, the temperature at which 
the vapor pressure equals atmospheric 
pressure at sea level. 
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Kinetic energy needed to overcome 
intermolecular forces in liquid 

Figure 1 2.5  The effect of temperature on the distribution of molecular speeds in a liquid. 
With T1 lower than T2, the most probable molecular speed U1 is less than U2' (Note the similarity to 
Figure 5.1 2) The fraction of molecules with enough energy to escape the liquid (shaded area) is 
greater at the higher temperature. The molecular views show that at the higher T, equilibrium is 
reached with more gas molecules in the same volume and thus at a higher vapor pressure. 

The Effects of Temperature and Intermolecular Forces on Vapor P ressure The 
vapor pressure of a substance depends on the temperature. Raising the tempera­
ture of a liquid increases the fraction of molecules moving fast enough to escape 
the liquid and decreases the fraction moving slowly enough to be recaptured. This 
important idea is shown in Figure 1 2.5 .  In general, the higher the temperature is, 
the higher the vapor pressure. 

The vapor pressure also depends on the i ntermolecular forces present. The 
average Ek is the same for different substances at a given temperature. Therefore, 
molecules with weaker intermolecular forces vaporize more easily. In general, the 
weaker the intermolecular forces are, the higher the vapor pressure. 

Figure 1 2.6 shows the vapor pressure of three liquids as a function of tem­
perature. Notice that each curve rises more steeply as the temperature increases. 
Note also, at a given temperature, the substance with the weakest intermolecular 
forces has the highest vapor pressure: the intermolecular forces in diethyl ether 
are weaker than those in ethanol, which are weaker than those in water. 

The nonlinear relationship between vapor pressure and temperature shown in 
Figure 1 2.6 can be expressed as a linear relationship between In P and l iT: 

In P = -�:vap (�) + C 

y m x + b 

where In P is the natural logarithm of the vapor pressure, �Hvap is the heat of 
vaporization, R is the universal gas constant (8. 3 1  llmol' K), T is the absolute tem­
perature, and C is a constant (not related to heat capacity).  This is the Clausius­
Clapeyron equation, which gives us a way of finding the heat of vaporization, 
the energy needed to vaporize 1 mol of molecules in the liquid state. The blue 
equation beneath the Clausius-Clapeyron equation is the equation for a straight 
line, where y = In P, x = l iT, m (the slope) = -�HvapIR, and b (the y-axis 
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intercept) = C. Figure 1 2.7 shows plots for diethyl ether and water. A two-point 
version of the equation allows a nongraphical determination of I1Hvap: 

In 
P2 

= 
-!:1Hvap (� - �) (12.1) 

P I R T2 Tl 

If I1Hvap and PI at TI are known, we can calculate the vapor pressure (P2) at any 
other temperature (T2) or the temperature at any other pressure. 

SAMPLE PROBLEM 12.1 Using the Clausius-Clapeyron Equation 
Problem The vapor pressure of ethanol is 1 15 torr at 34.9°C. If !:1Hvap of ethanol is 
40.5 kJ/mol, calculate the temperature (in 0c) when the vapor pressure is 760 torr. 
Plan We are given !:1Hvap, Ph P2, and Tj and substitute them into Equation 1 2. 1  to solve 
for T2. The value of R here is 8.3 1 J/mol'K, so we must convert TI to K to obtain T2, and 
then convert T2 to 0C. 
Solution Substituting the values into Equation 1 2. 1  and solving for T2: 

In P
2 

= 
-!:1Hvap (� _ �) 

P1 R T2 TI 

TI = 34.9°C + 273 . 1 5  = 308 .0 K 
760 torr ( 40.SX 1 03 J/mol ) (  1 1 ) 

In 
1 15 torr 

= 
8.3 1 4  J/mol ·K T2 - 308.0 K 

1 .888 = (-4.87 X 103) [;
2 
- (3.247 X 10-3)] 

T2 = 350 . K 

Converting T2 from K to 0C: 

T2 = 350. K - 273 . 1 5  = 77°C 

Check Round off to check the math. The change is in the right direction: higher P should 
occur at higher T. As we discuss next, a substance has a vapor pressure of 760 torr at its 
normal boiling point. Checking the CRC Handbook of Chemistry and Physics shows that 
the boiling point of ethanol is 78.5°C, very close to our answer. 

FOLLOW-UP PROBLEM 12.1 At 34. 1 °C, the vapor pressure of water is 40. 1 torr. 
What is the vapor pressure at 85.5°C? The !:1Hvap of water is 40.7 kJ/mo!. 

Vapor Pressure and Boiling Point In an open container, the atmosphere bears 
down on the liquid surface. As the temperature rises, molecules leave the surface 
more often, and they also move more quickly throughout the liquid. At some 
temperature, the average Ek of the molecules in the liquid is great enough for 
bubbles of vapor to form in the interior, and the liquid boils. At any lower tem­
perature, the bubbles collapse as soon as they start to form because the external 
pressure is greater than the vapor pressure inside the bubbles. Thus, the boiling 

point is  the temperature at which the vapor pressure equals the external pressure, 
usually that of the atmosphere. Once boiling begins, the temperature of the l iq­
uid remains constant until the liquid is gone, because the applied heat is used by 
the molecules to overcome attractions and enter the gas phase. 

The boiling point varies with elevation because the atmospheric pressure does. 
At higher elevations, a lower pressure is exerted on the liquid surface, so mol­
ecules in the interior need less kinetic energy to form bubbles. At lower eleva­
tions, the opposite is true. Thus, the boiling point depends on the applied pres­
sure. The normal boiling point is  observed at standard atmospheric pressure (760 
torr, or 1 0 1 .3 kPa; see the horizontal dashed line in Figure 1 2.6). 

The boiling point is the temperature at which the vapor pressure equals 
the external pressure, so we can also i nterpret the curves in Figure 1 2.6 as a 
plot of external pres sure v s .  boil ing point. For instance, the H20 curve 

355 
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Figure 1 2.7 A linear plot of the relation­
ship between vapor pressure and 
temperature. The Clausius-Clapeyron 
equation gives a straight line when the 
natural logarithm of the vapor pressure 
(In P) is plotted against the inverse of the 
absolute temperature (1 IT). The slopes 
(- t:.HvapIR) allow determination of the 
heats of vaporization of the two liquids. 
Note that the slope is steeper for water 
because its t:.Hvap is greater. 
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shows that water boils at 1 00°C at 760 torr (sea level), at 94°C at 6 1 0  torr 
(Boulder, Colorado), and at about noc at 270 torr (top of Mt. Everest). Peo­
ple who live or hike in mountainous regions cook their meals under lower 
atmospheric pressure and the resulting lower boiling point of the liquid means 
that the food takes more time to cook. 

Solid-Liquid Equilibria At the molecular level, the particles in a crystal are con­
tinually vibrating about their fixed positions. As the temperature rises, the parti­
cles vibrate more violently, until some have enough kinetic energy to break free 
of their positions, and melting begins. As more molecules enter the liquid (molten) 
phase, some coIl ide with the solid and become fixed again. Because the phases 
remain in contact, a dynamic equilibrium is established when the melting rate 
equals the freezing rate. The temperature at which this occurs is the melting 
point; it is the same temperature as the freezing point, differing only in the direc­
tion of the energy flow. As with the boiling point, the temperature remains at the 
melting point as long as both phases are present. 

Because liquids and solids are nearly incompressible, a change in pressure 
has little effect on the rate of movement to or from the solid. Therefore, in con­
trast to the boiling point, the melting point is affected by pressure only very 
slightly, and a plot of pressure (y axis) vs. temperature (x axis) for a solid-liquid 
phase change is typically a straight, nearly vertical line. 

Solid-Gas Equilibria Solids have much lower vapor pressures than liquids. Sub­
limation, the process of a solid changing directly into a gas, is much less famil­
iar than vaporization because the necessary conditions of pressure and temperature 
are uncommon for most substances. Some solids do have high enough vapor pres­
sures to sublime at ordinary conditions, including dry ice (carbon dioxide), iodine, 
and solid room deodorizers. A substance sublimes rather than melts because the 
combination of intermolecular attractions and atmospheric pressure is not great 
enough to keep the particles near one another when they leave the solid state. The 
pressure vs. temperature plot for the solid-gas transition shows a large effect of 
temperature on the pressure of the vapor; thus, this curve resembles the liquid­
gas line in curving upward at higher temperatures. 

Phase Diagrams: Effect of Pressure 
and Temperature on Physical State 
To describe the phase changes of a substance at various conditions of tempera­
ture and pressure, we construct a phase diagram, which combines the liquid-gas, 
solid-liquid, and solid-gas curves. The shape of the phase diagram for CO2 is typ­
ical for most substances (Figure 1 2.8A). A phase diagram has these four features: 

1 .  Regions of the diagram. Each region corresponds to one phase of the 
substance. A particular phase is stable for any combination of pressure and tem­
perature within its region. If any of the other phases is placed under those con­
ditions, it will change to the stable phase. In general, the solid is stable at low 
temperature and high pressure, the gas at high temperature and low pressure, and 
the liquid at intermediate conditions. 

2. Lines between regions. The lines separating the regions represent the 
phase-transition curves discussed earlier. Any point along a line shows the pres­
sure and temperature at which the two phases exist in equilibrium. Note that the 
solid-liquid line has a positive slope (slants to the right with increasing pressure) 
because, for most substances, the solid is more dense than the liquid. Because the 
liquid occupies slightly more space than the solid, an increase in pressure favors 
the solid phase. (Water is the major exception, as you' ll soon see.)  

3 .  The critical point. The liquid-gas line ends at the critical point. Picture a 
liquid in a closed container. As it is heated, it expands, so its density decreases. 
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Figure 1 2.8 Phase diagrams for CO2 and H20. Each region depicts 
the temperatures and pressures under which the phase is stable. Lines 
between two regions show conditions at which the two phases exist in 
equilibrium. The critical point shows conditions beyond which sepa­
rate liquid and gas phases no longer exist. At the triple point, the three 
phases exist in equilibrium. (The axes are not linear.) A, The phase di-

agram for CO2 is typical of most substances in that the solid-liquid line 
slopes to the right with increasing pressure: the solid is more dense 
than the liquid. B, Water is one of the few substances whose solid­
liquid line slopes to the left with increasing pressure: the solid is less 
dense than the liquid. (The slopes of the solid-liquid lines in both dia­
grams are exaggerated.) 

At the same time, more liquid vaporizes, so the density of the vapor increases. 
The liquid and vapor densities become closer and closer to each other until, at 
the critical temperature eTc), the two densities are equal and the phase boundary 
disappears. The pressure at this temperature is the critical pressure (Pc). At this 
point, the average Ek of the molecules is so high that the vapor cannot be con­
densed no matter what pressure is applied. 

4. The triple point. The three phase-transition curves meet at the triple point: 
the pressure and temperature at which three phases are in equilibrium. As strange as 
it sounds, at the triple point in Figure 12 .8A, CO2 is subliming and depositing, melt­
ing and freezing, and vaporizing and condensing simultaneously ! Phase diagrams for 
substances with several solid fOlms, such as sulfur, have more than one triple point. 

The CO2 phase diagram explains why dry ice (solid CO2) doesn't melt under 
ordinary conditions. The triple-point pressure for CO2 is 5 . 1  atm; therefore, at 
around 1 atm, liquid CO2 does not occur. By following the horizontal dashed line 
in Figure 1 2.8A, you can see that when solid CO2 is heated at 1 .0 atm, it sub­
limes at -78°C to gaseous CO2 rather than melting. If normal atmospheric pres­
sure were 5 .2 atm, liquid CO2 would be common. 

The phase diagram for water differs in one key respect from the general case 
and reveals an extremely important property (Figure 1 2.8B).  Unlike almost every 
other substance, solid water is less dense than liquid water. Because the solid 
occupies more space than the liquid, water expands on freezing. This behavior 
results from the unique open crystal structure of ice, which we discuss in a later 
section. As always, an increase in pressure favors the phase that occupies less 
space, but in the case of water, this is  the liquid phase. Therefore, the solid­
liquid line for water has a negative slope (slants to the left with increasing pres­
sure): the higher the pressure, the lower the temperature at which water freezes. 
In Figure 1 2. 8B ,  the vertical dashed line at - 1 °C crosses the solid-liquid line, 
which means that ice melts at that temperature with only an increase in pressure. 

The triple point of water occurs at low pressure (0.006 atm). Therefore, when 

solid water is heated at 1 .0 atm, the horizontal dashed line crosses the solid-liquid 
line (at O°C, the normal melting point) and enters the liquid region. Thus, at 
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ordinary pressures, ice melts rather than sublimes. As the temperature rises, the 
horizontal line crosses the liquid-gas curve (at l OO°C, the normal boiling point) 
and enters the gas region. 

SECTIO N SUMMARY 
A heating-cooling curve depicts the change in temperature with heat gain or loss. 
Within a phase, temperature (and average EJ changes as heat is added or removed. 
During a phase change, temperature (and average EJ is constant, but Ep changes. 
The total heat change for the curve is calculated using Hess's law. In a closed con­
tainer, equil ibrium is established between the l iquid and gas phases. Vapor pressure, 
the pressure of the gas at equil ibrium, is related directly to temperature and inversely 
to the strength of the intermolecular forces. The Clausius-Clapeyron equation uses 
/::"Hvap to relate the vapor pressure to the temperature. A l iquid in an open container 
boils when its vapor pressure equals the external pressure. Solid-l iquid equil ibrium 
occurs at the melting point. Many solids sublime at low pressures and high temper­
atures. A phase diagram shows the phase that exists at a given pressure and tem­
perature and the conditions at the critical point and the triple point of a substance. 
Water differs from most substances in that its solid phase is less dense than its l iq­
uid phase, so its solid-l iquid l ine has a negative slope. 

12.3 TYPES OF INTERMOLECULAR FORCES 

As we' ve seen, the nature of the phases and their changes are due primarily to 
forces among the molecules. Both bonding (intramolecular) forces and inter­
molecular forces arise from electrostatic attractions between opposite charges. 
Bonding forces are due to the attraction between cations and anions (ionic bond­
ing), nuclei and electron pairs (covalent bonding), or metal cations and delocal­
ized valence electrons (metal l ic  bonding). Intermolecular forces, on the other 
hand, are due to the attraction between molecules as a result of partial charges, 
or the attraction between ions and molecules. The two types of forces differ in 
magnitude, and Coulomb's law explains why: 

• Bonding forces are relatively strong because they involve larger charges that 
are closer together. 

• Intermolecular forces are relatively weak because they typically involve 
smaller charges that are farther apart. 

How far apart are the charges between molecules that give rise to intermolecular 
forces? Consider Cl2 as an example. When we measure the distances between two 
CI nuclei in a sample of solid C12, we obtain two different values, as shown in 
Figure 1 2.9. The shorter distance is between two bonded Cl atoms in the same 

vow 

radius 

Covalent 
radius 

Figure 1 2.9 Covalent and van der Waals radii. As shown here for solid chlorine, the van der 
Waals (VOW) radius is one-half the distance between adjacent nonbonded atoms (� x VOW dis­
tance), and the covalent radius is one-half the distance between bonded atoms (� x bond length). 
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molecule. It is, as you know, called the bond length, and one-half this distance is 
the covalent radius. The longer distance is between two nonbonded Cl atoms in 
adjacent molecules. It is called the van der Waals distance (named after the Dutch 
physicist Johannes van der Waals, who studied the effects of intermolecular forces 
on the behavior of real gases). This distance is the closest one Cl2 molecule can 
approach another, the point at which intermolecular attractions balance electron­
cloud repulsions. One-half this distance is the van der Waals radius, one-half the 
closest distance between the nuclei of identical nonbonded Cl atoms. The van der 
Waals radius of an atom is always larger than its covalent radius, but van der Waals 
radii decrease across a period and increase down a group, just as covalent radii do. 
Figure 12. 10  shows these relationships for many of the nonmetals. 

There are several types of intermolecular forces: ion-dipole, dipole-dipole, 
hydrogen bonding, dipole-induced dipole, and dispersion forces. As we discuss 
these intermolecular forces (also called van der Waals forces), look at Table 1 2.2, 
which compares them with the stronger intramolecular (bonding) forces. 

fSNIFlJ Comparison of Bonding and Nonbonding (Intermolecular) Forces 

Basis of Energy 
Force Model AHraction (kJ/mol) Example 

Bonding 

Ionic 

Covalent 

Metallic 

Nonbonding ( Intermolecular) 

Ion-dipole +. . . . . . . .  

H bond 0- 1>+ 0-
-A-H · · · · · · · :S-

Dipole-dipole 

Ion-induced 
dipole 

Dipole-induced 
dipole 

Dispersion 
(London) 

Cation-anion 400-4000 NaCI 

Nuclei-shared 
e- pair 

1 50- 1 1 00 H-H 

Cations-delocalized 75- 1000 
electrons 

Ion charge- 40-600 
dipole charge 

Polar bond to H- 1 0-40 
dipole charge 
(high EN of N, 0, F) 

Dipole charges 5-25 

Ion charge- 3- 1 5  
polarizable e-
cloud 

Dipole charge- 2- 1 0  
polarizable e-
cloud 

Polarizable e- 0.05-40 
clouds 

Fe 

/ H  
Na+· · · ·  ° "H 

:O- H · · · · :O- H  
I I 
H H 

I-CI · · · · I-CI 

Fe2+ . . . .  02 

H-CI· · · · CI-CI 

F- F· · · · F-F  
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L , ;;1 
4A (14) 5A ( 15) 6A (1 6) 7A (17) 

Figure 1 2. 1 0  Periodic trends in cova­
lent and van der Waals radii (in pm). 
Like covalent radii (blue quarter-circles 
and top numbers), van der Waals radii 
(red quarter-circles and bottom numbers) 
increase down a group and decrease 
across a period. The covalent radius of an 
element is always less than its van der 
Waals radius. 
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Figure 1 2. 1 1 Polar molecules and 
dipole-dipole forces. In a solid or a liquid , 
the polar molecules are close enough for 
the partially positive pole of one molecule 
to attract the partially negative pole of a 
nearby molecule. The orientation is more 
orderly in the solid (left) than in the liquid 
(right) because, at the lower temperatures 
required for freezing, the average kinetic 
energy of the particles is lower. (I nterparti­
cle spaces are increased for clarity.) 

Figure 1 2. 1 2  Dipole moment and boiling 
point. For compounds of similar molar 
mass, the boiling point increases with 
increasing dipole moment. (Note also the 
increasing color intensities in the electron­
density models.) The greater dipole 
moment creates stronger dipole-dipole 
forces, which require higher temperatures 
to overcome. 
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lon-Dipole Forces 
When an ion and a nearby polar molecule (dipole) attract each other, an ion­
dipole force results. The most important example takes place when an ionic com­
pound dissolves in water. The ions become separated because the attractions 
between the ions and the oppositely charged poles of the H20 molecules over­
come the attractions between the ions themselves. Ion-dipole forces in solutions 
and their associated energy are discussed fully in Chapter 1 3 .  
Dipole-Dipole Forces 
In Figure 10 . 1 2, you saw how an external electric field can orient gaseous polar 
molecules. When polar molecules lie near one another, as in liquids and solids, 
their partial charges act as tiny electric fields that orient them and give rise to 
dipole-dipole forces: the positive pole of one molecule attracts the negative pole 
of another (Figure 12. 1 1 ) . 

Solid 

These forces give polar molecules a higher boiling point than nonpolar mol­
ecules of similar molar mass. In fact, the greater the dipole moment, the greater 
the dipole-dipole forces between the molecules are, and so the more energy it takes 
to separate them. Consider the boiling points of the compounds in Figure 12 . 1 2, 

which have similar molar masses. Methyl chloride, for instance, has a smaller 
dipole moment than acetaldehyde, so less energy is needed to overcome the dipole­
dipole forces between its molecules and it boils at a lower temperature. 
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Acetonitrile 
CH3CN 

41 .05 g/mol 



1 2.3 Types of Intermolecular Forces 

The Hydrogen Bond 
A special type of dipole-dipole force arises between molecules that have an H 
atom bonded to a small, highly electronegative atom with lone electron pairs. The 
most important atoms that fit this description are N, 0, and F. The H-N, H-O, 
and H -F bonds are very polar, so electron density is  withdrawn from H .  As a 
result, the partially positive H of one molecule is attracted to the partially nega­
tive lone pair on the N, 0, or F of another molecule, and a hydrogen bond (H 
bond) forms. Thus, the atom sequence that allows an H bond (dotted line) to form 
is -B: · · · · H-A- ,  where both A and B are N, 0, or F. Three examples are 

-f.: . . . . H-Q- -?: . . . .  H-�- -7 : · · · · H-f.: 

The small sizes of N, 0, and F* are essential to H bonding for two reasons: 

1 .  It makes these atoms so electronegative that their covalently bonded H is 
highly positive. 

2. It allows the lone pair on the other N, 0, or F to come close to the H. 

SAMPLE PROBLEM 1 2. 2  Drawing Hydrogen Bonds Between Molecules 
of a Substance 

Problem Which of the following substances exhibits H bonding? For those that do, draw 
two molecules of the substance with the H bond(s) between them. 

o 
I I  

(a) C2H6 (b) CH30H (c) CH3C-NH2 
Plan We draw each structure to see if it  contains N, 0, or F covalently bonded to H. If 
it does, we draw two molecules of the substance in the - B : · · · ·H-A- pattern. 
Solution (a) For C2H6. No H bonds are formed. 
(b) For CH30H. The H covalently bonded to the 0 in one molecule forms an H bond to 
the lone pair on the 0 of an adjacent molecule: 

o 
I I  

H 
I 

H-C-H H 
I . . I 

H-O: · . . · H-O-C-H . . . .  I 
H 

(c) For CH3C-NH2. Two of these molecules can form one H bond between an H bonded 
to N and the 0, or they can form two such H bonds: 

H :0: H I I I . .  . .  I 
H-C-C-N-H· · . .  :O=C-C-H or 

I I I I 
H H H-N: H 

I 
H 

H 
H . I H 
I ·O: · · · · H-N I 

H-C-C� ""C-C-H 
I "N-H . . . .  :of' I 
H I ' H 

H 

A third possibility (not shown) could be between an H attached to N in one molecule and 
the lone pair of N in another molecule. 
Check The -B: · · · ·H-A- sequence (with A and B either N, 0, or F) is present. 
Comment Note that H covalently bonded to C does not form H bonds because carbon is 
not electronegative enough to make the C - H  bond very polar. 

FOLLOW-UP PROBLEM 1 2 .2  Which of these substances exhibits H bonding? Draw 
the H bond(s) between two molecules of the substance where appropriate. 

o 0 
I I  I I  

(a) CH3C-OH (b) CH3CH20H (c) CH3CCH3 

*H-bond-type interactions occur with the larger atoms P, S, and CI, but those are so much 
weaker than the interactions with N, 0, and F that we will not consider them. 
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Figure 1 2. 1 3  Hydrogen bonding and 
boiling point. Boiling points of the binary 
hydrides of Groups 4A(14) to 7 A(17) are 
plotted against period number. H bonds 
in NH3, H20, and HF give them much 
higher boiling points than if the trend 
were based on molar mass, as it is for 
Group 4A. The red dashed line extrapo­
lates to the boiling point H20 would have 
if it formed no H bonds. 
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The Significance of Hydrogen Bonding Hydrogen bonding has a profound impact 
in many systems. Here we' ll examine one major effect it has on physical properties. 
Figure 1 2. 1 3  shows the effect of H bonding on the boiling points of the binary 
hydrides of Groups 4A(14) through 7 A( l 7) .  For reasons we' ll discuss shortly, 
boiling points typically rise as molar mass increases, as you can see in the Group 
4A hydrides, CH4 through SnH4. In the other groups, however, the first member 
in each series-NH3, H20, and HF-deviates enormously from this expected 
increase. The H bonds between the molecules in these substances require addi­
tional energy to break before the molecules can separate and enter the gas phase. 
For example, on the basis of molar mass alone, we would expect water to boil 
about 200°C lower than it actually does (dashed line). 

Polarizability and Charge-Induced Dipole Forces 
Even though electrons are localized in bonding or lone pairs, they are in constant 
motion, and so we often picture them as "clouds" of negative charge. A nearby 
electric field can distort a cloud, pulling electron density toward a positive charge 
or pushing it away from a negative charge. In effect, the field induces a distor­
tion in the electron cloud. For a nonpolar molecule, this distortion creates a tem­
porary, induced dipole moment; for a polar molecule, it enhances the dipole 
moment already present. The source of the electric field can be the electrodes of 
a battery, the charge of an ion, or the partial charges of a polar molecule. 

The ease with which the electron cloud of a particle can be distorted is  called 
its polarizability. Smaller atoms (or ions) are less polarizable than larger ones 

because their electrons are closer to the nucleus and therefore are held more 
tightly. Thus, we observe several trends: 

• Polarizability increases down a group because atomic size increases, so the larger 
electron clouds are farther from the nucleus and, thus, more easily distorted. 

• Polarizability decreases from left to right across a period because the increas­
ing Zeff shrinks atomic size and holds the electrons more tightly. 

• Cations are less polarizable than their parent atoms because they are smaller; 
anions are more polarizable because they are larger. 

Ion-induced dipole and dipole-induced dipole forces are the two types of 
charge-induced dipole forces; they are most important in solution, so we' ll focus 
on them in Chapter 1 3. Nevertheless, polarizability affects all intermolecular forces. 



1 2.3 Types of Intermolecular Forces 

Dispersion (London) Forces 
Polarizability plays the central role in the most universal intermolecular force. Up 
to this point, we've discussed forces that depend on an existing charge, of either 
an ion or a polar molecule. But what forces cause nonpolar substances like octane, 
chlorine, and argon to condense and solidify? Some force must be acting between 
the particles, or these substances would be gases under any conditions. The inter­
molecular force primarily responsible for the condensed states of nonpolar sub­
stances is the dispersion force (or London force, named for Fritz London, the 
physicist who explained the quantum-mechanical basis of the attraction). 

Dispersion forces are caused by momentary oscillations of electron charge in 
atoms and, therefore, are present between all particles (atoms, ions, and mol­
ecules). Picture one atom in a sample of argon gas. Averaged over time, the 1 8  
electrons are distributed uniformly around the nucleus, so the atom is nonpolar. 
But at any instant, there may be more electrons on one side of the nucleus than 
on the other, so the atom has an instantaneous dipole. When far apart, a pair of 
argon atoms do not influence each other. But when close together, the instanta­
neous dipole in one atom induces a dipole in its neighbor. The result is a syn­
chronized motion of the electrons in the two atoms, which causes an attraction 
between them. This process occurs with other nearby atoms and, thus, throughout 
the sample. At low enough temperatures, the attractions among the dipoles keep 
all the atoms together. Thus, dispersion forces are instantaneous dipole-induced 
dipole forces. Figure 1 2 . 1 4  depicts the dispersion forces among nonpolar particles. 

Figure 1 2. 1 4  Dispersion forces among non­
polar particles. The dispersion force is responsi­
ble for the condensed states of noble gases and 
nonpolar molecules. A, Separated Ar atoms are 
nonpolar. B, An instantaneous dipole in one atom 
induces a dipole in its neighbor. These partial 
charges attract the atoms together. C, This 
process takes place among atoms throughout 
the sample. 

A 

B 

As we noted, the dispersion force is the only force existing between nonpo­
lar particles. However, because they exist between all particles, dispersion forces 
contribute to the overall energy of attraction of all substances. In fact, except in 
cases involving small, polar molecules with large dipole moments or those form­
ing strong H bonds, the dispersion force is the dominant intermolecular force. 
Calculations show, for example, that 85% of the total energy of attraction between 
HCI molecules is due to dispersion forces and only 1 5 %  to dipole-dipole forces. 
Even for water, estimates indicate that 75% of the total energy of attraction comes 
from the strong H bonds and nearly 25% from dispersion forces ! 

Dispersion forces are very weak for small particles, like H2 and He, but much 
stronger for larger particles, like 12 and Xe. The relative strength of the disper­
sion force depends on the polarizability of the particle. Polarizability depends on 
the number of electrons, which correlates closely with molar mass because heav­
ier particles are either larger atoms or composed of more atoms and thus have 
more electrons. For example, molar mass increases down the halogens and the 
noble gases, so dispersion forces increase and so do boiling points (Figure 1 2. 1 5) .  

Substance 
Model 

Mo/ar mass 
Boiling point (K) 

SA 
(1 S) 

e 
3 

4.22 
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Figure 1 2. 1 5  Molar mass and boiling 
point. The strength of dispersion forces 
increases with number of electrons, 
which usually correlates with molar mass. 
As a result, boiling points increase down 
the halogens and the noble gases. 
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n-Pentane 
bp = 36. 1 °C 
More paints for .!I!l!!!!::� dispersion force� 
to act 

Neopentane 
bp = 9SC 

Fewer points for � ...... 
dispersion forces � 
to act 

Figure 1 2. 1 6  Molecular shape and boil­
ing point. Spherical neopentane mol­
ecules make less contact with each other 
than do cylindrical n-pentane molecules, 
so neopentane has a lower boiling point. 

(b) 

(c) 

(d) 

H H 
I I CH -N-H . • . .  :N-CH 3 . .  I 3 

H 
H 

. .  I CH3-Q- H · · · ·  :Q-CH3 

2,2-Dimethylbutane 
Hexane 
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For nonpolar substances with the same molar mass, the strength of the dis­
persion forces is  influenced by molecular shape. Shapes that allow more points 
of contact have more area over which electron clouds can be distorted, so stronger 
attractions result. Consider the two five-carbon alkanes, pentane (also called 
n-pentane) and 2,2-dimethylpropane (also called neopentane). These isomers have 
the same molecular formula (CSH I 2) but different shapes. n-Pentane is shaped like 
a cylinder, whereas neopentane has a more compact, spherical shape, as shown 
in Figure 1 2. 1 6. Thus, two n-pentane molecules make more contact than do two 
neopentane molecules. Greater contact allows the dispersion forces to act at more 
points, so n-pentane has a higher boiling point. Figure 12 . 1 7  summarizes how to 
analyze the intermolecular forces in a sample. 

SAMPLE PROBLEM 1 2.3 Predicting the Types of Intermolecular Force 
Problem For each pair of substances, identify the key intermolecular force(s) in each sub­
stance, and select the substance with the higher boiling point: 
(a) MgCl2 or PCl3 
(b) CH3NH2 or CH3F ( CH ) 
(c) CH30H or CH3CH20H I 

3 

(d) Hexane (CH3CH2CH2CH2CH2CH3) or 2,2-dimethylbutane CH3rCH2CH3 

CH3 
Plan We examine the formulas and picture (or draw) the structures to identify key dif­
ferences between members of each pair: Are ions present? Are molecules polar or non­
polar? Is N, 0, or F bonded to H? Do the molecules have different masses or shapes? To 
rank the boiling points, we consult Table 1 2.2 and Figure 1 2. 17 and remember that 

• Bonding forces are stronger than intermolecular forces. 
• Hydrogen bonding is a strong type of dipole-dipole force. 
• Dispersion forces are always present, but they are decisive when the difference is molar 

mass or molecular shape. 

Solution (a) MgCI2 consists of Mg
2
+ and CI- ions held together by ionic bonding 

forces; PCl3 consists of polar molecules, so intermolecular dipole-dipole forces are pres­
ent. The forces in MgCl2 are stronger, so it has a higher boiling point. 
(b) CH3NH2 and CH3F both consist of polar molecules of about the same molar mass. 
CH3NH2 has N-H bonds, so it can form H bonds (see margin). CH3F contains a C-F 
bond but no H -F bond, so dipole-dipole forces occur but not H bonds. Therefore, 
CH3NH2 has the higher boiling point. 

(c) CH30H and CH3CH20H molecules both contain an O - H  bond, so they can form 
H bonds (see margin). CH3CH20H has an additional -CH2- group and thus a larger 

molar mass, which correlates with stronger dispersion forces; therefore, it has a higher 
boiling point. ' 
(d) Hexane and 2,2-dimethylbutane are nonpolar molecules of the same molar mass but 
different molecular shapes (see margin). Cylindrical hexane molecules can make more 
extensive intermolecular contact than the more spherical 2,2-dimethylbutane molecules 
can, so hexane should have greater dispersion forces and a higher boiling point. 
Check The actual boiling points show that our predictions are correct: 
(a) MgCl2 ( l 4 1 2°C) and PCI3 (76°C) 
(b) CH3NH2 ( - 6.3°C) and CH3F (-78.4°C) 
(c) CH30H (64.7°C) and CH3CH20H (78.S°C) 
(d) Hexane (69°C) and 2,2-dimethylbutane (49.7°C) 
Comment Dispersion forces are always present, but in parts (a) and (b), they are much 
less significant than the other forces involved. 

FOLLOW·UP PROBLEM 1 2 .3 In each pair, identify all the intermolecular forces 
present for each substance, and select the substance with the higher boiling point: 
(a) CH3Br or CH3F (b) CH3CH2CH20H or CH3CH20CH3 (c) CZH6 or C3Hs 
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Figure 1 2. 1 7  Summary diagram for analyzing the intermolecular forces in a sample. 

SECTION SUMMARY 
The van der Waals radius determines the shortest distance over which intermolecu­
lar forces operate; it is always larger than the covalent radius. Intermolecular forces 
are much weaker than bonding (intramolecular) forces. Ion-dipole forces occur 
between ions and polar molecules. Dipole-dipole forces occur between oppositely 
charged poles on polar molecules. Hydrogen bonding, a special type of dipole-dipole 
force, occurs when H bonded to N, 0, or F is attracted to the lone pair of N, 0, or 
F in another molecule. Electron clouds can be distorted (polarized) in an electric field. 
Dispersion (London) forces are instantaneous dipole-induced dipole forces that occur 
among al l  particles and increase with n umber of electrons (molar mass). Molecular 
shape determines the extent of contact between molecules and can be a factor in 
the strength of dispersion forces. 

12.4 PROPERTIES OF THE LIQUID STATE 

Of the three states of matter, the liquid is the least understood at the molecular 
level. Because of the randomness of the particles in a gas, any region of the sam­
ple is virtually identical to any other. As you ' ll see in Section 1 2.6, different 
regions of a crystalline solid are identical because of the orderliness of the par­
ticles. Liquids, however, have a combination of these attributes that changes con­
tinually: a region that is  orderly one moment becomes random the next, and vice 

versa. Despite this complexity at the molecular level, the macroscopic properties 
of liquids are well understood. In this section, we discuss three liquid properties­
surface tension, capillarity, and viscosity. 

Surface Tension 
In a liquid sample, intermolecular forces exert different effects on a molecule 
at the surface than on one in  the interior (Figure 1 2. 1 8) .  Interior molecules 
are attracted by others on all s ides, whereas molecules at the surface have 

others only below and to the s ides .  As a result, molecules at the surface expe­
rience a net attraction downward and move toward the interior to increase 
attractions and become more stable.  Therefore, a liquid surface tends to 
have the smallest possible area, that of a sphere, and behaves like a "taut skin" 
covering the interior. 

To increase the surface area, molecules must move to the surface, thus 
breaking some attractions in the interior, which requires energy. The surface 

tension is the energy required to increase the surface area by a unit amount; 

Figure 1 2 . 1 8  The molecular basis of 
surface tension. Molecules in the interior 
of a l iquid experience intermolecular at­
tractions in all directions. Molecules at 
the surface experience a net attraction 
downward (red arrow) and move toward 
the interior. Thus, a liquid tends to mini­
mize the number of molecules at the 
surface, which results in surface tension. 
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Figure 1 2. 1 9  Shape of water or mer­
cury meniscus in glass. A, Water dis­

plays a concave meniscus in a glass tube 

because the adhesive (H-bond) forces 
between the H20 molecules and the 
O-Si-O groups of the glass are 

stronger than the cohesive (H-bond) 
forces within the water. B, Mercury dis­
plays a convex meniscus in a glass tube 

because the cohesive (metallic bonding) 

forces within the mercury are stronger 
than the adhesive (dispersion) forces be­
tween the mercury and the glass. 
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flMIF!' Surface Tension and Forces Between Particles 

Substance 

Diethyl ether 
Ethanol 
Butanol 
Water 
Mercury 

Formula 

CH3CH20CH2CH3 
CH3CH20H 
CH3CH2CH2CH20H 
H20 
Hg 

Surface Tension 
(J/m2) at 20°C 

1 .7 X 1 0-2 

2.3 X lO-2 

2.5 x lO-2 

7.3 x l O -2 

48 x l O-2 

Major Force(s) 

Dipole-clipole; dispersion 
H bonding 
H bonding; dispersion 
H bonding 
Metallic bonding 

units of J/m
2 

are shown in Table 1 2 .3 .  Comparing these values with those in 

Table 1 2 .2 shows that, in general, the stronger the forces are between the par­
ticles in a liquid, the greater the surface tension. Water has a high surface ten­
sion because its molecules form multiple H bonds. Surfactants (surface-active 
agents) ,  such as soaps, petroleum recovery agents, and biological fat emulsi­
fiers, decrease the surface tension of water by congregating at the surface and 
disrupting the H bonds. 

Capillarity 
The rising of a liquid through a narrow space against the pull of gravity is called 

capillary action, or capillarity. In blood-screening tests, a narrow capillary tube 
is held against the skin opening made by pricking a finger. Capillarity results from 
a competition between the intermolecular forces within the liquid (cohesive 
forces) and those between the liquid and the tube walls (adhesive forces). 

Picture what occurs at the molecular level when you place a glass capillary 
tube in water. Glass is mostly silicon dioxide (Si02), so the water molecules form 
H bonds to the oxygen atoms of the tube's inner wall. Because the adhesive forces 
(H bonding) between the water and the wall are stronger than the cohesive forces 
(H bonding) within the water, a thin film of water creeps up the wall. At the same 
time, the cohesive forces that give rise to surface tension pull the liquid surface 
taut. These adhesive and cohesive forces combine to raise the water level and pro­
duce the familiar concave meniscus (Figure 12 . 1 9A). The liquid rises until grav­
ity pulling down is balanced by the adhesive forces pulling up. 
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On the other hand, if you place a glass capillary tube in a dish of mercury, 
the mercury level in the tube drops below that in the dish. Mercury has a higher 
surface tension than water (see Table 1 2.3) ,  which means it has stronger cohesive 
forces (metallic bonding). The cohesive forces among the mercury atoms are 
much stronger than the adhesive forces (mostly dispersion) between mercury and 
glass, so the liquid tends to pull away from the walls. At the same time, the sur­
face atoms are being pulled toward the interior of the mercury by its high sur­
face tension, so the level drops. These combined forces produce a convex menis­
cus (Figure 1 2. 1 9B ,  seen in a laboratory barometer). 

Viscosity 
When a liquid flows, the molecules slide around and past each other. A liquid's 
viscosity, its resistance to flow, results from intermolecular attractions that impede 
this movement. Both gases and liquids flow, but liquid viscosities are much higher 
because the intermolecular forces operate over much shorter distances. 

Viscosity decreases with heating, as Table 1 2.4 shows for water. When mol­
ecules move faster at higher temperatures, they can overcome intermolecular 
forces more easily, so the resistance to flow decreases. Next time you put cook­
ing oil in a pan, watch the oil flow more easily and spread out in a thin layer as 
you heat it. 

Molecular shape plays a key role in  a liquid's viscosity. Small, spherical 
molecules make little contact and, like buckshot in a glass, pour easily. Long 
molecules make more contact and, like spaghetti in a glass, become entangled 
and pour slowly. Thus, given the same types of forces, liquids containing longer 
molecules have higher viscosities .  A striking example of a change in viscosity 
occurs during the making of syrup. Even at room temperature, a concentrated 
aqueous sugar solution has a higher v iscosity than water because of H bonding 
among the many hydroxyl ( - OH) groups on the ring-shaped sugar molecules. 
When the solution i s  slowly heated to boiling, the sugar molecules react with 
each other and link covalently, gradually forming long chains. Hydrogen bonds 
and dispersion forces occur at many points along the chains, and the resulting 
syrup is  a viscous liquid that pours slowly and clings to a spoon. When a vis­
cous syrup is cooled, i t  may become stiff enough to be picked up and 
stretched-into taffy candy. 

SECT IO N SUMMARY 
Surface tension is a measure of the energy required to i ncrease a l iqu id 's surface 
area. Greater i ntermolecular forces within a l iquid create higher surface tension.  
Capi l lary action, the r is ing of a l i q u id through a narrow space, occurs when the 
forces between a l iqu id and a sol id surface (adhesive) are greater than those with i n  
the l iquid itself (cohesive). Viscosity, t h e  resistance t o  flow, depends on molecular 
shape and decreases with temperature. Stronger i ntermolec ular forces create 
hig her viscosity. 

12.5 THE UNIQUENESS OF WATER 

Water has some of the most unusual properties of  any substance. These proper­
ties, which are vital to our very existence, arise inevitably from the nature of the 
H and 0 atoms that make up the molecule. With two bonding pairs and two lone 
pairs around the 0 atom and a large electronegativity difference in each 0-H 
bond, the H20 molecule is bent and highly polar. This arrangement is crucial 
because it allows each water molecule to engage in four H bonds with its neigh­
bors (Figure 1 2.20). From these fundamental atomic and molecular properties 
emerges unique and remarkable macroscopic behavior. 
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I1MIFII Viscosity of Water at 
Several Temperatures 

Temperature (Oe) 

20 
40 
60 
80 

Viscosity 
(N.s/m2)' 

1 .00X lO-3 

0.65 X l O-3 

0.47 X 10-3 

0.35 X 10-3 

'The units of viscosity are newton­
seconds per square meter. 

Figure 1 2.20 The H-bonding ability of 
the water molecule. Because it has two 

O-H bonds and two lone pairs, one H20 

molecule can engage in as many as four 

H bonds to surrounding H20 molecules, 

which are arranged tetrahedrally. 
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Figure 1 2.21  The hexagonal structure 
of ice. A, The geometric arrangement of 
the H bonds in H20 leads to the open, 

hexagonally shaped crystal structure of 
ice. Thus, when liquid water freezes, the 
volume increases. B, The delicate six­
pointed beauty of snowflakes reflects the 

hexagonal crystal structure of ice. 

CHAPTER 1 2  Intermolecular Forces: Liquids, Solids, and phase Changes 

Solvent Properties of Water 
The great solvent power of water is the result of its polarity and exceptional 
H-bonding ability. It dissolves ionic compounds through ion-dipole forces that 
separate the ions from the solid and keep them in solution (see Figure 4.2). Water 
dissolves many polar nonionic substances, such as ethanol (CH3CH20H) and glu­
cose (C6H1206), by forming H bonds to them. It even dissolves nonpolar gases, 
such as those in the atmosphere, to a limited extent, through dipole-induced 
dipole and dispersion forces. Chapter 1 3  highlights these solvent properties. 

Because it can dissolve so many substances, water is the environmental and 
biological solvent, forming the complex solutions we know as oceans, rivers, 
lakes, and cellular fluids. Indeed, from a chemical point of view, all organisms, 

from bacteria to humans, can be thought of as highly organized systems of mem­
branes enclosing and compartmentalizing complex aqueous solutions. 

Thermal Properties of Water 
Water has an exceptionally high specific heat capacity, higher than almost any 
other liquid. Recall from Section 6.3 that heat capacity is a measure of the heat 
absorbed by a substance for a given temperature rise. When a substance is 
heated, some of the energy increases the average molecular speed, some 
increases molecular vibration and rotation, and some is used to overcome inter­
molecular forces. Because water has so many strong H bonds, it has a high 
specific heat capacity. With oceans and seas covering 70% of Earth's surface, 
daytime heat from the Sun causes relatively small changes in temperature, 
allowing our planet to support life. 

Numerous strong H bonds also give water an exceptionally high heat of 
vaporization. A quick calculation shows how essential this property is  to our exis­
tence. When 1 000 g of water absorbs about 4 kJ of heat, its temperature rises 
1 °C.  With a !::..H�ap of 2.3 kJ/g, however, less than 2 g of water must evaporate 
to keep the temperature constant for the remaining 998 g. This high heat of vapor­
ization results in a stable body temperature and minimal loss of body fluid despite 
the 1 0,000 kJ of heat that the average adult generates each day through metabo­

lism. On a planetary scale, the Sun's energy supplies the heat of vaporization for 
ocean water. Water vapor, formed in warm latitudes, moves through the atmo­
sphere, and its potential energy is released as heat to warm cooler regions when 
the vapor condenses to rain. The enormous energy involved in this cycling of 
water powers storms all over the planet. 

Surface Properties of Water 
The H bonds that give water its remarkable thermal properties are also responsi­
ble for its high surface tension and high capillarity. Except for some molten met­
als and salts, water has the highest surface tension of any liquid. This property is 
vital for surface aquatic life because it keeps plant debris resting on a pond sur­
face, which provides shelter and nutrients for many fish, microorganisms, and 
insects. Water's high capillarity, a result of its high surface tension, is crucial to 
land plants. During dry periods, plant roots absorb deep groundwater, which rises 
by capillary action through the tiny spaces between soil particles. 

The Density of Solid and Liquid Water 
As you saw in Figure 1 2.20, through the H bonds of water, each 0 atom becomes 
connected to as many as four other 0 atoms via four H atoms. Continuing this tetra­
hedral pattern through many molecules in a fixed array leads to the hexagonal, open 
structure of ice shown in Figure 1 2.21A.  The symmetrical beauty of snowflakes, as 
shown in Figure 1 2.21B,  reflects this hexagonal organization. 



1 2.6 The Solid State: Structure, Properties, and Bonding 

This organization explains the negative slope of the solid-liquid line in the 
phase diagram for water (see Figure 1 2.8B):  As pressure is applied, some H bonds 
break; as a result, some water molecules enter the spaces. The crystal structure 
breaks down, and the sample liquefies. 

The large spaces within ice give the solid state a lower density than the liquid 
state. When the surface of a lake freezes in winter, the ice floats on the liquid 
water below. If the solid were denser than the liquid, as is true for nearly every 
other substance, the surface of a lake would freeze and sink repeatedly until the 
entire lake was solid. As a result, aquatic plant and animal life would not survive 
from year to year. 

The density of water changes in a complex way. When ice melts at ODe, the 
tetrahedral arrangement around each 0 atom breaks down, and the loosened mol­
ecules pack much more closely, filling spaces in the collapsing solid structure. As 
a result, water is  most dense ( 1 .000 g/mL) at around 4De (3.98DC). With more 
heating, the density decreases through normal thermal expansion. 

This change in density is vital for freshwater life. As lake water becomes 
colder in the fall and early winter, it becomes more dense before it freezes. Sim­
ilarly, in spring, less dense ice thaws to form more dense water before the water 
expands. During both of these seasonal density changes, the top layer of water 
reaches the high-density point first and sinks. The next layer of water rises because 
it is slightly less dense, reaches 4 DC, and likewise sinks. This sinking and rising 
distribute nutrients and dissolved oxygen. 

SE CTION SUMMARY 
The atomic properties of hydrogen and oxygen atoms result in the water molecule's 
bent shape, polarity, and H-bonding abil ity. These properties of water enable it to dis­
solve many ionic and polar compounds. Water's H bonding results in a high specific 
heat capacity and a high heat of vaporization, which combine to g ive Earth and its 
organisms a narrow temperature range. H bonds also confer high surface tension and 
capillarity, which are essential to plant and animal life. Water expands on freezing 
because of its H bonds, which lead to an open crystal structure in ice. Seasonal den­
sity changes foster nutrient mixing in lakes. 

12.6 THE SOLID STATE: STRUCTURE, PROPERTIES, 
AND BONDING 

Stroll through the mineral collection of any school or museum, and you' l l  be 
struck by the extraordinary variety and beauty of these solids. In this section, 
we first discuss the general structural features of crystalline solids and then 
examine a laboratory method for studying them. We survey the properties of 
the major types of solids and find the whole range of intermolecular forces at 
work. We then present a model for bonding in solids that explains many of 
their properties. 

Structural Features of Solids 
We can divide solids into two broad categories based on the orderliness of their 
shapes, which in tum is based on the orderliness of their particles. Crystalline 

solids generally have a well-defined shape, as shown in Figure 1 2.22, because 
their particles-atoms, molecules, or ions-occur in an orderly arrangement. 
Amorphous solids have poorly defined shapes because their particles lack long­
range ordering throughout the sample. In this discussion, we focus, for the most 
part, on crystalline solids. 

Figure 1 2.22 The striking beauty of 
crystalline solids. A, Pyrite. B, Beryl. 

C, Barite (left) on calcite (right). 
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A Portion of a 3-D lattice 

Unit cell 

B 2-D analogy for unit cell and lattice 

Figure 12.23 The crystal lattice and the 
unit cell. A, The lattice is an array of 

points that defines the positions of the 

particles in a crystal structure. It is shown 

here as points connected by lines. A unit 
cell (colored) is the simplest array of 
points that, when repeated in all direc­
tions, produces the lattice. A simple cubic 

unit cell, one of 14 types in nature, is 

shown. B, A checkerboard is a two­
dimensional analogy for a lattice. 
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The Crystal Lattice and the Unit Cell If you could see the particles within 
a crystal, you would find them packed tightly together in  an orderly, three­
dimensional array. Consider the simplest case, in which all the particles are 
identical spheres, and imagine a point at the same location within each particle 
in this array, say, at the center. The points form a regular pattern throughout the 
crystal that is called the crystal lattice. Thus, the lattice consists of all points with 
identical surroundings. Put another way, if the rest of each particle were removed, 
leaving only the lattice point, and you were transported from one point to another, 
you would not be able to tell that you had moved. Keep in mind that there is no 
pre-existing array of lattice points; rather, the arrangement of the points within 
the particles defines the lattice. 

Figure 1 2.23A shows a portion of a lattice and the unit cell, the smallest 
portion of the crystal that, if repeated in all three directions, gives the crystal. A 
two-dimensional analogy for a unit cell and a crystal lattice can be seen in a 
checkerboard (as shown in Figure 1 2.23B), a section of tiled floor, a strip of wall­
paper, or any other pattern that is  constructed from a repeating unit. The coordi­

nation number of a particle in a crystal is the number of nearest neighbors 
surrounding it. 

There are 7 crystal systems and 14 types of unit cells that occur in nature, 
but we will be concerned primarily with the cubic system, which gives rise to the 
cubic lattice. The solid states of a majority of metallic elements, some covalent 
compounds, and many ionic compounds occur as cubic lattices. (We also describe 
the hexagonal unit cell a bit later.) There are three types of cubic unit cells within 
the cubic system: 

1 .  In the simple cubic unit cell, shown in Figure 1 2.24A, the centers of eight 
identical particles define the corners of a cube. Attractions pull the particles 
together, so they touch along the cube's edges; but they do not touch diago­
nally along the cube's faces or through its center. The coordination number of 
each particle is 6: four in its own layer, one in the layer above, and one in the 
layer below. 

2. In the body-centered cubic unit cell, shown in Figure 1 2 .24B, identical par­
ticles lie at each corner and in the center of the cube. Those at the corners do 
not touch each other, but they all touch the one in the center. Each particle is 
surrounded by eight nearest neighbors, four above and four below, so the coor­
dination number is 8. 

3 .  In the face-centered cubic unit cell, shown in Figure 12 .24C, identical palti­
cles lie at each corner and in the center of each face but not in the center of 
the cube. Those at the corners touch those in the faces but not each other. The 
coordination number is 1 2. 

One unit cell lies adjacent to another throughout the crystal, with no gaps, so 

a particle at a corner or face is shared by adjacent unit cells. As you can see from 
Figure 1 2.24 (third row from the top), in the three cubic unit cells, the particle at 
each corner is part of eight adjacent cells, so one-eighth of each of these parti­
cles belongs to each unit cell (bottom row). There are eight corners in a cube, so 
each simple cubic unit cell contains 8 X -Ii particle = 1 particle. The body­
centered cubic unit cell contains one particle from the eight corners and one in 
the center, for a total of two particles; and the face-centered cubic unit cell con­
tains four particles, one from the eight corners and three from the half-particles 
in each of the six faces. 
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A Simple cubic B Body-centered cubic C Face-centered cubic 

Coordination number = 6 Coordination number = 8 Coordination number = 1 2  

� atom � atom � atom 

at 8 corners at 8 corners at 8 corners 

1 atom 
at center 

� atom 
at 6 faces 

Atoms/unit cell = � x 8 = 1 Atoms/unit cell = ( � x  8) + 1 = 2 Atoms/unit cell = ( � x  8) + (� x 6) = 4 

371 

Figure 1 2.24 The three cubic unit cells. A, Simple cubic unit cell. blue) in a portion of the crystal. The number of nearest neighbors 
B, Body-centered cubic unit cel l .  C, Face-centered cubic unit cel l .  around one particle (dark blue in center) is the coordination number. 
Top row: Cubic arrangements of atoms in expanded view. Second Bottom row: The total numbers of atoms in the actual unit cell. The 
row: Space-fil l ing views of these cubic arrangements. All atoms are simple cubic has one atom; the body-centered has two; and the face-
identical but, for clarity, corner atoms are blue, body-centered atoms centered has four. 
pink, and face-centered atoms yellow. Third row: A unit cell (shaded 

� Animation: Cubic Unit Cells and Their Origins 
� Online Learning Center 
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Figure 1 2.25 The efficient packing of 
fruit. 

CHAPTER 1 2  Intermolecular Forces: Liquids, Solids, and phase Changes 

Packing Efficiency and the Creation of Unit Cells The unit cells found in nature 
result from the various ways atoms are packed together, which are similar to the 
ways macroscopic spheres-marbles, golf balls, fruit-are packed for shipping 
or display (Figure 1 2.25) .  

For particles of the same size, the higher the coordination number of the crys­
tal is, the greater the number of particles in a given volume. Therefore, as the 
coordination numbers in Figure 1 2.24 indicate, a crystal structure based on the 
face-centered cubic unit cell has more particles packed into a given volume than 
one based on the body-centered cubic unit cell, which has more than one based 
on the simple cubic unit cell. Let's see how to pack identical spheres to create 
these unit cells and the hexagonal unit cell as well: 

1 .  The simple cubic unit cell. Suppose we arrange the first layer of spheres 
as shown in Figure 1 2.26A. Note the large diamond-shaped spaces (cutaway por­
tion). If we place the next layer of spheres directly above the first, as shown in 
Figure 1 2.26B, we obtain an arrangement based on the simple cubic unit cell. By 
calculating the packing efficiency of this arrangement-the percentage of the 
total volume occupied by the spheres themselves-we find that only 52% of the 
available unit-cell volume is occupied by spheres and 48% consists of the empty 
space between them. This is a very inefficient way to pack spheres, so that nei­
ther fruit nor atoms are usually packed this way. 

2. The body-centered cubic unit cell. Rather than placing the spheres of the 
second layer directly above the first, we can use space more efficiently by plac­
ing the spheres (colored differently for clarity) on the diamond-shaped spaces in 
the first layer, as shown in Figure 1 2.26C. Then we pack the third layer onto the 
spaces in the second so that the first and third layers line up vertically. This 
arrangement is based on the body-centered cubic unit cell, and its packing effi­
ciency is 68%-much higher than for the simple cubic unit cell. Several metal­
lic elements, including chromium, iron, and all the Group 1 A( 1 )  elements, have 
a crystal structure based on the body-centered cubic unit cell. 

3 .  The hexagonal and face-centered cubic unit cells. Spheres can be packed 
even more efficiently. First, we shift rows in the bottom layer so that the large 
diamond-shaped spaces become smaller triangular spaces. Then we place the sec­
ond layer over these spaces. Figure 1 2.26D shows this arrangement, with the first 
layer labeled a (orange) and the second layer b (green). 

We can place the third layer of spheres in two different ways, and how we 
do so gives rise to two different unit cells. If you look carefully at the spaces 
formed in layer b of Figure 1 2.26D, you ' ll see that some are orange because they 
lie above spheres in layer a, whereas others are white because they lie above 
spaces in layer a. If we place the third layer of spheres (orange) over the orange 
spaces (down and left to Figure 1 2.26E), they lie directly over spheres in layer 
a, and we obtain an abab . . .  layering pattern because every other layer is placed 
identically. This gives hexagonal closest packing, which is based on the hexag­
onal unit cell. 

On the other hand, if we place the third layer of spheres (blue) over the white 
spaces (down and right to Figure 1 2.26F), the spheres lie over spaces in layer a.  

This placement is different from both layers a and b,  so we obtain an abcabc . . .  
pattern. This gives cubic closest packing, which is based on the face-centered 
cubic unit cell. 

The packing efficiency of both hexagonal and cubic closest packing is 74%, 
and the coordination number of both is  1 2. There is no way to pack identical 
spheres more efficiently. Most metallic elements crystallize in either of these 
arrangements. Magnesium, titanium, and zinc are some elements that adopt the 
hexagonal structure; nickel, copper, and lead adopt the cubic structure, as do many 
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A B Simpte cubic (52%) C Body-centered cubic (68%) 

Layer c 

o Closest packing of first and second layers 

Cutaway side view 
showing hexagonal unit cell Expanded side view 

E Hexagonal closest packing (abab ... ) (74%) 

Figure 1 2.26 Packing identical spheres. A, In the first layer, each 

sphere lies next to another horizontally and vertically; note the large 

diamond-shaped spaces (see cutaway). B, If the spheres in the next 

layer l ie directly over those in the first, the packing is based on the sim­
ple cubic unit cell (pale orange cube, lower right corner). C, If the 

spheres in the next layer lie in the diamond-shaped spaces of the first 

layer, the packing is based on the body-centered cubic unit cell (lower 
right corner). D, The closest possible packing of the first layer (layer a, 
orange) is obtained by shifting every other row in part A, thus reducing 

the diamond-shaped spaces to smaller triangular spaces. The spheres 
of the second layer (layer b, green) are placed above these spaces; 
note the orange and white spaces that result. E, Follow the left arrow 

Expanded side view 

Cutaway side view 
showing face-centered 
cubic unit cell 

F Cubic closest packing (abcabc ... ) (74%) 

Tilted side view 
of unit cell 

from part 0 to obtain hexagonal closest packing. When the third layer 
(next layer a, orange) is placed directly over the first, that is, over the 
orange spaces, we obtain an abab . . .  pattern. Rotating the layers 90° 
produces the side view, with the hexagonal unit cell shown as a cut­

away segment, and the expanded side view. F, Follow the right arrow 

from part 0 to obtain cubic closest packing. When the third layer (layer 
c, blue) covers the white spaces, it lies in a different position from the 

first and second layers to give an abcabc . . .  pattern. Rotating the lay­
ers 90° shows the side view, with the face-centered cubic unit cell as a 
cutaway, and a further tilt shows the unit cell clearly; finally, we see the 
expanded view. The packing efficiency for each type of unit cell is 

given in parentheses. 
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Density (g/em3) of Ba metal 

find reciprocal and 
multiply by J[,t (g/mol) 

Volume (em3) per mole of Ba metal 

multiply by packing efficiency 

Volume (em3) per mole of Ba atoms 

divide by Avogadro's number 

Volume (cm3) of Ba atom 

Radius (em) of Ba atom 
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ionic compounds and other substances, such as frozen carbon dioxide, methane, 
and most noble gases. 

In Sample Problem 1 2.4, we use the density of an element and the packing 
efficiency of its crystal structure to calculate its atomic radius. Variations of this 
approach are used to find the molar mass and as one of the ways to determine 
Avogadro's number. 

SAMPLE PROBLEM 1 2 .4 Determining Atomic Radius from Crystal Structure 
Problem Barium is the largest nonradioactive alkaline earth metal. It has a body-centered 
cubic unjt cell and a density of 3 .62 g/cm3. What is the atomic radius of barium? (Vol­
ume of a sphere: V = 11Tr3.) 
Plan Because an atom is spherical, we can find its radius from its volume. If we multi­
ply the reciprocal of density (volume/mass) by the molar mass (mass/mole), we find the 
volume of 1 mol of Ba metal. The metal crystallizes in the body-centered cubic structure, 
so 68% of this volume is occupied by 1 mol of the atoms themselves (see Figure 1 2.26C). 
Dividing by Avogadro's number gives the volume of one Ba atom, from which we find 
the radius. 
Solution Combining steps to find the volume of 1 mol of Ba metal : 

1 
Volume/mole of Ba metal = --- X .AIt 

density 

1 cm3 1 37.3 g Ba ---- X -----"'--
3.62 g Ba 1 mol Ba 

= 37.9 cm3/mol Ba 

Finding the volume of 1 mol of Ba atoms: 
Volume/mole of Ba atoms = volume/mol Ba X packing efficiency 

= 37.9 cm3/mol Ba X 0.68 = 26 cm3/moJ Ba atoms 

Finding the volume of one Ba atom: 

26 cm3 1 mol Ba atoms 
Volume of Ba atom = X 23 1 mol Ba atoms 6.022X 1 0  Ba atoms 

= 4.3 X 1 0 -
23 cm3/Ba atom 

Finding the atomic radius of Ba from the volume of a sphere: 

So, 

Thus, 

V of Ba atom = 11Tr3 

3 3 V  r 
= -

41T 

r = 
3{W

4
3

1T

V 
= 

3 3(4.3 X l O-
23 cm3) 

V4; 4 X 3 . 14 
= 2.2 X 1 0-8 cm 

Check The order of magnitude is correct for an atom (_ 1 0-8 cm = 1 0- 10 m). The actual 
value for barium is, in fact, 2.22X 10-8 cm (see Figure 8.9). 

FOLLOW-UP PROBLEM 1 2 .4 Iron crystallizes in  a body-centered cubic structure. 
The volume of one Fe atom is 8.38 X l O-24 

cm3, and the density of Fe is 7.874 g/cm3. 
Calculate an approximate value for Avogadro's number. 

Observing Crystal Structures: X-Ray Diffraction Analysis Our understanding of 
solids is based on the ability to "see" their crystal structures. One of the most pow­
erful tools for doing this is x-ray diffraction analysis. In Chapter 7, we discussed 
wave diffraction and saw how interference patterns of bright and dark regions 
appear when light passes through slits that are spaced at the distance of the light's 
wavelength (see Figure 7.5). Because x-ray wavelengths are about the same size as 
the spaces between layers of particles in many solids, the layers diffract x-rays. 
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Incoming x-rays 

Let's see how this technique is  used to measure a key parameter in a crystal 
structure: the distance (d) between layers of atoms. Figure 1 2.27 depicts a side view 
of two layers in a simplified lattice. Two waves impinge on the crystal at an angle e 
and are diffracted at the same angle by adjacent layers. When the first wave strikes 
the top layer and the second strikes the next layer, the waves are in phase (peaks 
aligned with peaks and troughs with tro ughs). If they are still in phase after being 
diffracted, a spot appears on a nearby photographic plate. Note that this will occur 
only if the additional distance traveled by the second wave (DE + EF in the figure) 
is a whole number of wavelengths, nt..., where n is an integer ( 1 ,  2, 3, and so on). 
From trigonometry, we find that 

n'A. = 2d sin (J 

where e is the known angle of incoming light, t... is its known wavelength, and d is 
the unknown distance between the layers in the crystal. This relationship is the 
Bragg equation, named for W. H. B ragg and his son W. L. Bragg, who shared the 
Nobel Prize in physics in 1 9 1 5  for their work on crystal structure analysis. 

Rotating the crystal changes the angle of incoming radiation and produces a 
different set of spots. Modem x-ray diffraction equipment automatically rotates the 
crystal and measures thousands of diffractions, and a computer calculates the dis­
tances and angles within the lattice (Figure 12.28) . 
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Figure 1 2.27 Diffraction of x-rays by 
crystal planes. As in-phase x-ray beams 
A and B pass into a crystal at angle e, 
they are diffracted by interaction with the 

particles. Beam B travels the d istance DE 
+ EF farther than beam A. If this 

additional distance is equal to a whole 

number of wavelengths, the beams 
remain in phase and create a spot on a 
screen or photographic plate. From the 
pattern of spots and the Bragg equation, 

n'J... = 2d sin e, the distance d between 

layers of particles can be calcu lated. 

Spots from diffracted x-rays 

Crystalline 
solid 

A X-ray source Lead screen 

Figure 1 2.28 Formation of an x-ray diffraction pattern of the protein hemoglobin. A, The sample 

of crystall ine hemoglobin is rotated to obtain many different angles of incoming and diffracted 

x-rays. B, A diffraction pattem is obtained as a complex series of spots. (Large white spot in center 

is a shadow cast by the apparatus.) C, Computerized analysis relates the pattem to distances and 

angles within the crystal. The data are used to generate a picture of the hemoglobin molecule. 

B 

• 
C Protein crystal Protein molecule 
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'1MIEI) Characteristics of the Major Types of Crystalline Solids 
Interparticle 

Type Particle(s) Forces Physical Properties Examples Imp, °C] 

Atomic 

Molecular 

Ionic 

Metallic 

Network 
covalent 

Atoms 

Molecules 

Positive and 
negative ions 

Atoms 

Atoms 

Dispersion 

Dispersion, 
dipole-dipole, 
H bonds 

Ion-ion 
attraction 

Metallic bond 

Covalent bond 

Soft, very low mp, poor 
thermal and electrical 
conductors 

Fairly soft, low to moderate 
mp, poor thermal and 
electrical conductors 

Hard and brittle, high mp, 
good thermal and 
electrical conductors 
when molten 

Soft to hard, low to very 
high mp, excellent 
thermal and electrical 
conductors, malleable 
and ductile 

Very hard, very high mp, 
usually poor thermal and 
electrical conductors 

Group SA(l S) 
[Ne ( - 249) to Rn (-7 1) ]  

Nonpolar* 
O2 [-2 19], C4HlO [- 1 3S] 
Ch [ - 1 0 1 ] ,  C6HI4 [-95], P4 [44. 1 ]  

Polar 
S02 [-73] ,  CHCl3 [-64] , HN03 [ -42], 
H20 [0.0], CH3COOH [ 17]  

NaCI [SO l ]  
CaF2 [1423] 
MgO [2S52] 

Na [97.S] 
Zn [420] 
Fe [ 1535] 

Si02 (quartz) [ 16 10] 
C (diamond) [�4000] 

*Nonpolar molecular solids are arranged in order of increasing molar mass. Note the correlation with increasing melting point (mp). 

Types and Properties of Crystalline Solids 
Now we can tum to the five most important types of sol ids, whic h  are summa­
rized in Table 12.5.  Each is defined by the type(s) of particle(s) in the crystal ,  
which determines the interparticle forces. You may want to  review the bonding 
models (Chapter 9) to clarify how they relate to the properties of different sol ids. 

Atomic Solids Individual atoms held together by dispersion forces form an 
atomic solid. The noble gases [Group 8A( 1 8)] are the only examples, and their 
physical properties reflect the very weak forces among the atoms. Melting and 
boiling points and heats of vaporization and fusion are all very low, rising 
smoothly  with increasing molar mass. As shown in Figure 1 2.29, argon crystal­
l izes in a cubic closest packed structure. The other atomic sol ids do so as well . 

Figure 12.29 Cubic closest packing of 
frozen argon (face-centered cubic unit 
cell). 
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Molecular Solids In the many thousands of molecular solids, the lattice points 
are occupied by individual molecules. For example, methane crystallizes in a face­
centered cubic structure, shown with the c enter of each carbon as the lattice point 
(Figure 12 .30). 

Various combinations of  dipole-dipo le, dispersion, and H-bonding forces are 
at work in molec ular solids, which accounts for their wide range of physical prop­
erties. Dispersion forces are the principal force acting in nonpolar substances, so 
melting points generally increase with molar mass (Table 1 2.5) . Among polar mol ­
ecules, dipole-dipole forces and, where possible, H bonding dominate. Except for 
tho se substances consisting of the simplest molecules, molecular sol ids have 
higher melting points than the atomic solids (noble gases) . Nevertheless, inter­
molecular forces are still relatively weak, so the melting points are much lower 
than those of ionic , metal lic, and network covalent solids. 

Ionic Solids In crystall ine ionic solids, the unit cell contains particles with whole, 
rather than partial ,  charges. As a result, the interparticle forces (ionic bonds) are 
much stronger than the van der Waals forces in atomic or molecular solids. To 
maximize attrac tions, cations are surrounded by as many anions as possible, and 
vice versa, with the smaller of the two ions lying in the spaces (holes) formed by 
the packing of the larger. Because the unit cell is the smallest portion of the crys­
tal that maintains the overall spatial arrangement, it is also the smallest portion 
that maintains the overall  chemical compo sition. In other words, the unit cell has 
the same cation:anion ratio as the empirical formula. 

Ionic compo unds adopt several different crystal structures, but many use cubic 
closest packing. As an example, l et's consider a structure that has a 1: 1 ratio of 
ions. The sodium chloride structure is  found in many compounds, including most 
of the alkali metal [Group 1 A(l)] hal ides and hydrides, the alkaline earth metal 
[Group 2A(2)] o xides and sul fides, several transition-metal oxides and sulfides, 
and most of the silver halides. To visual ize this structure, first imagine Cl - anions 
and Na + cations organized separately in face-centered cubic (cubic clo sest 
packing) arrays. The crystal structure arises when these two arrays penetrate 
each o ther such that the smaller Na + ions end up in the holes between the larger 
Cl - ions, as shown in Figure 1 2.3 1 A. Thus, each Na+ is surrounded by six CI- , 
and vice versa (coordination number = 6). Figure 1 2.3 1 B  is a space-filling depic­
tion of the unit cell showing a face-centered cube of Cl - ions with Na + ions 
between them. Note the four C l- [(8 X i) + (6 X !) = 4 Cl -] and four Na+ 

[( 1 2  X k) + 1 in the c enter = 4 Na+] ,  giving a 1 : 1  ion ratio . 

NaGI unit cell 

�---�---� 

A B 
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Figure 12.30 Cubic closest packing 
of frozen methane. Only one GH4 mole­

cule is shown. 

Figure 1 2.31 The sodium chloride 
structure. A, In an expanded view, the 

sodium chloride structure is pictured as 

resulting from the interpenetration of two 

face-centered cubic arrangements, one 

of Na+ ions (brown) and the other of GI­

ions (green). S, A space-filling view of the 

NaGI unit cell (central overlapped portion 

in part A), which consists of four GI- ions 
and four Na+ ions. 
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Figure 1 2.32 Crystal structures of 
metals. Most metals crystallize in one of 

the two closest packed arrangements. 

A, Copper adopts cubic closest packing. 

B, Magnesium adopts hexagonal 

closest packing. 

CHAPTER 12 Intermolecular Forces: Liquids, Solids, and phase Changes 

The properties of ionic solids are a direct consequence of the fixed ion posi­
tions and very strong interionic forces, which create a high lattice energy. Thus, 
ionic solids typically have high melting points and low electrical conductivities. 
When a large amount of heat is supplied and the ions gain enough kinetic energy 
to break free of their positions, the solid mel ts and the mobile ions conduct a cur­
rent. Ionic compounds are hard because only a strong external force can change 
the relative positions of many trill ions of interacting ions. If enough force is 
applied to move them, ions of like charge are brought near each other, and their 
repulsions crack the crystal (see Figure 9.8). 

Metallic Solids In contrast to the weak dispersion forces between the atoms in 
atomic solids, powerful metallic bonding forces hold individual atoms together in 
metallic solids. The properties of metals-high electrical and thermal conduc­
tivity, luster, and malleability-result from the presence of delocalized electrons, 
the essential feature of metallic bonding. Metals have a wide range of melting 
points and hardnesses, which are related to the packing efficiency of the crystal 
structure and the number of valence electrons available for bonding. Most metal­
lic elements crystallize in one of the two closest packed structures (Figure 1 2.32). 
In an upcoming subsection in this chapter, we'll discuss two bonding models­
one specific to metals and the other for metals and other sol ids. 

Cu 

Network Covalent Solids In the final type of crystalline solid, separate particles 
are not present. Instead, strong covalent bonds l ink the atoms together through­
out a network covalent solid. As a consequence of the strong bonding, all these 
substances have extremely high melting and boiling points, but their conductiv­
ity and hardness depend on the detail s of their bonding. 

The two common crystalline forms of elemental carbon are examples of net­
work covalent solids. Although graphite and diamond have the same composi­
tion, their properties are strikingly different, as Table 1 2.6 shows. Graphite occurs 
as stacked flat sheets of hexagonal carbon rings with a strong u-bond framework 
and delocalized 'IT bonds, reminiscent of benzene. The arrangement of hexagons 
looks like chicken wire or honeycomb. Whereas the 'IT-bonding electrons of ben­
zene are delocalized over one ring, those of graphite are delocalized over the 
entire sheet. These mobile electrons allow graphite to conduct electricity, but only 
in the plane of the sheets. Graphite is a common electrode material and was once 
used for lightbulb filaments. The sheets interact via dispersion forces. Common 
impurities, such as O2 , that lodge between the sheets allow them to slide past 
each other easily, which explains why graphite is so soft. Diamond crystallizes 
in a face-centered cubic unit cell ,  with each carbon atom tetrahedrally surrounded 
by four others in one virtually endless array. Strong, single  bonds through­
out the crystal make diamond the hardest substance known. Because of its 
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11MIE!) Comparison of the Properties of Diamond and Graphite 
Property Graphite 

Density (g/cm3) 
Hardness 
Melting point (K) 
Color 
Electrical conductivity 
I1H�omb (kJ/mol) 
I1H'f (kJ/mol) 

2.27 
< 1  (very soft) 
4 1 00 
Shiny black 
High (along sheet) 
-393.5 
o (standard state) 

Diamond 

3.5 1 
10 (hardest) 
4 1 00 
Colorless transparent 
None 
-395.4 
1 .90 

localized bonding electrons, diamond (like most network covalent solids) does not 
conduct electricity. 

By far the most important network covalent sol ids are the silicates. They uti­
lize a variety of bonding patterns, but nearly all consist of extended arrays of 
covalently bonded silicon and oxygen atoms. Quartz (Si02) is a common exam­
ple. We' l l  discuss silicates, which form the structure of clays, rocks, and many 
minerals,  when we consider the chemistry of silicon in Chapter 14. 

Amorphous Solids 
Amorphous solids are noncrystall ine. Many have small , somewhat ordered regions 
connected by large disordered regions. Charcoal, rubber, and glass are some famil ­
iar examples of amorphous solids. 

The process that forms quartz gl ass is typical of that for many amorphous 
solids. Crystall ine quartz (Si02) has a cubic closest packed structure. The crys­
talline form is melted, and the viscous liquid is cooled rapidly to prevent it from 
recrystallizing. The chains of sil icon and oxygen atoms cannot orient themselves 
quickly enough into an orderly structure, so they solidify in a distorted jumble 
containing many gaps and misaligned rows (Figure 1 2.33) .  The absence of regu­
larity in the structure confers some properties of a l iquid; in fact, glasses are some­
times referred to as supercooled liquids. 

B 

Figure 12.33 Crystalline and amorphous silicon dioxide. A, The atomic arrangement of cristo­

balite, one of the many crystalline forms of silica (Si02), shows the regularity of cubic closest packing. 

B, The atomic arrangement of a quartz glass is amorphous with a generally disordered structure. 
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Bonding in Solids 
In this section, we discuss two models of bonding in solids. The first is a simple, 
qualitative model for metals ;  the second is more quantitative and therefore more 
useful .  It explains not only the properties of metals but also differences in elec­
trical conductivity of metals, metalloids, and nonmetals. 

The Electron-Sea Model of Metallic Bonding The simplest model that accounts 
for the properties of metals is the electron-sea model. It proposes that all the 
metal atoms in a sample pool their valence electrons to form an electron "sea" 
that is delocalized throughout the piece. The metal ions (nuclei plus core elec­
trons) are submerged within this electron sea in an orderly array (see Figure 9.2C). 
They are not held in place as rigidly as the ions in an ionic solid, and no two 
metal atoms are bonded through a localized pair of electrons as in a covalent 
bond. Rather, the valence electrons are shared among all the atoms in the sam­
ple, and the piece of metal is held together by the mutual attraction of the metal 
cations for the mobile, highly delocalized valence electrons. 

The regularity, but not rigidity, of the metal-ion array and the mobility of the 
valence electrons account for the physical properties of metals. Metals have mod­
erate to high melting points because the attractions between the cations and the 
delocalized electrons are not broken during melting, but boiling points are very 
high because each cation and its electron(s) must break away from the others. Gal­
lium provides a striking example: it melts in your hand (mp 29 .8°C) but doesn' t  
boil until 2403°C. The alkaline earth metals [Group 2A(2)] have higher melting 
points than the alkali metals [Group 1A(1 )] because of greater attraction between 
their 2 + cations and twice the number of valence electrons. 

When struck by a hammer, metals usually bend or dent rather than crack or 
shatter. Instead of repelling each other, the metal cations slide past each other 
through the electron sea and end up in new positions (Figure 1 2.34). Compare 
this behavior with that of an ionic solid (see Figure 9 .8) .  As a result, many met­
als can be flattened into sheets (malleable) and pulled into wires (ductile). Gold 
is in a class by itself: 1 g of gold (a cube 0.37 cm on a side) can be hammered 
into a 1 .0-m

2 
sheet that is only 230 atoms (50 nm) thick or drawn into a wire 

165 m long and 20 ).lm thick! 
Metals are good electrical conductors because the mobile electrons carry the 

current, and they conduct heat well because the mobile electrons disperse heat 
more quickly than do the localized electron pairs or fixed ions in other materials. 

Figure 1 2.34 The reason metals deform. A, An external force applied to a piece of metal deforms 

but doesn't break it. B, The external force merely moves metal ions past each other through the 

electron sea. 
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Molecular Orbital Band Theory Q uantum mechanics offers the second model of 
bonding in solids-an extension of molecular orbital (MO) theory called band 
theory. Recall that when two atoms f orm a diatomic molecule, their atomic 
orbitals (AOs) combine to form an equal number of molecular orbitals (MOs). 
Let's consider lithium as an example. Figure 1 2.35 shows the formation of MOs 
in lithium. In dilithium, Li2, each atom has four valence orbitals (one 2s and three 
2p).  (Recall that in Section 1 1 .3, we focused primarily on the 2s orbitals .)  They 
combine to form eight MOs, four bonding and four anti bonding, spread over both 
atoms. If two more Li atoms combine, they form Li4 , a slightly larger aggregate, 
with 16 delocalized MOs. As more Li atoms join the cluster, more MOs are cre­
ated, their energy levels lying closer and closer together. Extending this process 
to a 7-g sample of lithium metal (the molar mass) results in 1 mol of Li atoms 
(LiNA , where N A is Avogadro's number) combining to form an extremely large 
number (4 X Avogadro's number) of delocalized MOs, with energies so closely 
spaced that they form a continuum, or band, of MOs. It is almost as though the 
entire piece of metal were one enormous Li molecule. 

The band model proposes that the lower energy MOs are occupied by the 
valence electrons and make up the valence band. The empty MOs that are higher 
in energy make up the conduction band. In Li metal, the valence band is derived 
from the 2s AOs, and the conduction band is derived mostly from an intermin­
gling of the 2s and 2p AOs. In Li2, two valence electrons fill the lowest energy 
MO and leave the antibonding MO empty. Similarly, in Li metal, 1 mol of valence 
electrons fills the valence band and leaves the conduction band empty. 

The key to understanding metallic properties is that in metals, the valence and 
conduction bands are contiguous, which means that electrons can jump from the 
filled valence band to the unfilled conduction band if they receive even an infini­
tesimally small quantity of energy. In other words, the electrons are completely 
delocalized: they are free to move throughout the piece of metal. Thus, metals 
conduct electricity so well because an applied electric field easily excites the high­
est energy electrons into empty orbitals, and they move through the sample. 
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Figure 1 2.35 The band of molecular 
orbitals in lithium metal. Lithium atoms 

contain four valence orbitals, one 2s and 

three 2p (left). When two lithium atoms 

combine (Li2) , their AOs form eight MOs 

within a certain range of energy. Four Li 

atoms (Li4) form 16 MOs. A mole of Li 

atoms forms 4NA MOs (NA = Avogadro's 

number). The orbital energies are so close 

together that they form a continuous 

band. The valence electrons enter the 

lower energy portion (valence band), 

while the higher energy portion (conduc-

tion band) remains empty. In lithium (and 

other metals), the valence and conduction 

bands have no gap between them. 
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Metallic luster (shininess) is another effect of the continuous band of MO 
energy levels. With so many closely spaced levels available, electrons can absorb 
and release photons of many frequencies as they move between the valence and 
conduction bands. Malleability and thermal conductivity also result from the com­
pletely delocalized electrons. Under an externally applied force, layers of positive 
metal ions simply move past each other, always protected from mutual repulsions 
by the presence of the delocalized electrons (see Figure 12.34B) .  When a metal 
wire is  heated, the highest energy electrons are excited and their extra energy is 
transferred as kinetic energy along the wire's length. 

Large numbers of nonmetal or metalloid atoms can also combine to form 
bands of Mas. Metals conduct a current well (conductors) ,  whereas most non­
metals do not (insulators), and the conductivity of metalloids lies somewhere in 
between (semiconductors). Band theory explains these differences in terms of the 
size of the energy gaps between the valence and conduction bands, as shown in 
Figure 1 2.36: 

1 .  Conductors (metals). The valence and conduction bands of a conductor have no 
gap between them, so electrons flow when even a tiny electrical potential dif­
ference is applied. When the temperature is raised, greater random motion of the 
atoms hinders electron movement, which decreases the conductivity of a metal. 

2. Semiconductors (metalloids). In a semiconductor, a relatively small energy gap 
exists between the valence and conduction bands. Thermally excited electrons 
can cross the gap, allowing a small current to flow. Thus, in contrast to a con­
ductor, the conductivity of a semiconductor increases when it is heated. 

3 .  Insulators (nonmetals). In an insulator, the gap between the bands is too large 
for electrons to jump even when the substance is  heated, so no current 
is observed. 

Another type of electrical conductivity, called superconductivity, has been 
generating intense interest for more than two decades. When metals conduct at ordi­
nary temperatures, electron flow is restricted by collisions with atoms vibrating in 
their lattice sites. Such restricted flow appears as resistive heating and represents a 
loss of energy. To conduct with no energy loss-to superconduct-requires 
extreme cooling to minimize atom movement. This remarkable phenomenon had 
been observed in metals only by cooling them to near absolute zero, which can be 
done only with liquid helium (bp = 4 K; price = $ 1 1/L).  

In 1986, all this changed with the synthesis of certain ionic oxides that super­
conduct near the boiling point of liquid nitrogen (bp = 77 K; price = 

$O .25/L).  

Conduction band 
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Figure 1 2.36 Electrical conductivity in a conductor, a semiconductor, and an insulator. Band 

theory explains d ifferences in electrical conductivity in terms of the size of the energy gap between 

the material's valence and conduction bands. In conductors (metals), there is no gap. In semicon­

ductors (many metalloids), electrons can jump the small gap if they are given energy, as when the 

sample is heated. In insulators (most nonmetals), electrons cannot jump the large energy gap. 
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Like metal conductors, oxide superconductors have no band gap. In the case of 
YBa2Cu307 ,  x-ray analysis shows that the Cu ions in the oxide lattice are aligned, 
which may be related to the superconducting property. In 1989, oxides with Bi 
and Tl instead of Y and Ba were synthesized and found to superconduct at 125 K; 
and in 1993 ,  an oxide with Hg, Ba, and Ca, in addition to Cu and 0, was shown 
to superconduct at 133 K. Engineering dreams for these materials include storage 
and transmission of electricity with no loss of energy (allowing power plants to 
be located far from cities), ultrasmall microchips for ultrafast computers, electro­
magnets to levitate supelfast railway trains (Figure 12.37), and inexpensive med­
ical diagnostic equipment with remarkable image clarity. 

SECTION SUMMARY 
The particles in crystall ine solids l i e  at points that form a structure of repeating unit 
cel ls.  The three types of unit cells in the cubic system are simple, bOdy-centered, and 
face-centered . The most efficient packing arrangements are cubic closest packing and 
hexagonal closest packing. Bond angles and distances in a crystal structure can be 
determined with x-ray d iffraction analysis. Atomic solids have a closest packed struc­
ture, with atoms held together by very weak d ispersion forces. Molecular solids have 
molecules at the lattice points, often in a cubic closest packed structure. Their inter­
molecular forces (dispersion, d i pole-dipole, H bonding) and resulting physical prop­
erties vary greatly. Ionic solids often crystallize with one type of ion fi l l ing holes in a 
cubic closest packed structure of the other. The high melting points, hardness, and 
low conductivity of these solids arise from strong ionic attractions. Most metals have 
a closest packed structure. The atoms of network covalent solids are covalently 
bonded throughout the sam ple. Amorphous solids have very little regu larity among 
their particles. The electron-sea model proposes that metals consist of positive ions 
submerged in an electron "sea" of h ighly delocal ized valence electrons. These elec­
trons are shared by al l  the atoms in the sample. Band theory proposes that orbitals 
in the atoms of solids combine to form a contin uum, or band,  of molecular orbitals. 
Metals are electrical conductors because electrons move freely from the f i l led 
(valence band) to the empty (conduction band) portions of this energy continuum.  
I nsulators have a large energy gap between the two portions; semiconductors have 
a small gap. 

..... ' ... 
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Figure 1 2.37 The levitating power of a 
superconducting oxide. A magnet is sus­

pended above a cooled high-temperature 

superconductor. Someday, this phenome­

non may be used to levitate trains above 

their tracks for qu iet, fast travel .  

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 

Learning Obiectives 
To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are listed in parentheses. 

1 .  Explain how kinetic energy and potential energy determine the 
properties of the three states and phase changes, what occurs when 
heat is added or removed from a substance, and how to calculate the 
enthalpy change (§ 1 2 . 1 ,  1 2.2) (EPs 1 2 . 1 - 1 2.9, 12 . 1 4, 1 2. 15) 
2. Understand that phase changes are equilibrium processes and 
how vapor pressure, temperature, and boiling point are related 
(§ 1 2.2) (SP 12 . 1 )  (EPs 1 2. 10, 1 2. 11 , 1 2. 1 6, 1 2. 17, 1 2.20) 
3. Use a phase diagram to show the phases and phase changes of 
a substance at different conditions of pressure and temperature 
(§ 1 2.2) (EPs 1 2. 1 2, 1 2 . 1 3, 12 . 1 8, 1 2. 19 ,  1 2.2 1 )  
4 .  Distinguish between bonding and molecular forces, predict the 
relative strengths of intermolecular forces acting in a substance, 

and understand the impact of H bonding on physical properties 
(§ 1 2.3) (SPs 1 2.2, 1 2.3) (EPs 1 2.22-1 2.43) 
5 .  Define surface tension, capillarity, and viscosity, and describe 
how intermolecular forces influence their magnitudes (§ 1 2.4) 
(EPs 12 .44-1 2.50) 
6. Understand how the macroscopic properties of water arise 
from its molecular properties (§ 1 2.5) (EPs 1 2.5 1-1 2.56) 
7. Describe the three types of cubic unit cells and explain how to 
find the number of particles in each and how packing of spheres 
gives rise to each; calculate the atomic radius of an element from 
its density and crystal structure; distinguish the types of crys­
talline solids; explain how the electron-sea model and band theory 
account for the properties of metals and how the size of the energy 
gap explains the conductivity of substances (§ 1 2.6) (SP 12.4) 
(EPs 1 2.57-12 .75) 
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Key Terms 
phase (348) 
intermolecular forces (348) 
phase change (348) 

Section 12.1 
condensation (349) 
vaporization (349) 
freezing (349) 
melting (fusion) (349) 
heat of vaporization 

(t:".H�ap) (349) 
heat of fusion (D.Hflls) (349) 
sublimation (350) 
deposition (350) 
heat of sublimation 

(D.H�ubl) (350) 

Section 12.2 
heating-cooling curve (35 1 )  

dynamic equilibrium (353) 
vapor pressure (353) 
Clausius-Clapeyron 

equation (354) 
boiling point (355) 
melting point (356) 
phase diagram (356) 
critical point (356) 
triple point (357) 

Section 12.3 
van der Waals radius (359) 
ion-dipole force (360) 
dipole-dipole force (360) 
hydrogen bond (H bond) (361 )  
polarizability (362) 
dispersion (London) 

force (363) 

Key Equations and Relationships 
12.1 Using the vapor pressure at one temperature to find the vapor 
pressure at another temperature (two-point form of the Clausius­
Clapeyron equation) (355): 

Brief Solutions to Follow-up Problems 

P2 (-40.7 X 103 J/mol) 
12.1 In - = 

P I 8.3 14  J/mol'K 

x (273 . 1 5  � 85.5 K 
-

273 . 1 5  � 34. 1 K) 
= ( -4.90 X 1 0

3 
K)(-4.66 X l O-

4 K- I ) = 2.28 

P2 
= 9.8;  thus, P2 = 40. 1 torr X 9.8 = 3.9X 1 0

2 
torr 

P I  
12.2 (a) H .. .. H 

I O:····H-O I H-C-C� ""C-C-H 
I "O-H .... :o!' I H .. . H 

(c) No H bonding 

Problems 

(b) H H 
I I .. H-C-C-O: 
I I I H H H 

H H 
I I .. H-C-C-O-H 
I I .. H H 

Problems with colored numbers are answered in Appendix E. 
Sections match the text and provide the numbers of relevant 
sample problems. Bracketed problems are grouped in pairs 
(indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

Section 12.4 
surface tension (365) 
capillarity (366) 
viscosity (367) 

Section 12.6 
crystalline solid (369) 
amorphous solid (369) 
lattice (370) 
unit cell (370) 
coordination number (370) 
simple cubic unit cell (370) 
body-centered cubic unit 

cell (370) 
face-centered cubic unit 

cell (370) 
packing efficiency (372) 

hexagonal closest packing 
(372) 

cubic closest packing (372) 
x-ray diffraction analysis (374) 
atomic solid (376) 
molecular solid (377) 
ionic solid (377) 
metallic solid (378) 
network covalent solid (378) 
electron-sea model (380) 
band theory (38 1 )  
valence band (38 1 )  
conduction band (38 1 )  
conductor (382) 
semiconductor (382) 
insulator (382) 
superconductivity (382) 

12.3 (a) Dipole-dipole, dispersion; CH3Br 
(b) H bonds, dipole-dipole, dispersion; CH3CHzCH20H 
(c) Dispersion; C3Hg 

1 cm3 55.85 g Fe 
12.4 Avogadro's no. = X X 0.68 

7.874 g Fe 1 mol Fe 
1 Fe atom 

X ---��� 
8.38X 1 0-

24 cm3 

= 5 .8X 1 0
23 Fe atoms/mol Fe 

An Overview of Physical States 
and Phase Changes 

12.1 How does the energy of attraction between particles compare 
with their energy of motion in a gas and in a solid? As part of 
your answer, identify two macroscopic properties that differ be­
tween a gas and a solid. 



12.2 What types of forces, intramolecular or intermolecular, 
(a) prevent ice cubes from adopting the shape of their container? 
(b) are overcome when ice melts? 
(c) are overcome when liquid water is vaporized? 
(d) are overcome when gaseous water is converted to hydrogen 
gas and oxygen gas? 

12.3 (a) Why are gases more easily compressed than liquids? 
(b) Why do liquids have a greater ability to flow than solids? 

12.4 (a) Why is the heat of fusion (t::..Hfus) of a substance smaller 
than its heat of vaporization (t::..Hvap)? 
(b) Why is the heat of sublimation (t::..HsubJ) of a substance 
greater than its t::..Hvap? 
(c) At a given temperature and pressure, how does the magnitude 
of the heat of vaporization of a substance compare with that of 
its heat of condensation? 

112.5 Name the phase change in each of these events: 
(a) Dew appears on a lawn in the morning. 
(b) Icicles change into liquid water. 
(c) Wet clothes dry on a summer day. 

12.6 Name the phase change in each of these events: 
(a) A diamond film forms on a surface from gaseous carbon 
atoms in a vacuum. 
(b) Mothballs in a bureau drawer disappear over time. 
(c) Molten iron from a blast furnace is cast into ingots ("pigs") .  

12.7 Liquid propane, a widely used fuel, is produced by com­
pressing gaseous propane at 20°e. During the process, approxi­
mately 1 5  kJ of energy is released for each mole of gas liquefied. 
Where does this energy come from? 

12.8 Many heat-sensitive and oxygen-sensitive solids, such as 
camphor, are purified by warming under vacuum. The solid va­
porizes directly, and the vapor crystallizes on a cool surface. 
What phase changes are involved in this method? 

Quantitative Aspects of Phase Changes 
(Sample Problem 1 2 .1) 

12.9 Describe the changes (if any) in potential energy and in ki­
netic energy among the molecules when gaseous PCI3 condenses 
to a liquid at a fixed temperature. 

12.10 When benzene is at its melting point, two processes occur 
simultaneously and balance each other. Describe these processes 
on the macroscopic and molecular levels. 

12.11 Liquid hexane (bp = 69°C) is placed in a closed container 
at room temperature. At first, the pressure of the vapor phase in­
creases, but after a short time, it stops changing. Why? 

12.12 At 1. 1 atm, will water boil at 1 00. DC? Explain. 
12.13 The phase diagram for substance A has a solid-liquid line 

with a positive slope, and that for substance B has a solid-liquid 
line with a negative slope. What macroscopic property can dis­
tinguish A from B ?  

112.14 From the data below, calculate the total heat (in J) needed to 
convert 1 2.00 g of ice at -5.00°C to liquid water at 0.500°C: 
mp at 1 atm: O.O°C t::..H�us: 6.02 kllmol 

CJiquid: 4.2 1 J/g'oC CsoJid: 2.09 J/g'oC 
12.15 From the data below, calculate the total heat (in J) needed to 

convert 0.333 mol of gaseous ethanol at 300°C and 1 atm to liq­
uid ethanol at 25.0°C and I atm: 
bp at 1 atm: 78.5°C t::..H�ap: 40.5 kllmol 

1 .43 J/g'oC 

Problems 385 

12.16 A liquid has a t::..H�ap of 35 .5 kllmol and a boiling point of 
122°C at 1 .00 atm. What is its vapor pressure at 1 09°C? 

12.17 What is the t::..H�ap of a liquid that has a vapor pressure of 
641 torr at 85.2°C and a boiling point of 95.6°C at 1 atm? 

12.18 Use these data to draw a qualitative phase diagram for eth­
ylene (C2H4).  Is C2H4(s) more or less dense than C2H4(l)? 
bp at 1 atm: - 1 03.7°C 
mp at l atm: - 1 69 . 1 6°C 
Critical point: 9.9°C and 50.5 atm 
Triple point: -169.17°C and 1.20X 10-3 atm 

12.19 Use these data to draw a qualitative phase diagram for H2. 
Does H2 sublime at 0.05 atm? Explain. 
mp at 1 atm: 1 3.96 K 
bp at 1 atm: 20.39 K 
Triple point: 1 3.95 K and 0.07 atm 
Critical point: 33.2 K and 13.0 atm 
Vapor pressure of solid at 10 K: 0.001 atm 

12.20 Butane is a common fuel used in cigarette lighters and 
camping stoves. Normally supplied in metal containers under 
pressure, the fuel exists as a mixture of liquid and gas, so high 
temperatures may cause the container to explode. At 25.0°C, the 
vapor pressure of butane is 2 .3 atm. What is the pressure in the 
container at 150.oC (t::..Hvap = 24.3 kJ/mol)? 

12.21 Use Figure 1 2.8A, to answer the following: 
(a) Carbon dioxide is sold in steel cylinders under pressures of 
approximately 20 atm. Is there liquid CO2 in the cylinder at 
room temperature (-20°C)? At 40°C? At -40°C? At - l 20°C? 
(b) Carbon dioxide is also sold as solid chunks, called dl)' ice, in 
insulated containers. If the chunks are warmed by leaving them 
in an open container at room temperature, will they melt? 
(c) If a container is nearly filled with dry ice and then sealed and 
warmed to room temperature, will the dry ice melt? 
(d) If dry ice is compressed at a temperature below its triple 
point, will it melt? 
(e) Will liquid CO2 placed in a beaker at room temperature boil? 

Types of Intermolecular Forces 
(Sample Problems 12.2 and 1 2 .3) 

12.22 Why are covalent bonds typically much stronger than inter­
molecular forces? 

12.23 Even though molecules are neutral, the dipole-dipole force is 
an important interparticle force that exists among them. Explain. 

12.24 Oxygen and selenium are members of Group 6A( l 6). Water 
forms H bonds, but H2Se does not. Explain. 

12.25 Polar molecules exhibit dipole-dipole forces. Do they also 
exhibit dispersion forces? Explain. 

12.26 Distinguish between polarizability and polarity. How does 
each influence intermolecular forces? 

12.27 How can one nonpolar molecule induce a dipole in a nearby 
nonpolar molecule? 

112.28 What is the strongest interparticle force in each substance? 
(a) CH30H (b) CCl4 (c) Cl2 

12.29 What is the strongest interparticle force in each substance? 
(a) H3P04 (b) S02 (c) MgCl2 

12.30 What is the strongest interparticle force in each substance? 
(a) CH3Cl (b) CH3CH3 (c) NH3 
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12.31 What is the strongest interparticle force in each substance? 
(a) Kr (b) BrF (c) H2S04 

12.32 Which member of each pair of compounds forms inter­
molecular H bonds? Draw the H-bonded structures in each case: 
(a) CH3CHCH3 or CH3SCH3 (b) HF or HBr 

I 
OH 

12.33 Which member of each pair of compounds forms inter­
molecular H bonds? Draw the H-bonded structures in each case: 
(a) (CH3hNH or (CH3)3N (b) HOCH2CH20H or FCH2CH2F 

12.34 Which has the greater polarizability? Explain. 
(a) Br- or 1- (b) CH2=CH2 or CH3-CH3 (c) H20 or H2Se 

12.35 Which has the greater polarizability? Explain. 
(a) Ca

2+ or Ca (b) CH3CH3 or CH3CH2CH3 (c) CCl4 or CF4 

12.36 Which member in each pair of liquids has the higher vapor 
pressure at a given temperature? Explain. 
(a) C2H6 or C4H IO (b) CH3CH20H or CH3CH2F 
(c) NH3 or PH3 

12.37 Which member in each pair of liquids has the lower vapor 
pressure at a given temperature? Explain. 
(a) HOCH2CH20H or CH3CH2CH20H 
(b) CH3COOH or (CH3hC=O (c) HF or HCI 

12.38 Which substance has the higher boiling point? Explain. 
(a) LiCI or HCI (b) NH3 or PH3 (c) Xe or 12 

12.39 Which substance has the higher boiling point? Explain. 
(a) CH3CH20H or CH3CH2CH3 (b) NO or N2 (c) H2S or H2Te 

12.40 Which substance has the lower boiling point? Explain. 
(a) CH3CH2CH2CH3 or CH?-CH2 (b) NaBr or PBr3 

I - I 
CH2-CH2 

(c) H20 or HBr 
12.41 Which substance has the lower boiling point? Explain. 

(a) CH30H or CH3CH3 (b) FNO or ClNO 
(c) F"" /F H"" /F 

C=C or C=C 
H

/ ""H F
/ ""H 

12.42 Dispersion forces are the only intermolecular forces present 
in motor oil, yet it has a high boiling point. Explain. 

12.43 Why does the antifreeze ingredient ethylene glycol 
(HOCH2CH20H; .M = 62.07 g/mol) have a boiling point of 
1 97HC, whereas propanol (CH3CH2CH20H; .M = 60.09 g/mol), 
a compound with a similar molar mass, has a boiling point of 
only 97.4°C? 

Properties of the Liquid State 

12.44 Before the phenomenon of surface tension was understood, 
physicists described the surface of water as being covered with a 
"skin." What causes this skinlike phenomenon? 

12.45 SmaIL, equal-sized drops of oil, water, and mercury lie on a 
waxed floor. How does each liquid behave? Explain. 

12.46 Does the strength of the intermolecular forces in a liquid 
change as the liquid is heated? Explain. Why does liquid viscos­
ity decrease with rising temperature? 

112.47 Rank the following in order of increasing surface tension at 
a given temperature, and explain your ranking: 
(a) CH3CH2CH20H (b) HOCH2CH(OH)CH20H 
(c) HOCH2CH20H 

12.48 Rank the following in order of decreasing surface tension at 
a given temperature, and explain your ranking: 

1 (a) CH30H (b) CH3CH3 (c) H2C=O 

12.49 Use Figure 1 2. 1 to answer the following: (a) Does it take 
more heat to melt 1 2.0 g of CH4 or 1 2.0 g of Hg? (b) Does it take 
more heat to vaporize 1 2.0 g of CH4 or 1 2.0 g of Hg? 
(c) What is the principal intermolecular force in each sample? 

12.50 Pentanol (C5H I I OH; .M = 88. 1 5  g/mol) has nearly the same 
molar mass as hexane (C6H I4; .M = 86. 17 g/mol) but is more 
than 12 times as viscous at 20°C. Explain. 

The Uniqueness of Water 

12.51 For what types of substances is water a good solvent? For 
what types is it a poor solvent? Explain. 

12.52 A water molecule can engage in as many as four H 
bonds. Explain. 

12.53 Warm-blooded animals have a narrow range of body tem­
perature because their bodies have a high water content. Explain. 

12.54 A drooping plant can be made upright by watering the 
ground around it. Explain. 

12.55 Describe the molecular basis of the property of water re­
sponsible for the presence of ice on the surface of a frozen lake. 

12.56 Describe in molecular terms what occurs when ice melts. 

The Solid State: Structure, Properties, and Bonding 
(Sample Problem 1 2.4) 

12.57 What is the difference between an amorphous solid and a 
crystalline solid on the macroscopic and molecular levels? Give 
an example of each. 

12.58 How are a solid's unit cell and crystal structure related? 
12.59 For structures consisting of identical atoms, how many 

atoms are contained in the simple, body-centered, and face­
centered cubic unit cells? Explain how you obtained the values. 

12.60 List four physical characteristics of a solid metal. 
12.61 Briefly account for the following relative values: 

(a) The melting point of sodium is 89°C, whereas that of potas­
sium is 63°C. 
(b) The melting points of Li and Be are 1 80°C and 1 287°C, 
respectively. 
(c) Lithium boils more than 1 l 00°C higher than it melts. 

12.62 Magnesium metal is easily deformed by an applied force, 
whereas magnesium fluoride is shattered. Why do these two 
solids behave so differently? 

12.63 What is the energy gap in band theory? Compare its size in 
superconductors, conductors, semiconductors, and insulators. 

112.64 What type of crystal lattice does each metal form? (The 
number of atoms per unit cell is given in parentheses.) 
(a) Ni (4) (b) Cr (2) (c) Ca (4) 

12.65 What is the number of atoms per unit cell for each metal? 
(a) Polonium, Po (b) Iron, Fe (c) Silver, Ag 



12.66 Of the five major types of crystalline solid, which does each 
of the following form: (a) Sn; (b) Si ;  (c) Xe? 

12.67 Of the five major types of crystall ine solid, which 
does each of the following form: (a) cholesterol (C27H4sOH); 
(b) KCl; (c) BN? 

12.68 Zinc oxide adopts the zinc blende crystal structure (Figure 
P 1 2.68). How many Zn

z+ ions are in the ZnO unit cell? 

12.69 Calcium sulfide adopts the sodium chloride crystal structure 
(Figure P I 2.69). How many Sz- ions are in the CaS unit cell? 

12.70 Zinc selenide (ZnSe) crystallizes in the zinc blende struc­
ture and has a density of 5 .42 g/cm3 (see Figure P I 2.68). 
(a) How many Zn and Se ions are in each unit cell? 
(b) What is the mass of a unit cell? 
(c) What is the volume of a unit cell? 
(d) What is the edge length of a unit cell? 

12.71 An element crystallizes in a face-centered cubic lattice and 
has a density of 1.45 g/cm3. The edge of its unit cell is 
4.52 X 1 0-8 cm. 
(a) How many atoms are in each unit cell? 
(b) What is the volume of a unit cell? 
(c) What is the mass of a unit cell? 
(d) Calculate an approximate atomic mass for the element. 

12.72 Classify each of the following as a conductor, insulator, or 
semiconductor: (a) phosphorus; (b) mercury; (c) germanium. 

12.73 Predict the effect (if any) of an increase in temperature on 
the electrical conductivity of (a) antimony, Sb; (b) tellurium, Te; 
(c) bismuth, Bi .  

12.74 Use condensed electron configurations to predict the rela­
tive hardnesses and melting points of rubidium (Z = 37), vana­
dium (Z = 23), and cadmium (Z = 48). 

12.75 One of the most important enzymes in the worId­
nitrogenase, the plant protein that catalyzes nitrogen fixation­
contains active clusters of iron, sulfur, and molybdenum atoms. 
Crystalline molybdenum (Mo) has a body-centered cubic unit 
cell (d of Mo = 10.28 g/cm

3
) .  (a) Determine the edge length of 

the unit cell. (b) Calculate the atomic radius of Mo. 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

12.76 Because bismuth has several well-characterized solid, crys­
talline phases, it is used to calibrate instruments employed in 
high-pressure studies. The following phase diagram for bismuth 
shows the liquid phase and five different solid phases stable 
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above 1 katm ( 1 000 atm) and up to 300°C. (a) Which solid 
phases are stable at 25°C? (b) Which phase is stable at 50 katm 
and 1 75°C? (c) Identify the phase transitions that bismuth under­
goes at 200°C as the pressure is reduced from 1 00 to 1 katm. 
(d) What phases are present at each of the triple points? 

1 00 -r--------..., 

� 50 ::::J en en Q) 
u: 

o 1 00 200 300 

Temperature (0G) 

12.77 Mercury (Hg) vapor is toxic and readily absorbed from the 
lungs. At 20.oC, mercury (t1Hvap = 59. 1 kJ/mol) has a vapor 
pressure of 1.20X 1 0-

3 
torr, which is high enough to be haz­

ardous. To reduce the danger to workers in processing plants, Hg 
is cooled to lower its vapor pressure. At what temperature would 
the vapor pressure of Hg be at the safer level of 5.0X 10-5 torr? 

12.78 Consider the phase diagram shown for substance X. (a) 
What phase(s) is (are) present at point A? E? F? H? B? C? (b) 
Which point corresponds to the critical point? Which point cor­
responds to the triple point? (c) What curve corresponds to con­
ditions at which the solid and gas are in equilibrium? (d) 
Describe what happens when you start at point A and increase 
the temperature at constant pressure. (e) Describe what happens 
when you start at point H and decrease the pressure at constant 
temperature. (f) Is liquid X more or less dense than solid X? 

- Temperature � 

12.79 Some high-temperature superconductors adopt a crystal 
structure similar to that of perovskite (CaTi03). The unit cell is 
cubic with a Ti

4
+ ion in each corner, a Caz+ ion in the body cen­

ter, and 02- ions at the midpoint of each edge. (a) Is this unit cell 
simple, body-centered, or face-centered? (b) If the unit cell edge 
length is 3 .84 A, what is the density of perovskite (in g/cm

3
)? 

12.80 The onJy alkali metal halides 
that do not adopt the NaCl struc­
ture are CsCl, CsBr, and CsI, 
formed from the largest alkali 
metal cation and the three largest 
halide ions. These crystallize in 
the cesium chloride structure 
(shown here for CsCl). This struc­
ture has been used as an example of how dispersion forces 
can dominate in the presence of ionic forces. Use the ideas of 
coordination number and polarizability to explain why the 
CsCl structure exists. 
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* 12.81 Corn is a valuable source of industrial chemicals. For exam­
ple, furfural is prepared from corncobs. It is an important 
reactant in plastics manufacturing and a key solvent for the pro­
duction of cellulose acetate, which is used to make everything 
from videotape to waterproof fabric. It can be reduced to furfuryl 
alcohol or oxidized to 2-furoic acid. 

furfuryl alcohol furfural 2-furoic acid 

(a) Which of these compounds can form H bonds? Draw struc­
tures in each case. 
(b) The molecules of some substances can form an "internal" H 
bond, that is, an H bond within a molecule. This takes the form 
of a polygon with atoms as corners and bonds as sides and an H 
bond as one of the sides. Which of these molecules is (are) likely 
to form a stable internal H bond? Draw the structure. (Hint: 
Structures with 5 or 6 atoms as corners are most stable.) 

* 12.82 A 4.7-L sealed bottle containing 0.33 g of liquid ethanol, 
C2H60, is placed in a refrigerator and reaches equilibrium with 
its vapor at - 1 1 °C. (a) What mass of ethanol is present in the va­
por? (b) When the container is removed and warmed to room 
temperature, 20.oC, will all the ethanol vaporize? (c) How much 
liquid ethanol would be present at O.O°C? The vapor pressure of 
ethanol is 1 0. torr at -2.3°C and 40. torr at 1 9°C. 

12.83 A cubic unit cell contains atoms of element A at each corner 
and atoms of element Z on each face. What is the empirical for­
mula of the compound? 

1 2.84 Is it possible for a salt of formula AB3 to have a face­
centered cubic unit cell of anions with cations in all  the eight 
available holes? Explain. 

* 12.85 In a body-centered cubic unit cell, the central atom lies on 
an internal diagonal of the cell and touches the corner atoms. 
(a) Find the length of the diagonal in terms of r, the atomic ra­
dius. (b) If the edge length of the cube is a, what is the length of 
a face diagonal? (c) Derive an expression for a in terms of r. 
(d) How many atoms are in this unit cell? (e) What fraction of the 
unit cell volume is filled with spheres? 

• 1 2.86 KF has the same type of crystal structure as N aCI .  The 
unit cell of KF has an edge length of 5 .39 A. Find the density 
of KF. 



Mixing It Up Solutions are everywhere, both inside and outside us. Here, dyes swirl 
as they dissolve in an aqueous solvent. As you' ll see in this chapter, calculating 
solution concentrations and predicting their properties are crucial skills in science 
and industry. 

Key Princip les 
• Solubility refers to the amount of solute that can dissolve in a solvent at 

a given temperature. The like-dissolves-like rule summarizes the fact 
that solutions form when solute and solvent have similar types of 
intermolecular forces. 

• Dissolving involves enthalpy changes: heat is absorbed to separate 
solute and solvent particles and is released when they mix. The rela­
tive magnitudes of these quantities of heat determine whether the 
overall heat of solution is positive or negative, that is, whether the 
process of dissolving is endothermic or exothermic. Dissolving also 
involves changes in particles' freedom of motion and thus in the dis­
tribution of their energy, which are related to changes in a quantity 
called entropy 

• A solution is saturated when the maximum amount of solute has 
dissolved at a given temperature; at that point, excess solute and 
dissolved solute are in equilibrium. Solubility is related to conditions: 

Outl ine 

C HAPTER TH I RTE E N  

The Properties of 
Solutions 

most solids are more soluble in water at higher temperatures; all 
gases are less soluble in water at higher temperatures; and the solu­
bil ity of a gas is directly proportional to its pressure (Henry's law). 

• The concentration of a solution can be expressed in different terms 
(molarity, molality, parts by mass, parts by volume, and mole 
fraction) . Because a concentration is a ratio involving mass, volume, 
and/or amount (mol), the various terms are interconvertible. 

• The physical properties of a solution differ from those of the solvent. 
These properties (vapor-pressure lowering, boiling-point elevation, 
freezing-point depression, and osmotic pressure) are called col/iga­
tive because they depend on the number, not the chemical nature, 
of the dissolved particles. In salt solutions, interactions among ions 
cause deviations from expected properties. 

1 3.1  Types of Solutions: Intermolecular 
Forces and Solubil ity 
Intermolecular Forces in Solution 
Liquid Solutions 

1 3.3 Solubil ity as an Equilibrium Process 
Effect of Temperature 

1 3.5 Coliigative Properties of Solutions 
Nonvolatile Nonelectrolyte Solutions 
Solute Molar Mass 

Gas Solutions and Solid Solutions 

1 3.2 Why Substances Dissolve: 
Understanding the Solution Process 
Heats of Solution and Solution Cycles 
Heats of Hydration 
The Solution Process and the Change 

in Entropy 

Effect of Pressure 

1 3.4 Quantitative Ways of Expressing 
Concentration 
Molarity and Molality 
Parts of Solute by Parts of Solution 
Interconverting Concentration Terms 

Volatile Nonelectrolyte Solutions 
Strong Electrolyte Solutions 
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Concepts & Ski l ls to Review 
Before You Study This Chapter 

• classification of mixtures (Section 2.9) 
• calculations involving mass percent 

(Section 3 . 1 )  and molarity (Section 3.5) 
• electrolytes; water as a solvent 

(Sections 4.1 and 1 2.5) 
• mole fraction and Dalton's law of 

partial pressures (Section 5.4) 
• types of intermolecular forces and the 

concept of polarizability (Section 1 2 .3) 
• vapor pressure of liquids (Section 1 2 .2) 

CHAPTER 1 3  The Properties of Solutions 

Nearly all the gases, liquids, and solids that make up our world are mixtures­
two or more substances physically mixed together but not chemically com­

bined. Synthetic mixtures, such as glass and soap, usually contain relatively few 
components, whereas natural mixtures, such as seawater and soil, are more com­
plex, often containing more than 50 different substances. Living mixtures, such 
as trees and students, are the most complex-even a simple bacterial cell contains 
well over 5000 different compounds (Table 1 3 . 1 ) . 

I1MIESI Approximate Composition of a Bacterium 

Substance 

Water 
Ions 
Sugars* 
Amino acids* 
Lipids* 
Nucleotides* 
Other small molecules 

Mass % Number Number of 
of Cell of Types Molecules 

�70 1 5 x 1010 

1 20 ? 
3 200 3 X 1 08 

0.4 1 00 5 X 107 

2 50 3x 1 07 

0.4 200 1 X 1 07 

0.2 � 200 ? 
Macromolecules 

(proteins, nucleic acids, 
polysaccharides) 

23 �5000 6 x 1 06 

'Includes precursors and metabolites. 

Recall from Chapter 2 that a mixture has two defining characteristics: its com­
position is variable, and it retains some properties of its components. In this chap­
ter, we focus on solutions, the most common type of mixture. A solution is a 
homogeneous mixture, one with no boundaries separating its components; thus, a 
solution exists as one phase. A heterogeneous mixture has two or more phases. 
The pebbles in concrete or the bubbles in champagne are visible indications that 
these are heterogeneous mixtures. In some cases, the particles of one or more 
components may be very small, so distinct phases are not easy to see. Smoke and 
milk are heterogeneous mixtures with very small component particles and thus no 
visible distinct phases. The essential distinction is that in a solution all the parti­
cles are individual atoms, ions, or small molecules. 

In this chapter, we discuss the types of solutions, why they form, the differ­
ent concentration units that describe them, and how their properties differ from 
those of pure substances. 

1 3. 1  TYPES OF SOLUTIONS: INTERMOLECULAR FORCES 
AND SOLUBILITY 

We often describe solutions in terms of one substance dissolving in another: the 
solute dissolves in the solvent. Usually, the solvent is the most abundant compo­
nent of a given solution. In some cases, however, the substances are miscible, that 
is, soluble in each other in any proportion; in such cases, it may not be mean­
ingful to call one the solute and the other the solvent. 

The solubility (S) of a solute is the maximum amount that dissolves in a fixed 
quantity of a particular solvent at a specified temperature, given that excess solute 
is present. Different solutes have different solubilities. For example, for sodium 
chloride (NaCl), S = 39 . 1 2  g/ l O O .  mL water at 1 00.oC, whereas for silver chloride 
(AgCl), S = 0.002 1 g/l O O .  mL water at 100.°C. Obviously, NaCl is much more 
soluble in water than AgCI is. (Solubility is also expressed in other units, as 
you'll see later. ) Although solubility has a quantitative meaning, dilute and 
concentrated are qualitative terms that refer to the relative amounts of solute: a 
dilute solution contains much less dissolved solute than a concentrated one. 



1 3. 1  Types of Solutions: Intermolecular Forces and Solubility 

From everyday experience, you know that some solvents can dissolve a given 
solute, whereas others can't. For example, butter doesn't dissolve in water, but it 
does in cooking oil. A major factor determining whether a solution forms is the 
relative strength of the intermolecular forces within and between solute and sol­
vent. Experience shows that substances with similar types of intermolecular forces 
dissolve in each other. This fact is summarized in the rule-of-thumb like dissolves 
like. From a knowledge of these forces, we can often predict which solutes will 
dissolve in which solvents. 

Intermolecular Forces in Solution 
All the intermolecular forces we discussed in Section 12.3 for pure substances 
also occur between solute and solvent in solutions (Figure 1 3 . 1 ) : 

1 .  Ion-dipole forces are the principal force involved in the solubility of 
ionic compounds in water. When a salt dissolves, each ion on the crystal ' s  sur­
face attracts the oppositely charged end of the water dipole. These attractive 
forces overcome those between the ions and break down the crystal structure. 
As each ion becomes separated, more water molecules cluster around it in 
hydration shells (Figure 1 3 .2) .  Recent evidence shows that water's normal 
H bonding is disrupted only among molecules in the closest hydration shell. 
These molecules are H bonded to others slightly farther away, which are in 
turn H bonded to other molecules in the bulk solvent. It's important to remem­
ber that this process does not lead to a j umble of ions and water molecules; 
rather, there is less freedom of motion for molecules in the closest hydration 
shell. For monatomic ions, the number of water molecules in the closest shell 
depends on the ion's size. Four water molecules can fit tetrahedrally around 
small ions, such as Li +, while larger ions, such as Na + and F-, have six water 
molecules surrounding them octahedrally. 

Figure 13.2 Hydration shells around an 
aqueous ion. When an ionic compound 

dissolves i n  water, ion-dipole forces orient 

water molecules around the separated 

ions to form hydration shells. The cation 

shown here is octahedrally surrounded by 

six water molecules, which form H bonds 

with water molecules in  the next hydration 

shell ,  and those form H bonds with others 

farther away. 

2. Hydrogen bonding is especially important in aqueous solution. In fact, 
it is a primary factor in the solubility in water-and, thus, cell fl uid-of many 
oxygen- and nitrogen-containing organic and biological compounds, such as alco­
hols, sugars, amines, and amino acids. (Recall that 0 and N are small and elec­
tronegative, so their bound H atoms are partially positive and can get very close 
to the 0 of H20.) 

3. Dipole-dipole forces, in the absence of H bonding, account for the solu­
bility of polar organic molecules, such as ethanal (acetaldehyde, CH3CHO), In 
polar, nonaqueous solvents like chloroform (CHCI3). 

lon-dipole 
(40-600) 

H bond 
(1 0-40) 

Dipole-dipole 
(5-25) 

Ethanal 
(CH3CHO) 

lon-induced dipole 
(3-1 5) 

Dipole-induced dipole 
(2-1 0) 

Dispersion 
(0.05-40) 

+ 

Octane 
(CsH,s) 

. . . 
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Chloroform 
(CHCI3) 

� . . .  +-� 
Xenon 

Figure 1 3.1 The major types of inter­
molecular forces in solutions. Forces 

are listed in decreasing order of strength 

(with values in kJ/mol), and an example of 

each is shown with space-fi l l ing models. 
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4. Ion-induced dipole forces are one of two types of charge-induced dipole 
forces, which rely on the polarizability of the components. They result when an 
ion's charge distorts the electron cloud of a nearby nonpolar molecule. This type 
of force plays an essential biological role that initiates the binding of the Fe

2+ 

ion in hemoglobin and an O2 molecule in the bloodstream. Because an ion 
increases the magnitude of any nearby dipole, ion-induced dipole forces also con­
tribute to the solubility of salts in less polar solvents, such as LiCl in ethanol. 

5. Dipole-induced dipole forces, also based on polarizability, are weaker 
than the ion-induced dipole forces because the magnitude of the charge is smaller 
(Coulomb's law). They arise when a polar molecule distorts the electron cloud of 
a nearby nonpolar molecule. The solubility in water, limited though it is, of atmo­
spheric 02, N2, and the noble gases is due in large part to these forces. Paint thin­
ners and grease solvents also function through dipole-induced dipole forces. 

6. Dispersion forces contribute to the solubility of all solutes in all solvents, 
but they are the principal type of intermolecular force in solutions of nonpolar 
substances, such as petroleum and gasoline. 

As you'll see in Chapter 15 ,  these intermolecular forces are also responsible 
for keeping cellular macromolecules in their biologically active shapes. 

Liquid Solutions and the Role of Molecular Polarity 
Solutions can be gaseous, liquid, or solid. In general, the physical state of the sol­
vent determines the physical state of the solution. We focus on liquid solutions 
because they are by far the most common and important. 

From cytoplasm to tree sap, gasoline to cleaning fluid, iced tea to urine, solu­
tions in which the solvent is a liquid are familiar in everyday life. Water is the 
most prominent solvent because it is so common and dissolves so many ionic and 
polar substances. But there are many other liquid solvents, and their polarity 
ranges from very polar to nonpolar. 

Liquid-Liquid and Solid-Liquid Solutions Many salts dissolve in water because 
the strong ion-dipole attractions that water molecules form with the ions are very 
similar to the strong attractions between the ions themselves and, therefore, can 
substitute for them. The same salts are insoluble in hexane (C6H'4) because the 
weak ion-induced dipole forces their ions could form with the nonpolar mol­
ecules of this solvent cannot substitute for attractions between the ions. Similarly, 
oil does not dissolve in water because the weak dipole-induced dipole forces 
between oil and water molecules cannot substitute for the strong H bonds between 
water molecules. Oil does dissolve in hexane, however, because the dispersion 
forces in one subs.titute readily for the dispersion forces in the other. Thus, for a 
solution to form, "like dissolves like" means that the forces created between solute 
and solvent must be comparable in strength to the forces destroyed within both 
the solute and the solvent. 

To examine this idea further, let's compare the solubilities of a series of alco­
hols in two solvents that act through very different intermolecular forces-water 
and hexane. Alcohols are organic molecules with a hydroxyl (-OH) group bound 
to a hydrocarbon group. The simplest type of alcohol has the general formula 
CH3(CH2)nOH; we' ll consider alcohols with n = 0 to 5. We can view an alcohol 
molecule as consisting of two portions: the polar -OH group and the nonpolar 
hydrocarbon chain. The -OH portion forms strong H bonds with water and weak 
dipole-induced dipole forces with hexane. The hydrocarbon portion interacts 
through dispersion forces with hexane and through dipole-induced dipole forces 
with water. 

In Table 13 .2, the models show the relative change in size of the polar and 
nonpolar portions of the alcohol molecules. In the smaller alcohols (one to three 
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11MIE" Solubility* of a Series of Alcohols in Water and Hexane 

Solubility 
Alcohol Model in Water 

CH30H 
(methanol) 

CH3CH20H 
(ethanol) 

CH3(CH2hOH 
( I -propanol) 

CH3(CH2hOH 
( I -butanol) 

CH3(CH2)40H 
( l -pentanol) 

CH3(CH2)sOH 
( l -hexanol) 

-Expressed in mol alcoholl1 000 g solvent at 20°C. 

co 

co 

co 

l . l  

0.30 

0.058 

Solubility 
in Hexane 

l .2 

co 

co 

co 

co 

carbons), the hydroxyl group is a relatively large portion, so the molecules inter­
act with each other through H bonding, just as water molecules do. When the 
smaller alcohols mix with water, H bonding within solute and within solvent is  
replaced by H bonding between solute and solvent (Figure 13 .3) .  As a result, these 
smaller alcohols are miscible with water. 

Water solubility decreases dramatically for alcohols larger than three carbons, 
and those with chains longer than six carbons are insoluble in water. For these 
larger alcohols to dissolve, the nonpolar chains have to move between the water 
molecules, substituting their weak attractions with those water molecules for 
strong H bonds among the water molecules themselves. The -OH portion of the 

Water Methanol A solution of water 
and methanol 

Figure 1 3.3 Like dissolves like: solubility of methanol in water. The H bonds in water and in  

methanol are similar in type and strength, so they can substitute for one another. Thus, methanol 

is soluble in  water; in fact, the two substances are miscible. 
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fl'hNIEfl Correlation Between 
Boiling Point and 
Solubility in Water 

Gas Solubility (M)" bp (K) 
He 4.2 X 1 0 -

4 
4.2 

Ne 6.6 X l O-4 27. 1 
N2 1 0.4 X 10-4 77.4 
CO lS .6X 1 0 -4 8 l .6 
O2 2 1. 8 X l O -

4 
90.2 

NO 32.7 X lO -
4 

l 2 l .4 

-At 273 K and 1 atm. 
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alcohol does form H bonds to water, but these don ' t  outweigh the H bonds among 
water molecules that break to make room for the hydrocarbon portion. 

Table 1 3 .2 shows that the opposite trend occurs with hexane. Now the major 
solute-solvent and solvent-solvent interactions are dispersion forces. The weak forces 
between the -OH group of methanol (CH30H) and hexane cannot substitute for 
the strong H bonding among CH30H molecules, so the solubility of methanol in 
hexane is relatively low. In any larger alcohol, however, dispersion forces become 
increasingly more impOltant, and these can substitute for dispersion forces in pure 
hexane; thus, solubility increases. With no strong solvent-solvent forces to be 
replaced by weak solute-solvent forces, even the two-carbon chain of ethanol has 
strong enough solute-solvent attractions to be miscible in hexane. 

Many other organic molecules have polar and nonpolar portions, and the pre­
dominance of one portion or the other determines their solubility in different sol­
vents. For example, carboxylic acids and amines behave very much like alcohols. 
Thus, methanoic acid (HCOOH, formic acid) and methanarnine (CH3NH2) are 
miscible with water and much less soluble in hexane, whereas hexanoic acid 
[CH3(CH2)4COOH] and I-hexanamine [CH3(CH2)sNH2] are slightly soluble in 
water and very soluble in hexane. 

SAMPLE PROBLEM 1 3. 1  Predicting Relative Solubil ities of Substances 
Problem Predict which solvent will dissolve more of the given solute: 
(a) Sodium chloride in methanol (CH30H) or in I -propanol (CH3CH2CH20H) 
(b) Ethylene glycol (HOCH2CH20H) in hexane (CH3CH2CH2CH2CH2CH3) or in water 
(c) Diethyl ether (CH3CH20CH2CH3) in water or in ethanol (CH3CH20H) 
Plan We examine the formulas of the solute and each solvent to determine the types of 
forces that could occur. A solute tends to be more soluble in a solvent whose intermolec­
ular forces are similar to, and therefore can substitute for, its own. 
Solution (a) Methanol .  NaCI is an ionic solid that dissolves through ion-dipole forces. 
Both methanol and I -propanol contain a polar -OH group, but I -propanol's longer hydro­
carbon chain can form only weak forces with the ions, so it is less effective at substitut­
ing for the ionic attractions in the solute. 
(b) Water. Ethylene glycol molecules have two - OH groups, so the molecules interact 
with each other through H bonding. They are more soluble in H20, whose H bonds can 
substitute for their own H bonds better than the dispersion forces in hexane can. 
(c) Ethanol. ] Diethyl ether molecules interact with each other through dipole-dipole and 
dispersion forces and can form H bonds to both H20 and ethanol. The ether is more sol­
uble in ethanol because that solvent can form H bonds and substitute for the ether's dis­
persion forces. Water, on the other hand, can form H bonds with the ether, but it lacks any 
hydrocarbon portion, so it forms much weaker dispersion forces with that solute. 

FOLLOW-UP  PROBLEM 1 3. 1  Which solute is more soluble in the given solvent? 
(a) I -Butanol (CH3CH2CH2CH20H) or 1,4-butanediol (HOCH2CH2CH2CH20H) in water 
(b) Chloroform (CHCI3) or carbon tetrachloride (CCI4) in water 

Gas-Liquid Solutions Gases that are nonpolar, such as N2, or are nearly so, such 
as NO, have low boiling points because their intermolecular attractions are weak. 
Likewise, they are not very soluble in water because solute-solvent forces are 
weak. In fact, as Table 1 3 .3 shows, for nonpolar gases, boiling point generally 
correlates with solubility in water. 

In some cases, the small amount of a nonpolar gas that does dissolve is essen­
tial to a process. The most important environmental example is the solubility of 
O2 in water. At 25°C and 1 atm, the solubility of O2 is only 3 .2 mL/ lOO .  mL of 
water, but aquatic animal life would die without this small amount. In other cases, 
the solubility of a gas may seem high because the gas is not only dissolving but 
also reacting with the solvent or another component. Oxygen seems much more 
soluble in blood than in water because O2 molecules are continually bonding with 
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hemoglobin molecules in red blood cells. Similarly, carbon dioxide, which is  
essential for aquatic plants and coral-reef growth, seems very soluble in water 
(�81  mL of C021100. mL of H20 at 25°C and 1 atm) because it is reacting, in 
addition to simply dissolving: 

CO2 (g) + H20(l) - H+(aq) + HC03 -(aq) 

Gas Solutions and Solid Solutions 
Despite the central place of liquid solutions in chemistry, gaseous solutions and 
solid solutions also have vital importance and numerous applications. 

Gas-Gas Solutions All gases are infinitely soluble in one anotha Air is the clas­
sic example of a gaseous solution, consisting of about 18 gases in widely differ­
ing proportions. Anesthetic gas proportions are finely adjusted to the needs of the 
patient and the length of the surgical procedure. 

Gas-Solid Solutions When a gas dissolves in a solid, it occupies the spaces 
between the closely packed particles. Hydrogen gas can be purified by passing an 
impure sample through a solid metal such as palladium. Only the H2 molecules 
are small enough to enter the spaces between the Pd atoms, where they form 
Pd-H covalent bonds. Under high H2 pressure, the H atoms are passed along 
the Pd crystal structure and emerge from the solid as H2 molecules. 

Solid-Solid Solutions Because solids diffuse so little, their mixtures are usually 
heterogeneous, as in gravel mixed with sand. Some solid-solid solutions can be 
formed by melting the solids and then mixing them and allowing them to freeze. 
Many alloys, mixtures of elements that have an overall metallic character, are 
examples of solid-solid solutions (although several common alloys have micro­
scopic heterogeneous regions). Brass, a familiar example of an alloy, is a mixture 
of zinc and copper. 

Waxes are another familiar type of solid-solid solution. Most waxes are amor­
phous solids that may contain small regions of crystalline regularity. A natural 
wax is a solid of biological origin that is insoluble in water but dissolves in non­
polar solvents. 

S E C T I O N  S U MM A RY 
Solutions are homogeneous mixtures consisting of a solute dissolved in a solvent 
through the action of intermolecular forces. The solubil ity of a solute in a given amount 
of solvent is the maximum amount that can dissolve at a specified temperature. (For 
gaseous solutes, the pressure must be specified also.) In addition to the intermolecular 
forces that exist in pure substances, ion-dipole, ion-induced dipole, and dipole-induced 
dipole forces occur in solution. If simi lar intermolecular forces occur in solute and sol­
vent, a solution will l ikely form ("like dissolves like"). When ionic compounds dissolve in 
water, the ions become surrounded by hydration shells of H-bonded water molecules. 
Solubil ity of organic molecules in various solvents depends on their polarity and the 
extent of their polar and nonpolar portions. The solubil ity of nonpolar gases in water is 
low because of weak intermolecular forces. Gases are miscible with one another and 
dissolve in solids by fitting into spaces in the crystal structure. Solid-solid solutions, 
such as alloys and waxes, form when the components are mixed while molten. 

1 3.2 WHY SUBSTANCES DISSOLVE: UNDERSTANDING 
THE SOLUTION PROCESS 

As a qualitative predictive tool, "like dissolves like" is helpful in many cases. As 
you might expect, this handy macroscopic rule is based on the molecular inter­
actions that occur between solute and solvent particles. To see why like dissolves 
like, let's break down the solution process conceptually into steps and examine 

395 



396 

Figure 13.4 Solution cycles and the 
enthalpy components of the heat of 
solution. tJ.Hsoln can be thought of as the 

sum of three enthalpy changes: tJ.Hsolvent 

(separating the solvent; always >0), 

tJ.Hsolute (separating the solute; always >0), 

and tJ.Hmix (mixing solute and solvent; al­

ways <0). A, tJ.Hmix is larger than the sum 

of tJ.Hsolute and tJ.Hsolvent> so tJ.Hsoln is nega­

tive (exothermic process). B, tJ.Hmix is 

smaller than the sum of the others, so 

tJ.Hsoln is positive (endothermic process). 
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them in terms of changes in enthalpy and entropy of the system. We discussed 
enthalpy in Chapter 6 and focus on it first here. The concept of entropy is intro­
duced at the end of this section and treated quantitatively in Chapter 20. 

Heats of Solution and Solution Cycles 
Picture a general solute and solvent about to form a solution. Both consist of par­
ticles attracting each other. For one substance to dissolve in another, three events 
must occur: ( 1 )  solute particles must separate from each other, (2) some solvent 
particles must separate to make room for the solute particles, and (3) solute and 
solvent particles must mix together. No matter what the nature of the attractions 
within the solute and within the solvent, some energy must be absorbed for par­
ticles to separate, and some energy is released when they mix and attract each 
other. As a result of these changes, the solution process is typically accompanied 
by a change in enthalpy. We can divide the process into these three steps, each 
with its own enthalpy term: 

Step 1. Solute particles separate from each other. This step involves overcoming 
intermolecular attractions, so it is endothermic: 

Solute (aggregated) + heat -- solute (separated) I::J.Hsolute > a 
Step 2. Solvent particles separate from each other. This step also involves over­

coming attractions, so it is endothermic, too: 
Solvent (aggregated) + heat -- solvent (separated) I::J.Hsolvent > a 

Step 3. Solute and solvent particles mix. The particles attract each other, so this 
step is exothermic: 

Solute (separated) + solvent (separated) -- solution + heat I::J.Hmix < a 
The total enthalpy change that occurs when a solution forms from solute and 

solvent is the heat of solution (ilHso1n), and we combine the three individual 
enthalpy changes to find it. The overall process is called a thermochemical solu­
tion cycle and is yet another application of Hess's law: 

!::J.Hsoln = I::J.Hsolute + I::J.Hsolvent + I::J.Hmix (13.1) 
If the sum of the endothermic terms (I::..Hsolute + I::..Hsolvent) is smaller than 
the exothermic term (I::..Hmix), I::..Hsoln is negative; that is, the process is exothermic. 
Figure 1 3 .4A is an enthalpy diagram for the formation of such a solution. If the 
sum of the endothermic terms is larger than the exothermic term, I::..Hsoln is posi­
tive; that is, the process is endothermic (Figure 1 3 .4B). However, if I::..Hsoin is highly 
positive, the solute may not dissolve to any significant extent in that solvent. 
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Heats of Hydration: Ionic Solids in Water 
We can simplify the solution cycle for aqueous systems. The t::..Hsolvent and t::..Hmix 
components of the heat of solution are difficult to measure individually. Com­
bined, these terms represent the enthalpy change during solvation, the process of 
surrounding a solute particle with solvent particles. Solvation in water is called 
hydration. Thus, enthalpy changes for separating the water molecules (t::..Hsolvent) 
and mixing the solute with them (t::..HmiJ are combined into the heat of hydra­
tion (AHhydr)' In water, Equation 1 3 . 1 becomes 

f1Hsoln = D.Hsolute + f1Hhydr 
The heat of hydration is a key factor in dissolving an ionic solid. Breaking H 

bonds in water is more than compensated for by forming strong ion-dipole forces, 
so hydration of an ion is always exothermic. The t::..Hhydr of an ion is defined as 
the enthalpy change for the hydration of 1 mol of separated (gaseous) ions: 

M+(g) [or X-(g)] � M +(aq) [or X-(aq)] f1Hhydr of the ion (always <0) 

Heats of hydration exhibit trends based on the charge density of the ion, the 
ratio of the ion's charge to its volume. In general, the higher the charge density 
is, the more negative t::..Hhydr is. According to Coulomb's law, the greater the ion's 
charge is and the closer the ion can approach the oppositely charged end of the 
water molecule's dipole, the stronger the attraction. Therefore, 
• A 2 + ion attracts H20 molecules more strongly than a 1 + ion of similar size. 
• A small 1 + ion attracts H20 molecules more strongly than a large 1 + ion. 

The energy required to separate an ionic solute (t::..Hsolute) into gaseous ions 
is its lattice energy (t::..Hlattice)' and t::..Hsolute is highly positive: 

M+X-(s) ->- M+(g) + X- (g) f1Hsolute (always >0) = f1Hlattice 
Thus, the heat of solution for ionic compounds in water combines the lattice 
energy (always positive) and the combined heats of hydration of cation and anion 
(always negative), 

f1Hsoln = D.Hlattice + D.Hhydr of the ions (13.2) 
The sizes of the individual terms determine the sign of the heat of solution. 

Figure 13 .5  shows enthalpy diagrams for dissolving three ionic solutes in 
water. The first, NaCI, has a small positive heat of solution (t::..Hsoln = 3.9 kJ/mo!). 
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Figure 1 3.5 Dissolving ionic compounds in 
water. The enthalpy diagram for an ionic com­

pound in water includes !:J.Hlattice (!:J.Hsolute; 

always positive) and the combined ionic heats 

of hydration (!:J.Hhydr; always negative). 
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Its lattice energy is only slightly greater than the combined ionic heats of hydra­
tion, so if you dissolve NaCI in water in a fl ask, you do not notice any tempera­
ture change. However, if you dissolve NaOH in water, the flask feels hot. The 
lattice energy for NaOH is much smaller than the combined ionic heats of hydra­
tion, so dissolving NaOH is highly exothermic (!::.Hso1n = -44.5 kJ/mol). Finally, 
if you dissolve NH4N03 in water, the flask feels cold. In this case, the lattice 
energy is much larger than the combined ionic heats of hydration, so the process 
is quite endothermic (!::.Hsoln = 25.7 kJ/mol). 

The Solution Process and the Change in Entropy 
If it takes energy (!::.Hso1n > 0) for NaCI and NH4N03 to dissolve, why do they? 
It turns out that the heat of solution is only one of two factors that determine 
whether a solution forms. The other concerns the natural tendency of any system 
to distribute its energy in as many ways as possible. A thermodynamic variable 
called entropy (S) is directly related to the number of ways that a system can 
distribute its energy, which in turn is closely related to the freedom of motion of 
the particles and the number of ways they can be arranged. 

Let's see what it means for a system to "distribute its energy" by comparing 
the three physical states first and then solute and solvent with solution. In a solid, 
the particles are relatively fixed in their positions, but in a liquid, they are free to 
move around each other. This greater freedom of motion means the particles can 
distribute their kinetic energy in more ways; thus, the liquid has higher entropy 
than the solid (Sliqllid > Ssolid). The gas, in turn, has higher entropy than the liq­
uid because the particles have much more freedom of motion (Sgas > SLiqllid). 
Another way to state this is that the change in entropy when the liquid vaporizes 
to a gas (!::.Svap) is positive; that is, !::.Svap > O. 

Similarly, a solution usually has higher entropy than the pure solute and pure 
solvent; in other words, solutions form naturally but pure solute and pure solvent 
do not. The number of ways to distribute the energy and the freedom of motion 
of the particles are related to the number of different interactions between the par­
ticles, and there are far more interactions possible when solute and solvent are 
mixed than when they are pure; thus, Ssoln > (Ssolute + SsolvenJ, or !::.Ssoln > O. The 
solution process involves the interplay of the change in enthalpy and the change 
in entropy: systems tend toward a state of lower enthalpy and higher entropy, and 
the relative magnitudes of !::.Hso1n and !::.Ssoln determine whether a solution forms. 

To see this interplay of enthalpy and entropy, let's consider three solute­
solvent pairs in which different influences dominate. In our first example, sodium 
chloride does not dissolve in hexane (C6HJ4),  as you would predict from the dis­
similar intermolecular forces (Figure 1 3 .6A). Separating the solvent is easy 
because the dispersion forces are relatively weak, but separating the ionic solute 
requires !::.Hlattice. Mixing releases very little heat because the ion-induced dipole 
attractions between N a + (or Cl-) ions and hexane molecules are weak. There­
fore, !::.Hso1n is highly positive. A solution does not form because the entropy 
increase from mixing NaCI and hexane is much smaller than !::.Hlattice. 

The second example is octane (CsH 1 s) dissolving in hexane. Both consist of 
nonpolar molecules held together by dispersion forces, so we predict that octane 
is soluble in hexane; in fact, they are infinitely soluble. But !::.Hso1n is around zero 
(Figure 1 3 .6B). With no release of heat driving the process, octane dissolves in 
hexane because the entropy increases greatly when the pure substances mix. 

In the case of NaCI and especially NH4N03 dissolving in water, !::.Hso1n > 0, 
but the increase in entropy that occurs when the crystal breaks down and the ions 
mix with water more than compensates for the increase in enthalpy. (The 
enthalpy/entropy interplay in physical and chemical systems is covered in depth 
in Chapter 20.) 
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Hfinal 

Figure 1 3.6 Enthalpy diagrams for dissolving NaCI and octane 
in hexane. A, Because attractions between Na+ (or CI-) ions and 
hexane molecules are weak, f!..Hmix is much smaller than f!..Hsolute. 
Thus, f!..Hsoln is so positive that NaGI does not dissolve in hexane. 

B, Intermolecular forces in octane and in hexane are so similar that 

f!..Hsoln is very small. Octane dissolves in hexane because the solu­

tion has greater entropy than the pure components. 
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An overall heat of solution can be obtained from a thermochemical solution cycle as 
the sum of two endothermic steps (solute separation and solvent separation) and one 
exothermic step (solute-solvent m ixing). I n  aqueous solutions, the combination of sol­
vent separation and mixing is called hydration. Ionic heats of hydration are always 
negative because of strong ion-dipole forces. Most systems have a natural tendency 
to increase their entropy (distribute their energy in more ways), and a solution has 
greater entropy than the pure solute and solvent. The combination of enthalpy and 
entropy changes determines whether a solution forms. A substance with a positive 
t.Hsoln dissolves only if the entropy increase is large enough to outweigh it. 

1 3.3 SOLUBILITY AS AN EQUILIBRIUM PROCESS 

When an ioruc solid dissolves, ions leave the solid and become dispersed in the 
solvent. Some dissolved ions collide occasionally with the undissolved solute and 
recrystallize. As long as the rate of dissolving is greater than the rate of recrys­
tallizing, the concentration of ions rises. Eventually, given enough solid, ions a.re 
dissolving at the same rate as ions in the solution are recrystallizing (Figure 1 3 .7).  

At this point, even though dissolving and recrystallizing continue, there is no 
further change in the concentration with time. The system has reached equilib­
rium; that is, excess undissolved solute is in equilibrium with the dissolved solute: 

Solute (undissolved) � solute (dissolved) 

This solution is called saturated: it contains the maximum amount of dissolved 
solute at a given temperature in the presence of undissolved solute. Filter off 
the saturated solution and add more solute to it, and the added solute will not 

Figure 1 3.7 Equilibrium in a satu­
rated solution. In a saturated solu­

tion, equil ibrium exists between 
excess solid solute and dissolved 

solute. At a particular temperature, 

the number of solute particles dis­

solving per unit time equals the 

number recrystallizing. 
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Figure 1 3.8 Sodium acetate crystalliz­
ing from a supersaturated solution. 
When a seed crystal of sodium acetate 

is added to a supersaturated solution 
of the compound (A), solute begins to 

crystallize out of solution (8) and continues 

to do so until the remaining solution is 
saturated (e). 

Figure 1 3.9 The relation between solu­
bility and temperature for several ionic 
compounds. Most ionic compounds 

have higher solubilities at higher tem­

peratures. Cerium sulfate is one of 

several exceptions. 
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dissolve. A solution that contains less than this concentration of dissolved solute 
is called unsaturated: add more solute, and more will dissolve until the solution 
becomes saturated. 

In some cases, we can prepare a solution that contains more than the equi­
librium concentration of dissolved solute. Such a solution is called supersatu­
rated. It is unstable relative to the saturated solution: if you add a "seed" crystal 
of solute, or just tap the container, the excess solute crystallizes immediately, leav­
ing a saturated solution (Figure 1 3 .8) .  

Effect of Temperature on Solubility 
Temperature affects the solubility of most substances. You may have noticed, for 
example, that not only does sugar dissolve more quickly in hot tea than in iced 
tea, but more sugar dissolves; in other words, the solubility of sugar in tea is 
greater at higher temperatures. Let's examine the effects of temperature on the 
solubility of solids and of gases. 

Temperature and the Solubility of Solids Like sugar, most solids are more sol­
uble at higher temperatures. Figure 1 3 .9 shows the solubility of several ionic 
compounds in water as a function of temperature. Note that most of the graphed 
lines curve upward. Cerium sulfate is the only exception shown in the figure, 
but several other salts, mostly sulfates, behave similarly. Some salts exhibit 
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increasing solubility up to a certain temperature and then decreasing solubility at 
still higher temperatures. Unfortunately, the effect of temperature on the solubil­
ity of a solid solute is difficult to predict. 

Temperature and Gas Solubility in Water The effect of temperature on gas sol­
ubility is much more predictable. When a solid dissolves in a liquid, the solute 
particles must separate, so energy must be added; thus, for a solid, tlHsolule > O. 
In contrast, gas particles are already separated, so tlHsolule = O. Because the 
hydration step is exothermic (tlHhydr < 0), the sum of these two terms must be 
negative. Thus, for all gases in water, tlHso1n < 0: 

Solute(g) + water(l) � saturated solution(aq) + heat 

This equation means that gas solubility in water decreases with rising temperature. 
Gases have weak intermolecular forces, so there are relatively weak intermolecular 
forces between a gas and water. When the temperature rises, the average kinetic 
energy of the particles in solution increases, allowing the gas particles to easily over­
come these weak forces and re-enter the gas phase. 

This behavior can lead to an environmental problem known as thermal pol­
lution. During many industrial processes, large amounts of water are taken from 
a nearby river or lake, pumped through the system to cool liquids, gases, and 
equipment, and then returned to the body of water at a higher temperature. The 
metabolic rates of fish and other aquatic animals increase in the warmer water 
released near the plant outlet; thus, their need for O2 increases, but the concen­
tration of dissolved O2 is lower at the higher temperature. Farther from the plant, 
the water temperature returns to ambient levels and the O2 solubility increases. 
One way to lessen the problem is with cooling towers, which lower the water's 
temperature before it exits the plant. 

Effect of Pressure on Solubility 
Because liquids and solids are almost incompressible, pressure has little effect on 
their solubility, but it  has a major effect on gas solubility. Consider the piston­
cylinder assembly in Figure 1 3 . 10 ,  with a gas above a saturated aqueous solution 
of the gas. At a given pressure, the same number of gas molecules enter and leave 
the solution per unit time; that is, the system is at equilibrium: 

Gas + solvent � saturated solution 

If you push down on the piston, the gas volume decreases, its pressure increases, 
and gas particles collide with the liquid surface more often. Thus, more gas par­
ticles enter than leave the solution per unit time. In other words, higher gas 
pressure disturbs the balance at equilibrium. But, like any system at equilibrium, 

A B 
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Figure 1 3. 1 0  The effect of pressure on 
gas solubility. A, A saturated solution of 

a gas is in equi l ibrium at pressure Pl ' B, If 
the pressure is increased to P2, the vol­

ume of the gas decreases. As a result, the 

frequency of collisions with the surface 

increases, and more gas is in solution 

when equilibrium is re-established. 
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the system adjusts to regain this balance: more gas dissolves (a shift to the right 
in the preceding equation) until the system re-establishes equilibrium. 

Henry 's law expresses the quantitative relationship between gas pressure and 
solubility: the solubility of a gas (Sgas) is directly proportional to the partial pres­
sure of the gas (P gas) above the solution: 

(1303) 
where kH is the Henry's law constant and is specific for a given gas-solvent com­
bination at a given temperature. With Sgas in mollL and P gas in atm, the units of 
kH are mollLoatm. 

SAMPLE PROBLEM 1 3.2  Using Henry's Law to Calculate Gas Solubil ity 
Problem The partial pressure of carbon dioxide gas inside a bottle of cola is 4 atm at 
25°C. What is the solubility of CO2? The Henry's law constant for CO2 dissolved in water 
is 3.3X I O-

2 
mol/Loatm at 25°C. 

Plan We know Peo2 (4 atm) and the value of kH (3.3X 1 0-
2 

moI/Loatm), so we substitute 
them into Equation 13.3 to find Seo2• 
Solution Sea = kH X Pea, = (3.3X I O-

2 
mol/Loatm)(4 atm) = 0. 1 mollL 

Check The u
2
nits are correct for solubility. We rounded the answer to one significant 

fi gure because there is only one in the pressure value. 

FOLLOW-UP PROBLEM 1 3. 2  If air contains 78% N2 by volume, what is the solu­
bility of N2 in water at 25°C and 1 atm (kH for N2 in H20 at 25°C = 7 X  1 0-

4 
moIlLoatm)? 

S E C T I O N  S U M M A RY 
A solution that contains the maximum amount of dissolved solute in the presence of 
excess undissolved solute is saturated. A state of equi l ibrium exists when a saturated 
solution is in contact with excess solute, because solute particles are entering and 
leaving the solution at the same rate. Most solids are more soluble at higher tem­
peratures. All gases have a negative t:.Hsoln in water, so heating lowers gas solubil ity 
in water. H enry's law says that the solubi l ity of a gas is directly proportional to its par­
tial pressure above the solution. 

1 3.4 QUANTITATIVE WAYS OF EXPRESSING 
CONCENTRATION 

Concentration is the proportion of a substance in a mixture, so it is an intensive 
property, one that does not depend on the quantity of mixture present: 1 .0 L of 
0. 1 M N aCl has the same concentration as 1 .0 mL of 0 . 1  M N aCl. Concentration 
is most often expressed as the ratio of the quantity of solute to the quantity of 
solution, but sometimes it is the ratio of solute to solvent. Because both parts of 
the ratio can be given in units of mass, volume, or amount (mol), chemists employ 
several concentration terms, including molarity, molality, and various expressions 
of "parts of solute per part of solution" (Table 1 3 .4). 

Molarity and Molality 
Molarity (M) is the number of moles of solute dissolved in 1 L of solution: 

amount (mol) of solute 
Molarity (M) = ------'--'---­

volume (L) of solution 
(13.4) 

In Chapter 3,  you used molarity to convert liters of solution into moles of dis­
solved solute. Expressing concentration in terms of molarity may have drawbacks, 
however. Because volume is affected by temperature, so is molarity. A solution 
expands when heated, so a unit volume of hot solution contains slightly less solute 
than a unit volume of cold solution. This can be a source of error in very precise 
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(iMMEl' Concentration Definitions 
Concentration Term 

Molarity (M) 

Molality (m) 

Parts by mass 

Parts by volume 

Ratio 

amount (mol) of solute 

volume (L) of solution 

amount (mol) of solute 

mass (kg) of solvent 

mass of solute 

mass of solution 

volume of solute 

volume of solution 

amount (mol) of solute 
Mole fraction (X) 

amount (mol) of solute + amount (mol) of solvent 

work. More importantly, because of solute-solvent interactions that are difficult to 
predict, solution volumes may not be additive; that is, adding 500. mL of one 
solution to 500. mL of another may not give 1000. mL. Therefore, in precise 
work, a solution with a desired molarity may not be easy to prepare. 

A concentration term that does not contain volume in its ratio is molality 
(m), the number of moles of solute dissolved in 1000 g (1 kg) of solvent: 

amount (mol) of solute 
Molality (m) = -----'-�--­

mass (kg) of solvent 
(13.5) 

Note that molality includes the quantity of solvent, not solution. And, most impor­
tant, molal solutions are prepared by measuring masses of solute and solvent, not 
solvent or solution volume. Mass does not change with temperature, so neither 
does molality. Moreover, unhke volumes, masses are additive: adding 500. g of 
one solution to 500. g of another does give 1 000. g of final solution. For these 
reasons, molality is a preferred unit when temperature, and hence density, may 
change, as in the examination of solutions' physical properties. For the special 
case of water, 1 L has a mass of 1 kg, so molality and molarity are nearly the 
same for dilute aqueous solutions. 

SAMPLE PROBLEM 1 3 .3 Calculating Molal ity 
Problem What is the molality of a solution prepared by dissolving 32.0 g of CaCl2 in 
27 1 g of water? 
Plan To use Equation 1 3.5, we convert mass of CaCl2 (32.0 g) to amount (mol) with the 
molar mass (g/mol) and then divide by the mass of water (27 1 g), being sure to convert 
from grams to kilograms. 
Solution Converting from grams of solute to moles: 

1 mol CaCI2 
Moles of CaCl2 = 32.0 g CaCl? X = 0.288 mol CaCl2 

- 1 10.98 g CaCI2 

Finding molality: 

. mol solute 0.288 mol CaCl2 
Molality = = -----� 

kg solvent 1 kg 
27 1 g X -

0
3 

1 g 

1 .06 m CaCI2 

Check The answer seems reasonable: the given numbers of moles of CaCl2 and kilograms 
of H20 are about the same, so their ratio is about 1 .  

FOLLOW·UP  PROBLEM 1 3 .3  How many grams of glucose (C6H I206) must be dis­
solved in 563 g of ethanol (C2HsOH) to prepare a 2.40 X 10-

2 
m solution? 
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Mass (9) of CaCI2 

divide by Ai. (g/mol) 

Amount (mol) of CaCI2 

divide by kg of water 

Molality (m) of CaCI2 solution 
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Parts of Solute by Parts of Solution 
Several concentration terms are based on the number of solute (or solvent) parts 
present in a specific number of solution parts. The solution parts can be expressed 
in terms of mass, volume, or amount (mol). 

Parts by Mass The most common of the parts-by-mass terms is  mass percent, 
which you encountered in Chapter 3. The word percent means "per hundred," so 
mass percent of solute means the mass of solute dissolved in every 1 00. parts by 
mass of solution, or the mass fraction times 1 00: 

mass of solute 
Mass percent = X 1 00 

mass of solute + mass of solvent 

mass of solute 
----- X 1 00 
mass of solution 

( 13.6) 

Sometimes mass percent is symbolized as % (w/w), indicating that the percent­
age is a ratio of weights (more accurately, masses). You may have seen mass 
percent values on jars of solid chemicals to indicate the amounts of impurities 
present. Two very similar terms are parts per million (ppm) by mass and parts per 
billion (ppb) by mass: grams of solute per million or per billion grams of solu­
tion. For these quantities, in Equation 1 3 .6 you multiply by 106 or by 109, respec­
tively, instead of by 1 00. 

Parts by Volume The most common of the parts-by-volume terms is volume 
percent, the volume of solute in 100. volumes of solution: 

volume of solute 
Volume percent = X 1 00 

volume of solution 
( 13.7) 

A common symbol for volume percent is % (v/v). Commercial rubbing alcohol, 
for example, is an aqueous solution of isopropyl alcohol (a three-carbon alcohol) 
that contains 70 volumes of isopropyl alcohol per 1 00. volumes of solution, and 
the label indicates this as "70% (v/v)." Parts-by-volume concentrations are most 
often used for liquids and gases. Minor atmospheric components occur in parts 
per million by volume (ppmv). For example, there are about 0.05 ppmv of the 
toxic gas carbon monoxide (CO) in clean air, 1000 times as much (about 50 ppmv 
of CO) in air over urban traffic, and 1 0,000 times as much (about 500 ppmv of 
CO) in cigarette smoke. 

A measure of concentration frequently used for aqueous solutions is % (w/v), 
a ratio of solute weight (actually mass) to solution volume. Thus, a 1 .5% (w/v) 
NaCI solution contains 1 .5 g of NaCI per 1 00. mL of solution. This way of 
expressing concentrations is particularly common in medical labs and other 
health-related facilities. 

Mole Fraction The mole fraction (X) of a solute is the ratio of number of solute 
moles to the total number of moles (solute plus solvent), that is, parts by mole. 
The mole percent is the mole fraction expressed as a percentage: 

M I f 
. amount (mol) of solute 

o e ractIon (X) = (13.8) 
amount (mol) of solute + amount (mol) of solvent 

Mole percent (mol %) = mole fraction X 1 00 

We discussed these terms in Chapter 5 in relation to Dalton's law of partial pres­
sures for mixtures of gases, but they apply to liquids and solids as well. Concen­
trations given as mole fractions provide the clearest picture of the actual proportion 
of solute (or solvent) particles among all the particles in the solution. 
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SAMPLE PROBLEM 1 3.4 Expressing Concentrations in Parts by Mass, 
Parts by Volume, and Mole Fraction 

Problem (a) Find the concentration of calcium (in ppm) in a 3.50-g pill that contains 
40.5 mg of Ca. 
(b) The label on a 0.750-L bottle of Italian chianti indicates " 1 1 .5% alcohol by volume." 
How many liters of alcohol does the wine contain? 
(c) A sample of rubbing alcohol contains 1 42 g of isopropyl alcohol (C3H70H) and 58.0 g 
of water. What are the mole fractions of alcohol and water? 
Plan (a) We are given the masses of Ca (40.5 mg) and the pill (3.50 g). We convert 
the mass of Ca from mg to g, find the ratio of mass of Ca to mass of pill, and multi­
ply by 1 0

6 
to obtain ppm. (b) We know the volume % ( 1 1 .5%,  or 1 1 .5  parts by vol­

ume of alcohol to 1 00 parts of chianti) and the total volume (0.750 mL), so we use 
Equation 1 3 .7 to find the volume of alcohol. (c) We know the mass and formula of 
each component, so we convert masses to amounts (mol) and apply Equation 1 3 .8  to 
find the mole fractions. 
Solution (a) Finding parts per million by mass of Ca. Combining the steps, we have 

1 (1 
40.5 mg Ca X __ "'_ 

mass of Ca 1 03 mg 
ppm Ca = X 1 0

6 
= X 1 0

6 = 1 . 1 6  X 1 0
4 

ppm Ca 
mass of pill 3 .50 g 

(b) Finding volume (L) of alcohol: 

1 1 .5 L alcohol 
Volume (L) of alcohol = 0.750 L chianti X 

1 00. L chianti 

(c) Finding mole fractions. Converting from grams to moles: 

0.0862 L 

1 mol C3H70H 
Moles of C3H70H = 1 42 g C3H70H X = 2.36 mol C3H70H 

60.09 g C3H70H 

I mol H20 
Moles of H20 = 58.0 g H20 X = 3.22 mol H20 

1 8.02 g H20 

Calculating mole fractions: 

moles of C3H70H = 2.36 mol = 0.423 XC3H70H = -------':........:'---total moles 2.36 mol + 3.22 mol 

moles of H20 3.22 mol 
XH 0 = = = 0.577 2 total moles 2.36 mol + 3.22 mol 

Check (a) The mass ratio is about 0.04 g/4 g = 1 0-
2
, and 1O-2X 1 0

6 = 1 04 ppm, so it 
seems correct. (b) The volume % is a bit more than 1 0%, so the volume of alcohol should 
be a bit more than 75 mL (0.075 L). (c) Always check that the mole fractions add up to 1; 
thus, in this case, 0.423 + 0.577 = 1 .000. 

FOLLOW·U P  PROBLEM 1 3 .4 An alcohol solution contains 35.0 g of I -propanol 
(C3H70H) and 1 50 .  g of ethanol (C2HsOH). Calculate the mass percent and the mole frac­
tion of each alcohol. 

Interconverting Concentration Terms 
All the terms we just discussed represent different ways of expressing concentra­
tion, so they are interconvertible. Keep these points in mind: 

• To convert a term based on amount (mol) to one based on mass, you need the 
molar mass. These conversions are similar to the mass-mole conversions you've 
done earlier. 

• To convert a term based on mass to one based on volume, you need the solu­
tion density. Given the mass of a solution, the density (mass/volume) gives you 
the volume, or vice versa. 

• Molality involves quantity of solvent, whereas the other concentration terms 
involve quantity of solution. 
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SAMPLE PROBLEM 1 3. 5  Converting Concentration Terms 

Problem Hydrogen peroxide is a powerful oxidizing agent used in concentrated solution 
in rocket fuels and in dilute solution as a hair bleach. An aqueous solution of H202 is 
30.0% by mass and has a density of 1 . 1 1  g/mL. Calculate its 
(a) Molality 
(b) Mole fraction of H202 
(c) Molarity 
Plan We know the mass % (30.0) and the density ( 1. 1 1  g/mL). (a) For molali ty, we 
need the amount (mol) of solute and the mass (kg) of solvent. Assuming 1 00.0 g of 
H202 solution allows us to express the mass % directly as grams of substance. We sub­
tract the grams of H202 to obtain the grams of solvent. To find molality, we convert 
grams of H202 to moles and divide by mass of solvent (converting g to kg). (b) To find 
the mole fraction, we use the number of moles of H202 [from part (a)] and convert the 
grams of H20 to moles. Then we divide the moles of H202 by the total moles. (c) To 
find molarity, we assume 1 00.0 g of solution and use the given solution density to find 
the volume. Then we divide the amount (mol) of H202 [from part (a)] by solution 
volume (in L). 
Solution (a) From mass % to molality. Finding mass of solvent (assuming 1 00.0 g 
of solution):  

Mass (g) of H20 = 1 00.0 g solution - 30.0 g H202 = 70.0 g H20 

Converting from grams of H202 to moles: 

1 mol H202 
Moles of H20ry = 30.0 g Hry02 X = 0.882 mol H202 

- - 34.02 g H202 

Calculating molality: 

. 0.882 mol H202 
Molality of H202 = ----...::......::. 

1 ka 
70.0 g X ----T-

1 0  g 

(b) From mass % to mole fraction: 

Moles of H202 = 0.882 mol H202 [from part (a)] 

1 mol H20 
Moles of H20 = 70.0 g HryO X = 3.88 mol H20 - 1 8.02 g H20 

0.882 mol 
XH202 = 

0.882 mol + 3.88 mol 
= 0. 1 85 

(c) From mass % and density to molarity. Converting from solution mass to volume: 

. 1 mL 
Volume (mL) of solutJOn = 100.0 g X -- = 90. 1 mL 

1 . 1 1 g 

Calculating molarity: 

mol H202 
Molarity = ---=-..::: 

L soln 

0.882 mol H202 

1 L so]n 
90. 1 mL X  

1 03 mL 

Check Rounding shows the answers seem reasonable: (a) The ratio of -0.9 moUO.07 kg 
is greater than 1 0. (b) -0.9 mol H202/( 1 mol + 4 mol) = 0.2. (c) The ratio of moles to 
liters (0.9/0.09) is around 1 0. 

FOLLOW-UP PROBLEM 1 3 .5  A sample of commercial concentrated hydrochloric 
acid is 1 1 .8 M HCI and has a density of 1 . 1 90 g/mL. Calculate the mass %, molality, and 
mole fraction of HCI. 

S E C T I O N  S U M M A RY 
The concentration of a solution is independent of the amount of solution and can be 
expressed as molarity (mol solute/L solution), molal ity (mol solute/kg solvent), parts by 
mass (mass solute/mass solution), parts by vol ume (volume solute/volume solution), or 
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mole fraction [mol solute/(mol solute + mol solvent)] . The choice of units depends 
on convenience or the nature of the solution. If, in addition to the quantities of solute 
and solution, the solution density is also known, all ways of expressing concentration 
are interconvertible. 

1 3.5 COLLIGATIVE PROPERTIES OF SOLUTIONS 

We might expect the presence of solute particles to make the physical properties 
of a solution different from those of the pure solvent. However, what we might 
not expect is that, in the case of four important solution properties, the number 
of solute particles makes the difference, not their chemical identity. These prop­
erties, known as colJigative properties (colligative means "collective"), are vapor 
pressure lowering, boiling point elevation, freezing point depression, and osmotic 
pressure. Even though most of these effects are small, they have many practical 
applications, including some that are vital to biological systems. 

In Chapter 4, we classified solutes by their ability to conduct an electric 
current, which requires moving ions to be present. Recall that an electrolyte is a 
substance that dissociates into ions in aqueous solution: strong electrolytes disso­
ciate completely, and weak electrolytes dissociate very little. Nonelectrolytes do 
not dissociate into ions at all .  To predict the magnitude of a colligative property, 
we refer to the solute formula to find the number of particles in solution. Each 
mole of nonelectrolyte yields 1 mol of particles in the solution. For example, 
0.35 M glucose contains 0.35 mol of solute particles per liter. In principle, each 
mole of strong electrolyte dissociates into the number of moles of ions in the 
formula unit: 0 .4 M Na2S04 contains 0.8 mol of Na + ions and 0.4 mol of S042-
ions, or 1 .2 mol of particles, per liter (see Sample Problem 4. 1 ) .  

Colligative Properties of Nonvolatile Nonelectrolyte Solutions 
In this section, we focus most of our attention on the simplest case, the 
colligative properties of solutes that do not dissociate into ions and have 
negligible vapor pressure even at the boiling point of the solvent. Such 
solutes are called nonvolatile nonelectrolytes; sucrose (table sugar) is  an exam­
ple. Later, we briefly explore the properties of volatile nonelectrolytes and of 
strong electrolytes. 

Vapor Pressure Lowering The vapor pressure of a solution of a nonvolatile non­
electrolyte is always lower than the vapor pressure of the pure solvent. We can 
understand this vapor pressure lowering (AP) in terms of the opposing rates of 
vaporization (molecules leaving the liquid) and of condensation (molecules re­
entering the liquid) . At equilibrium, the two rates are equal. When we add some 
nonvolatile solute, the number of solvent molecules on the surface is lower, so 
fewer vaporize per unit time. To maintain equilibrium, fewer gas molecules can 
enter the liquid, which occurs only if the concentration of gas, that is, the vapor 
pressure, is lowered (Figure 1 3 . 1 1 ) . 

In quantitative terms, we find that the vapor pressure of solvent above the 
solution (Psolvent) equals the mole fraction of solvent in the solution (Xsolvent) times 
the vapor pressure of the pure solvent (P�olvent). This relationship is expressed by 
RaouIt's law: 

Psolvent = Xsolvent X P�olvent (13.9) 
In a solution, Xsolvent is always less than 1 ,  so Psolvent is always less than P�olvent .  
An ideal solution is  one that follows Raoult's law at any concentration. However, 
just as most gases deviate from ideality, so do most solutions. In practice, Raoult's 
law gives a good approximation of the behavior of dilute solutions only, and it 
becomes exact at infinite dilution. 
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molecules 

Figure 1 3. 1 1 The effect of the solute 
on the vapor pressure of a solution. 
A, Equilibrium is established between a 

pure liquid and its vapor when the numbers 

of molecules vaporizing and condensing in 

a given time are equal. B, The presence of 

a dissolved solute decreases the number 

of solvent molecules at the surface so 

fewer solvent molecules vaporize in  a 

given time. Therefore, fewer molecules 

need to condense to balance them, and 

equilibrium is established at a lower 

vapor pressure. 
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Volume (mL) of glycerol (or H20) 

multiply by density (g/mL) 

Mass (g) of glycerol (or H20) 

divide by .M (g/mol) 

Amount (mol) of glycerol (or H20) 

divide by total number of moles 

Mole fraction (X) of glycerol 

Vapor pressure lowering (AP) 
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How does the amount of solute affect the magnitude of the vapor pressure 
lowering, I1P? The solution consists of solvent and solute, so the sum of their 
mole fractions equals 1 :  

Xsolvent + Xsolute = 1 ;  thus, Xsolvent = I - Xsolute 
From Raoult's law, we have 

Psolvent = Xsolvent X P�olvent = ( 1  - Xsolute) x P�olvent 
Multiplying through on the right side gives 

Psolvent = P�olvent - (Xsolutc X P�olvent) 
Rearranging and introducing I1P gives 

P�olvent - Psolvent = I1P = Xsolute X P�olvent (13.10) 
Thus, the magnitude of I1P equals the mole fraction of solute times the vapor 
pressure of the pure solvent-a relationship applied in the next sample problem. 

SAMPLE PROBLEM 1 3.6 Using Raoulrs Law to Find Vapor Pressure Lowering 
Problem Calculate the vapor pressure lowering, I1P, when 1 0.0 mL of glycerol (C3Hs03) 
is added to 500. mL of water at 50.°C. At this temperature, the vapor pressure of pure 
water is 92.5 torr and its density is 0.988 g/mL. The density of glycerol is 1 .26 g/mL. 
Plan To calculate D.P, we use Equation 1 3. 1 0. We are given the vapor pressure of pure 
water (PH20 = 92.5 torr), so we just need the mole fraction of glycerol, Xglycerol ' We con­
vert the given volume of glycerol ( 1 0.0 mL) to mass using the given density ( 1 .26 gIL), 
find the molar mass from the formula, and convert mass (g) to amount (mol). The same 
procedure gives amount of H20. From these, we find Xglycerol and I1P. 
Solution Calculating the amount (mol) of glycerol and of water: 

1 .26 g glycerol 1 mol glycerol 
Moles of glycerol = 1 0.0 mL glycerol X X ----'='--"------

1 mL glycerol 92.09 g glycerol 

= 0. 1 37 mol glycerol 

0.988 g H20 1 mol H20 
Moles of H20 = 500. mL H20 X X = 27.4 mol HryO 

1 mL H20 18 .02 g H20 
-

Calculating the mole fraction of glycerol: 

0. 1 37 mol 
= 0.00498 Xglycerol = 

0. 1 37 mol + 27.4 mol 

Finding the vapor pressure lowering: 

I1P = Xglycerol X PH20 = 0.00498 X 92.5 torr = 0.461 torr 

Check The amount of each component seems correct: for glycerol, - 10  mL X 1 .25 g/mL 
..;- 1 00 g/mol = 0. 1 25 mol; for H20, -500 mL X 1 g/mL ..;- 20 g/mol = 25 mol. The 
small I1P is reasonable because the mole fraction of solute is small. 
Comment The calculation assumes that glycerol is nonvolatile. At I atm, glycerol boils 
at 290.0°C, so the vapor pressure of glycerol at 50°C is so low it can be neglected. 

FOLLOW·U P  PROBLEM 1 3.6 Calculate the vapor pressure lowering of a solution of 
2.00 g of aspirin (M = 1 80. 1 5  g/mol) in 50.0 g of methanol (CH30H) at 2 1.2°C. Pure 
methanol has a vapor pressure of 1 0 1  torr at this temperature. 

Boiling Point Elevation A solution boils at a higher temperature than the pure 
solvent. Let's see why. The boiling point (boiling temperature, Tb) of a liquid is 
the temperature at which its vapor pressure equals the external pressure. The vapor 
pressure of a solution is lower than the external pressure at the solvent's boiling 
point because the vapor pressure of a solution is lower than that of the pure 
solvent at any temperature. Therefore, the solution does not yet boil. A higher 
temperature is needed to raise the solution's vapor pressure to equal the external 
pressure. We can see this boiling point elevation (�T b) by superimposing a phase 
diagram for the solution on a phase diagram for the pure solvent, as shown in 
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Figure 1 3 . 12 .  Note that the gas-liquid line for the solution lies below that for the 
pure solvent at any temperature and to the right of it at any pressure. 

Like the vapor pressure lowering, the magnitude of the boiling point eleva­
tion is proportional to the concentration of solute particles: 

(13.11)  
where m is the solution molality, Kb is  the molal boiling point elevation constant, 
and b..Tb is the boiling point elevation. We typically speak of b..Tb as a positive 
value, so we subtract the lower temperature from the higher; that is, we subtract 
the solvent Tb from the solution Tb: 

b..Tb = Tb(solution) - Tb(solvent) 
Molality is the concentration term used because it is related to mole fraction and 
thus to particles of solute. It also involves mass rather than volume of solvent, 
so it is not affected by temperature changes. The constant Kb has units of degrees 
Celsius per molal unit (OClm) and is specific for a given solvent (Table 1 3 .5). 

Notice that the Kb for water is only 0.5 1 2°Chn, so the changes in boiling 
point are quite small: if you dissolved 1 .00 mol of glucose ( 1 80. g; 1 .00 mol of 
particles) in 1 .00 kg of water, or 0.500 mol of NaCI (29.2 g; a strong electrolyte, 
so also 1 .00 mol of particles) in 1 .00 kg of water, the boiling points of the result­
ing solutions at 1 atm would be only 1 00.S 1 2°C instead of 1 00.000°c. 

I1MIEI) Molal Boiling Point Elevation and Freezing Point Depression 
Constants of Several Solvents 

Solvent Boiling Point (OC)' Kb (OC/ m) Melting Point (0C) Kf (OC/ m) 

Acetic acid 1 17.9 
Benzene 80. 1 
Carbon disulfide 46.2 
Carbon tetrachloride 76.5 
Chloroform 6 1 .7 
Diethyl ether 34.5 
Ethanol 78.5 
Water 1 00.0 

'At 1 atm. 

3.07 
2.53 
2.34 
5 .03 
3 .63 
2.02 
1 .22 
0.5 1 2  

1 6.6 
5.5 

-1 1 1 .5 

-23 
-63.5 

- 1 16.2 

- 1 17.3 
0.0 

3.90 
4.90 
3.83 

30. 
4.70 
1 .79 
1 .99 
1 .86 
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Figure 1 3.1 2 Phase diagrams of sol­
vent and solution. Phase diagrams of an 

aqueous solution (dashed lines) and of 
pure water (solid lines) show that, by low­

ering the vapor pressure (tlP), a d issolved 

solute elevates the boil ing point (tl Tb) and 

depresses the freezing point (tl Tt). 
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Freezing Point Depression As you just saw, only solvent molecules can vapor­
ize from the solution, so molecules of the nonvolatile solute are left behind. Sim­
ilarly, in many cases, only solvent molecules can solidify, again leaving solute 
molecules behind to form a slightly more concentrated solution. The freezing 
point of a solution is that temperature at which its vapor pressure equals that of 
the pure solvent. At this temperature, the two phases-solid solvent and liquid 
solution-are in equilibrium. Because the vapor pressure of the solution is  lower 
than that of the solvent at any temperature, the solution freezes at a lower 
temperature than the solvent. In other words, the numbers of solvent particles 
leaving and entering the solid per unit time become equal at a lower tempera­
ture. The freezing point depression (aT!") is  shown in  Figure 1 3 . 1 2; note that 
the solid-liquid line for the solution lies to the left of that for the pure solvent 
at any pressure. 

Like b..Tb, the freezing point depression has a magnitude proportional to the 
molal concentration of solute: 

(13.12) 
where Kf is the molal freezing point depression constant, which also has units of 
°Clm (see Table 1 3 .5) .  Also like b..Tb, b..Tr is considered a positive value, so we 
subtract the lower temperature from the higher; in this case, however, it is the 
solution Tf from the solvent Tr: 

(j.Tf = Tf(solvent) - Tf(solution) 
Here, too, the overall effect in aqueous solution is quite small because the Kf value 
for water is small-only 1 .  86°Clm. Thus, 1 m glucose, 0.5 m NaCI, and 0.33 m 
K2S04, all solutions with I mol of particles per kilogram of water, freeze at 
- 1 .86°C at 1 atm instead of at 0.00°c. 

You have encountered practical applications of freezing point depression if 
you have added antifreeze-a solution of ethylene glycol in water-to your car's 
radiator or have seen airplane de-icers used before takeoff. Also, roads are "salted" 
with NaCl and CaCl2 in winter to lower the freezing point of water, causing road 
ice to melt. 

SAMPLE PROBLEM 1 3 .7 Determining the Boiling Point Elevation and 
Freezing Point Depression of a Solution 

Problem You add 1 .00 kg of ethylene glycol (C2H602) antifreeze to your car radiator, 
which contains 4450 g of water. What are the boiling and freezing points of the solution? 
Plan To find the boiling and freezing points of the solution, we first find the molality by 
converting the given mass of solute ( 1 .00 kg) to amount (mol) and dividing by mass of 
solvent (4450 g). Then we calculate (j.Tb and (j.Tf from Equations 1 3. 1 1  and 1 3. 1 2  (using 
constants from Table 1 3.5). We add (j.Tb to the solvent boiling point and subtract (j.Tf from 
the solvent freezing point. The roadmap shows the steps. 
Solution Calculating the molality: 

1 03 g 1 mol C2H602 
Moles of C2H602 = 1 .00 kg C2H602 X -- X = 1 6. 1  mol C2H602 

1 kg 62.07 g C2H602 

Ii mol solute 
Mala 'ty = ---­

kg solvent 

Finding the boiling point elevation and Tb(solution), with Kb = O.5 1 2°Clm: 

(j.Tb = 
0.5 1 2°C X 3.62 m = l .85°C 

m 

Tb(solution) = Tb(solvent) + (j.Tb = 1 00.00°C + 1 .85°C = 1 0 1 .85°C 
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Finding the freezing point depression and Tf(soIution), with Kf = 1 .86°elm: 

1 .86°e 
!J.Tf = --- X 3 .62 m = 6.73°e 

m 

Tf(soIution) = Tf(soIvent) - !J.Tf = o.oooe - 6.73°e = -6.73°e 

Check The changes in boiling and freezing points should be in the same proportion as the 
constants used. That is, !J.Tb/!J.Tf should equal Kb/Kf: 1 .85/6.73 = 0.275 = 0.5 1 2 / 1 .86.  
Comment These answers are only approximate because the concentration far exceeds that 
of a dilute solution, for which Raoult's law is most useful. 

FOLLOW·U P  PROBLEM 1 3 .7  What is the minimum concentration (molality) of eth­
ylene glycol solution that will protect the car's cooling system from freezing at O.OO°F? 
(Assume the solution is ideal.) 

Osmotic Pressure The fourth colligative property appears when two solutions of 
different concentrations are separated by a semipermeable membrane, one that 
allows solvent, but not solute, molecules to pass through. This process is called 
osmosis. Organisms have semipermeable membranes that regulate internal cellu­
lar concentrations by osmosis. You apply the principle of osmosis when you rinse 
your contact lenses, and your kidneys maintain fluid volume osmotically by con­
trolling Na + concentration. 

Consider a simple apparatus in which a semipermeable membrane lies at the 
curve of a U tube and separates an aqueous sugar solution from pure water. The 
membrane allows water molecules to pass in either direction, but not the larger 
sugar molecules. Because the solute molecules are present, fewer water molecules 
touch the membrane on the solution side, so fewer of them leave the solution in 
a given time than enter it (Figure 1 3 . 1 3A). This net flow of water into the solu­
tion increases the volume of the solution and thus decreases its concentration. 

As the height of the solution rises and that of the solvent falls, the resulting 
pressure difference pushes some water molecules from the solution back through 
the membrane. At equilibrium, water is pushed out of the solution at the same 
rate it enters (Figure 1 3 . 1 3B) .  The pressure difference at equilibrium is the 
osmotic pressure (n), which is defined as the applied pressure required to pre­

vent the net movement of water from solvent to solution (Figure 1 3 . 1 3C). 

Net 
movement 
of solvent 

Osmotic 
pressure 

Applied pressure needed to 
prevent volume increase 

41 1 

Figure 1 3. 1 3  The development of 
osmotic pressure. A, In the process of 

osmosis, a solution and a solvent (or 

solutions of different concentrations) 

are separated by a semipermeable 

membrane, which allows only solvent 

molecules to pass through. The molecular­

scale view (be/ow) shows that more 

solvent molecules enter the solution than 

leave it in a given time. B, As a result, the 

solution volume increases, so its concen­

tration decreases. At equilibrium, the 

d ifference in heights in the two compart­

ments reflects the osmotic pressure (TI). 
The greater height in the solution com­
partment exerts a backward pressure that 

eventually equalizes the flow of solvent in 

both directions. C, Osmotic pressure is 

defined as the applied pressure required 

to prevent this volume change. 
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II (atm) 

M =  IIIRT 

M (moI/L) ) 
multiply by volume (L) of solution 

Amount (mol)

_ 

of solute � 
divide into mass (g) of solute 

) ---__ "'u,.,,_..J 
At (g/mol) 
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The osmotic pressure is proportional to the number of solute particles in a 
given volume of solution, that is, to the molarity (M): 

II nsolute rx --
Vso1n 

or II rx M 

The proportionality constant is R times the absolute temperature T. Thus, 

II = 
nsolute RT = MRT 
Vso1n 

(13.13) 

The similarity of Equation 1 3 . 1 3  to the ideal gas law (P = nRT IV) is not 
surprising, because both relate the pressure of a system to its concentration 
and temperature. 

Using Colligative Properties to Find Solute Molar Mass 
Each colligative property relates concentration to some measurable quantity-the 
number of degrees the freezing point is lowered, the magnitude of osmotic pres­
sure created, and so forth. From these measurements, we can determine the 
amount (mol) of solute particles and, for a known mass of solute, the molar mass 
of the solute as well. 

In principle, any of the colligative properties can be used to find the solute's 
molar mass, but in practice, some systems provide more precise data than others. 
For example, to determine the molar mass of an unknown solute by freezing point 
depression, you would select a solvent with as large a molal freezing point depres­
sion constant as possible (see Table 1 3 .5). If the solute is soluble in acetic acid, 
for instance, a I m  concentration of it depresses the freezing point of acetic acid 
by 3 .90°C, more than twice the change in water ( l . 86°C). 

Of the four colligative properties, osmotic pressure creates the largest changes 
and therefore the most precise measurements. Biological chemists estimate molar 
masses as great as 1 05 g/mol by measuring osmotic pressure. Because only a tiny 
fraction of a mole of a macromolecular solute dissolves, it would create too small 
a change in the other colligative properties. 

SAMPLE PROBLEM 1 3.8  Determining Molar Mass from Osmotic Pressure 
Problem Biochemists have discovered more than 400 mutant varieties of hemoglobin, the 
blood protein that carries oxygen throughout the body. A physician studying a variety asso­
ciated with a fatal disease first finds its molar mass (M). She dissolves 2 1 .5 mg of the 
protein in water at 5.0DC to make 1 .50 mL of solution and measures an osmotic pressure 
of 3.6 1 torr. What is the molar mass of this variety of hemoglobin? 
Plan We know the osmotic pressure (II = 3.6 1  torr), R, and T (5.0DC). We convert II 
from torr to atm, and T from DC to K, and then use Equation 1 3 . 1 3  to solve for molarity 
(M). Then we calculate the amount (mol) of hemoglobin from the known volume 
( 1 .50 mL) and use the known mass (2 1 .5 mg) to find M. 
Solution Combining unit conversion steps and solving for molarity from Equation 1 3 . 1 3 :  

3 .6 1  torr 

M = � = 
760 torr/ l atm 

= 2.08 X 1 0-
4 M 

RT (0.082 1 
atm.L ) (273 . 15 K + 5.0) 
mol · K  

Finding amount (mol) o f  solute (after changing mL to L): 

2.08x l O -4 mol 
Moles of solute = M X V = X 0.00150  L soln = 3 . 1 2 X  1 0-7 mol 

1 L soln 

Calculating molar mass of hemoglobin (after changing mg to g): 

" 
= 

0.02 1 5  g 
6 4 

JU� 3 . 1 2 X I O  7 mol 
.89 X l O  g/mol 
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Check The answers seem reasonable: The small osmotic pressure implies a very low 
molarity. Hemoglobin is a protein, a biological macromolecule, so we expect a small num­
ber of moles [(�2 X l O-

4 
mol/L) ( 1 .5 X l O-

3 
L) = 3 x l O-7 mol] and a high molar mass 

(-2 1 X IO-
3 

g/3 X IO-7 mol = 7 X 1 0
4 

g/mol). 

FOLLOW-UP PROBLEM 1 3.8 A 0 .30 M solution of sucrose that i s  at 3rC has 
approximately the same osmotic pressure as blood does. What i s  the osmotic pressure 
of blood? 

Colligative Properties of Volatile Nonelectrolyte Solutions 
What is the effect on vapor pressure when the solute is volatile, that is, when the 
vapor consists of solute and solvent molecules? From Raoult's law (Equation 
1 3 .9), we know that 

Psolvent = Xsolvent X P�olvent and Psolute = Xsolute X P�olute 
where Xsolvent and Xsolute refer to the mole fractions in the liquid phase. Accord­
ing to Dalton's law of partial pressures, the total vapor pressure is the sum of the 
partial vapor pressures: 

Ptotal = Psolvent + Psolute = (Xsolvent X P�olvent) + (Xsolute X P�olute) 
Just as a nonvolatile solute lowers the vapor pressure of the solvent by mak­
ing the mole fraction of the solvent less than 1 ,  the presence of each volatile 
component lowers the vapor pressure of the other by making each mole fraction 
less than 1 .  

Let's examine this effect in a solution that contains equal amounts (mol) of 
benzene (C6H6) and toluene (C7H8) : Xben = Xtol = 0.500. At 25°C, the vapor 
pressure of pure benzene (Phen) is 95. 1 torr and that of pure toluene (P�ol) is 
28.4 torr; note that benzene is more volatile than toluene. We find the partial pres­
sures from Raoult's law:  

Pben = Xben X Pt.en = 0.500 x 95. 1  tOiT = 47.6 torr 

Ptol = Xtol X P�ol = 0.500 x 28.4 tOiT = 14.2 torr 

As you can see, the presence of benzene lowers the vapor pressure of toluene, 
and vice versa. 

Does the composition of the vapor differ from that of the solution? To see, 
let's calculate the mole fraction of each substance in the vapor by applying 
Dalton's law. Recall from Section 5.4 that XA = PAl Ptatal. Therefore, for ben­
zene and toluene in the vapor, 

Pben 47 .6 torr 
Xben = -- = = 0.770 

Ptotal 47.6 torr + 14.2 torr 

Ptol 1 4.2 torr 
Xtol = -- = = 0.230 

Ptotal 47.6 torr + 14.2 torr 

The vapor composition is very different from the solution composition. The essen­
tial point to notice is that the vapor has a higher mole fraction of the more volatile 
solution component. The 50:50 ratio of benzene:toluene in the liquid created a 
77:23 ratio of benzene:toluene in the vapor. Condense this vapor into a separate 
container, and that new solution would have this 77 :23 composition, and the new 
vapor above it would be enriched still further in benzene. 

In the process of fractional distillation, this phenomenon is used to separate 
a mixture of volatile components. Numerous vaporization-condensation steps 
continually enrich the vapor, until the vapor consists solely of the most volatile 
component. Fractional distillation is used in the industrial process of petroleum 
refining to separate the hundreds of individual compounds in crude oil into a small 
number of "fractions" based on boiling point range. 

4 1 3  
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_ Expected 
Solute _ Observed 

(cation/anion) .----_____ -, 

FeCI3 4.0 
(3+/1-) 3.4 

MgS04 
(2+/2-) 

MgCI2 
(2+/1-) ._.� 

NaCI 
(1 +/1-) 

HCI 
(1 +/1-) 

Glucose* 
(no ions) 

o 2 3 4 5  
van't Hoff factor (i) 

*Nonelectrolyte shown for comparison 
Figure 1 3. 1 4  Nonideal behavior of 
strong electrolyte solutions. The van't 

Hoff factors (i) for various ionic solutes in 

di lute (0.05 m) aqueous solution show 

that the observed value (dark blue) is 

always lower than the expected value 

(light blue). This deviation is due to ionic 

interactions that, in  effect, reduce the 

number of free ions in  solution. The devi­

ation is greatest for multivalent ions. 
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Colligative Properties of Strong Electrolyte Solutions 
When we consider colligative properties of strong electrolyte solutions, the solute 
formula tells us the number of particles. For instance, the boiling point elevation 
(LlTb) of 0 .050 m NaCI should be twice that of 0.050 m glucose (C6H1 206), 
because NaCI dissociates into two particles per formula unit. Thus, we include a 
multiplying factor in the equations for the colligative properties of electrolyte 
solutions. The van 't Hofffactor (i), named after the Dutch chemist Jacobus van't 
Hoff ( 1 852- 1 9 1 1) ,  is the ratio of the measured value of the colligative property 
in the electrolyte solution to the expected value for a nonelectrolyte solution: 

. measured value for electrolyte solution 
l = 

expected value for nonelectrolyte solution 

To calculate the colligative properties of strong electrolyte solutions, we incorpo­
rate the van ' t  Hoff factor into the equation: 

For vapor pressure lowering: 

For boiling point elevation: 

For freezing point depression: 

For osmotic pressure: 

t:.P = i(Xso'ute X P�olvent) 
t:.Tb = i(Kbm) 

t:.Tr = i(Kfm) 

II = i(MRT) 

If strong electrolyte solutions behaved ideally, the factor i would be the 
amount (mol) of particles in solution divided by the amount (mol) of dissolved 
solute; that is, i would be 2 for NaCI, 3 for Mg(N03)2, and so forth. Careful 
experiment shows, however, that most strong electrolyte solutions are 110t ideal. 
For example, comparing the boiling point elevation for 0.050 m NaCI solution 
with that for 0.050 m glucose solution gives a factor i of 1 .9, not 2.0: 

t:.Tb of 0.050 m NaCl 0.049°C 
i = = = 1 .9 

t:.Tb of 0.050 m glucose 0.026°C 

The measured value of the van't  Hoff factor is typically lower than that expected 
from the formula. This deviation implies that the ions are not behaving as 
independent particles. However, we know from other evidence that soluble salts 
dissociate completely into ions. The fact that the deviation is greater with diva­
lent and trivalent ions is a strong indication that the ionic charge is somehow 
involved (Figure 1 3 . 14). 

To explain this nonideal behavior, we picture ions as separate but near each 
other. Clustered near a positive ion are, on average, more negative ions than pos­
itive ones, and vice versa. Figure 1 3 . 1 5  shows each ion sunounded by an ionic 
atmosphere of net opposite charge. Through these electrostatic associations, each 
type of ion behaves as if it were "tied up," so its concentration seems lower than 
it actually is .  Thus, we often speak of an effective concentration, obtained by 

Figure 1 3.1 5 An ionic atmosphere 
model for non ideal behavior of elec­
trolyte solutions. Hydrated anions cluster 

near cations, and vice versa, to form ionic 

atmospheres of net opposite charge. Be­

cause the ions do not act independently, 
their concentrations are effectively less 
than expected. Such interactions cause 

deviations from ideal behavior. 
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mUltiplying i by the stoichiometric concentration based on the formula. The 
greater the charge, the stronger the electrostatic associations, so the deviation from 
ideal behavior is greater for compounds that dissociate into multivalent ions. 

SAMPLE PROBLEM 1 3 .9 Depiding a Solution to Find Its Colligative Properties 
Problem A 0.952-g sample of magnesium chloride is dissolved in 1 00. g of water. 
(a) Which scene depicts the solution best? 

A 

(b) What is the amount (mol) represented by each green sphere? 
(c) Assuming the solution is ideal, what is its freezing point (at 1 atm)? 
Plan (a) From the name, we recognize an ionic compound, so we determine the formula 
to find the numbers of cations and anions per formula unit and compare this result with 
the three scenes: there is 1 magnesium ion for every 2 chloride ions. (b) From the given 
mass of solute, we find the amount (mol); from part (a), there are twice as many moles 
of chloride ions (green spheres). Dividing by the total number of green spheres gives the 
moles/sphere. (c) From the moles of solute and the given mass (kg) of water, we find the 
molality (m). We use Kf for water from Table 13 .5 and multiply by m to get !1Tf, and then 
subtract that from O.OOO°C to get the solution freezing point. 
Solution (a) The formula is MgCI2; only scene A has 1 Mg

2+ for every 2 Cl- . 

0.952 g MgCl2 (b) Moles of MgCl2 = = 0.0 1 00 mol MgCl2 
95.2 1 g/mol MgCI2 

Therefore, 
2 Cl-

Moles of Cl- = 0.0 1 00 mol MgCl2 X = 0.0200 mol CI-I MgCl2 

(c) 

0.0200 mol CI-
Moles/sphere = = 2.50X 10-

3 
mol/sphere 

8 spheres 

mol of solute 0.0 1 00 mol MgCl2 
Molality (m) = = = 0. 1 00 m MgCl2 

kg of solvent I kg 
1 00. g X 

1 000 g 

Assuming an ideal solution, the van't  Hoff factor, i, is 3 for MgCl2 because there are 
3 ions per formula unit, so we have 

And 

!1Tf = i(Kfm) = 3( 1 . 86°C/m X 0. 1 00 m) = 0.558°C 

Tf = O.OOO°C - 0.558°C = -0.558°C 

Check Let's quickly check part (c): We have 0.01 mol dissolved in 0 . 1  kg, which gives 
0 . 1  m. Then, rounding Kf, we have about 3(2°C/m X 0.1 m) = 0.6°C. 

FOLLOW·U P  PRO BLEM 1 3.9 The MgCl2 solution in the sample problem has a den­
sity of l .006 g/mL at 20.0°C. (a) What is the osmotic pressure of the solution? (b) A 
U-tube fitted with a semipermeable membrane is filled with this MgCl2 solution in the left 
arm and a glucose solution of equal concentration in the right arm. After time, which scene 
depicts the U-tube best? 

MgCI2 -

B 

4 1 5  
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SECTION SUMMARY 
Coll igative properties are related to the number of dissolved solute particles, not their 
chemical nature. Compared with the pure solvent, a solution of a nonvolatile non­
electrolyte has a lower vapor pressure (Raoult's law), an elevated boil ing point, a 
depressed freezing point, and an osmotic pressure. Coll igative properties can be used 
to determine the solute molar mass. When solute and solvent are volati le, the vapor 
pressure of each is lowered by the presence of the other. The vapor pressure of the 
more volatile component is always higher. Electrolyte solutions exhibit non ideal behav­
ior because ionic interactions reduce the effective concentration of the ions. 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 

Learning Obiectives 
To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are listed in parentheses. 

1 .  Explain how solubility depends on the types of intermolecular 
forces ("like-dissolves-like" rule) and understand the characteris­
tics of solutions consisting of gases, liquids, or solids (§ 1 3 . 1 )  (SP 
1 3 . 1 )  (EPs 1 3 . 1 - 1 3. 1 2) 
2. Understand the enthalpy components of t::.Hso1n, the depen­
dence of t::.Hhydr on charge density, and why a solution process 
is exothermic or endothermic (§ l 3 .2) (EPs 1 3 . 1 3- 1 3 . 1 5 ,  1 3 . 1 8-
13 .25, 1 3 .28) 
3 .  Comprehend the meaning of entropy and how the balance be­
tween t::.H and t::.S governs the solution process (§ l 3 .2) (EPs 
13 . 1 6, 1 3 . 17, 1 3.26, 1 3 .27) 

hKey Terms 
Section 13. 1 
solute (390) 
solvent (390) 
miscible (390) 
solubility (S) (390) 
like-dissolves-like rule (39 1 )  
hydration shell (39 1 )  
ion-induced dipole force 

(392) 
dipole-induced dipole 

force (392) 
alloy (395) 

Section 13.2 
heat of solution (t::.Hso1n) (396) 
solvation (397) 
hydration (397) 
heat of hydration (t::.Hhydr) (397) 
charge density (397) 
entropy (S) (398) 

Section 13.3 
saturated solution (399) 
unsaturated solution (400) 
supersaturated solution (400) 
Henry's law (402) 

Key Equations and Relationships 
13. 1  Dividing the general heat of solution into component en­
thalpies (396): 

t::.Hsoln = t::.Hsolute + t::.Hsolvent + t::.Hmix 
1 3.2 Dividing the heat of solution of an ionic compound in water 
into component enthalpies (397): 

t::.Hsoln = t::.Hlattice + t::.Hhydr of the ions 

4. Distinguish among saturated, unsaturated, and supersaturated 
solutions and explain the equilibrium nature of a saturated solu­
tion (§ 1 3 .3) (EPs 1 3 .29, 1 3 .35) 
5 .  Desclibe the effect of temperature on the solubility of solids 
and gases in water and the effect of pressure on gases (Henry's 
law) (§  1 3.3) (SP 1 3.2) (EPs 1 3 .30- 1 3.34, 1 3.36) 
6. Express concentration in terms of molarity, molality, mole 
fraction, and parts by mass or by volume and be able to intercon­
vert these terms (§ 1 3 .4) (SPs l 3.3-13.5) (EPs 1 3 .37- 1 3.58) 
7 .  Describe electrolyte behavior and the four colligative proper­
ties, explain the difference between phase diagrams for a solution 
and a pure solvent, explain vapor-pressure lowering for non­
volatile and volatile nonelectrolytes, and discuss the van't Hoff 
factor for colligative properties of electrolyte solutions (§ 1 3 .5)  
(SPs 1 3 .6-1 3 .9) (EPs 1 3.59- 1 3.83) 

Section 1 3.4 ideal solution (407) 
molality (m) (403) boiling point elevation 
mass percent [% (w/w)] (404) (t::.Tb) (408) 
volume percent [% (v/v)] (404) freezing point depression 
mole fraction (X) (404) (t::.Tf) (4 1 0) 

Section 1 3.5 semipermeable membrane 

colligati ve property (407) (4 1 1 )  

electrolyte (407) osmosis (41 1 )  

nonelectrolyte (407) osmotic pressure (II) (41 1 ) 

v.apor pressure lowering ionic atmosphere (414) 

(t::.P) (407) 
Raou!t's law (407) 

1 3.3 Relating gas solubility to its partial pressure (Henry's 
law) (402): 

Sgas = kH X Pgas 
13.4 Defining concentration in  terms of molarity (402): 

M I 
. amount (mol) of solute 

o arlty (M) = -----'--'----­
volume (L) of solution 
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1 3.5 Defining concentration in terms of molality (403): 
amount (mol) of solute 

Molality (m) = ----'--------­
mass (kg) of solvent 

1 3.9 Expressing the relationship between the vapor pressure of 
solvent above a solution and its mole fraction in the solution 
(Raoult's law) (407):  

1 3.6 Defining concentration in terms of mass percent (404): 
mass of solute 

Mass percent [% (w/w)] = . X 1 00 
mass of solution 

1 3.7 Defining concentration in terms of volume percent (404): 
volume of solute 

Volume percent [% (v/v)] = . X 100 
volume of solution 

1 3.8 Defining concentration in terms of mole fraction (404) : 

Mole fraction (X) 
amount (mol) of solute 

amount (mol) of solute + amount (mol) of solvent 

[ Brief Solutions to Follow-up Problems 
1 3. 1  (a) l ,4-Butanediol is more soluble in water because it can 
form more H bonds. 
(b) Chloroform is more soluble in water because of dipole­
dipole forces. 
1 3.2 SN, = (7X 1 0-

4 
mollL'atm) (0.78 atm) -

= 5 X l O-
4 

mollL 
1 3.3 Mass (g) of glucose = 563 g ethanol 

1 kg 2.40X 1 0-
2 

mol glucose x -- X --------'''-----1 0
3 

g 1 kg ethanol 
1 80 . 1 6  g glucose 

X -----":....=:..--
I mol glucose 

= 2.43 g glucose 
35.0 g 

1 3.4 Mass % C3H70H = 
0 0 

X 1 00 = 1 8.9 mass % 
35. g + 1 5  . g 

Mass % C2HsOH = 1 00.0 - 1 8.9 = 8 1 . 1  mass % 

Psolvent = Xsolvent X P�olvent 
1 3. 1 0  Calculating the vapor pressure lowering due to 
solute (408): 

I:!.P = Xsolute X P�olvenl 
1 3. 1 1 Calculating the boiling point elevation of a solution (409): 

I:!.Tb = Kbm 
1 3 . 1 2  Calculating the freezing point depression of a 
solution (4 1 0) :  

I:!.Tf = Kfm 
1 3. 1 3  Calculating the osmotic pressure of a solution (4 1 2) :  

II = 
nsolute RT = MRT 
Vso1n 

mol HCI 
XHC1 = -------mol HCI + mol H20 

= 
1 1 .8 mol 

= 0.2 1 9  

1 1 . 8 mol + (760 g H20 X 
1 8.�2�0�20) 

1 3.6 I:!.P = Xaspirin X P�elhanol 
2.00 g 

1 80. 1 5  g/mol 
---------=------ X 1 0 1  torr 

2.00 g 50.0 g 
---=--- + ---=---
1 80. 1 5  g/mol 32.04 g/mol 

= 0.7 1 3  torr 

1 mol C3H70H 
35.0 g C3H70H X 

60.09 (J C H OH -
t:> 

3 7 
= 0 1 5 2  XC3H,OH - ( 1 mol C3H70H ) ( 1 mol C?HsOH ) . 

35.0 g C3H70H X 
60.09 g C3H70H 

+ 1 50. g C2HsOH X 
46.07 g C2HsOH 

XC2H,OH = 1 .000 - 0. 1 5 2  = 0.848 -
----------

(
-----

)
-----

-

1 3.5 Mass % HCI = 
mass °

f

f HCI 
X 1 00 1 3.8 II = MRT = (0.30 mol/L) 0.0821  -:-:-:�- (37°C + 273 . 1 5) 

mass 0 soln 
= 7.6 atm 

_1_1 ._8_m_o_I_H_C_1 
X _3_6_.4_6--,g,--H_C_I 

1 3.9 (a) Mass of 0. 100 m solution = 1 kg water + 0. 100 mol MgCl2 
1 L soln 1 mol HCI 

X 1 00 = 1 000 g + 9.52 g = 1 009.52 g 
1 . 1 90 g 1 0

3 
mL 1 mL -

1
-

mL
--

so
-='

l-n 
X -

1
-

L
- Volume of solution = 1 009.52 g X 

1 .006 g 
= 1 003 mL 

= 36.2 mass % HCI 
1 . 1 90 X  10-

3 
kg soln 

Mass (kg) of soln = 1 L soln X 
0 

3 
1 X 1 L soln 

= 1 . 1 90 kg soln 
36.46 g HCI 1 kg 

Mass (kg) of HCl = 1 1 .8  mol HCl X 
1 mol HCI 

X 
1 0

3 
g 

= 0.430 kg HCI 
mol HCI mol HCI 

Molality of HCl = ---
kg water kg soln - kg HCI 

= 
1 1 .8  mol HCI 

= 1 5 .5 m HCl 
0.760 kg H20 

. 9.52 g MgCI2 1 mol 1 0
3 

mL 
Molarity = X X ---

1 003 mL soln 9.52 g MgCI2 1 L 
= 9.97 x l O-

2 M 
Osmotic pressure (II) 

= i(MRT) 

= 3(9.97 X I 0-
2 

mollL) 0.082 1 -- (293 K) ( atm'L ) mol· K  
= 7 . 1 9  atm 

(b) Scene C 
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Problems 
Problems with colored numbers are answered in  Aprendix E. 
Sections match the text and provide the n umbers 0 relevant 
sample problems. Bracketed problems are grouped in  pairs 
( i ndicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

Types of Solutions: Intermolecular Forces and Solubility 
(Sample Problem 13 . 1 )  

1 3.1 Describe how properties of seawater illustrate the two char­
acteristics that define mixtures. 

13.2 What types of intermolecular forces give rise to hydration 
shells in an aqueous solution of sodium chloride? 

13.3 Acetic acid is miscible with water. Would you expect car­
boxylic acids, general formula CH3(CH2)IICOOH, to become 
more or less water soluble as n increases? Explain. 

113.4 Which gives the more concentrated solution, (a) KN03 in 
H20 or (b) KN03 in carbon tetrachloride (CCI4)? Explain. 

13.5 Which gives the more concentrated solution, stearic acid 
[CH3(CH2) 1 6COOHl in (a) H20 or (b) CCI4? Explain. 

1 3.6 What is the strongest type of intermolecular force between 
solute and solvent in each solution? 

o 
I I  

(a) CsCI(s) i n  H20(l) (b) CH3CCH3(l) in H20(l) 
(c) CH30H(l) in CClil) 

13.7 What is the strongest type of intermolecular force between 
solute and solvent in each solution? 
(a) Cu(s) in Ag(s) (b) CH3Cl(g) in CH30CH3(g) 
(c) CH3CH3(g) in CH3CH2CH2NH2(l) 

13.8 What is the strongest type of intermolecular force between 
solute and solvent in each solution? 
(a) CH30CH3(g) in H20(l) (b) Ne(g) in H20(l) 
(c) N2(g) in C4H 1 0(g) 

13.9 What is the strongest type of intermolecular force between 
solute and solvent in each solution? 
(a) C6H I 4(l) in CsHls(l) (b) H2C=0(g) in CH30H(l) 
(c) Br2(l) in CCI4(l) 

13.10 Which member of each pair is more soluble in diethyl ether, 
CH3CH2 -0-CH2CH3? Why? 0 

I I  
(a) NaCl(s) or HCI(g) (b) H20(l) or CH3CH(l) 
(c) MgBr2(s) or CH3CH2MgBr(s) 

13.11  Which member of each pair is more soluble in water? Why? 
(a) CH3CH20CH2CH3(l) or CH3CH20CH3(g) 
(b) CH2CI2(l) or CClil) 
(c) /CH2" 

H2C CH2 
I I or 

H2C CH2 
"

CH{/ 

cyclohexane tetrahydropyran 

13.12 Gluconic acid is a derivative of glucose used in cleaners and 
in the dairy and brewing industries. Caproic acid is a carboxylic 
acid used in the flavoring industry. Although both are six-carbon 

acids (see structures below), gluconic acid is soluble in water 
and nearly insoluble in hexane, whereas caproic acid has the op­
posite solubility behavior. Explain. 

OH OH OH OH OH 
I I I I I 

CH2-CH-CH-CH-CH-COOH 

gluconic acid 

CH3-CH2-CH2-CH2-CH2-COOH 

caproic acid 

Why Substances Dissolve: Understanding 
the Solution Process 

13.13 What is the relationship between solvation and hydration? 
13.14 (a) What is the charge density of an ion, and what two prop-

erties of an ion affect it? 
(b) Arrange the following in order of increasing charge density: 

(c) How do the two properties in part (a) affect the ionic heat of 
hydration, tlHhydr? 

13.15 For tlHso1n to be very small, what quantities must be nearly 
equal in magnitude? Will their signs be the same or opposite? 

13.16 Water is added to a flask containing solid NH4CI. As the salt 
dissolves, the solution becomes colder. 
(a) Is the dissolving of NH4CI exothermic or endothermic? 
(b) Is the magnitude of tlHlattice of NH4Cl larger or smaller than 
the combined tlHhydr of the ions? Explain. 
(c) Given the answer to (a), why does NH4CI dissolve in water? 

13.17 An ionic compound has a highly negative tlHso1n in water. 
Would you expect it to be very soluble or nearly insoluble in 
water? Explain in terms of enthalpy and entropy changes. 

113.18 Sketch a qualitative enthalpy diagram for the process of dis­
solving KCl(s) in H20 (endothermic). 

13.19 Sketch a qualitative enthalpy diagram for the process of dis­
solving NaI(s) in H20 (exothermic). 

13.20 Which ion in each pair has greater charge density? Explain. 
(a) Na+ or Cs+ (b) Sr

2+ or Rb+ (c) Na+ or CI-
(d) 0

2
- or F- (e) OH- or SH-

13.21 Which ion has the lower ratio of charge to volume? Explain. 
(a) Br- or 1- (b) Sc

3 + or Ca
2+ (c) Br- or K+ 

(d) S
2

- or Cl- (e) Sc
3+ or A1

3+ 

13.22 Which has the larger tlH hydr in each pair of Problem 1 3 .20? 
13.23 Which has the smaller tlHhydr in each pair of Problem 13 .2 1?  

13.24 (a) Use the following data to calculate the combined heat of 
hydration for the ions in potassium bromate (KBr03) :  

tlHlatlice = 745 kJ/mol tlHso1n = 4 1. 1  kJ/mol 
(b) Which ion contributes more to the answer to part (a)? Why? 

13.25 (a) Use the following data to calculate the combined heat of 
hydration for the ions in sodium acetate (NaC2H302): 

tlHlattice = 763 kllmol tlHso1n = 17 .3 kJ/mol 
(b) Which ion contributes more to the answer to part (a)? Why? 



1 3.26 State whether the entropy of the system increases or de­
creases in each of the following processes: 
(a) Gasoline burns in a car engine. 
(b) Gold is extracted and purified from its ore. 
(c) Ethanol (CH3CH20H) dissolves in I -propanol 
(CH3CH2CH20H). 

13.27 State whether the entropy of the system increases or de­
creases in each of the following processes: 
(a) Pure gases are mixed to prepare an anesthetic. 
(b) Electronic-grade silicon is prepared from sand. 
(c) Dry ice (solid CO2) sublimes. 

13.28 Besides its use in making black-and-white film, silver ni­
trate (AgN03) is used similarly in forensic science. The NaCI 
left behind in the sweat of a fingerprint is treated with AgN03 
solution to form AgCl .  This precipitate is developed to show the 
black-and-white fingerprint pattern. Given t:.Hlattice of AgN03 = 
822 kllmol and t:.Hhydr = -799 kllmol, calculate its t:.Hsoln . 

Solubility as an Equilibrium Process 
(Sample Problem 1 3 .2) 

13.29 You are given a bottle of solid X and three aqueous solutions 
of X-one saturated, one unsaturated, and one supersaturated. 
How would you determine which solution is which? 

13.30 Why does the solubility of any gas in water decrease with 
rising temperature? 

1 13.31 For a saturated aqueous solution of each of the following at 
20°C and 1 atm, will the solubility increase, decrease, or stay the 
same when the indicated change occurs? 
(a) 02(g), increase P (b) N2(g), increase V 

13.32 For a saturated aqueous solution of each of the following at 
20°C and 1 atm, will the solubility increase, decrease, or stay the 
same when the indicated change occurs? 
(a) He(g), decrease T (b) RbI(s), increase P 

13.33 The Henry's law constant (kH) for O2 in water at 20°C is 
l .28X 10-

3 
moUL·atm. (a) How many grams of O2 will dissolve 

in 2.00 L of H?O that is in contact with pure O2 at l .00 atm? 
(b) How many grams of O2 will dissolve in 2.00 L of H20 that is 
in contact with air, where the partial pressure of O2 is 0.209 atm? 

13.34 Argon makes up 0.93% by volume of air. Calculate its solu­
bility (moUL) in water at 20°C and 1 .0 atm. The Henry's law 

1 constant for Ar under these conditions is 1 .5 X 10-
3 

moUL·atm. 

13.35 Caffeine is about 10 times as soluble in hot water as in cold 
water. A chemist puts a hot-water extract of caffeine into an ice 
bath, and some caffeine crystallizes. Is the remaining solution 
saturated, unsaturated, or supersaturated? 

13.36 The partial pressure of CO2 gas above the liquid in a bottle 
of champagne at 20°C is 5 .5  atm. What is the solubility of CO2 
in champagne? Assume Henry's law constant is the same for 
champagne as for water: at 20°C, kH = 3 .7X 1 0-

2 
moUL·atm. 

Quantitative Ways of Expressing Concentration 
(Sample Problems 1 3.3  to 1 3 .5) 

1 3.37 Explain the difference between molarity and molality. Under 
what circumstances would molality be a more accurate measure 
of the concentration of a prepared solution than molarity? Why? 

13.38 A solute has a solubility in water of 2 1  g/kg solvent. Is this 
value the same as 2 1  g/kg solution? Explain. 
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13.39 You want to convert among molarity, molality, and mole 
fraction of a solution. You know the masses of solute and solvent 
and the volume of solution. Is this enough information to carry 
out all the conversions? Explain. 

13.40 When a solution is heated, which ways of expressing con­
centration change in value? Which remain unchanged? Explain. 

113.41 Calculate the molarity of each aqueous solution: 
(a) 42.3 g of table sugar (C I2H2201 1 )  in 1 00. mL of solution 
(b) 5.50 g of LiN03 in 505 mL of solution 

13.42 Calculate the molarity of each aqueous solution: 
(a) 0.82 g of ethanol (C2H50H) in 1 0.5 mL of solution 
(b) 1 .22 g of gaseous NH3 in 33.5 mL of solution 

13.43 Calculate the molarity of each aqueous solution: 
(a) 75.0 mL of 0.250 M NaOH diluted to 0.250 L with water 
(b) 35.5 mL of 1 .3 M HN03 diluted to 0. 150 L with water 

13.44 Calculate the molarity of each aqueous solution: 
(a) 25.0 mL of 6 . 1 5  M HCI diluted to 0.500 L with water 
(b) 8.55 mL of 2.00X 10-

2 M Kl diluted to 1 0.0 mL with water 

13.45 How would you prepare the following aqueous solutions? 
(a) 355 mL of 8.74X 1 0-

2 M KH2P04 from solid KH2P04 
(b) 425 mL of 0.3 1 5  M NaOH from 1 .25 M NaOH 

13.46 How would you prepare the following aqueous solutions? 
(a) 3.5 L of 0.55 M NaCI from solid NaCl 
(b) 17.5 L of 0.3 M urea [(NH2)zC=0] from 2.2 M urea 

13.47 Calculate the molality of the following: 
(a) A solution containing 88.4 g of glycine (NH2CH2COOH) 
dissolved in 1 .250 kg of H20 
(b) A solution containing 8 .89 g of glycerol (C3Hg03) in 75.0 g 
of ethanol (C2H50H) 

13.48 Calculate the molality of the following: 
(a) A solution containing 1 64 g of HCI in 753 g of H20 
(b) A solution containing 1 6.5 g of naphthalene (C IOHg) in 
53.3 g of benzene (C6H6) 

13.49 What is the molality of a solution consisting of 34.0 mL of 
benzene (C6H6; d = 0.877 g/mL) in 1 87 mL of hexane (C6H 1 4 ;  

d = 0.660 g/mL)? 
13.50 What is the molality of a solution consisting of 2.77 mL of 

carbon tetrachloride (CCl4; d = 1 .59 g/mL) in 79.5 mL of meth­
ylene chloride (CH2CI2; d = 1 .33 g/mL)? 

13.51 How would you prepare the following aqueous solutions? 
(a) 3.00X 1 0

2 
g of 0 . 1 1 5  m ethylene glycol (C2H602) from 

ethylene glycol and water 
(b) 1 .00 kg of 2.00 mass % HN03 from 62.0 mass % HN?3 

13.52 How would you prepare the following aqueous solutIOns? 
(a) 1 .00 kg of 0.0555 In ethanol (C2H50H) from ethanol and water 
(b) 475 g of 1 5 .0 mass % HCI from 37. 1 mass % HCI 

13.53 A solution is made by dissolving 0.30 mol of isopropanol 
(C H OH) in 0.80 mol of water. (a) What is the mole fraction of 3 7 . 

f 
. 

I? isopropanol? (b) What I S the mass percent 0 I sopropano . 
(c) What is the molality of isopropanol? 

. 13.54 A solution is made by dissolving 0. 100 mol of NaCI 111 
8 .60 mol of water. (a) What is the mole fraction of NaCI? 
(b) What is the mass percent of NaCI? (c) What is the molality 
of NaCI? 

13.55 Calculate the molality, molarity, and mole fraction of NH3 
in an 8.00 mass % aqueous solution (d = 0.965 1 g/mL). 
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13.56 Calculate the molality, molarity, and mole fraction of FeCl3 
I in a 28.8 mass % aqueous solution (d = 1 .280 g/mL). 

13.57 Wastewater from a cement factory contains 0.22 g of Ca
2+ 

ion and 0.066 g of Mg
2+ ion per 1 00.0 L of solution. The solu­

tion density is 1 .001 g/mL. Calculate the Ca
2+ and Mg

2+ con­
centrations in ppm (by mass). 

13.58 An automobile antifreeze mixture is made by mixing equal 
volumes of ethylene glycol (d = l . l 1 4 g/mL; M = 62.07 g/mol) 
and water (d = 1 .00 g/mL) at 20°C. The density of the mixture 
is 1 .070 g/mL. Express the concentration of ethylene glycol as 
(a) volume percent (b) mass percent (c) molarity 
(d) molality (e) mole fraction 

Colligative Properties of Solutions 
(Sample Problems 1 3 .6 to 1 3.9) 

13.59 Express Raoult's law in words. Is Raoult's law valid for a 
solution of a volatile solute? Explain. 

13.60 What are the most important differences between the phase 
diagram of a pure solvent and the phase diagram of a solution of 
that solvent? 

13.61 Is the boiling point of 0.0 1 m KF(aq) higher or lower than 
that of 0.0 1 m glucose(aq)? Explain. 

13.62 Which aqueous solution has a freezing point closer to its 
predicted value, 0.0 1 m NaBr or 0.01 m MgCI2? Explain. 

13.63 The freezing point depression constants of the solvents 
cyclohexane and naphthalene are 20. 1 °C/m and 6.94°C/m, 
respectively. Which solvent would give a more accurate result if 
you are using freezing point depression to determine the molar 
mass of a substance that is soluble in either one? Why? 

113.64 Classify the following substances as strong electrolytes, 
weak electrolytes, or nonelectrolytes: 
(a) hydrogen chloride (HCI) (b) potassium nitrate (KN03) 
(c) glucose (C6H I 206) (d) ammonia (NH3) 

13.65 Classify the following substances as strong electrolytes, 
weak electrolytes, or nonelectrolytes: 
(a) sodium permanganate (NaMn04) 
(b) acetic acid (CH3COOH) 
(c) methanol (CH30H) (d) calcium acetate [Ca(C2H302h] 

13.66 How many moles of solute particles are present in 1 L of 
each of the folJowing aqueous solutions? 
(a) 0.2 M KI (b) 0.070 M HN03 
(c) 1 0-4 

M K2S04 (d) 0.07 M ethanol (C2HsOH) 
13.67 How many moles of solute particles are present in 1 mL of 

each of the following aqueous solutions? 
(a) 0.01 M CUS04 (b) O.OOS M Ba(OHh 
(c) 0.06 M pyridine (CsHsN) (d) O.OS M (NH4hC03 

13.68 Which solution has the lower freezing point? 
(a) 1 0.0 g of CH30H in 1 00. g of H20 or 
20.0 g of CH3CH20H in 200. g of H20 
(b) 1 0.0 g of H20 in 1 .00 kg of CH30H or 
1 0.0 g of CH3CH20H in 1 .00 kg of CH30H 

13.69 Which solution has the higher boiling point? 
(a) 3S.0 g of C3Hs03 in 2S0. g of ethanol or 
3S.0 g of C2H602 in 2S0. g of ethanol 

(b) 20. g of C2H602 in O.SO kg of H20 or 
20. g of NaCI in O.SO kg of H20 

13.70 Rank the following aqueous solutions in order of increasing 
(a) osmotic pressure; (b) boiling point; (c) freezing point; 
(d) vapor pressure at SO°C: 
(I) 0. 1 00 m NaN03 (II) 0.200 m glucose (III) 0. 1 00 m CaCI2 

13.71 Rank the following aqueous solutions in order of decreasing 
(a) osmotic pressure; (b) boiling point; (c) freezing point; 
(d) vapor pressure at 298 K: 
(1) 0.04 m urea [(NH2hC=O] 
(II) 0.02 m AgN03 
(III) 0.02 m CUS04 

13.72 Calculate the vapor pressure of a solution of 44.0 g of glyc­
erol (C3Hs03) in SOO.O g of water at 2S°C. The vapor pressure of 
water at 2SoC is 23.76 torr. (Assume ideal behavior.) 

13.73 Calculate the vapor pressure of a solution of 0.39 mol of 
cholesterol in S.4 mol of toluene at 32°C. Pure toluene has a va­
por pressure of 4 1  torr at 32°C. (Assume ideal behavior.) 

13.74 What is the freezing point of 0. 1 1 1  m urea in water? 
13.75 What is the boiling point of 0.200 m lactose in water? 

13.76 The boiling point of ethanol (C2HsOH) i s  78.S°C. What 
is the boiling point of a solution of 3.4 g of vanillin (M = 
l S2. 14  g/mol) in SO.O g of ethanol (Kb of ethanol = 1 .22°C/m)? 

13.77 The freezing point of benzene is S .S°c. What is the freezing 
point of a solution of S .OO g of naphthalene (CIOHs) in 444 g of 
benzene (Kf of benzene = 4.90°C/m)? 

13.78 What is the minimum mass of ethylene glycol (C2H602) 
that must be dissolved in 1 4.S kg of water to prevent the solution 
from freezing at - 10.0°F? (Assume ideal behavior.) 

13.79 What is the minimum mass of glycerol (C3Hs03) that must 
be dissolved in 1 1. 0  mg of water to prevent the solution from 
freezing at - 2S0C? (Assume ideal behavior.) 

13.80 Calculate the molality and van't Hoff factor (i) for the fol­
lowing aqueous solutions: 
(a) 1 .00 mass % NaCl, freezing point = - 0.S93°C 
(b) O.SOO mass % CH3COOH, freezing point = -0. l S9°C 

13.81 Calculate the molality and van't Hoff factor (i) for the fol­
lowing aqueous solutions: 
(a) O.SOO mass % KCl, freezing point = -0.234°C 
(b) 1 .00 mass % H2S04, freezing point = -0.423°C 

13.82 In a study designed to prepare new gasoline-resistant coat­
ings, a polymer chemist dissolves 6.0S3 g of poly(vinyl alcohol) 
in enough water to make 1 00.0 mL of solution. At 2SoC, the os­
motic pressure of this solution is 0.272 atm. What is the molar 
mass of the polymer sample? 

13.83 The U.S.  Food and Drug Administration lists dichloro­
methane (CH2Cl2) and carbon tetrachloride (CCI4) among the 
many chlorinated organic compounds that are carcinogenic 
(cancer-causing). What are the partial pressures of these sub­
stances in the vapor above a solution of 1 .S0 mol of CH2Cl2 and 
1 .00 mol of CCl4 at 23.S0C? The vapor pressures of pure CH2Cl2 
and CCl4 at this temperature are 3S2 torr and 1 1 8  torr, respec­
tively. (Assume ideal behavior.) 



Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

13.84 Which of the following best represents a molecular-scale 
view of an ionic compound in aqueous solution? Explain. 

13.85 Gold occurs in seawater at an average concentration of 
1 . 1  X 10-

2 
ppb. How many liters of seawater must be processed 

to recover 1 troy ounce of gold, assuming 79.5% efficiency (d of 
seawater = 1 .025 g/mL; 1 troy ounce = 3 1 . 1  g)? 

13.86 Use atomic properties to explain why xenon is more than 
25 times as soluble as helium in water at O°c. 

13.87 Thermal pollution from industrial wastewater causes the 
temperature of river or lake water to increase, which can affect 
fish survival as the concentration of dissolved O2 decreases. Use 
the following data to find the molarity of O2 at each temperature 
(assume the solution density is the same as water) : 

Temperature Solubil ity of O2 Density of 
('C) (mg/kg H2O) H20 (g/mL) 

0.0 14 .5 0.99987 
20.0 9.07 0.99823 
40.0 6.44 0.99224 

13.88 "De-icing salt" is used to melt snow and ice on streets. The 
highway department of a small town is deciding whether to buy 
NaCI or CaCl2 for the job. The town can obtain NaCI for 
$0.22/kg. What is  the maximum the town should pay for CaCl2 
to be cost effective? 

13.89 Is 50% by mass of methanol dissolved in ethanol different 
from 50% by mass of ethanol dissolved in methanol? Explain. 

* 13.90 An industrial chemist is studying small organic compounds 
for their potential use as an automobile antifreeze. When 0.243 g 
of a compound is dissolved in 25.0 mL of water, the freezing 
point of the solution is -0.20 1 °C.  
(a) Calculate the molar mass of the compound (d of water = 1 .00 
g/mL at the temperature of the experiment). 
(b) The compositional analysis of the compound shows that 
it is 53 . 3 1  mass % C and 1 l . 1 8  mass % H, the remainder 
being O. Calculate the empirical and molecular formulas of 
the compound. 
(c) Draw two possible Lewis structures for a compound with this 
formula, one that forms H bonds and one that does not. 

13.91 j3-Pinene (C IOH16) and a-terpineol (C IOH 1 80) are two of 
the many compounds used in perfumes and cosmetics to provide 
a "fresh pine" scent. At 367 K, the pure substances have vapor 
pressures of 1 00.3 torr and 9.8 torr, respectively. What is the 
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composition of the vapor (in terms of mole fractions) above a 
solution containing equal masses of these compounds at 367 K? 
(Assume ideal behavior.) 

* 13.92 A solution made by dissolving l .50 g of solute in 25.0 mL 
of H20 at 25°C has a boiling point of 1 00.45°C. 
(a) What is the molar mass of the solute if it  is a nonvolatile non­
electrolyte and the solution behaves ideally Cd of H20 at 25°C = 

0.997 g/mL)? 
(b) Conductivity measurements indicate that the solute is actu­
ally ionic with general formula AB2 or A2B . What is the molar 
mass of the compound if the solution behaves ideally? 
(c) Analysis indicates an empirical formula of CaN206. Explain 
the difference between the actual formula mass and that calcu­
lated from the boiling point elevation experiment. 
Cd) Calculate the van't  Hoff factor (i) for this solution. 

* 13.93 A pharmaceutical preparation made with ethanol 
(C2HsOH) is contaminated with methanol (CH30H). A sam­
ple of vapor above the l iquid mixture contains a 97: 1 mass ra­
tio of C2HsOH:CH30H. What is the mass ratio of these 
alcohols in the liquid? At the temperature of the liquid, the 
vapor pressures of C2HsOH and CH30H are 60.5 torr and 
1 26.0 torr, respectively. 

13.94 Water-treatment plants commonly use chlorination to de­
stroy bacteria. A by-product is chloroform (CHCI3), a suspected 
carcinogen, produced when HOCI, formed by reaction of 
CI2 and water, reacts with dissolved organic matter. The 
United States, Canada, and the World Health Organization 
have set a limit of 1 00.  ppb of CHCI3 in drinking water. 
Convert this concentration into molarity, molality, mole 
fraction, and mass percent. 

13.95 A biochemical engineer isolates a bacterial gene fragment 
and dissolves a 1O.0-mg sample of the material in enough water 
to make 30.0 mL of solution. The osmotic pressure of the solu­
tion is 0.340 torr at 25°C. 
(a) What is the molar mass of the gene fragment? 
(b) If the solution density is 0.997 g/mL, how large is the freez­
ing point depression for this solution (Kr of water = 1 .86°C/m)? 

* 13.96 Two beakers are placed in a closed container (below, left). 
One beaker contains water, the other a concentrated aqueous 
sugar solution. With time, the solution volume increases and the 
water volume decreases (right). Explain on the molecular level. 

13.97 Glyphosate is the active ingredient in a common weed and 
grass killer. It is sold as an 1 8.0% by mass solution with a den­
sity of 8 .94 Ib/gal . (a) How many grams of Glyphosate are in a 
1 6.0 fl oz container ( l  gal = 1 28 fl oz)? (b) To treat a patio area 
of 300. ft2, it is recommended that 3 .00 fl oz be diluted with wa­
ter to 1 .00 gal . What is the mass percent of Glyphosate in the 
diluted solution ( I  gal = 3 .785 L)? 
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* 1 3.98 Although other solvents are available, dichloromethane 
(CH2Cl2) is still often used to "decaffeinate" foods because the 
solubility of caffeine in CH2Cl2 is 8.35 times that in water. 
(a) A 1 00.0-mL sample of cola containing 1 0.0 mg of caffeine is 
extracted with 60.0 mL of CH2CI2. What mass of caffeine re­
mains in the aqueous phase? 
(b) A second identical cola sample is extracted with two succes­
sive 30.0-mL portions of CHzClz. What mass of caffeine re­
mains in the aqueous phase after each extraction? 
(c) Which approach extracts more caffeine? 

1 3.99 Tartaric acid can be produced from crystalline residues 
found in wine vats. It is used in baking powders and as an addi­
tive in foods.  Analysis shows that it contains 32.3% by mass car­
bon and 3.97% by mass hydrogen; the balance is oxygen. When 
0.98 1 g of tartaric acid is dissolved in 1 1 .23 g of water, the solu­
tion freezes at - 1 .26°C. Use these data to find the empirical and 
molecular formulas of tartaric acid. 

* 1 3. 1 00 A florist prepares a solution of nitrogen-phosphorus fertil­
izer by dissolving 5 .66 g of NH4N03 and 4.42 g of (NH4)3P04 
in enough water to make 20.0 L of solution. What are the molar­
ities of NH4 + and of P04

3
- in the solution? 

1 3. 101  Urea is a white crystalline solid used as a fertilizer, in the 
pharmaceutical industry, and in the manufacture of certain poly­
mer resins. Analysis of urea reveals that, by mass, it is 20. 1 % 
carbon, 6.7% hydrogen, 46.5% nitrogen and the balance oxygen. 
(a) Calculate the empirical formula of urea. 

(b) A 5.0 giL solution of urea in water has an osmotic pressure of 
2.04 atm, measured at 25°C. What is the molar mass and molec­
ular formula of urea? 

1 3. 1 02 The total concentration of dissolved particles in blood is 
0.30 M. An intravenous (IV) solution must be isotonic with 
blood, which means it must have the same concentration. 
(a) To relieve dehydration, a patient is given 1 00. mLlh of IV glu­
cose (C6H1Z06) for 2.5 h. What mass (g) of glucose did she receive? 
(b) If isotonic saline (NaCl) were used, what is the molarity of 
the solution? 
(c) If the patient is given 1 50. mLlh of IV saline for 1 .5 h,  how 
many grams of NaCI did she receive? 

13.103 In ice-cream making, the temperature of the ingredients is 
kept below O.O°C in an ice-salt bath. 
(a) Assuming that NaCI dissolves completely and forms an ideal 
solution, what mass of it is needed to lower the melting point of 
5.5 kg of ice to -5 .0°C? 
(b) Given the same assumptions as in  part (a), what mass of 
CaClz is needed? 

13. 1 04 Carbonated soft drinks are canned under 4 atm of COz and 
release much of it when opened. (a) How many moles of COz are 
dissolved in a 355-mL can of soda before it is opened? (b) After 
it has gone flat? (c) What volume (in L) would the released COz 
occupy at 1 .00 atm and 25°C (kH for COz at 25°C is  3.3 X 10-

2 

mol/L'atm; Peoz in air is 3 X  1 0-
4 

atm)? 



Recurring Patterns From the movement of the planets to the beat of a human heart, 
recurring patterns appear throughout nature. In this chapter, you' ll discover the patterns 
of element behavior that arise from periodically recurring trends in atomic properties. 

Key Principles 
• Hydrogen does not fit into any particular family (group) because its tiny 

size and simple structure give it unique properties. 

• Within a family of elements, similar behavior results from a similar outer 
electron configuration. 

• Because the Period 2 elements have a small atomic size and only four 
outer-level orbitals, they exhibit some behavior that is anomalous 
within their groups. 

• In Period 4 and higher, Group 3A and 4A elements deviate from 
expected trends because their nuclei attract outer s and p 
electrons very strongly due to poor shielding by their inner d 
and f electrons. 

Outl ine 

C HAPTE R F O U RTE E N  

The Ma i n -Group 
E lements :  Applyi ng 
Princ ip les of Bond ing 
and Structu re 

• Because atoms get larger down a group, metallic behavior (such as 
ability to form cations and basicity of oxides) increases, and this 
trend becomes especially apparent in Groups 3A to 6A. 

• In Groups 3A to 6A, nearly every element exhibits more than one 
oxidation state, and the lower state becomes more common going 
down the group. 

• Many elements occur in different forms (allotropes), each with its 
own properties. 

• Group 1 A and 7 A elements are very reactive because each is one 
electron away from having a filled outer level; Group SA elements 
have a filled outer level and thus are very unreactive. 

1 4.1 Hydrogen, the Simplest Atom 
Highlights of Hydrogen Chemistry 

1 4.2 Group 1 A(1 ):  The Alkali Metals 

1 4.5 Group 4A(1 4): The Carbon Family 
Highlights of Carbon Chemistry 
Highlights of Silicon Chemistry 

1 4.7 Group 6A(1 6): The Oxygen Family 
Highlights of Oxygen Chemistry 
Highlights of Sulfur Chemistry 

1 4.3 Group 2A(2): The Alkaline Earth Metals 

1 4.4 Group 3A(1 3): The Boron Family 
Highlights of Boron Chemistry 

1 4.6 Group 5A(1 5): The Nitrogen Family 
H ighlights of Nitrogen Chemistry 
H ighlights of Phosphorus Chemistry 

1 4.S Group 7A(1 7): The Halogens 
Highlights of Halogen Chemistry 

1 4.9 Group SA(1 8): The Noble Gases 
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Concepts & Ski l ls to Review 
Before You Study This Chapter 

• redox behavior and oxidation states 
(Section 4.5) 

• energy levels, sublevels, and electron 
configurations (Sections 7.4 and 8.3) 

• trends in  atomic size, ionization energy, 
metallic behavior, and electronegativity 
(Sections 8.4, 8.5, and 9.5) 

• models of ionic, covalent, and metallic 
bonding (Sections 9.2, 9.3, and 1 2 .6) 

• periodic trends in  element properties 
and type of bonding (Sections 8.5 
and 9.5) 

• resonance and formal charge 
(Section 1 0 . 1  ) 

• molecular shape and polarity (Sections 
1 0.2 and 1 0.3) 

• orbital hybridization and modes of 
orbital overlap (Sections 1 1 . 1 and 1 1 .2) 

• phase changes and diagrams, 
intermolecular forces, and crystall ine 
solids (Sections 1 2 .2 ,  1 2 .3, and 1 2.6) 

CHAPTER 1 4  The Main-Group Elements 

I n your study of chemistry so far, you've learned how to name compounds, 
balance equations, and calculate reaction yields. You've seen how heat i s  

related to  chemical and physical change, how electron configuration influences 
atomic properties, how elements bond to form compounds, and how the 
arrangement of bonding and lone pairs accounts for molecular shapes. You 've 
learned modern theories of bonding and, most recently, seen how atomic and 
molecular properties give rise to the macroscopic properties of gases, liquids, 
solids, and solutions .  

The purpose of this knowledge, of  course, i s  to  make sense of the mag­
nificent diversity of chemical and physical behavior around you. The periodic 
table, which organizes much of this diversity, was derived from chemical facts 
observed in countless hours of 1 8

th
_ and 1 9

th
-century research. One of the 

greatest achievements in science is 20
th

-century quantum theory, which pro­
vides a theoretical basis for the periodic table's arrangement. In this chapter, 
we apply general ideas of bonding and structure from earlier chapters to the 
main-group elements to see how their behavior correlates with their position 
in  the periodic table. 

1 4. 1  HYDROGEN, THE SIMPLEST ATOM 

A hydrogen (H) atom consists of a nucleus with a single proton, surrounded 
by a single electron. About 90% of all the atoms in the universe are H atoms, 
making it the most abundant element by far. On Earth, only tiny amounts of 
the free element (H2) occur naturally because the molecules are so light that 
they escape Earth's  gravity. However, hydrogen is abundant in combination 
with oxygen in water. Hydrogen's physical behavior results from its simple 
structure and low molar mass. Nonpolar gaseous H2 is  colorless and odorless, 
and its extremely weak dispersion forces result in very low melting ( - 259°C) 
and boiling points ( - 253°C). 

Hydrogen's tiny size, low nuclear charge, and simple electron configuration 
make it difficult to place in the periodic table. We might think it belongs in 
Group 1 A( l )  because it has one valence electron. However, unlike the alkali 
metals, hydrogen shares its electron with nonmetals, and it has a much higher 
ionization energy and electronegativity than lithium, the highest of the alkali 
metals .  Another possible placement might be with the halogens in Group 
7 A( 1 7) ,  because hydrogen occurs as a diatomic nonmetal that fills its outer shell 
either by sharing or by forming a monatomic anion (H-) .  But hydrogen lacks 
the halogens' three valence electron pairs, and the H- ion is rare and reactive, 
whereas halide ions are common and stable. Based on several atomic proper­
ties, a third possibility might be in Group 4A( 1 4),  because hydrogen has a half­
filled valence level and ionization energy, electron affinity, electronegativity, and 
bond energy values close to those of Group 4A elements; but it shows little 
physical or chemical behavior that matches members of the carbon family. In 
this text, hydrogen will appear in either Group 1 A ( 1 )  or 7 A( 17) ,  depending on 
the property being considered. 

Highlights of Hydrogen Chemistry 
Beyond the enormous impact of hydrogen bonding on physical properties 
that we already discussed in Chapters 1 2  and 1 3 ,  elemental hydrogen is  
very reactive, combining with nearly every other element to form ionic or 
covalent hydrides. 

Ionic (Saltlike) Hydrides With very reactive metals, such as those in Group 1A(1)  
and the larger members of Group 2A(2) (Ca, Sr, and B a), hydrogen forms saltlike 
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hydrides-white, crystalline solids composed of the metal cation and the 
hydride ion: 

2Li(s) + Hz(g) ------+ 2LiH(s) 

Ca(s) + Hz(g) ------+ CaHz(s) 

In water, H- reacts as a strong base to form H2 and OH-: 

NaH(s) + H20(l) ------+ Na + (aq) + OH-(aq) + H2(g) 

The H- ion is also a strong reducing agent, as in this example: 

TiCI4(1) + 4LiH(s) ------+ Ti(s) + 4LiCl(s) + 2HzCg) 

Covalent (Molecular) Hydrides Hydrogen reacts with nonmetals to form many 
covalent hydrides. In most of them, hydrogen has an oxidation number of + 1 
because the other nonmetal has a higher electronegativity. 

Conditions for preparing covalent hydrides depend on the reactivity of the 
other nonmetal. For example, with stable, triple-bonded Nz, the reaction needs 
high temperatures (�400°C), high pressures (�250 atm), and a catalyst: 

N2(g) + 3H2(g) catalyst. 2NH3(g) D.H�xn = -91.8 kJ 
Industrial facilities throughout the world use this reaction to produce millions of 
tons of ammonia each year for fertilizers, explosives, and synthetic fibers. On the 
other hand, hydrogen combines rapidly with reactive, single-bonded Fz, even at 
extremely low temperatures (- 196°C): 

Fz(g) + Hz(g) ------+ 2HF(g) D.H�xn = -546 kJ 

14.2 GROUP 1 A( 1}: THE ALKALI METALS 

The first group of elements is named for the alkaline (basic) nature of their 
oxides and for the basic solutions the elements form in water. Group IA(1) pro­
vides the best example of regular trends with no significant exceptions. All the 
elements in the group-lithium (Li), sodium (Na), potassium (K), rubidium 
(Rb), cesium (Cs), and rare, radioactive francium (Fr)-are very reactive met­
als. The Family Portrait of Group IA(l )  on p. 426 is the first in a series that 
provides an overview of each of the main groups, summarizing key atomic, phys­
ical, and chemical properties. 

The Unusual Physical Properties of the Alkali Metals 
The alkali metals are softer and have lower melting and boiling points and lower 
densities than nearly any other metals. This unusual physical behavior can be 
traced to their atomic size, the largest in their respective periods, and to the ns I 
valence electron configuration. Because the single valence electron is relatively 
far from the nucleus, there is only weak metallic bonding, which results in a 
soft consistency (K can be squeezed like clay) and low melting point. And their 
low densities result from the lowest molar masses and largest atomic radii in 
their periods. 

The High Reactivity of the Alkali Metals 
The alkali metals are extremely reactive elements, acting as powerful reduc­
ing agents. Therefore, they always occur in nature as 1 + cations rather 
than as free metals. (As we discuss in Section 2 1.7, highly endothermic reduc­
tion processes are needed to prepare the free metals industrially from their 
molten salts.) 

The ns' configuration, which is the basis for their physical properties, is also 
the reason these metals form salts so readily. Their low ionization energies give 
rise to small cations, which allow them to lie close to anions, resulting in high 
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Key Atomic Properties, Physical Properties, and Reactions 
Atomic No. ns1 Electronegativity 
Symbol 0 2 3 4 

Atomic mass Atomic Properties 
Group electron configuration Li 

is ns', All members have the 
3 + 1 oxidation state and form 
Li an E+ ion. Atoms have the 

Na 

6.941 largest size and lowest IE 
2S1 and EN in their periods. K 
+1 Atomic Ionic Down the group, atomic and 

radius radius ionic size increase, while IE 
11 (pm) (pm) Rb 

and EN decrease, 403 
Na Li Li+ 0.7 

22,99 152 76 Cs 
3s1 

+1 Na Na+ 
Fr DEN 

186 102 DIEj 
19 

K K K+ 0 500 1000 1500 2000 2500 
39.10 227 138 First ionization energy (kJ/mol) 

4s1 

+1 
Rb Rb+ 

37 248 152 Density (g/mL) 

Rb Physical Properties 0 3 6 9 12 

85.47 
Metallic bonding is relatively 1347 

5s1 Cs Cs+ weak because there is only Li 

+1 
265 167 one valence electron. There- 181 

fore, these metals are soft • � 0.968 f 881 
55 with relatively low melting Na j 98 Cs Fr+ 

and boiling points. I1hese val-180 · f 0.856 
132.9 ues decrease down the group 

K ' 63 
¢ 766 

6s1 because larger atom cores 

+1 attract delocalized electrons · f 1.532 
less strongly. Large atomic Rb 688 

87 size and low atomic mass 

Fr result in low density; thus 
density generally increases Cs 705 D density 

(223) 
7s1 down the group because mass 

.bp 
Dmp 

+1 increases more than size. Fr 

0 500 1000 1500 2000 
Temperature (0C) 

Reactions 
1. The alkali metals reduce H in H20 from the + 1 to the 0 
oxidation state: 

2E(s) + 2H20(l) -- 2e(aq) + 20H-(aq) + H2(g) 

The reaction becomes more vigorous down the group. 
2. The alkali metals reduce oxygen, but the product depends on 
the metal. Li forms the oxide, Li20; Na forms the peroxide, 
Na202; K, Rb, and Cs form the superoxide, E02: 

4Li(s) + 02(g) -- 2Li20(s) 

K(s) + 02(g) -- K02(s) 

In emergency breathing units, K02 reacts with H20 and CO2 
in exhaled air to release O2, 

3. The alkali metals reduce hydrogen to form ionic (saltlike) 
hydrides: 

2E(s) + H2(g) -- 2EH(s) 
NaH is an industrial base and reducing agent that is used to 
prepare other reducing agents, such as NaBH4. 
4. The alkali metals reduce halogens to form ionic halides: 

2E(s) + X2 -- 2EX(s) (X = F, CI, Br, I) 
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lattice energies. Some examples of this reactivity occur with halogens, water, 
oxygen, and hydrogen. The alkali metals (E) reduce halogens to form ionic solids 
in highly exothermic reactions: 

2E(s) + X2 � 2EX(s) (X = F, Cl, Br, I) 

They reduce the hydrogen in water, reacting vigorously (Rb and Cs explosively) 
to form H2 and a metal hydroxide solution: 

2E(s) + 2H20(l) � 2E+(aq) + 20H-(aq) + H2(g) 

They reduce 02, but the product depends on the metal. Li forms the oxide, Li20; 
Na the peroxide (O.N. of ° = - 1), Na202; and K, Rb, and Cs the superoxide 
(O.N. of ° = -�), E02: 

4Li(s) + 02(g) � 2Li20(s) 

2Na(s) + 02(g) � Na202(S) 

K(s) + 02(g) � K02(s) 

Thus, in air, the metals tarnish rapidly, so Na and K are usually kept under min­
eral oil (an unreactive liquid) in the laboratory, and Rb and Cs are handled with 
gloves under an inert argon atmosphere. And, finally, the Group lA(1) elements 
reduce molecular hydrogen to form ionic (saltlike) hydrides: 

2E(s) + H2(g) � 2EH(s) 

For a given anion, the trend in lattice energy is the inverse of the trend in 
cation size: as the cation becomes larger, the lattice energy becomes smalleJ: Fig­
ure 14. 1 shows this steady decrease in lattice energy within the Group IA(1) and 
2A(2) chlorides. Despite these strong ionic attractions in the solid, nearly all 
Group lA salts are water soluble because the ions attract water molecules to cre­
ate a highly exothermic heat of hydration (!:::,.Hhydr)' 

The Anomalous Behavior of Period 2 Members 
A consistent feature within the main groups is that, as a result of their small 
atomic size and small number of outer-level orbitals, all the Period 2 members 
display some anomalous (unrepresentative) behavior within their groups. 

In Group lA(1), Li is the only member that forms a simple oxide and nitride, 
Li20 and Li3N, with O2 and N2 in air, and only Li forms molecular compounds 
with organic halides: 

2Li(s) + CH3CH2Cl(g) � CH3CH2Li(s) + LiCl(s) 

Because of the high charge density of Li +, many lithium salts have significant 
covalent character. Thus, halides of Li are more soluble in polar organic solvents 
than the halides of Na and K. 

In Group 2A(2), beryllium displays even more anomalous behavior than Li. 
Because of the extremely high charge density of Be

2+, the discrete ion does not 
exist, and all Be compounds exhibit covalent bonding. In Group 3A(13), boron is 
the only member to form a complex family of compounds with metals and cova­
lent compounds with hydrogen (boranes). Carbon, in Group 4A(14), shows 
extremely unusual behavior: it bonds to itself (and a small number of other 
elements) so extensively and diversely that it gives rise to countless organic com­
pounds. In Group SA( 1S), triple-bonded, gaseous nitrogen is dramatically differ­
ent from its reactive, solid family members. Oxygen, the only gas in Group 
6A( 16), is much more reactive than sulfur and the other members. In Group 
7 A(17), fluorine is so electronegative that it reacts violently with water, and it is 
the only member that forms a weak hydrohalic acid, HF. And, finally, helium, in 
Group SA(1S), has the lowest melting and boiling points and the smallest heats 
of phase change of any noble gas, indeed of any element. 

LiCI853 
BeCI2 3020 

MgCI2 2526 

D 1A(1) 

D 2A(2) 

o 1 000 2000 3000 
Lattice energy (kJ/mol) 

427 

Figure 14.1 Lattice energies of the 
Group 1A(1) and 2A(2) chlorides. The 

lattice energy decreases regularly in both 

groups of metal chlorides as the cations 

become larger. Lattice energies for the 

2A chlorides are greater because the 

2A cations have higher charge and 

smaller size. 
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Figure 14.2 Three diagonal relation­
ships in the periodic table. Certain Period 

2 elements exhibit behaviors that are very 

similar to those of the Period 3 elements 

immediately below and to the right. Three 

such diagonal relationships exist: Li and 

Mg, Be and AI, and B and Si. 

CHAPTER 14 The Main·Group Elements 

14.3 GROUP 2A(2): THE ALKALINE EARTH METALS 

The Group 2A(2) elements are called alkaline earth metals because their oxides 
give basic (alkaline) solutions and melt at such high temperatures that they 
remained as solids ("earths") in the alchemists' fires. The group includes rare 
beryllium (Be), common magnesium (Mg) and calcium (Ca), less familiar stron­
tium (Sr) and barium (Ba), and radioactive radium (Ra). The Group 2A(2) Fam­
ily Portrait presents an overview of these elements. 

How Do the Physical Properties of the Alkaline Earth 
and Alkali Metals Compare? 
In general, the elements in Groups IA(l) and 2A(2) behave as close cousins. 
Whatever differences occur are due to an additional s electron: ns

2 
vs. nsl. Two 

valence electrons and a nucleus with one additional positive charge make for 
much stronger metallic bonding. Consequently, Group 2A melting and boiling 
points are much higher than those of the corresponding lA metals. Compared 
with transition metals, such as iron and chromium, the alkaline earths are soft 
and lightweight, but they are much harder and more dense than the alkali met­
als. Magnesium is a particularly versatile member. Because it forms a tough 
oxide layer that prevents further reaction in air, it is alloyed with aluminum for 
camera bodies and luggage and with the lanthanides for auto engine blocks and 
missile parts. 

How Do the Chemical Properties of the Alkaline Earth 
and Alkali Metals Compare? 
The alkaline earth metals display a wider range of chemical behavior than the 
alkali metals, largely because of the unrepresentative covalent bonding of beryl­
lium. The second valence electron lies in the same sublevel as the first, so it is 
poorly shielded and Zeff is greater. Therefore, Group 2A(2) elements have smal1er 
atomic radii and higher ionization energies than Group l A( l )  elements. Yet, 
despite the higher second IEs required to form the 2+ cations, all the alkaline 
earths (except Be) form ionic compounds because the resulting high lattice ener­
gies more than compensate for the large total IEs. 

Like the alkali metals, the alkaline earth metals are strong reducing agents. 
They reduce O2 in air. Except for Be and Mg, which form oxide coatings that 
adhere tightly to the sample's surface, they reduce H20 at room temperature to 
form H2, and, again except for Be, they reduce halogens, Hb and N2 to form the 
corresponding ionic halides, hydrides, and nitrides (see the Family Portrait). 

The Group 2A oxides are very basic (except for amphoteric BeO) and react 
with acidic oxides to form salts, such as suHites and carbonates; for example, 

SrO(s) + CO2(g) ------+ SrC03(s) 

The natural carbonates limestone and marble are major structural materials and 
the commercial sources for most 2A compounds. 

One of the main differences between the two groups is the lower solubility 
of 2A salts. With such high lattice energies, most 2A fluorides, carbonates, phos­
phates, and sulfates are insoluble, unlike the corresponding lA compounds. 

Diagonal Relationships 
Diagonal relationships are similarities between a Period 2 element and one diag­
onally down and to the right in Period 3. Three such relationships are of interest 
to us here (Figure 14.2). The first occurs between Li and Mg. Both form nitrides 
with N2, hydroxides and carbonates that decompose easily with heat, organic 
compounds with a polar covalent metal-carbon bond, and salts with similar 
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Key Atomic Properties, Physical Properties, and Reactions 

Ionic 
radius 
(pm) 

Mg2+ 
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Atomic Properties 
Group electron configuration 
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(filled ns sublevel). 

All members have the +2 
oxidation state and, except 
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2
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Physical Properties 
Metallic bonding involves 
two valence electrons. These 
metals are still relatively soft 
but are much harder than the 
I A( l )  metals. Melting and 
boiling points generally 
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'-----------' 
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1. The metals reduce O2 to form the oxides: 

2E(s) + 02(g) -- 2EO(s) 

Ba also forms the peroxide, Ba02. 

group. These values are 
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not as regular. 

Reactions 
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2. The larger metals reduce water to form hydrogen gas: 

E(s) + 2H20(l) -- E2+(aq) + 20H-(aq) + H2(g) 
5. Most of the elements reduce nitrogen to form ionic nitrides: 

(E = Ca, Sr, Ba) 

Be and Mg form an oxide coating that allows only slight 
reaction. 
3. The metals reduce halogens to form ionic halides: 

E(s) + X2 -- EXzCs) (X = F, CI, Br, I) 

4. Most of the elements reduce hydrogen to fonn ionic hydrides: 

E(s) + H2(g) -- EH2(s) (E = all except Be) 

3E(s) + N2(g) -- E3N2(s) (E = all except Be) 

6. Except for amphoteric BeO, the element oxides are basic: 

EO(s) + H20(l) -- E
2+(aq) + 20H-(aq) 

Ca(0H)2 is a component of cement and mortar. 
7. All carbonates undergo thennal decomposition to the oxide: 

EC03(s) � EO(s) + CO2(g) 

This reaction is used to produce CaO (lime) in huge amounts 
from naturally occurring limestone. 
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Figure 14.3 Standing in Group 2A(2), 
looking backward to 1A(1) and forward 
to 3A(13). 
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Figure 14.4 The dimeric structure of 
gaseous aluminum chloride. Despite its 

name, aluminum trichloride exists in the 

gas phase as the dimer, AI2Cls. 

CHAPTER 14 The Main-Group Elements 

solubilities. Beryllium in Group 2A(2) and aluminum in Group 3A(13) are another 
pair. Both metals form oxide coatings, so they don't react with water, and both form 
amphoteric, extremely hard, high-melting oxides. The third diagonal relationship 
occurs between the metalloids boron in Group 3A(13) and silicon in Group 4A(14). 
Both behave electrically as semiconductors and both form weakly acidic, solid 
oxoacids and flammable, low-melting, strongly reducing, covalent hydrides. 

Looking Backward and Forward: Groups 1 A( 1 ), 
2A(2), and 3A( 13) 
Throughout this chapter, comparing the previous, current, and upcoming groups 
(Figure 14.3) will help you keep horizontal trends in mind while examining ver­
tical groups. Little changes from Group l A  to 2A, and all the elements behave 
as metals. With smaller atomic sizes and stronger metallic bonding, 2A elements 
are harder, higher melting, and denser than those in lA. Nearly all l A  and most 
2A compounds are ionic. The higher ionic charge in Group 2A (2+ vs. 1 +) leads 
to higher lattice energies and less soluble salts. The range of behavior in 2A is 
wider than that in l A  because of Be, and the range widens much further in Group 
3A, from metalloid boron to metallic thallium. 

14.4 GROUP 3A( 13}: THE BORON FAMILY 

Boron (B) heads the third family of main-group elements, but its properties are 
not representative, as the Group 3A( 13) Family Portrait shows. Metallic aluminum 
(AI) is more typical of the group, but its great abundance and importance con­
trast with the rareness of gallium (Ga), indium (In), and thallium (Tl). 

How Do Transition Elements Influence Group 3A( 13) Properties? 
Group 3A( 13) is the first in the p block of the periodic table. In Periods 2 and 3, 
its members lie just one element away from those in Group 2A(2), but in Period 
4 and higher, a large gap separates the two groups, with 10 transition elements 
(d block) each in Periods 4, 5, and 6 and an additional 14 inner transition ele­
ments (f block) in Period 6. Because d and f electrons spend very little time near 
the nucleus, they shield the outer (s and p) electrons in Ga, In, and Tl very little 
from the stronger nuclear attraction (greater Zeff) (Sections 7.4 and 8.5). As a 
result, these elements deviate from the usual trends down a group, having smaller 
atomic radii and larger ionization energies and electronegativities than expected. 

With respect to their physical properties, boron is a black, hard, very high­
melting, network covalent metalloid, but the other 3A members are shiny, rela­
tively soft, low-melting metals. Aluminum's low density and three valence elec­
trons make it an exceptional conductor: for a given mass, it conducts a current 
twice as effectively as copper. Gallium has the largest liquid temperature range 
of any element: it melts in your hand but does not boil until 2403°C. 

What New Features Appear in the Chemical Properties 
of Group 3A( 13}? 
Looking down Group 3A(13), we see a wide range of chemical behavior. Boron, 
the first metalloid we've encountered, is much less reactive at room temperature 
than the other members and forms covalent bonds exclusively. Although aluminum 
acts physically like a metal, its halides exist in the gas phase as covalent dimers­
molecules formed by joining two identical smaller molecules (Figure 14.4)-and 
its oxide is amphoteric rather than basic. Most of the other 3A compounds are 
ionic, but with more covalent character than similar 2A compounds because the 
3A cations can polarize nearby electron clouds more effectively. 
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Key Atomic Properties, Physical Properties, and Reactions 
Atomic No. 
Symbol 
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2Ga(s) + 6H20(hot) � 2Ga3+(aq) + 60H-(aq) + 3H2(g) 
2TI(s) + 2H20(steam) � 2Tl+(aq) + 20H-(aq) + H2(g) 

Oxide acidity decreases down the group: B203 (weakly acidic) > 
Al203 > Ga203 > In203 > Tl20 (strongly basic), and the + 1 
oxide is more basic than the + 3 oxide. 
3. All members reduce halogens (X2): 

Al becomes covered with a layer of Al203 that prevents fmther 
reaction. 
2. When strongly heated in pure Oz, all members form oxides: 

4E(s) + 302(g) � 2E203(s) (E = B, AI, Ga, In) 

4TI(s) + 02(g) � 2Tl20(s) 

2E(s) + 3X2 � 2EX3 (E = B, AI, Ga, In) 

2TI(s) + X2 � 2TIX(s) 

The BX3 compounds are volatile and covalent. Trihalides of 
AI, Ga, and In are (mostly) ionic solids. 
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Three features are common to the elements of Groups 3A( 13) to 6A( 16): 
1. Presence of multiple oxidation states. Many of the larger elements in these 

groups also have an important oxidation state two lower than the A-group number. 
The lower state occurs when the atoms lose their np electrons but not their two ns 
electrons. This phenomenon is often called the inert-pair effect (Section 8.5). 

2. Increasing prominence of the lower oxidation state. When a group exhibits 
more than one oxidation state, the lower state becomes more prominent going 
down the group. In Group 3A(l3), for instance, all members exhibit the +3 state, 
but the + 1 state first appears with some compounds of gallium and becomes the 
only important state of thallium. 

3. Relative basicity of oxides. In general, oxides with the element in a lower 
oxidation state are more basic than oxides with the element in a higher oxida­
tion state. For example, in Group 3A, In20 is more basic than In203' The lower 
charge of In + does not polarize the 0

2
- ion as much as the higher charge of 

In
3+ does, so the 0

2
- ion is more available to act as a base. In general, when 

an element has more than one oxidation state, it acts more like a metal in its 
lower state. 

Highlights of Boron Chemistry 
The chemical behavior of boron is strikingly different from that of the other Group 
3A(l 3) members. Boron forms network covalent compounds or large molecules 
with metals, H, 0, N, and C. Many boron compounds are electron deficient, but 
boron fills its outer level in two ways: 

1. Accepting a bonding pair from an electron-rich atom. In gaseous boron 
trihalides, B has only six electrons around it (Section 10. 1). To attain an octet, it 
accepts a lone pair from an electron-rich atom and forms a covalent bond: 

BF3(g) + :NH3(g) � F3B-NH3(g) 

Similarly, B has only six electrons in boric acid, B(OH)3 (sometimes written as 
H3B03)' In water, the acid itself does not release a proton, but it bonds to the 0 
of H20, which then releases an H+ ion: 

B(OHMs) + HzO(l) � B(OH)4 -(aq) + H+(aq) 

2. Forming bridge bonds with electron-poor atoms. In elemental form and in 
the boron hydrides (boranes), boron attains an octet through an unusual type of 
bonding. In diborane (B2H6), for example, two types of B-H bonds exist. One is 
a normal electron-pair bond in which an Sp3 orbital of B overlaps the H Is orbital 
in each of the four terminal B-H bonds (Figure 14.5). The other is a hydride 
bridge bond (or three-center, two-electron bond): each B -H -B grouping is held 

H H····· .. "'I/B/ "'B"",,,·,,··H 
H"""- '" / "'H H 

A 

Normal 
bonds 

B Bridge bond 

Figure 14.5 The two types of covalent bonding in diborane. A, A perspective diagram of B2H6 

shows the unusual B-H-B bridge bond and the tetrahedral arrangement around each B atom. 

B, A valence bond depiction shows each sp3-hybridized B forming normal covalent bonds with two 

hydrogens and two bridge bonds, in which two electrons bind three atoms, at the two central 

B-H-B groupings. 
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together by only two electrons, as two Sp3 orbitals, one from each B, overlap the 
H Is orbital between them. Thus, each B atom is surrounded by four electrons 
from the two typical B -H bonds and four more from the two bridge bonds. In 
many other boranes and in elemental boron, we also see three-center, two-electron 
B -B-B bonds (Figure 14.6). 

A B12 unit 

14.5 GROUP 4A(14): THE CARBON FAMILY 

All three categories of elements occur within Group 4A( 14), from the nonmetal 
carbon (C) through the metalloids silicon (Si) and germanium (Ge) and down to 
the metals tin (Sn) and lead (Pb) [Group 4A( 14) Family Portrait, p. 434]. 

How Does the Bonding in an Element Affect 
Physical Properties? 
Trends among the elements of Group 4A(14) and their neighbors in Groups 
3A( 13) and 5A( 15) illustrate how physical properties depend on the type of bond­
ing in an element (Table 14.1). Within Group 4A, the large decrease in melting 
point between the network covalent solids C and Si is due to longer, weaker 
bonds in the Si structure; the large decrease between Ge and Sn is due to the 
change from network covalent to metallic bonding. Similarly, considering hori­
zontal trends, the large increases in melting point and tJ.Hfus across a period 
between Al and Si and between Ga and Ge reflect the change from metallic to 
network covalent bonding. Note the abrupt rises in these properties from metal­
lic AI, Ga, and Sn to the network covalent metalloids Si, Ge, and Sb, and note 
the abrupt drops from the covalent networks of C and Si to the individual mol­
ecules of Nand P. 

eMifN. Bond Type and the Melting Process in Groups 3A(13) to SAIlS) 
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Figure 14.6 The boron icosahedron 
and one of the boranes. A, The icosa­

hedral structural unit of elemental boron. 

B, The structure of BsHg, one of 

many boranes. 

Group 3A(13) Group 4A(14) Group 5A(15) 
Key: 

'0 0 
� Metallic .� Bond Melting !!.Hfus Bond Melting !!.Hfus Bond Melting !!.Hfus CL Element Element Element Type Point (OC) (kJ/mol) Type Point (OC) (kJ/mol) Type Point (OC) (kJ/mol) 

00 Covalent 
2 B 00 2180 23.6 C 00 4100 Very N CD -210 0.7 network 

high 

� 00 CD Covalent 
3 AI 660 10.5 Si 1420 50.6 P CD 44.1 2.5 molecule 

4 Ga � 30 5.6 Ge 00 945 36.8 As 00 816 27.7 D Metal 

5 In � 157 3.3 Sn � 232 7.1 Sb 00 631 20.0 D Metalloid 

6 TI � 304 4.3 Pb � 327 4.8 Bi � 271 10.5 D Nonmetal 
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Key Atomic Properties, Physical Properties, and Reactions 
At0l1'1ic No. 
Syml:lel 

Atomic mass 
Valence e- configuration 
Common oxieation states 

6 

C 

Atomic 
radius 
(pm) 

C 
77 

Ionic 
radius 
(pm) 

Atomic Properties 
Group electron configuration 
is ns2np2. Down the group, 
the number of oxidation 
states decreases, and the 
lower (+2) state becomes 
more common. Down the 
group, size increases. 
Because transition and inner 
transition elements intervene, 
IE and EN do not decrease 
smoothly. 

o 
Electronegativity 

2 3 

cl.------..--' 

1.8 
Sil.----

1.8 
Ge ..... --...... 

----�-11.8 
Sn ..... ----. 

Pb L.-___ �_J 

4 

Si 
118 o 500 1000 1500 2000 2500 

Ge 
122 

Sn 
140 

Pb 
146 

1. The elements are oxidized by halogens: 

Sn2+ 
118 

E(s) + 2X2 --->- EX4 (E = C, Si, Ge) 

Physical Properties 
Trends in properties, such as 
decreasing hardness and 
melting point, are due to 
changes in types of bonding 
within the solid: covalent 
network in C, Si, and Ge; 
metallic in Sn and Pb (see 
text). Down the group, 
density increases because 
of several factors, including 
differences in crystal 
packing. 

Reactions 

First ionization energy (kJ/mol) 

o 
Density (g/mL) 

3 6 9  
I 

12 

_ 2.27 
c Unstabl 

4100 _ 2.34 
Si •• IIIIiI •• �� ..... _tN3280 

' 1420 
� 5.32 ..... �." ••• 2850 

Ge !!II 
945 0 density 

.bp _ 7.26 0 mp 
S _II!!JII!!!� ....... t 2623 n i y 232 , 

Pb .. l1li ••• 

11.34 

-

I 

o 1000 2000 3000 4000 
Temperature (0C) 

3. Hydrocarbons react with O2 to fonn CO2 and H20. The 
reaction for methane is adapted to yield heat or electricity: 

The +2 halides are more stable for tin and lead, snX2 and PbX2. 
2. The elements are oxidized by O2: 

CH4(g) + 202(g) --->- CO2(g) + 2H20(g) 

4. Silica is reduced to form elemental silicon: 

E(s) + 02(g) --->- E02 (E = C, Si, Ge, Sn) Si02(s) + 2C(s) --->- SiCs) + 2CO(g) 
Pb forms the +2 oxide, PbO. Oxides become more basic down 
the group. The reaction of CO2 and H20 provides the weak 
acidity of natural unpolluted waters: 

This crude silicon is made ultrapure through zone refining for 
use in the manufacture of computer chips. 

CO2(g) + H20(l) � [H2C03(aq)] 

� H+(aq) + HC03 -(aq) 
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Allotropism Striking vanatrons in physical properties often appear among 
allotropes, different crystalline or molecular forms of a substance. One allotrope 
is usually more stable than another at a particular pressure and temperature. Group 
4A(l 4) provides the first of many examples of allotropism. It is difficult to imag­
ine two substances made entirely of the same atom that are more different than 
graphite and diamond. Graphite is a soft, black electrical conductor, whereas dia­
mond is an extremely hard, colorless electrical insulator. Graphite is the more sta­
ble (standard state) form at ordinary temperatures and pressures (Figure 14.7). 
Fortunately for jewelry owners, diamond changes to graphite at a negligible rate 
under normal conditions. 

In the mid-1980s, a newly discovered allotrope of carbon began generating 
great interest. Mass spectrometric analysis of soot showed evidence for a soccer 
ball-shaped molecule of formula C6Q, dubbed buckminsterfullerene (informally 
called a "buckyball") (Figure 14.8A). Since 1990, when multigram quantities of 
C60 and related fullerenes were prepared, metal atoms have been incorporated into 
the structure and many different groups (fluorine, hydroxyl, sugars, etc.) have been 
attached. In 199 1, extremely thin (�l nm in diameter) graphite-like tubes with 
fullerene ends were prepared (Figure 14.8B). Along their length, such nanotubes 
are stronger than steel and conduct electricity. With potential applications in 
nanoscale electronics, catalysis, polymers, and medicine, fullerenes and nanotubes 
are receiving great attention from chemists and engineers. 

A B 

How Does the Type of Bonding Change in Group 4A( 14) 
Compounds? 
The Group 4A(14) elements display a wide range of chemical behavior, from the 
covalent compounds of carbon to the ionic compounds of lead. Carbon's inter­
mediate EN of 2.5 ensures that it virtually always forms covalent bonds, but the 
larger members of the group form bonds with increasing ionic character. With 
nonmetals, Si and Ge form strong polar covalent bonds. The most important is 
the Si -0 bond, one of the strongest of any Period 3 element (BE = 368 kJ/mol), 
which is responsible for the physical and chemical stability of Earth's solid surface. 

The pattern of elements having more than one oxidation state also appears 
here. Thus, compounds of Si(IV) are much more stable than those of Si(II), 
whereas compounds of Pb(II) are more stable than those of Pb(IV). The 4A ele­
ments also behave more like metals in the lower oxidation state. Thus, SnCl2 and 
PbCl2 are white, relatively high-melting, water-soluble crystals, typical properties 
of a salt, whereas SnCl4 is a volatile, benzene-soluble liquid, and PbCl4 is a ther­
mally unstable oil. Similarly, SnO and PbO are more basic than Sn02 and Pb02. 
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Figure 14.7 Phase diagram of carbon. 
Graphite is the more stable form of car­

bon at ordinary conditions (small red cir­
cle at extreme lower left). Diamond is 

more stable at very high pressure. 

Figure 14.8 Buckyballs and nanotubes. 
A, Crystals of buckminsterfullerene (C60) 
are shown leading to a ball-and-stick 

model. The parent of the fullerenes, the 

"buckyball," is a soccer ball-shaped mol­

ecule of 60 carbon atoms. B, Nanotubes 

are single or, as shown in this colorized 

transmission electron micrograph, concen­

tric graphite-like tubes with fullerene ends. 
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Highlights of Carbon Chemistry 
Carbon is not only an anomaly in its group, but its bonding ability makes it an 
anomaly throughout the periodic table. As a result of its small size and capacity 
for four bonds, carbon bonds to itself, a process known as catenation, to form 
chains, branches, and rings that lead to myriad structures. Add a lot of H, some 
° and N, a bit of S, P, halogens, and a few metals, and you have the whole organic 
world! Figure 14.9 shows three of the several million known organic compounds. 
Multiple bonds are common in these structures because the C-C bond is short 
enough for side-to-side overlap of two half-filled 2p orbitals to form 1T bonds. 
Because the other 4A members are larger, E -E bonds become longer and weaker 
down the group, and the presence of empty d orbitals of the larger atoms make 
their chains much more susceptible to chemical attack. Thus, none form mol­
ecules with stable chains. 

In contrast to its organic compounds, carbon's inorganic compounds are sim­
ple. Metal carbonates in marble, limestone, chalk, and coral occur in enormous 
deposits throughout the world. Carbonates are used in some antacids because they 
react with the HCI in stomach acid: 

CaC03(s) + 2HCl(aq) ---- CaCh(aq) + CO2(g) + H20(l) 

Identical net ionic reactions with sulfuric and nitric acids protect lakes bounded 
by limestone from the harmful effects of acid rain. 

Carbon forms two common gaseous oxides. Carbon dioxide plays a vital 
role on Earth; through the process of photosynthesis, it is the primary source 
of carbon in plants, and thus animals as well. In solution, it is the cause of 
acidity in natural waters. However, its atmospheric buildup from deforestation 
and excessive use of fossil fuels is severely affecting the global climate. Car­
bon monoxide is a key component of fuel mixtures and is widely used in the 
production of methanol, formaldehyde, and other industrial compounds. Its tox­
icity arises from strong binding to the Fe(II) in hemoglobin, where it prevents 
the binding of 02' The cyanide ion (CN-), which is isoelectronic with CO, 

[:C=N:j- same electronic structure as :C 0: 

is toxic because it binds to many other essential iron-containing proteins. 
Monocarbon halides (or halomethanes) are tetrahedral molecules. The short, 

strong bonds in chlorofluorocarbons (CFCs, or Freons) make their long-term per­
sistence in the upper atmosphere a major environmental problem (Chapter 16). 

H H 
'c.�c! H" _ J 

.. 1:' ''\ /; ..... C;, .. 
:CI-C: : c-c : : C-CI: 

.. \ ........ / t';';;';'c'" c-c / " .. ,.j \ H CI: 
:QI H ., 

Acrylonitrile PCB Lysine 

Figure 14.9 Three of the several million known organic com­
pounds of carbon. Acrylonitrile is a precursor of acrylic fibers. PCB is 

an example of a polychlorinated biphenyl. Lysine is one of about 20 
amino acids that occur in proteins, 
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Highlights of Silicon Chemistry 
To a great extent, the chemistry of silicon is the chemistry of the silicon-oxygen 
bond. Just as carbon forms unending -C-C- chains, the -Si-O- group­
ing repeats itself endlessly in silicates, the most important minerals on the planet, 
and in silicones, extremely long synthetic molecules that have many applications: 

1 .  Silicate. From common sand and clay to semiprecious amethyst and car­
nelian, silicate minerals dominate the nonliving world. In fact, oxygen and sili­
con account for four of every five atoms on Earth's surface! The sil icate build­
ing unit is the orthosilicate grouping, - Si04 - ,  a tetrahedral arrangement of 
four oxygens around a central silicon. Several well-known minerals, such as zir­
con and beryl, the natural source of beryllium, contain Si04

4
- ions or smail 

groups of them linked together (Figure 14.10). In extended structures, one of the 
o atoms links the next Si - 0  group to form chains, a second one forms 
crosslinks to neighboring chains to form sheets, and the third forms more 
crosslinks to create three-dimensional frameworks. Chains of silicate groups 
compose the asbestos minerals, sheets give rise to talc and mica, and frameworks 
occur in quartz and feldspar. 

2. Silicone. These compounds have two organic groups bonded to each Si 
atom in a very long Si-O chain, as in poly(dimethyl siloxane): 

CH3 CH3 CH3 CH3 CH3 I I I I I 
. · ·O-Si-O-Si-O-Si-O-Si-O-Si-O · · ·  I I I I I c� c� c� c� c� 

The organic groups, with their weak intermolecular forces, give silicones flexi­
bility, while the mineral-like - Si - 0 - backbone gives them thermal stability 
and inflammability. 

Silicone chemists create structures similar to those of the silicates by adding 
various reactants to create silicone chains, sheets, and frameworks. Chains are oily 
liquids used as lubricants and as components of car polish and makeup. Sheets 
are components of gaskets, space suits, and contact lenses. Frameworks find uses 
as laminates on circuit boards, in nonstick cookware, and in artificial skin 
and bone. 

Silicate ion 
in zircon 

0- 0-
I I 

-O-Si-O-Si-O-I I 
0- 0-

Si2076-

Silicate ion in 
hemimorphite 

( 0- 0-) 

-O-�i-O-�i-

0- 0- 3 
Si601s12-

Silicate ion 
in beryl 

Figure 14. 10 Structures of the silicate anions in some minerals. 
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Figure 1 4. 1 1 Standing in Group 4A(1 4), 
looking backward to 3A(13) and for­
ward to SA(1S). 

A White phosphorus ( P4) 

CHAPTER 1 4  The Main-Group Elements 

Looking Backward and Forward: Groups 3A(1 3), 
4A(1 4), and 5A(1 5) 
Standing in Group 4A(l 4), we see Group 3A( 1 3) as the transition from the s block 
of metals to the p block of mostly metalloids and nonmetals (Figure 14 . 11 ). 
Changes occur in physical behavior, as we move from metals to covalent net­
works, and in chemical behavior, as cations give way to covalent tetrahedra. Look­
ing ahead to Group SA( 1 S), we find many compounds with expanded valence 
shells and the first appearance of monatomic anions. 

1 4.6 GROUP 5A( 1 5): THE NITROGEN FAMILY 

The first two elements of Group SA(1 5), gaseous nonmetallic nitrogen (N) and 
solid nonmetallic phosphorus (P) have great industrial, environmental , and bio­
logical significance. Below these nonmetals are two metalloids, arsenic (As) and 
antimony (Sb), followed by the sole metal, bismuth (Bi), the last nonradioactive 
element in the periodic table [Group SA( 1 S) Family Portrait]. 

The Wide Range of Physical and Chemical Behavior 
in Group 5A(1 5) 
Group SA(1 S) displays the widest range of physical behavior we've seen so far. 
Nitrogen occurs as a gas consisting of N2 molecules. Stronger dispersion forces 
due to heavier, more polarizable P atoms make phosphorus a solid. It has several 
allotropes. The white form consists of individual tetrahedral molecules (Figure 
14 . 1 2A), making it low melting and soluble in nonpolar solvents; with a small 
60° bond angle and, thus, weak P -P bonds, it is highly reactive (Figure 14. 1 2B) .  
In the red form, the P 4 units exist in  chains, which make it much less reactive, 
high melting, and insoluble (Figure 1 4. 1 2C). Arsenic consists of extended sheets, 
and a similar covalent network for Sb gives it a much higher melting point than 
metallic Bi .  

Nearly all Group SA( l S )  compounds have covalent bonds. A SA element must 
gain three electrons to form an ion with a noble gas electron configuration. Enor­
mous lattice energy results when 3 - anions attract cations, but this occurs for N 
only with active metals, such as Li3N and Mg3N2 (and perhaps with P in Na3P)' 

B Strained bonds in P4 C Red phosphorus 

Figure 1 4. 1 2  Two allotropes of phosphorus. A, White phosphorus 
exists as individual P 4 molecules, with the P- P bonds forming the 
edges of a tetrahedron. 8, The reactivity of P 4 is due in part to the 
bond strain that arises from the 60° bond angle. Note how overlap of 
the 3p orbitals is decreased because they do not meet directly end to 

end (overlap is shown here for only three of the P-P bonds), which 
makes the bonds easier to break. C, I n  red phosphorus, one of the 
P-P bonds of the white form has broken and l inks the P 4 units 
together into long chains. Lone pairs (not shown) reside in s orbitals 
in both allotropes. 
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Key Atomic Properties, Physical Properties, and Reactions 
Atomic No. 
Symbol 

Atomic mass 
Valence e- configuration 
Common oxidation states 

7 
N 

14.01 
2s22p3 

(-3, +5, 
+4, +3, 
+2, +1) 

15 

P 
30.97 

3s23p3 

Atomic 
radius 
(pm) 

N 75 
P 110 

Ionic 
radius 
(pm) 

p3-212 

Atomic Properties 
Group electron configuration 
is ns

2
np3. The np sublevel is 

half-filled, with each p 
orbital containing one elec­
tron. The number of oxida­
tion states decreases down 
the group, and the lower 
( +  3) state becomes more 
common. Atomic properties 
follow generally expected 
trends. The large (-50%) 
increase in size from N to P 
correlates with the much 
lower IE and EN of P. 

Electronegativity 

0 2 3 

3.0 
N 

2.1 
P 

101 2 

2.0 
As 

1.9 Sb 

Si 

4 

DEN 
DIE1 

(-3, +5, ..... ��, 0 500 1 000 1500 2000 2500 
+3) 

33 

As 
74.92 

4s24p3 

(-3, -/05, 
+3) 
51 

Sb 
121.8 

5s25p3 

(-3, +5, 
+3) 

83 

Bi 
209.0 

SS2Sp3 

(+3) 

As 120 
Sb 140 
Bi 150 

Physical Properties 
Physical properties reflect 
the change from inclivi.dual 
molecules (N, P) to network 
covalent solid (As, Sb) to 
metal (Bi). Thus, melting 

L-____
__ --' points increase and then 

decrease. Large atomic size 
and low atomic mass result 
in low density. Because 
mass increases more than 
size down the group, the 
density of the elements as 
solids increases. The dra­
matic increase from P to As 
is due to the intervening 
transition elements. 

First ionization energy (kJ/mol) 

Density of solid (g/mL) 

0 3 6 9 
D density 

N .bp 
-210 Dmp 

p 

� 5.78 
As 615 (subl) _ 816 (at 39 atm) 

Sb ....... "' •••• 1587 
9.81 

Si •••• � ••••• ,; 1564 

12 

-273 0 500 1000 1500 2000 
Temperature (OC) 

Reactions 
1. Nitrogen is "fixed" industrially in the Haber process:  

NzCg) + 3H2(g) ::::;;::=:: 2NH3(g) 

Further reactions convert NH3 to NO, N02, and HN03 (High­
lights of Nitrogen Chemistry). Hydrides of some other group 
members are formed from reaction in water (or with H30+) of 

a metal phosphide, arsenide, and so forth: 

Ca3P2(S) + 6H20(l) ---+ 2PH3(g) + 3Ca(OHhCaq) 

2. Halides are formed by direct combination of the elements: 

2E(s) + 3X2 -+ 2EX3 (E = all except N) 

EX3 + X2 -+ EXs (E = all except N and Bi  
with X = F and CI, but no 
BiCls; E = P for X = Br) 

3. Oxoacids are formed from the halides in a reaction with 
water that is common to many nonmetal halides: 

EX3 + 3H20(l) -+ H3E03(aq) + 3HX(aq) 

(E = all except N) 

EXs + 4H20(l) -+ H3E04(aq) + 5HX(aq) 

(E = aU except N and Bi) 

Note that the oxidation number of E does not change. 
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As in Groups 3A and 4A, as we move down the group there are fewer oxi­
dation states and the lower state becomes more prominent: N exhibits every state 
possible for a SA element, from +S, as in HN03, to -3, as in NH3; only the +S 
and +3 states are common for P, As, and Sb; and +3 is the only common state 
of Bi .  The oxides change from acidic to amphoteric to basic, and the lower oxide 
is more basic than the higher oxide because the lower oxide's E-to-O bond is 
more ionic. 

Some characteristic reactions appear in the Family Portrait, but we point out 
some highlights here. All the elements form gaseous hydrides of formula EH3. 
Ammonia is made industrially at high pressure and moderately high temperature: 

N2(g) + 3H2(g) � 2NH3(g) 

The other hydrides are very poisonous and form by reaction in water of a metal 
phosphide, arsenide, and so forth, which acts as a strong base; for example, 

Ca3As2(S) + 6H20(l) ----+ 2AsH3(g) + 3Ca(OHMaq) 

Molecular properties of the Group SA( 1 S) hydrides reveal some interesting pat­
terns that appear again in Group 6A( 1 6) :  

• Despite a much lower molar mass, NH3 melts and boils at higher temperatures 
than the other SA hydrides as a result of H bonding. 

• Bond angles decrease from 1 07 .3°  for NH3 to around 90° for the other 
hydrides, which suggests that the larger atoms use unhybridized p orbitals. 

• E -H bond lengths increase down the group, so bond strength and thermal sta­
bility decrease: AsH3 decomposes at 2S00e, SbH3 at 200e, and BiH3 at -4S°C. 

Through direct combination of the elements, the Group SA(1 S) members form 
all possible trihalides (EX3) and pentafluorides (EF5), but few other pentahalides. 
As with the hydrides, stability of the halides decreases as the E-X bond becomes 
longer with larger halogens. 

In an aqueous reaction pattern typical of many nonmetal halides, each SA 
halide reacts with water to yield the hydrogen halide and the oxoacid, in whkh 
E has the same oxidation number as it had in the original halide. For example, 
PX5 (O.N. of P = +S) produces HX and phosphoric acid (O.N. of P = +S) : 

PCl5(s) + 4H20(l) ----+ 5HC1(g) + H3P04(l) 

Highlights of Nitrogen Chemistry 
The most striking highlight of nitrogen chemistry is the inertness of N2. Even 
though the atmosphere consists of nearly four-fifths N2 and one-fifth O2, the sear­
ing temperature of a lightning bolt is needed to form significant amounts of nitro­
gen oxides. Indeed, N2 reacts at high temperatures with Hb Li, Group 2A(2) 
members, B, AI, e, Si, Ge, O2, and many transition elements. Here we focus on 
the oxides and the oxoacids and their salts. 

Nitrogen Oxides Nitrogen is remarkable for having six stable oxides, each with 
a positive heat of formation because of the great strength of the N=N bond (Table 
1 4 .2) .  Unlike the hydrides and halides of nitrogen, the oxides are planar. Nitrogen 
displays all its positive oxidation states in these compounds, and in N20 and 
N203, the two N atoms have different states. Of special interest are NO and N02. 

Nitrogen monoxide (NO; also called nitric oxide) is an odd-electron mol­
ecule (see Section 1 0 . 1 )  with recently discovered biochemical functions ranging 
from neurotransmission to control of blood flow. Its commercial preparation 
occurs through the oxidation of ammonia during the production of nitric acid: 

4NH3(g) + 502(g) ----+ 4NO(g) + 6H20(g) 



14.6 Group 5A( 15): The Nitrogen Family 

£lNleu Structures and Properties of the Nitrogen Oxides 
Space-filling Lewis 

Formula Name Model Structure 

NO 

N02 

Dinitrogen monoxide 
(dinitrogen oxide; 
nitrous oxide) 

Nitrogen monoxide 
(nitrogen oxide; 
nitric oxide) 

Dinitrogen trioxide 

Nitrogen dioxide 

Dinitrogen tetraoxide 

Dinitrogen pentaoxide 

;N=O; 

·
.
0'· "0 . 
\\ II' 
N-N .. \ .. ct 

:0" "0· 
. \ .. II . 

N-O-N 
II .. \ 

"0.. ·
.
9:' 

Oxidation 
State of N 

+ 1  
(0, + 2) 

+2 

+3 
(+2, +4) 

+4 

+4 

+ 5  

It also forms when air is heated to  high temperatures in  a car engine: 
hi h T 

N2(g) + 02(g) � 2NO(g) 

Heating converts NO to two other oxides: 

3NO(g) --A..... N20(g) + N02(g) 

This redox reaction is called a disproportionation, one that involves a substance 
acting as both an oxidizing and a reducing agent. Thus, an atom in the reactant 
occurs in the products in both lower and higher states: the oxidation state of N 
in NO (+2) becomes + 1 in N20 and +4 in N02. 

Nitrogen dioxide (N02), a brown poisonous gas, forms to a small extent when 
NO reacts with additional oxygen: 

2NO(g) + 02(g) � 2N02(g) 

Like NO, N02 is an odd-electron molecule, but the unpaired electron is more local­
ized on the N atom. Thus, N02 dimerizes reversibly to dinitrogen tetraoxide: 

02N·(g) + ·N02(g) � 02N-N02(g) (or N204) 

In urban settings, a series of reactions involving sunlight, NO, N02, ozone (03), 
unburned gasoline, and various other species form photochemical smog. 

44 1 

AHf (kJ/mol) 
at 298 K Comment 

82.0 

90.3 

83.7 

33.2 

9.1 6  

1 1 .3  

Colorless gas; used as 
dental anesthetic 
("laughing gas") and 
aerosol propellant 

Colorless, paramagnetic 
gas; biochemical mes­
senger; air pollutant 

Reddish brown gas 
(reversibly dissociates 
to NO and N02) 

Orange-brown, paramag­
netic gas formed during 
HN03 manufacture; 
poisonous air pollutant 

Colorless to yellow liquid 
(reversibly dissociates 
to N02) 

Colorless, volatile solid 
consisting of N02 + 

and N03 - ; gas consists 
of N20S molecules 
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Figure 14.13 The structures of nitric 
and nitrous acids and their oxoanions. 
A, Nitric acid loses a proton (H+) to form 
the trigonal planar nitrate ion (one of 
three resonance forms is shown). 
B, Nitrous acid, a much weaker acid, 
forms the planar nitrite ion. Note the 
effect of nitrogen's lone pair in reducing 
the ideal 1200 bond angle to 1150 (one of 
two resonance forms is shown). 

CHAPTER 14 The Main-Group Elements 

A 
Nitrate ion 
(N03-) 

B 

Nitrite ion 
(NOn 

Nitrogen Oxoacids and Oxoanions The two common nitrogen oxoacids are nitric 
acid and nitrous acid. The first two steps in the Ostwald process for the production 
of nitric acid are the oxidations of NH3 to NO and of NO to N02. The final step 
is a disproportionation, as the oxidation numbers show: 

1-4 +5 +
2 

3N02(g) + H20(I) � 2HNOiaq) + NO(g) 
The NO is recycled to make more N02. 

In nitric acid, as in all oxoacids, the acidic H is attached to one of the 0 

atoms (Figure 14. 1 3A). In the laboratory, nitric acid is used as a strong oxidizing 
acid. The products of its reactions with metals vary with the metal 's reactivity and 
the acid's concentration. In the following examples, notice from the net ionic 
equations that the N03 - ion is the oxidizing agent. Nitrate ion that is not reduced 
is a spectator ion and does not appear in the net ionic equations. 

• With an active metal, such as AI, and dilute acid, N is reduced from the + 5 
state all the way to the -3 state in the ammonium ion, NH4 +:  

SAles) + 30HN03(aq; 1 M) -- SAl(N03h(aq) + 3NH4N03(aq) + 9H20(l) 
SAles) + 30H+(aq) + 3N03 -(aq) -- SAI3+(aq) + 3NH4 +(aq) + 9H20(l) 

• With a less reactive metal, such as Cu, and more concentrated acid, N is 
reduced to the + 2  state in NO: 

3Cu(s) + SHN03(aq; 3 to 6 M) -- 3Cu(N03hCaq) + 4H20(l) + 2NO(g) 
3Cu(s) + SH+(aq) + 2N03 -(aq) -- 3Cu2+(aq) + 4H20(l) + 2NO(g) 

• With still more concentrated acid, N is reduced only to the + 4  state in N02: 

Cu(s) + 4HN03(aq; 12 M) -- Cu(N03hCaq) + 2H20(l) + 2N02(g) 
Cu(s) + 4H+(aq) + 2N03 -(aq) -- Cu2+(aq) + 2H20(l) + 2N02(g) 

Nitrates form when HN03 reacts with metals or with their hydroxides, oxides, or 
carbonates. All nitrates are soluble in water. 

Nitrous acid, HN02 (Figure 14 . 1 3B), a much weaker acid than HN03, forms 
when metal nitrites are treated with a strong acid: 

NaN02(aq) + HCl(aq) -- HN02(aq) + NaCl(aq) 
These two acids reveal a general pattern in relative acid strength among oxoacids: 
the more 0 atoms bonded to the central nonmetal, the stronger the acid. We' ll 
discuss the pattern quantitatively in Chapter 1 8 .  



14.7 Group 6A( 16): The Oxygen Family 

Highlights of Phosphorus Chemistry: Oxides and Oxoacids 
Phosphorus forms two important oxides, P406 and P40IO. Tetraphosphorus hexa­
oxide, P 406, forms when white phosphorus, P 4, reacts with limited oxygen: 

P4(S) + 302(g) � P406(S) 

P406 has the tetrahedral orientation of the P atoms in P4, with an ° atom between 
each pair of P atoms (Figure 14. 14A). It reacts with water to form phosphorous 
acid (note the spelling): 

P406(S) + 6H20(l) � 4H3P03(l) 

Despite the formula, H3P03 has only two acidic H atoms; the third is bonded to 
the central P. It is a weak acid in water but reacts completely with strong base: :0: I I  

..  '\\'p----
HQ····· j ""H 

':9H 

Salts of phosphorous acid contain the phosphite ion, HPO/-. 
Commonly known as "phosphorus pentoxide" from the empirical formula 

(P205), tetraphosphorus decaoxide, P4010, forms when P4 burns in excess 02: 

P4(S) + 502(g) � P40IO(S) 

It has the structure of P406 with another ° atom bonded to each P atom (Figure 
1 4. 1 4B).  P4010 is a powerful drying agent and, in a vigorous exothermic reaction 
with water, forms phosphoric acid (H3P04), one of the "top- 1 0" most important 
compounds in chemical manufacturing: 

P40IO(S) + 6H20(l) � 4H3P04(l) 

The presence of many H bonds makes pure H3P04 syrupy, more than 75 times 
as viscous as water. H3P04 is a weak triprotic acid; in water, it loses one proton: 

H3P04(l) + H20(l) � H2P04 -(aq) + H30+(aq) 

In strong base, however, it dissociates completely to give the three oxoanions: :0: I I  
H�""'I--""""�H 

:PH 

[ '0' ]-
.. .. '''� ___ . . ow 

HO .... j ""0: -----? 
. • " -H 

:.9H 

dihydrogen 
phosphate ion 

[ '0' ]2- [ '0' ]3-
..... "�-....... ow . . . .. ,\�-..... .. 

HO .. ·· j ""0: -----? :0 .... j ---0: 
. • • •  -H " • •  

':9: ':9: 
hydrogen 

phosphate ion 
phosphate ion 

Phosphoric acid has a central role in fertilizer production, and it is also used as a 
polishing agent for aluminum car trim and as an additive in soft drinks. The var­
ious phosphate salts have many essential applications, from paint stripper (Na3P04) 
to rubber stabilizer (K3P04) to fertilizer [Ca(H2P04h and (NH4)2HP04]. 

Polyphosphates are formed by heating hydrogen phosphates, which lose water 
as they form P-O-P linkages. This type of reaction, in which an H20 mol­
ecule is lost for every pair of -OH groups that join, is called a dehydration­
condensation; it occurs in the formation of polyoxoanion chains and other very 
large molecules, both synthetic and natural, made of repeating units. 

14.7 GROUP 6A(16): THE OXYGEN FAMILY 

Oxygen (0) and sulfur (S) are among the most important elements in industry, 
the environment, and organisms. Selenium (Se), tellurium (Te), radioactive polo­
nium (Po), and newly synthesized element 1 1 6  lie beneath them in Group 6A( l 6) 
[Family Portrait, p. 444]. 

B P4010 

Figure 14.14 Important oxides of 
phosphorus. A, P 406' B, P 4010' 
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Family Portrait of Group 6A(16): The Oxygen Family 

Key Atomic Properties, Physical Properties, and Reactions 
Atomic No. 
Symbol 

Atomic mass 
Valence e- configuration 
Common oxidation states 

8 

o 
16.00 

2t?2p4 
(-1, -2) 

16 

S 

Atomic 
radius 
(pm) 

o 
73 

Ionic 
radius 
(pm) 

Atomic Properties 
Group electron configuration 
is ns

2
np4. As in Groups 

3A( 1 3) and 5A(1 5), a lower 
(+4) oxidation state 
becomes more common 
down the group. Down the 
group, atomic and ionic size 
increase, and IE and EN 
decrease. 

0 

S 

Se 

Te 

Po 

Electronegativity 
a 2 3 

1314 

4 
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DEN 
DIEl 32.07 

3s23p4 
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82-
184 
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Se 
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+4, +2) 

52 

Te 
127.6 

5s25p4 

(-2, +6, 
+4, +2) 

84 

Po 
(209) 

at?6p4 

(+4, +2) 

116 

(292) 
7t?7p4 

8e 
119 

Te 
142 

Po 
168 

8e2-
198 

P04+ 
94 

Physical Properties 
Melting points increase 
through Te, which has 

'--______ ----' covalent bonding, and then 
decrease for Po, which has 
metallic bonding. Densities 
of the elements as solids 
increase steadily. 

Reactions 

First ionization energy (kJ/mol) 

Density of solid (glmL) 
0 3 6  9 

� 1.50 

O . -183 

Lr -219 

S � 445 � � 4.28 
Se .... �!!iI' 685 

.l1li 6.25 

Te ••• IIIIIII!I�IIIi'_f 990 , 452 

o density 
.bp 
Dmp 

Po •• IIIIIII!I!� •• 962 

� 9.14 

12 

-273 0 500 1000 1500 2000 
Temperature (0C) 

1. Halides are formed by direct combination: 

E(s) + X2(g) -- various halides 

S02 is oxidized further, and the product is used in the final 
step of H2S04 manufacture (Highlights of Sulfur Chemistry): 

(E = S, Se, Te; X = F, Cl) 

2. The other elements in  the group are oxidized by 02: 

E(s) + 02(g) -- E02 (E = S, Se, Te, Po) 
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2S02(g) + 02(g) -- 2S03(g) 



14.7 Group 6A(16): The Oxygen Family 

How Do the Oxygen and Nitrogen Families Compare Physically? 
Group 6A( 1 6) resembles Group SA( 1 S) in many respects. Like nitrogen, oxygen 
occurs as a low-boiling diatomic gas. Like phosphorus, sulfur occurs as a poly­
atomic molecular solid. Like arsenic, selenium occurs as a gray metalloid. Like 
antimony, tellurium is slightly more metallic than the preceding member of its 
group but still displays network covalent bonding. Finally, like bismuth, polonium 
is a metal. Thus, as in Group SA, electrical conductivity increases steadily as 
bonding changes from individual molecules (insulators) to metalloid networks 
(semiconductors) to a metallic solid (conductor). 

Allotropism is common in Group 6A( 1 6) .  Oxygen has two forms: life­
giving dioxygen (02) and poisonous triatomic ozone (03), O2 gas is colorless, 
odorless, paramagnetic, and thermally stable. In contrast, 03 gas is bluish, has 
a pungent odor, is  diamagnetic, and decomposes in heat and in ultraviolet 
(UV) light: 

203(g) � 302(g) 
This ability to absorb high-energy photons makes stratospheric ozone vital to life, 
as we'll discuss in Chapter 1 6. 

The S atom's  ability to bond to itself over a wide range of bond lengths 
and angles makes sulfur the allotrope "champion" of the periodic table, with 
more than 1 0  forms .  The most stable is  orthorhombic a-Sg, which consists of 
crown-shaped molecules of eight atoms, called cyclo-Sg (Figure 14 . 1 S) ;  all other 
S allotropes eventually revert to this one. Some selenium allotropes consist of 
crown-shaped Seg molecules. Gray Se consists of layers of helical chains. Its 
ability to conduct a current when exposed to visible light gave birth to the pho­
tocopying industry. 

How Do the Oxygen and Nitrogen Families Compare Chemically? 
Groups SA( 1 S )  and 6A( 1 6) also have several chemical similarities. Like N and P, 
o and S bond covalently with almost every other nonmetal, even though they 
occur as anions much more often. Se and Te form mostly covalent compounds, 
as do As and Sb, and Po forms many saltlike compounds, as does Bi. In contrast 
to nitrogen, oxygen has few common oxidation states, but the earlier pattern 
returns with the other members: among the common positive ( +6 and +4) states, 
the +4 state is seen more often in Te and Po. 

Oxygen's high EN (3.S) and great oxidizing strength are second only to those 
of fluorine. But the other 6A members are much less electronegative, occur as 
anions much less often, and form hydrides that exhibit no H bonding. 

All the elements except 0 form foul-smelling, poisonous, gaseous hydrides 
by treatment with acid of the metal sulfide, selenide, and so forth. For example, 

FeSe(s) + 2HCl(aq) -- H2Se(g) + FeC12(aq) 
In their bonding and stability, Group 6A hydrides are similar to SA hydrides: 

• Only water forms H bonds, so it melts and boils at much higher temperatures 
than the other hydrides (see Figure 1 2. 1 3) .  

• Bond angles drop from 1 04.So (nearly tetrahedral) in H20 to around 90° 
in hydrides of larger group members, suggesting that the central atom uses 
unhybridized p orbitals. 

• E -H bond length increases and bond energy decreases down the group. One 
result is that 6A hydrides are acids in water, as we discuss in Chapter 1 8 . 

Except for 0, the Group 6A elements form a wide range of halides 
whose stability depends on crowding between lone pairs and surrounding 

halogen (X) atoms. Therefore, with increasing size of E and X, E- X bond 
length increases, electron repulsions between lone pairs and X atoms weaken, 
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Figure 14.15 The cyclo-Ss molecule. 
A, Top view of a space-fi l l ing model of the 
cyclo-Ss molecule. B, Side view of a ball­
and-stick model of the molecule; note the 
crownlike shape. 
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and a greater number of stable halides form. Thus, S, Se, and Te form hexa­
fluorides; Se, Te, and Po form tetrachlorides and tetrabromides; and Te and Po 
form tetraiodides. 

Highlights of Oxygen Chemistry 
Oxygen is the most abundant element on Earth's  surface, occurring in air as 
the free element, combined with hydrogen in water, and combined in innu­
merable oxides, silicates, carbonates, and phosphates. Virtually all O2 has a 
biological origin, having been formed for billions of years by photosynthetic 
algae and multicellular plants in an overall equation that looks simple but 
involves many steps: 

nH20(l) + nC02(g) � n02( g) + (CH20)n (carbohydrates) 

The reverse process occurs during combustion and respiration. 
Every element (except He, Ne, and Ar) forms at least one oxide, many 

by direct combination . For this reason, a useful way to classify elements i s  
by the acid-base properties of  their oxides. The oxides of Group 6A( 1 6) exhibit 
expected trends down the group, with S03 the most acidic and Po02 the 
most basic. 

Highlights of Sulfur Chemistry: Oxides and Oxoacids 
Like phosphorus, sulfur forms two important oxides, sulfur dioxide (S02) and sul­
fur trioxide (S03)' S02 is a colorless, choking gas that forms when S, H2S, or a 
metal sulfide burns in air: 

2H2S(g) + 302(g) -- 2H20(g) + 2S02(g) 

4FeS2(s) + l102(g) -- 2Fe203(S) + 8S02(g) 

In water, sulfur dioxide forms sulfurous acid, which exists in equilibrium with 
hydrated S02 rather than as independent H2S03 molecules: 

S02(aq) + H20(l) � [H2S03(aq)] � H+(aq) + HS03 -(aq) 

(Similarly, carbonic acid occurs in equilibrium with hydrated CO2 and cannot be 
isolated as H2C03 molecules.) Sulfurous acid is weak and has two acidic protons, 
forming the hydrogen sulfite (bisulfite, HS03 -) and sulfite (S03

2
-)  ions with 

strong base. S is in the +4 state in S03 
2
-, so it can be oxidized easily to the +6 

state; thus, sulfites are good reducing agents and are used to preserve foods and 
wine from air oxidation. 

Most S02 produced industrially is used to make sulfuric acid. It is first oxi­
dized to S03 by heating in O2 over a catalyst: 

S02(g) + �02(g) 
�205/K20 catalyst, 

S03(g) 

We discuss catalysts in Chapter 16 and H2S04 production in Chapter 2 1 .  These 
two sulfur oxides also form when sulfur impurities in coal burn and then oxidize 
further. In contact with rain, they form H2S03 and H2S04 and contribute to a 
major pollution problem that we discuss in Chapter 1 9. 

Sulfuric acid ranks first among all industrial chemicals in mass produced. The 
fertilizer, pigment, textile, and detergent industries are just a few that depend on 
it. The concentrated acid is a viscous, colorless liquid that is 98% H2S04 by mass. 
It is a strong acid, but only the first proton dissociates completely. The hydrogen 
sulfate (or bisulfate) ion that results is a weak acid: 

:0: 
II 

.. ... ,,8::::::-"' 0" HO .... ' "'" • •  . 0  

:.?H 
-H' 

-

hydrogen sulfate ion sulfate ion 



14.8 Group 7A(17j: The Halogens 

Looking Backward and Forward: Groups 5A( 15), 
6A(16), and 7A(1 7) 
Groups SA( l S) and 6A( l 6) are very similar in their physical and chemical trends 
(Figure 14 . 1 6).  Their greatest difference is the sluggish behavior of N2 compared 
with the striking reactivity of 02' In both groups, metals appear only as the largest 
members. From here on, metals and metalloids are left behind: all Group 7 A( l7) 
elements are reactive nonmetals .  Anion formation, which was rare in SA and more 
common in 6A, is a dominant feature of 7 A, as is the number of covalent com­
pounds the elements form with oxygen and with each other. 

14.8 GROUP 7 A( 17): THE HALOGENS 

Our last chance to view very active elements occurs in Group 7 A( l7). The halo­
gens begin with fluorine (F), the strongest electron "grabber" of all. Chlorine (CI), 
bromine (Br), and iodine (I) also form compounds with most elements, and even 
rare astatine (At) is thought to be reactive [Group 7 A( l7) Family Portrait, p. 448]. 

What Accounts for the Regular Changes in the Halogens' 
Physical Properties? 
Like the alkali metals, the halogens display regular trends in physical properties. 
But they display opposite trends because of differences in bonding. Alkali metal 
atoms are held together by metallic bonding, which decreases in strength down 
the group .  The halogens, on the other hand, exist as diatomic molecules that inter­
act through dispersion forces, which increase in strength as the atoms become 
larger. Thus, at room temperature, F2 is a very pale yellow gas, Cl2 a yellow­
green gas, Br2 a brown-orange liquid, and 12 a purple-black solid. 

Why Are the Halogens So Reactive? 
The Group 7 A(17) elements form many ionic and covalent compounds: metal and 
nonmetal halides, halogen oxides, and oxoacids. Like the alkali metals, the halo­
gens have an electron configuration one electron away from that of a noble gas : 
whereas a l A  metal atom must lose one electron, a 7 A nonmetal atom must gain 

one. It fills its outer level in either of two ways: 

1 .  Gaining an electron from a metal atom, thus forming a negative ion as the 
metal forms a positive one 

2. Sharing an electron pair with a nonmetal atom, thus forming a covalent bond 

Down the group, reactivity reflects the decrease in electro negativity, but the 
exceptional reactivity of elemental F2 is also related to the weakness of the F -F 
bond. The F-F bond is short, but F is so small that lone pairs on one atom repel 
those on the other, which weakens the bond (Figure 14 . 17). As a result, F2 reacts 
with every element (except He, Ne, and Ar), in many cases, explosively. 
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266 
Bond length (pm) 

S 

F-F 159 

CI-CI 243 

Sr-Sr 193 

1-1 151 
Bond energy (kJ/mol) 
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6 
7 

1A 2A 
(1) (2) 

447 

Figure 14.16 Standing in Group 6A(16), 
looking backward to Group 5A(15) and 
forward to Group 7A(17). 

Figure 14. 17 Bond energies and bond 
lengths of the halogens. A, In keeping 
with the increase in atomic size down the 
group, bond lengths increase steadily. 
B, The halogens show a general decrease 
in bond energy as bond length increases. 
However, F2 deviates from this trend be­
cause its small, close, electron-rich 
atoms repel each other, thereby lowering 
its bond energy. 



Family Portrait of Group 7 A(17): The Halogens 

Key Atomic Properties, Physical Properties, and Reactions 
Atomic �o. 
Symbol 

At0mic mass 
Valence e- configuration 
Common oxidation states 
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Atomic Properties 

Electronegativity 
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Group electron configuration F ....... --------.... __ -="'1 
is ninp5; elements lack one 
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outer level. The - 1 oxida- CI ...... ------T---' 
tion state is the most com­
mon for all members. 
Except for F, the halogens 
exhibit all odd-numbered 
states ( +7 through - 1) .  
Down the group, atomic and 
ionic size increase steadily, 
as IE and EN decrease. 

Physical Properties 
Down the group, melting 
and boiling points increase 
smoothly as a result of 
stronger dispersion forces 
between larger molecules. 
The densities of the elements 
as liquids (at given T) 
increase steadily with molar 
mass. 

Reactions 
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1. The halogens (X2) oxidize many metals and nonmetals. The 
reaction with hydrogen, although not used commercially for 
HX production (except for high-purity HCI), is characteristic 
of these strong oxidizing agents: 

In aqueous base, the reaction goes to completion to form 
hypohalites (see text) and, at higher temperatures, halates; 
for example: 

3CI2(g) + 60H-(aq) � CI03 -(aq) + 5CI-(aq) + 3H20(I) 
X2 + H2(g) -----+ 2HX(g) 

2. The halogens disproportionate in water: 

X2 + H20(l) � HX(aq) + HXO(aq) 

(X = Cl, Br, I) 
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14.8 Group 7 A( 17): The Halogens 

The halogens act as oxidizing agents in the majority of their reactions, and 
halogens higher in the group can oxidize halide ions lower down: 

F2(g) + 2X-(aq) ----- 2F-(aq) + X2(aq) (X = el, Br, I) 
Thus, the oxidizing ability of X2 decreases down the group: the lower the EN, 
the less strongly each X atom pulls electrons. And the reducing ability of X­
increases down the group : the larger the ion, the more easily it gives up its elec­
tron (Figure 14. 1 8).  

Highlights of Halogen Chemistry 
Let's examine the compounds the halogens form with hydrogen and with each 
other, as well as their oxides, oxoanions, and oxoacids. 

The Hydr.ogen Halides The halogens form gaseous hydrogen halides (HX) 
through direct combination with H2 or through the action of a concentrated acid 
on the metal halide. Commercially, HCl forms as a by-product during the chlori­
nation of hydrocarbons to form useful materials, such as poly(vinyl chloride). 

In water, gaseous HX molecules form hydrohalic acids. Only HF, with its 
relatively short, strong bond, forms a weak acid: 

HF(g) + H20(l) � H30+(aq) + F-(aq) 

The others dissociate completely to form the stoichiometric amount of H30+ ions: 

HBr(g) + H20(l) ----- H30+(aq) + Br-(aq) 

(Recall from Chapter 4 that this type of transfer of a proton from acid to H20 is 
a Br¢nsted-Lowry acid-base reaction; we discuss them in Chapter 1 8.)  

Interhalogen Compounds: The "Halogen Halides" Halogens react exothermi­
cally with one another to form many interhalogen compounds. The simplest are 
diatomic molecules, such as CIF or BrCl. Every binary combination of the four 
common halogens is known. The more electronegative halogen is in the -1 oxi­
dation state, and the less electronegative is in the + 1 state; thus, for example, in 
BrCI, Br is + 1 and CI is -1 . Interhalogens of general formula XY" (n = 3, 5, 

7) form when the larger members of the group (X) use d orbitals to expand their 
valence shells. In every case, the central atom has the lower electronegativity and 
a positive oxidation state; thus, for example, in BrF3, Br is + 3 and F is - 1 . 

Halogen Oxides, Oxoacids, and Oxoanions The Group 7 A( l7) elements form 
many oxides that are powerful oxidizing agents. Dichlorine monoxide (C120), 
chlorine dioxide (CI02, with an unpaired electron and CI in the unusual +4 
oxidation state), and dichlorine heptaoxide (Ch07) are important examples. 

The halogen oxoacids and oxoanions are produced by reaction of the halo­
gens and their oxides with water. Most of the oxoacids are stable only in solu­
tion. Table 1 4.3 (next page) shows ball-and-stick models of the acids in which each 
atom has its lowest formal charge; note that H is bonded to O. (We'll discuss fac­
tors that determine the relative strengths of the halogen oxoacids in Chapter 1 8.)  
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Figure 14. 18 The relative oxidizing 
ability of the halogens. A, Halogen re­
dox behavior is based on atomic proper­
ties such as electron affinity, ionic charge 
density, and electro negativity. A halogen 
(X2) higher in the group can oxidize a 
halide ion (X-) lower down. B, As an 
example, when aqueous CI2 is added to a 
solution of 1- (top layer), it oxidizes the I­
to 12, which dissolves in the CCI4 solvent 
(bottom layer) to give a purple solution. 
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'MOlt!. The Known Halogen Oxoacids· 
Central Hypohalous 
Atom Acid (HOX) 

Fluorine 
Chlorine 
Bromine 
Iodine 
Oxoanion 

HOF 
HOC! 
HOBr 
HOI 
Hypohalite 

Halous 
Acid (HOXO) 

HOCIO 
(HOBrO)? 

Halite 

Halie 
Acid (HOX02) 

HOCI02 
HOBr02 
HOI02 
Halate 

Perhalie 
Acid (HOXOa) 

HOCI03 
HOBr03 
HOI03, (HO)5IO 
Perhalate 

*Lone pairs are shown only on the halogen atom. 

The hypohalites (XO-), halites (X02 -), and halates (X03 -) are oxidizing 
agents formed by aqueous disproportionation reactions [see Group 7 A( 1 7) Fam­
ily Portrait]. Potassium chlorate is the oxidizer in "safety" matches. You may have 
heated it in the lab to form small amounts of O2: 

2KCI03(s) � 2KCl(s) + 302(g) 

Some perhalates are especially strong oxidizing agents. Ammonium perchlorate, 
prepared from sodium perchlorate, is the oxidizing agent for the aluminum pow­
der in the solid-fuel booster rocket of the space shuttle; each launch uses more 
than 700 tons of NH4CI04: 

lOAl(s) + 6NH4CI04(s) --+ 4AI203(s) + 12H20(g) + 3N2(g) + 2AICI3(g) 

14.9 GROUP SA(lS}: THE NOBLE GASES 

The Group 8A( 1 8) elements are helium (He, the second most abundant element in 
the universe), neon (Ne), argon (Ar, which makes up about 0.93% of Earth's atmo­
sphere), krypton (Kr), xenon (Xe), and radioactive radon (Rn). Only the last three 
form compounds [Group 8A( 1 8) Family Portrait]. 

How Can Noble Gases Form Compounds? 
Lying at the far right side of the periodic table, the Group 8A( 1 8) elements con­
sist of individual atoms with filled outer levels and the smallest radii in their peri­
ods: even Li, the smallest alkali metal ( 1 52 pm), is bigger than Rn, the largest 
noble gas ( 140 pm). These elements come as close to behaving as ideal gases as 
any substance. They condense and solidify at very low temperatures; in fact, He 
requires an increase in pressure to solidify, 25 atm at -272.2°C. With only dis­
persion forces at work, melting and boiling points increase with molar mass. 

Ever since their discovery in the late 19th century, these elements were con­
sidered, and in fact, were generally referred to as, the "inert" gases. Atomic the­
ory and, more important, all experiments had supported this idea. Then, in 1 962, 
all this changed when the first noble gas compound was prepared. 

The discovery of noble gas reactivity is a classic example of clear thinking 
in the face of an unexpected event. The young inorganic chemist Neil Bartlett was 
studying platinum fluorides. When he accidentally exposed PtF6 to air, its deep­
red color lightened slightly, and analysis showed that the PtF6 had oxidized O2 
to form the ionic compound [02] + [PtF6]- . Knowing that the lEI of O2 to form 
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Family Portrait of Group 8A(1 8): The Noble Gases 

Key Atomic Properties, Physical Properties, and Reactions 
Atomic No. 
Symbol 

Atomic mass Atomic Properties Valence e- configuration 
Common oxidation states Group electron configuration 

is Is2 for He and ns2np6 for 
2 

the others. The valence shell He i s  filled. Only Kr and Xe 
4.003 (and perhaps Rn) are known 

152 
to form compounds. The 

(none) Atomic more reactive Xe exhibits all 
radius even oxidation states (+ 2 to 

10 (pm) 
+ 8). This group contains the Ne smallest atoms with the He 

20.18 31 highest IEs in their periods. 
2�2p6 Down the group, atomic size 
(none) Ne increases and IE decreases 

71 steadily. (EN values are 
18 

given only for Kr and Xe.) Ar Ar 
39.95 98 

3s23p6 

(none) 
Kr 

36 112 Physical Properties 
Kr Melting and boiling points of 

83.80 Xe these gaseous elements are 
4s24p6 

131 extremely low but increase 
(+2) down the group because of 

54 Rn 
stronger dispersion forces. 
Note the extremely small Xe (140) 
liquid ranges. Densities (at 

131.3 STP) increase steadily, as 
5s25p6 

expected. 
(+8, +6, 
+4, +2) 

86 

R n  
(222) 

6s26p6 

(+2) 

Electronegativity 
0 2 3 4 

He 2372 

Ne 2080 

Ar 1520 

3.0 
Kr 

2.6 
Xe 

D EN 
Rn D IE1 
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First ionization energy (kJ/mol) 

0 � 0.178 
He -269 

0.900 
-246 Ne -249 

Ar 

Kr 

Xe 

Rn 

-273 -200 

3 
Density at STP (giL) 

6 9 12 

o density 
.bp 
D mp 

� 3.75 
-153 

- 1 57 

1
5.90 

-108 
-112 � 9.73 
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Temperature (0G) 
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2 Li 
3 Na 

O2 + ( 1 175 kllmol) is very close to IEI of xenon ( 1 170 kllmol), Bartlett reasoned 
that PtF6 could oxidize xenon_ He prepared XePtF6, an orange-yellow solid, and 
within a few months, XeF2 and XeF4 were also prepared. In addition to its +2 
and +4 oxidation states, Xe has the +6 state in several compounds, such as XeF6 
and Xe03, and the + 8 state in the unstable oxide, Xe04' A few compounds of 
Kr and Rn have also been made. 

� 4 K 
g: 5 Rb 

Looking Backward and Forward: Groups 7 A( 1 7), 
8A(1 8), and 1 A(1 ) 

6 Cs 
7 Fr 

1 A  2A 
( 1 )  (2) 

Figure 14. 19 Standing in Group 8A(18), 
looking backward at the halogens, 
Group 7A(1 7), and ahead to the alkali 
metals, Group 1 A(1). 

The great reactivity of the Group 7 A( 17) elements, which form a host of anions, 
covalent oxides, and oxoanions, lies in stark contrast to the unreactivity of their 
8A( 1 8) neighbors. Filled outer levels render the noble gas atoms largely inert, 
with a limited ability to react directly only with highly electronegative fluorine. 
The least reactive family stands between the two most reactive: the halogens and 
the alkali metals (Figure 14. 1 9) ,  and atomic, physical, and chemical properties 
change dramatically from Group 8A( 1 8) to Group l A( l ) .  

For Review and Reference (Numbers i n  parentheses refer to pages, unless noted otherwise.) 
Learn i ng Obiectives 
To help you review these learning objectives, related sections (§) and 
upcoming end-of-chapter problems (EP) are l isted in parentheses. 

1. Compare hydrogen with alkali metals and halogens, and distin­
guish saltlike from covalent hydrides (§ 14.1) (EPs 14. 1 -14.5) 
2. Discuss key features of Group l AO ), and understand how the 
ns l configuration explains physical and chemical properties (§ 14.2) 
(EPs 1 4.7- 14.13) 
3 .  Understand the anomalous behaviors of the Period 2 elements 
(§ 1 4.2) (EPs 14.6, 14.14, 14.20-14.22, 1 4.26, 14.27) 
4. Discuss key features of Group 2A(2), and understand how the 
ni configuration explains differences between Groups 1 A( l )  and 
2A(2) (§ 14.3) (EPs 14.15, 14. 1 7- 1 4.19) 
5. Describe the three main diagonal relationships (§ 14.3) (EPs 
1 4. 1 6, 14.47) 
6. Discuss key features of Group 3A(13), especially patterns in 
oxidation state and oxide acidity; understand how the presence of 
d and f electrons affects group properties; and describe major as­
pects of boron chemistry (§ 14.4) (EPs 1 4.25, 1 4.28-14.34) 
7.  Discuss key features of Group 4A( 14) ,  especially patterns in 
oxidation state and oxide acidity; describe how types of bonding 

Key Terms 
Section 1 4.3 
diagonal relationship (428) 

Section 1 4.5 
allotrope (434) 

silicate (437) 

silicone (437) 

affect physical behavior of Groups 4A to 6A; give examp!es of al­
lotropism in these groups; and describe major aspects of cal-bon 
and silicon chemistry (§ 14.5) (EPs 1 4.35-14 .47) 
8. Discuss key features of Group 5A( 1 5) ,  especially patterns in 
oxidation state, oxide acidity, and hydride and halide structures; 
and describe the nitrogen and phosphorus oxides and oxoacids 
(§ 14.6) (EPs 14.48- 14 .58) 
9. Discuss key features of Group 6A(16) ;  compare the patterns in 
oxidation state, oxide acidity, and hydride and halide structures 
with those of Group 5A( l 5) ;  and describe the sulfur oxides and 
oxoacids (§ 14.7) (EPs 14.59-14.67) 
10. Discuss key features of Group 7 A(l7) ,  understand how inter­
molecular forces and the ninps configuration account for physi­
cal and chemical properties, and describe the halogen oxides and 
oxoacids (§ 14.8) (EPs 1 4.68- 14 .75) 
1 1 .  Discuss key features of Group 8A( l 8) ,  understand how inter­
molecular forces and the ninp6 configuration account for physi­
cal and chemical properties, and explain how xenon can form 
compounds ( §  1 4.9) (EPs 14.76-1 4.78) 

Section 1 4.6 
disproportionation 

reaction (441 )  

dehydration-condensation 
reaction (443) 



Problems 
Problems with colored numbers are answered in  Aprendix E.  
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are grouped in pairs 
( indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or previ­
ous chapter. 

Hydrogen, the Simplest Atom 

1 4. 1  Hydrogen has only one proton, but its lEI is much greater 
than that of lithium, which has three protons. Explain. 

1 1 4.2 Complete and balance the following equations: 
(a) An active metal reacting with acid, 

Al(s) + HCI(aq) --+ 

(b) A saltlike (alkali metal) hydride reacting with water, 

LiH(s) + H20(I) --+ 
1 4.3 Complete and balance the following equations:  

(a) A saltlike (alkaline earth metal) hydride reacting with water, 

CaH2(s) + H20(I) --+ 
(b) Reduction of a metal halide by hydrogen to form a metal, 

PdCI2(aq) + H2(g) --+ 

1 4.4 Compounds such as NaBH4, AI(BH4)3, and LiAIH4 are com­
plex hydrides used as reducing agents in many syntheses. 
(a) Give the oxidation state of each element in these compounds. 
(b) Write a Lewis structure for the polyatomic anion in NaBH4' 
and predict its shape. 

1 4.5 Unlike the F- ion, which has an ionic radius close to 
1 33 pm in all alkali metal fluorides, the ionic radius of H- varies 
from 137 pm in LiH to 152 pm in CsH. Suggest an explanation 
for the large variability in the size of H- but not F- . 

Group 1 A( 1 ): The Alkali Metals 

1 4.6 Lithium salts are often much less soluble in water than the 
corresponding salts of other alkali metals. For example, at 1 8°C, 
the concentration of a saturated LiF solution is l .OX 1 0-

2 M, 
whereas that of a saturated KF solution is  1.6 M. How would you 
explain this behavior? 

1 4.7 The alkali metals play virtually the same general chemical 
role in all their reactions. 
(a) What is this role? 
(b) How is it based on atomic properties? 
(c) Using sodium, write two balanced equations that illustrate 
this role. 

1 4.8 How do atomic properties account for the low densities of the 
Group l AO )  elements? 

1 1 4.9 Each of the following properties shows regular trends in  
Group l A( l ) . Predict whether each increases or  decreases down 
the group: (a) density; (b) ionic size; (c) E-E bond energy; 
(d) lE I ;  (e) magnitude of /::,.Hhydr of E+ ion. 

1 4. 1 0  Each of the following properties shows regular trends in 
Group l A( l ) . Predict whether each increases or decreases up the 
group: (a) melting point; (b) E-E bond length; (c) hardness; 
(d) molar volume; (e) lattice energy of EBr. 

1 4. 1 1 Write a balanced equation for the formation from its ele­
ments of sodium peroxide, an industrial bleach. 
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1 4. 1 2  Write a balanced equation for the formation of rubidium 
1 bromide through a reaction of a strong acid and a strong base. 

1 4. 1 3  Although the alkali metal halides can be prepared directly 
from the elements, the far less expensive industrial route is treat­
ment of the metal carbonate or hydroxide with aqueous hydrohalic 
acid (HX) followed by recrystallization. Balance the reaction be­
tween potassium carbonate and aqueous hydriodic acid. 

1 4. 1 4  Lithium forms several useful organolithium compounds. 
Calculate the mass percent of Li in the following: 
(a) Lithium stearate (C1 7H3sCOOLi), a water-resistant grease 
used in cars because it does not harden at cold temperatures 
(b) Butyllithium (LiC4H9), a reagent in organic syntheses 

Group 2A(2): The Alkaline Earth Metals 

1 4. 1 5  How do Groups l A( l )  and 2A(2) compare with respect to 
reaction of the metals with water? 

1 4. 1 6  Alkaline earth metals are involved in two key diagonal rela­
tionships in the periodic table. (a) Give the two pairs of elements 
in these diagonal relationships. (b) For each pair, cite two simi­
larities that demonstrate the relationship. (c) Why are the mem­
bers of each pair so similar in behavior? 

1 4. 1 7  The melting points of alkaline earth metals are many times 
higher than those of the alkali metals. Explain this difference on 
the basis of atomic properties. Name three other physical prop­
erties for which Group 2A(2) metals have higher values than the 
corresponding l AO )  metals. 

1 1 4. 1 8  Write a balanced equation for each reaction: 
(a) "Slaking" (treatment with water) of lime, CaO 
(b) Combustion of calcium in air 

1 4. 1 9  Write a balanced equation for each reaction : 
(a) Thermal decomposition of witherite (barium carbonate) 
(b) Neutralization of stomach acid (HCl) by milk of magnesia 
(magnesium hydroxide) 

1 4.20 In some reactions, Be behaves like a typical alkaline earth 
metal; in others, it does not. Complete and balance the follow­
ing equations: 
(a) BeO(s) + H20(I) --+ 
(b) BeCI2(l) + Cl-(l; from molten NaCI) -
In which reaction does Be behave like the other Group 2A(2) 
members? 

Group 3A( 1 3): The Boron Family 

1 4.21 How does the maximum oxidation number vary across a 
period in the main groups? Is the pattern in Period 2 different? 

1 4.22 What cOlTelation, if any, exists for the Period 2 elements be­
tween group number and the number of covalent bonds the ele­
ment typically forms? How is the correlation different for 
elements in Periods 3 to 6? 

1 4.23 How do the transition metals in Period 4 affect the pattern of 
ionization energies in Group 3A( l 3)?  

1 4.24 How do the acidities of aqueous solutions ofTl20 and TI203 
compare with each other? Explain. 

1 4.25 Despite the expected decrease in atomic size, there is an un­
expected drop in the first ionization energy between Groups 
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2A(2) and 3A( 1 3) in Periods 2 through 4. Explain this pattern in 
terms of electron configurations and orbital energies. 

1 4.26 Many compounds of Group 3A( l 3) elements have chemical 
behavior that reflects an electron deficiency. 
(a) What is the meaning of electron deficiency ? 
(b) Give two reactions that illustrate this behavior. 

1 4.27 Boron's chemistry is not typical of its group. 
(a) Cite three ways in which boron and its compounds differ sig­
nificantly from the other 3A( l 3) members and their compounds. 
(b) What is the reason for these differences? 

1 1 4.28 Rank the following oxides in order of increasing aqueous 
acidity: GaZ03, A1203, Inz03' 

1 4.29 Rank the following hydroxides in order of increasing aque­
ous basicity: Al(OH)3, B(OH)3, In(OHh 

1 4.30 Thallium forms the compound T1l3. What is the appar­
ent oxidation state of Tl in this compound? Given that the 
anion is 13 - , what is the actual oxidation state of TI? Draw 
the shape of the anion, giving its VSEPR class and bond 
angles. Propose a reason why the compound does not exist 
as (TI

3+) (I-h.  
1 4.3 1 Very stable dihalides of  the Group 3 A( l 3) metals are 

known. What is the apparent oxidation state of Ga in GaCI2? 
Given that GaClz consists of a Ga + cation and a GaCl4 - anion, 
what are the actual oxidation states of Ga? Draw the shape of the 
anion, giving its VSEPR class and bond angles. 

1 4.32 Give the name and symbol or formula of a Group 3A( l 3) 
element or compound that fits each description or use: 
(a) Largest temperature range for liquid state of an element 
(b) Elementary substance with three-center, two-electron bonds 
(c) Metal protected from oxidation by adherent oxide coat 
(d) Toxic metal that lies between two other toxic metals 

1 4.33 Indium (In) reacts with HCI to form a diamagnetic solid 
with the formula InCI2. 
(a) Write condensed electron configurations for In, In + , In

2+ , 
and In

3+. 
(b) Which of these species is (are) diamagnetic and which 
paramagnetic? 
(c) What is the apparent oxidation state of In in InCI2? 
(d) Given your answers to parts (b) and (c) , explain how InCl2 
can be diamagnetic. 

1 4.34 Use VSEPR theory to draw structures, with ideal bond an­
gles, for boric acid and the anion it forms in reaction with water. 

Group 4A( 1 4): The Carbon Family 

1 4.35 How do the physical properties of a network covalent solid 
and a molecular covalent solid differ? Why? 

1 4.36 How does the basicity of Sn02 in water compare with that 
of CO2? Explain. 

1 4.37 Nearly every compound of silicon has the element in the +4 
oxidation state. In contrast, most compounds of lead have the 
element in the +2 state. 
(a) What general observation do these facts illustrate? 
(b) Explain in terms of atomic and molecular properties. 
(c) Give an analogous example from Group 3A( 1 3) .  

1 4.38 The sum of IE ,  through IE4 for Group 4A( l 4) elements 
shows a decrease from C to Si ,  a slight increase from Si to Ge, a 
decrease from Ge to Sn, and an increase from Sn to Pb. 
(a) What is the expected trend for ionization energy down 
a group? 

(b) Suggest a reason for the deviations from the expected trend. 
(c) Which group might show even greater deviations? 

1 4.39 Give explanations for the large drops in melting point from 
C to Si and from Ge to Sn. 

1 4.40 What is  an allotrope? Name a Group 4A( l 4) element that 
exhibits allotropism, and name its three allotropes. 

1 4.41 Even though EN values vary relatively l ittle down Group 
4A( 1 4) ,  the elements change from nonmetal to metal. Explain. 

1 4.42 How do atomic properties account for the enormous number 
of carbon compounds? Why don't other Group 4A( l 4) elements 
behave similarly? 

1 1 4.43 Draw a Lewis structure for 
(a) The cyclic silicate ion S i40 , }-
(b) A cyclic hydrocarbon with formula C4Hs 

1 4.44 Draw a Lewis structure for 
(a) The cyclic silicate ion Si60 , s ' 2-

1 (b) A cyclic hydrocarbon with formula C6H ' 2 

1 4.45 Zeolite A, Nad(AlOz) dSi02) 1 2l ·27H20, is used to soften 
water by replacing Ca

2+ and Mg
2+ with Na + .  Hard water from 

a certain source is 4.5X 1 0-
3 M Ca

2+ and 9 .2X 1 0-4 M Mg
2+, 

and a pipe delivers 25,000 L of this hard water per day. What 
mass (in kg) of zeolite A is needed to soften a week's supply of 
the water? (Assume zeolite A loses its capacity to exchange ions 
when 85 mol % of its Na + has been lost.) 

1 4.46 Give the name and symbol or formula of a Group 4A( l 4) 
element or compound that fits each description or use: 
(a) Hardest known substance 
(b) Medicinal antacid 
(c) Atmospheric gas implicated in the greenhouse effect 
(d) Gas that binds to iron(II) in blood 
(e) Toxic metal found in plumbing and paints 

1 4.47 One similarity between B and Si is the explosive combus­
tion of their hydrides in air. Write balanced equations for the 
combustion of B2H6 and of Si4H, o. 

Group SA( l S): The Nitrogen Family 

1 4.48 The Group 5A( l 5) elements form all the trihalides but not 
pentahalides. Explain. 

1 4.49 As you move down Group 5A( l 5) ,  the melting points of the 
elements increase and then decrease. Explain. 

1 4.50 (a) What is the range of oxidation states shown by the 
elements of Group 5A(l 5) as you move down the group? 
(b) How does this range il lustrate the general rule for the 
range of oxidation states in groups on the right side of the 
periodic table? 

1 4.51 (a) How does the type of bonding in element oxides corre­
late with the electronegativity of the elements? 
(b) How does the acid-base behavior of element oxides correlate 
with the electronegativity of the elements? 

1 4.52 (a) How does the metallic character of an element correlate 
with the acidity of its oxide? 
(b) What trends, if any, exist in oxide basicity across a period and 
down a group? 

1 4.53 Rank the following oxides in order of increasing acidity in 

water: Sb203, Bi203, P40IO, Sb20s. 

1 1 4.54 Complete and balance the following: 
(a) As(s) + excess OzCg) � 
(b) Bi(s) + excess F2(g) � 
(c) Ca3As2(S) + H20(l) � 



1 4.55 Complete and balance the following: 
(a) Excess Sb(s) + Br2(l) � 
(b) HN03(aq) + MgC03(s) � 
(c) PFs(g) + H20(l) � 

14.56 The pentafluorides of the larger members of Group 5A( l 5) 
have been prepared, but N can have only eight electrons. A claim 
has been made that, at low temperatures, a compound with the 
empirical formula NFs forms.  Draw a possible Lewis structure 
for this compound. (Hint: NFs is ionic.)  

1 4.57 Give the name and symbol or formula of a Group 5A( l 5) el­
ement or compound that fits each description or use: 
(a) Hydride produced at multimill ion-ton level 
(b) Element(s) essential in plant nutrition 
(c) Oxide used as a laboratory drying agent 
(d) Odd-electron molecule (two examples) 
(e) Element that is an electrical conductor 

1 4.58 Nitrous oxide (N20), the "laughing gas" used as an anes­
thetic by dentists, is made by thermal decomposition of solid 
NH4N03. Write a balanced equation for this reaction. What are 
the oxidation states of N in NH4N03 and in N20? 

Group 6A( 1 6): The Oxygen Family 

1 4.59 Rank the following in order of increasing electrical conduc­
tivity, and explain your ranking: Po, S, Se. 

1 4.60 The oxygen and nitrogen families have some obvious simi­
larities and differences. 
(a) State two general physical similarities between Group 
5A( l5 )  and 6A( l 6) elements. 
(b) State two general chemical similarities between Group 
5A( l 5) and 6A( l 6) elements. 
(c) State two chemical similarities between P and S .  
(d) State two physical simi larities between N and 0 .  
(e) State two chemical differences between N and 0 .  

1 4.6 1 A molecular property of  the Group 6A(  16)  hydrides 
changes abruptly down the group. This change has been ex­
plained in terms of a change in orbital hybridization. 
(a) Between what periods does the change occur? 
(b) What is the change in the molecular property? 
(c) What is the change in hybridization? 
(d) What other group displays a similar change? 

1 1 4.62 Complete and balance the following: 
(a) NaHS04(aq) + NaOH(aq) � 
(b) S8(S) + excess Fig) � 
(c) FeS(s) + HCl(aq) � 

1 4.63 Complete and balance the following: 
(a) H2S(g) + 02(g) � 
(b) S03(g) + H20(l) � 
(c) SF4(g) + H20(l) � 

1 4.64 Is each oxide basic, acidic, or amphoteric in water: 
(a) Se02; (b) N203; (c) K20; (d) BeO; (e) BaO? 

1 4.65 Is each oxide basic, acidic, or amphoteric III water: 

1 (a) MgO; (b) N20S; (c) CaO; (d) CO2; (e) Te02? 

1 4.66 Give the name and symbol or formula of a Group 6A( l 6) el­
ement or compound that fits each description or use: 
(a) Unstable allotrope of oxygen 
(b) Oxide having su lfur in the same oxidation state as 1 11 
sulfuric acid 
(c) Air pollutant produced by burning sulfur-containing coal 

Problems 455 

1 4.67 Disulfur decafluoride is intermediate in reactivity between 
SF4 and SF6. It dis proportionates at 150°C to these monosulfur 
fluorides. Write a balanced equation for this reaction, and give 
the oxidation state of S in each compound. 

Group 7 A( 1 7):  The Halogens 

1 4.68 Iodine monochloride and elemental bromine have nearly 
the same molar mass and liquid density but very different boil­
ing points. 
(a) What molecular property is primarily responsible for this dif­
ference in boiling point? What atomic property gives rise to it? 
Explain. 
(b) Which substance has a higher boiling point? Why? 

1 4.69 Explain the change in physical state down Group 7 A( 1 7) in 
terms of molecular properties. 

1 4.70 (a) What are the common oxidation states of the halogens? 
(b) Give an explanation based on electron configuration for the 
range and values of the oxidation states of chlorine. 
(c) Why is fluorine an exception to the pattern of oxidation states 
found for the other group members? 

1 4.71 Select the stronger bond in each pair: 
(a) Cl-CJ or Br-Br 
(b) Br-Br or I-I  
(c) F-F or  Cl-Cl. Why doesn't  the F-F bond strength follow 
the group trend? 

1 4.72 A halogen (X2) disproportionates in base in several steps to 
X- and X03 - . Write the overall equation for the disproportion­
ation of Br2 to Br - and Br03 -. 

1 1 4.73 Complete and balance the following equations. If no reac­
tion occurs, write NR: 
(a) I2(s) + H20(l) � 
(b) Br2(l) + I -(aq) � 
(c) CaP2(s) + H2S04(1) � 

1 4.74 Complete and balance the following equations. If no reac­
tion occurs, write NR: 
(a) CI2(g) + I-(aq) � 
(b) Br2(l) + Cl-(aq) � 
(c) CIF(g) + F2(g) � 

1 4.75 An industrial chemist treats solid NaCI with concentrated 
H2S04 and obtains gaseous HCI and NaHS04. When she substi­
tutes solid NaI for NaCl, gaseous H2S, solid I2, and S8 are ob­
tained but no HI. 
(a) What type of reaction did the H2S04 undergo with NaI? 
(b) Why does NaI, but not NaCI, cause this type of reaction? 
(c) To produce HI(g) by the reaction of NaI with an acid, how 
does the acid have to differ from sulfuric acid? 

Group 8A( 1 8): The Noble Gases 

1 4.76 Which noble gas is the most abundant in the universe? In 
Earth's atmosphere? 

1 4.77 Why do the noble gases have such low boiling points? 
1 4.78 Explain why Xe and, to a limited extent, Kr form com­

pounds, whereas He, Ne, and Ar do not. 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

1 4.79 The main reason alkali metal dihalides (MX2) do not form 
is the high IE2 of the metal. 
(a) Why is IE2 so high for alkali metals? 
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(b) The IE2 for Cs is 2255 kllmol,  low enough for CSF2 to form 
exothermically (D.H� = - 1 25 kllmol). This compound cannot 
be synthesized, however, because CsF forms with a much greater 
release of heat (D.H� = -530 kllmo\) . Thus, the breakdown of 
CSF2 to CsF happens readily. Write the equation for this break­
down, and calculate the heat of reaction per mole of CsF. 

1 4.80 Semiconductors made from elements in Groups 3A( 1 3) and 
5A( l 5 )  are typically prepared by direct reaction of the elements 
at high temperature. An engineer treats 32.5 g of molten gal­
lium with 20A L of white phosphorus vapor at 5 15 K and 
1 95 kPa. If purification losses are 7.2% by mass, how many 
grams of gallium phosphide will be prepared? 

* 1 4.81 Two substances with empirical formula HNO are hyponi­
trous acid (M = 62.04 g/mol) and nitroxyl (M = 3 1 .02 g/mol). 
(a) What is the molecular formula of each species? 
(b) For each species, draw the Lewis structure having the lowest 
formal charges .  (Hint: Hyponitrous acid has an N=N bond.) 
(c) Predict the shape around the N atoms of each species. 
(d) When hyponitrous acid loses two protons, it forms the hy­
ponitrite ion. Because the double bond restricts rotation (Section 
1 1 .2), there are two possible structures for this ion; draw them. 

1 4.82 For the species CO, CN-,  and C/-, 
(a) Draw their Lewis structures. 
(b) Draw their MO diagrams (assume 2s-2p mixing, as in N2), 
and give the bond order and electron configuration for each. 

* 1 4.83 The Ostwald process is a series of three reactions used for 
the industrial production of nitric acid from ammonia. 
(a) Write a series of balanced equations for the Ostwald process. 
(b) If NO is not recycled, how many moles of NH3 are consumed 
per mole of RN03 produced? 
(c) In a typical industrial unit, the process is very efficient, with 
a 96% yield for the first step. Assuming 1 00% yields for the sub­
sequent steps, what volume of nitric acid (60.% by mass;  d = 

1 .37 g/mL) can be prepared for each cubic meter of a gas mix­
ture that is 90.% air and 1 0.% NH3 by volume at the industrial 
conditions of 5.0 atm and 850.oC? 

1 4.84 What is a disproportionation reaction, and which of the fol­
lowing fit the description? 
(a) 12(s) + KI(aq) - KI3(aq) 
(b) 2Cl02(g) + H20(l) - HCI03(aq) + HCl02(aq) 
(c) CI2(g) + 2NaOH(aq) -

NaCI(aq) + NaCIO(aq) + H20(l) 
(d) NH4N02(s) - N2(g) + 2H20(g) 
(e) 3MnO/-(aq) + 2H20(l) -

2Mn04 - (aq) + MnOz(s) + 40H- (aq) 
(f) 3AuCI(s) - AuCI3(s) + 2Au(s) 

1 4.85 Which group(s) of the periodic table is (are) described by 
each of the following general statements? 

(a) The elements form neutral compounds of VSEPR class 
AX3E. 
(b) The free elements are strong oxidizing agents and form 
monatomic ions and oxoanions. 
(c) The valence electron configuration allows the atoms to form 
compounds by combining with two atoms that donate one elec­
tron each. 
Cd) The free elements are strong reducing agents, show only one 
nonzero oxidation state, and form mainly ionic compounds. 
(e) The elements can form stable compounds with only three 
bonds, but as a central atom, they can accept a pair of electrons 
from a fourth atom without expanding their valence shell. 
(f) Only larger members of the group are chemically active. 

1 4.86 Bromine monofluoride (BrF) disproportionates to bromine 
gas and bromine tri- and pentafluorides. Use the fol lowing to 
find D.H�xn for the decomposition of BrF to its elements: 

3BrF(g) - Br2(g) + BrF3(l) D.Hrxn = - 125.3 kl 
5BrF(g) - 2Br2(g) + BrFs(l) D.Hrxn = - 166. 1 kJ 

BrF3(l) + F2(g) - BrFs(l) D.Hrxn = - 158.0 kl 
* 1 4.87 In addition to A12C16, aluminum forms other species 

with bridging halide ions to two aluminum atoms. One such 
species is the ion AI2Cl7 - . The ion is symmetrical, with a 1 80° 
AI-CI-AI bond angle. 
(a) What orbitals does Al use to bond with the CI atoms? 
(b) What is the shape around each AI? 
(c) What is the hybridization of the central CI? 
(d) What do the shape and hybridization suggest about the pres­
ence of lone pairs of electrons on the central CI? 

1 4.88 The bond angles in the nitrite ion, nitrogen dioxide, and the 
nitronium ion (N02 +) are 115°, 1 34°, and 1 80°, respectively. 
Explain these values using Lewis structures and VSEPR theory. 

1 4.89 The triatomic molecular ion H3 + was first detected and 
characterized by 1. l. Thomson using mass spectrometry. Use the 
bond energy of H2 (432 kllmol) and the proton affinity of H2 
(H2 + H + - H3 + ;  D.H = - 337 kllmol) to calculate the heat 
of reaction for 

H + H + H+ - H3+ 
* 1 4.90 Copper(II) hydrogen arsenite (CuHAs03) is a green pig­

ment once used in wallpaper; in fact, forensic evidence suggests 
that Napoleon may have been poisoned by arsenic from his wall­
paper. In damp conditions, mold metabolizes this compound to 
trimethylarsenic [(CH3)3As], a highly toxic gas. 
(a) Calculate the mass percent of As in each compound. 
(b) How much CuHAs03 must react to reach a toxic level in a 
room that measures 1 2.35 m X 7 .52 m X 2.98 m (arsenic is toxic 
at 0.50 mg/m3)? 



Organic Beauty A polarized light micrograph of vitamin E crystals reveals a striking 
pattern. As you ' ll see in this chapter, molecular models of organic compounds are 
beautiful as well. These substances occur throughout every living thing and as count­
less industrial and medical products. 

Key Principles 
• Carbon's unusual ability to bond to other carbons and to many other 

nonmetals gives its compounds structural complexity and chemical 
diversity. The diversity arises from the presence of functional 
groups, specific combinations of bonded atoms that react in 
characteristic ways. 

• Hydrocarbons (containing only C and H) are classified as alkanes 
(all single bonds), alkenes (at least one C = C  bond), alkynes 
(at least one C C bond), and aromatic (at least one planar ring 
with delocalized 'IT electrons). The C = C  and C C bonds are 
functional groups. 

• Two kinds of isomers are important in organic chemistry. Constitutional 
(structuralj isomers have different arrangements of atoms. 
Stereoisomers have the same atom arrangement but different 
spatial orientations. There are two types: optical isomers are mirror 
images that cannot be superimposed, and geometric (cis-trans) 
isomers have different orientations of groups around a C=C bond. 

• Three common types of organic reactions are addition (two atoms or 
groups are added and a C=C bond is converted to a C-C bond), 
elimination (two atoms or groups are removed and a C-C bond is 
converted to a C = C  bond), and substitution (one atom or group 
replaces another). 

Outl ine 
Alkynes 

C HAPTE R F IFTEEN 

0rgan ic Compou nds 
and the Atomic 
Properties of Carbon 

• Functional groups undergo characteristic reactions: groups with only 
single bonds (alcohol, amine, and alkyl halide) undergo substitution 
or elimination; groups with double bonds (alkene, aldehyde, and 
ketone) and those with triple bonds (alkyne and nitrile) undergo 
addition; and groups with both single and double bonds (acids, 
esters, and amides) undergo substitution. 

• Polymers are made by covalently linking many small repeat units 
(monomers). The monomer can be selected to give synthetic 
polymers desired properties. Polysaccharides, proteins, and 
nucleic acids are natural polymers. DNA occurs as a double helix, 
with bases in each strand H-bonded to specific bases in the other. 
The base sequence of an organism's DNA determines the 
amino-acid sequences of its proteins, which determine the 
protein's functions. 

1 5.5 The Monomer-Polymer Theme I: 1 5.1  The Special Nature of Carbon and the 
Characteristics of Organic Molecules 
Structural Complexity 

Aromatic Hydrocarbons Synthetic Macromolecules 
Addition Polymers 
Condensation Polymers Chemical Diversity 

1 5.2 The Structures and Classes of 
Hydrocarbons 
Carbon Skeletons and Hydrogen Skins 
Alkanes 
Constitutional Isomers 
Optical Isomers 
Alkenes and Geometric Isomers 

1 5.3 Some Important Classes of Organic 
Reactions 

1 5.4 Properties and Reactivities of Common 
Functional Groups 
Groups with Only Single Bonds 
Groups with Double Bonds 
Groups with Single and Double Bonds 
Groups with Triple Bonds 

1 5.6 The Monomer-Polymer Theme I I :  
Biological Macromolecules 
Sugars and Polysaccharides 
Amino Acids and Proteins 
Nucleotides and Nucleic Acids 
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Concepts & Ski l l s to Review 
Before You Study This Chapter 

• naming simple organic compounds 
(Section 2.8) 

• constitutional (structural) isomers 
(Section 3.2) 

• �EN and bond polarity (Section 9.5) 
• resonance structures (Section 1 0 . 1 )  
• VSEPR theory (Section 1 0.2) 
• orbital hybridization (Section 1 1 . 1 )  
• (J" and 1T bonding (Section 1 1 .2) 
• types of intermolecular forces 

(Section 1 2.3) 
• properties of the Period 2 elements 

(Section 1 4.2) 
• properties of the Group 4A(14) 

elements (Section 1 4.5) 

1 H 
2 U B� 

-0 3 
co 6" 4 
0. 

5 
6 
7 

1 A 2A 
( 1 )  (2) 

Figure 1 5. 1 The position of carbon in 
the periodic table. Lying at the center 
of Period 2, carbon has an intermediate 
electro negativity (EN), and its position at 
the top of Group 4A(1 4) means it is rela­
tively smal l .  Other elements common in 
organic compounds are H, N, 0,  P, S, and 
the halogens. 

CHAPTER 1 5  Organic Compounds and the Atomic Properties of Carbon 

I s there any chemical system more remarkable than a living cell? Through deli­
cately controlled mechanisms, it oxidizes food for energy, maintains the con­

centrations of thousands of aqueous components, interacts continuously with its 
environment, synthesizes both simple and complex molecules, and even repro­
duces itself! For all our technological prowess, no human-made system even 
approaches the cell in its complexity and sheer elegance of function. 

This amazing chemical machine consumes, creates, and consists largely of 
organic compounds. Except for a few inorganic salts and ever-present water, 
everything you put into or on your body-food, medicine, cosmetics, and cloth­
ing-consists of organic compounds. Organic fuels warm our homes, cook our 
meals, and power our society. Major industries are devoted to producing organic 
compounds, such as polymers, pharmaceuticals, and insecticides. 

What is an organic compound? Dictionaries define it as "a compound of car­
bon," but that definition is too general because it includes carbonates, cyanides, 
carbides, cyanates, and other carbon-containing ionic compounds that most 
chemists classify as inorganic. Here is a more specific definition: all organic com­
pounds contain carbon, nearly always bonded to other carbons and hydrogen, and 
often to other elements. 

In the early 1 9th century, organic compounds were thought to possess a spir­
itual "vital force" and to be impossible to synthesize. Today, we know that the 

same chemical principles govern organic and inorganic systems because the 
behavior of a compound arises from the properties of its elements, no matter how 
marvelous that behavior may be. 

1 5. 1  THE SPECIAL NATURE OF CARBON AND THE 
CHARACTERISTICS OF ORGANIC MOLECULES 

Although there is nothing mystical about organic molecules, their indispensable 
role in biology and industry leads us to ask if carbon has some extraordinary attri­
butes that give it a special chemical "personality." Of course, each element has its 
own specific properties, and carbon is no more unique than sodium, hafnium, or 
any other element. But the atomic properties of carbon do give it bonding capa­
bilities beyond those of any other element, which in turn lead to the two obvioLls 
characteristics of organic molecules-structural complexity and chemical diversity. 

The Structural Complexity of Organic Molecules 
Most organic molecules have much more complex structures than most inorganic 
molecules, and a quick review of carbon's atomic properties and bonding behav­
ior shows why: 

1 .  Electron configuration, electronegativity, and covalent bonding. Carbon's 
ground-state electron configuration of [He] 2S22p2 -four electrons more than He 
and four fewer than Ne-means that the formation of carbon ions is energetically 
impossible under ordinary conditions. Carbon's position in the periodic table (Fig­
ure 1 5 . 1 ) and its electronegativity are midway between the most metallic and 
nonmetallic elements of Period 2: Li = 1 .0, C = 2.5,  F = 4.0. Therefore, car­

bon shares electrons to attain a filled outer (valence) level, bonding covalently in 
all its elemental forms and compounds. 

2. Bond properties, catenation, and molecular shape. The number and strength 

of carbon's bonds lead to its outstanding ability to catenate (form chains of atoms), 
which allows it to form a multitude of chemically and thermally stable chain, ring, 
and branched compounds. Through the process of orbital hybridization (Section 
1 1 . 1 ) , carbon forms four bonds in virtually all its compounds, and they point in 
as many as four different directions. The small size of carbon allows close approach 
to another atom and thus greater orbital overlap, meaning that carbon forms 
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relatively short, strong bonds. The C-C bond is short enough to allow side-to­
side overlap of half-filled, unhybridized p orbitals and the formation of multiple 
bonds, which restrict rotation of attached groups (see Section 1 1 .2). These features 
add more possibilities for the shapes of carbon compounds. 

3. Molecular stability. Although silicon and several other elements also cate­
nate, Done can compete with carbon. Atomic and bonding properties confer three 
crucial differences between C and Si chains that explain why C chains are so sta­
ble and, therefore, so common: 

• Atomic size and bond strength. As atomic size increases down Group 4A( 1 4),  
bonds between identical atoms become longer and weaker. Thus, a C-C bond 
(347 kJ/mol) is much stronger than an Si -Si bond (226 kJ/mol). 

• Relative heats of reaction. A C - C  bond (347 kJ/mol) and a C-O bond 
(358 kJ/mol) have nearly the same energy, so relatively little heat is released 
when a C chain reacts and one bond replaces the other. In contrast, an Si-O 
bond (368 kJ/mol) is much stronger than an Si  -Si bond (226 kJ/mo!), so a 
large quantity of heat is released when an Si chain reacts. 

• Orbitals available for reaction. Unlike C, Si has low-energy d orbitals that can 
be attacked (occupied) by the lone pairs of incoming reactants. Thus, for 
example, ethane (CH3-CH3) is  stable in water and does not react in air unless 
sparked, whereas disilane (SiH3-SiH3) breaks down in water and ignites 
spontaneously in air. 

The Chemical Diversity of Organic Molecules 
In addition to their elaborate geometries, organic compounds are noted for their 
sheer number and diverse chemical behavior. Several million of these compounds 
are known, and thousands more are discovered or synthesized each year. This 
incredible diversity is also founded on atomic and bonding behavior and is due 
to three interrelated factors: 

1 .  Bonding to heteroatoms. Many organic compounds contain heteroatoms, 
atoms other than C or H. The most common heteroatoms are N and 0, but S, P, 
and the halogens often occur as well. Figure 1 5 .2 shows that 23 different molec­
ular structures are possible from various arrangements of four C atoms singly 
bonded to each other, the necessary number of H atoms, and just one 0 atom 
(either singly or doubly bonded). 

2. Electron density and reactivity. Most reactions start-that is, a new bond 
begins to form-when a region of high electron density on one molecule meets 

a region of low electron density on another. These regions may be due to the pres­
ence of a multiple bond or to the partial charges that occur in carbon-heteroatom 
bonds. For example, consider four bonds commonly found in organic molecules: 

• The C-C bond. When C is singly bonded to another C, as occurs in portions 
of nearly every organic molecule, the EN values are equal and the bond is non­
polar. Therefore, in general, C- C bonds are unreactive. 

• The C-H bond. This bond, which also occurs in nearly every organic molecule, 
is very nearly nonpolar because it is short ( 1 09 pm) and the EN values of H (2. 1 )  
and C (2.5) are close. Thus, C-H bonds are largely unreactive as well. 

• The c-o bond. This bond, which occurs in many types of organic molecules, 
is highly polar (LlEN = 1 .0), with the 0 end of the bond electron rich and the 
C end electron poor. As a result of this imbalance in electron density, the C-O 
bond is reactive and, given appropriate conditions, a reaction will occur there. 

• Bonds to other heteroatoms. Even when a carbon-heteroatom bond has a small 
LlEN, such as that for C -Br (LlEN = 0.3), or none at all, as for C-S 
(LlEN = 0), heteroatoms like these are large, arid so  their bonds to carbon are 
long, weak, and thus reactive. 
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Figure 15.2 The chemical diversity of 
organic compounds. Different arrange­
ments of chains, branches, rings, and 
heteroatoms give rise to many structures. 
There are 23 different compounds possi­
ble from just four C atoms joined by 
single bonds, one 0 atom, and the nec­
essary H atoms. 
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3. Nature of functional groups. One of the most important ideas in organic 
chemistry is that of the functional group, a specific combination of bonded atoms 
that reacts in a characteristic way, no matter what molecule it occurs in. In nearly 
every case, the reaction of an organic compound takes place at the functional 
group. Functional groups vary from carbon-carbon multiple bonds to several com­
binations of carbon-heteroatom bonds, and each has its own pattern of reactivity. 
A particular bond may be part of one or more functional groups.  For example, 
the C-O bond occurs in four functional groups. We will discuss the reactivity 
of these three later in this chapter: 

I . . -C-O-H 
I . . 

alcohol group 

S E C T I O N  S U M M A RY 

:0: 
II . .  

-C-q-H 

carboxylic acid group 

:0: 
II .. I -c-o-c-

. . I 

ester group 

The structural complexity of organic compounds arises from carbon's small size, 

intermediate EN, four valence electrons, abi l ity to form multiple bonds, and absence 

of d orbitals in the valence level. These factors lead to chains, branches, <;lnd rings 

of C atoms joined by strong, chemically resistant bonds that point in  as m any as four 

directions from each C. The chemical d iversity of organic compounds arises from car­

bon's abil ity to bond to many other elements, including 0 and N, which creates polar 

bonds and greater reactivity. These factors lead to compounds that contain functional 

groups, specific portions of molecules that react in characteristic ways. 

1 5.2 THE STRUCTURES AND CLASSES 
OF HYDROCARBONS 

A fanciful, anatomical analogy can be made between an organic molecule and an 
animal. The carbon-carbon bonds form the skeleton: the longest continual chain 
is the backbone, and any branches are the limbs. Covering the skeleton is  a skin 
of hydrogen atoms, with functional groups protruding at specific locations, like 
chemical fingers ready to grab an incoming reactant. 

In this section, we "dissect" one group of compounds down to their skeletons 
and see how to name and draw them. Hydrocarbons, the simplest type of organic 
compound, are a large group of substances containing only H and C atoms. Some 
common fuels, such as natural gas and gasoline, are hydrocarbon mixtures. 
Hydrocarbons are also important feedstocks, precursor reactants used to make 
other compounds. Ethylene, acetylene, and benzene, for example, are feedstocks 
for hundreds of other substances. 

Carbon Skeletons and Hydrogen Skins 
Let's begin by examining the possible bonding arrangements of C atoms only 
(we'll leave off the H atoms at first) in simple skeletons without multiple bonds 
or rings. To distinguish different skeletons, focus on the arrangement of C atoms 
(that is, the successive linkages of one to another) and keep in mind that groups 

joined by single (sigma) bonds are relatively free to rotate (Section 1 1 .2) .  
Structures with one, two, or three carbons can be arranged in only one way. 

Whether you draw three C atoms in a line or with a bend, the arrangement is the 
same. Four C atoms, however, have two possible arrangements-a four-C chain 
or a three-C chain with a one-C branch at the central C: 

c-c-c-c same as c-c-c I 
c 

C I 
cBc-c same as c-c-c I 

c 
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A C-C-C-C-C B C=C-C-C-C c 

C-C=C-C-C 
C 

/\ 
C-C-C-C 

/\ 

Figure 15.3 Some five-carbon skele­
tons. A, Three five-C skeletons are possi­
ble with only single bonds. B, Five more 
skeletons are possible with one C=C 
bond present. C, Five more skeletons 
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As the total number of C atoms increases, the number of different arrange­
ments increases as well. Five C atoms have 3 possible arrangements; 6 C atoms 
can be arranged in 5 ways, 7 C atoms in 9 ways, 1 0  C atoms in 75 ways, and 
20 C atoms in more than 300,000 ways ! If we include multiple bonds and rings, 
the number of arrangements increases further. For example, including one C=C 
bond in the five-C skeletons creates 5 more arrangements, and including one ring 
creates 5 more (Figure 1 5 .3). 

When determining the number of different skeletons for a given number of 
C atoms, remember that 

o Each C atom can form a maximum of four single bonds, or two single and one 
double bond, or one single and one triple bond. 

o The arrangement of C atoms determines the skeleton, so a straight chain and 
a bent chain represent the same skeleton. 

o Groups joined by single bonds can rotate, so a branch pointing down is the 
same as one pointing up. (Recall that a double bond restricts rotation.) 

If we put a hydrogen "skin" on a carbon skeleton, we obtain a hydrocarbon. Fig­
ure 1 5 .4 shows that the skeleton has the correct number of H atoms when each 
C has four bonds. Sample Problem 1 5 . 1  provides practice drawing hydrocarbons. 

H 
H H I I I 

are possible with one ring present. Even 
more would be possible with a ring and 
a double bond. 

I I I I I -C-C-C-
-C-C-H I I 

H 
A C atom single-bonded to one 
other atom gets three H atoms. 

I 
-C-I I I -C-C-C-I I I 
-C-I 

A C atom single-bonded to four 
other atoms is already fully banded 
(no H atoms). 

-C-C-C-I I I 
H 

A C atom single-bonded to two 
other atoms gets two H atoms. 

H I I 
-C=C-H 

A double-bonded C atom is 
treated as if it were bonded to 
two other atoms. 

I I I 
-C-I 

A C atom single-bonded to three 
other atoms gets one H atom. 

H I I I 
-C=C-C-I 
-C=C-H 

A double- and single-bonded C 
atom or a triple-bonded C atom is 
treated as if it were bonded to 
three other atoms. 

Figure 15.4 Adding the H-atom skin to the C-atom skeleton. In a hydrocarbon molecule, each 
carbon atom bonds to as many hydrogen atoms as needed to give the carbon a total of four bonds. 
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SAMPLE PRO B LEM 1 5 . 1  Drawing Hydrocarbons 
Problem Draw structures that have different atom arrangements for hydrocarbons with: 
(a) Six C atoms, no mUltiple bonds, and no rings 
(b) Four C atoms, one double bond, and no rings 
Plan In each case, we draw the longest carbon chain first and then work down to smaller 
chains with branches at different points along them. The process typically involves trial 
and error. Then, we add H atoms to give each C a total of four bonds. 
Solution (a) Compounds with six C atoms: 

H H H H H H I I I I I I 6-C chain: H-C-C-C -C-C-C-H 

5-C chains: 

4-C chains: 

I I I I I I 
H H H H H H 

H H H H H I I I I I 
H-C-C-C-C-C-H I I I I I 

H H H H 
H-C-H 

H I 
H-C-H 

I 
H 

� I � � 
H-C-C-C-C-H I I I I 

H H H 
H-C-H I 

H 

H I 
H-C-H 

� � I � � 
H-C-C-C-C-C-H I I I I I 

H H H H H 

H I 
H-C-H 

H H I H I I I 
H-C-C-C-C-H I I I I 

H H H 
H-C-H I H 

(b) Compounds with four C atoms and one double bond: 
H H H H H H H H I I I I I I I I 

4-C chains: H-C-C=C -C-H H-C-C-C=C-H 

3-C chain: 

I I I I 
H H H H 

H H I I 
H-C-C=C-H 

� I 
H-C-H 

I 
H 

Check Be sure each skeleton has the correct number of C atoms and multiple bonds and no 
arrangements are repeated or omitted; remember a double bond counts as two bonds. 
Comment Avoid some common mistakes: C I 
In (a): C-C-C-C-C is the same skeleton as C-C-C-C-C I 

C 
C I 

C-C-C-C I 
C 

C C I I 
is the same skeleton as C-C-C-C 

In (b): C-C-C=C is the same skeleton as C=C-C-C 
The double bond restricts rotation. Thus, in addition to the form shown in part (b), in 
which the H atoms are on the same side of the C=C bond, another possibility is the form 
in which the H atoms are on opposite sides: 

H H H I I I 
H-C-C=C-C-H 

I I I 
H H H 

(We discuss these forms fully later in this section.) 



Also, there are too many bonds to one C in  
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fi5 bonds 
H H H 
I I I 

H-C-C=C-H 

� I 
H-C-H 

I 
H 

FOLLOW- U P  PRO B L E M  1 5 . 1  Draw all hydrocarbons that have five C atoms, one 
triple bond, and no rings (three arrangements). 

Hydrocarbons can be classified into four main groups. In the remainder 
of this section, we examine the n ames and some structural features and 
physical properties of each group .  Later, we discuss the chemical behavior of 
the hydrocarbons .  

Alkanes: Hydrocarbons with Only Single Bonds 
A hydrocarbon that contains only single bonds is an alkane (general formula 
CIlH21l +2, where n is a positive integer). For example, if n = 5, the formula 
is CSH[(2 XS )+21 , or CSH I 2 .  The alkanes comprise a homologous series, one 
in which each member differs from the next by a -CH2- (methylene) 
group . In an alkane,  each C is Sp3 hybridized. Because each C is bonded 
to the maximum number of other atoms (C or H), alkanes are referred to as 
saturated hydrocarbons. 

Naming Alkanes You learned how to name simple alkanes in Section 2 .8 .  
Here we discuss general rules for naming any alkane and, by extension, other 
organic compounds as well. The key point is that each chain, branch, or ring 
has a name based on the number of C atoms. The name of a compound has 
three portions: 

PREFIX + ROOT + SUFFIX 

• Root: The root tells the number of C atoms in the longest continuous chain in 
the molecule. The roots for the ten smallest alkanes are shown in Table 1 5 . 1 .  
Recall that there are special roots for compounds of one to four C atoms;  roots 
of longer chains are based on Greek numbers. 

• Prefix: Each prefix identifies a group attached to the main chain and the num­
ber of the carbon to which it is attached. Prefixes identifying hydrocarbon 
branches are the same as root names (Table 15. 1)  but have -yl as their ending. 
Each prefix is placed before the root. 

• SL!ffix: The suffix tells the type of organic compound the molecule represents; 
that is, it identifies the key functional group the molecule possesses. The suf­
fix is placed after the root. 

For example, in the name 2-methylbutane, 2-methyl- is the prefix (a one-carbon 
branch is attached to C-2 of the main chain), -but- is the root (the main chain has 
four C atoms), and -ane is the suffix (the compound is an alkane) .  

To obtain the systematic name of a compound, 

1. Name the longest chain (root) . 
2. Add the compound type (suffix) .  
3 .  Name any branches (prefix) .  

Table 1 5 .2  (next page) presents the rules for naming any organic compound and 
applies them to an alkane component of gasoline. Other organic compounds are 
named with a variety of other prefixes and suffixes (see Table 1 5 .5). In addition 
to these systematic names, we'll also note important common names still in use. 
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CIM" "  Numerical Roots 
for Carbon Chains and Branches 

Number of 
Roots C Atoms 

meth-
eth- 2 
prop- 3 

but- 4 
pent- 5 

hex- 6 
hept- 7 

oct- 8 
non- 9 
dec- l O  
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IQDlffl Rules for Naming an Organic Compound 

1 .  Naming the longest chain (root) 
(a) Find the longest continuous chain of C atoms. 
(b) Select the root that corresponds to the number of C atoms in 

this chain. 

2. Naming the compound type (suffix) 
(a) For alkanes, add the suffix -ane to the chain root. (Other 

suffixes appear in Table 1 5 .5 with their functional group and 
compound type.) 

(b) If the chain forms a ring, the name is preceded by cyclo- .  

3 .  Naming the branches (prefixes) (If the compound has no 
branches, the name consists of the root and suffix.) 
(a) Each branch name consists of a subroot (number of C atoms) 

and the ending -yl to signify that it is not part of the main chain. 
(b) Branch names precede the chain name. When two or more 

branches are present, their names appear in alphabetical order. 
(c) To specify where the branch occurs along the chain, number 

the main-chain C atoms consecutively, starting at the end 
closer to a branch, to achieve the lowest numbers for the 
branches. Precede each branch name with the number of the 
main-chain C to which that branch is attached. 

CH3 I 
CH3-CH-9H-CH2-CH2-CH3 

CH2-CH3 
6 carbons ====? hex-

hex- + -ane ====? hexane 

CH3 methyl I 
CH3-CH-9H-CH2-CH2-CH3 

CH2-CH3 ethyl 
ethylmethylhexane 

CH3 
1 21 3 4 5 6 
CH3-CH-9H-CH2-CH2-CH3 

CH2-CH3 
3-ethyl-2-methylhexane 

Depicting Alkanes with Formulas and Models Chemists have several ways 
to depict organic compounds. Expanded, condensed, and carbon-skeleton 
formulas are easy to draw; ball-and-stick and space-filling models show the 
actual shapes. 

Figure 1 5.5 Ways of depicting an 
alkane. 

H 
I 

H-C-H 

� I � � � � 
H-C-C-C-C-C-C-H I I I I I I 

H H H H H 
H-C-H 

I 
H-C-H 

I 
H 

Expanded formula 

The expanded formula shows each atom and bond. One type of condensed 
formula groups each C atom with its H atoms. Carbon-skeleton formulas show 
only carbon-carbon bonds and appear as zig-zag lines, often with branches. Each 

end or bend of a zig-zag line or branch represents a C atom attached to the num­
ber of H atoms that gives it a total of four bonds: 

CH3 CH3 I I 
2,3-dimethylbutane CH3-CH-CH-CH3 

Figure 1 5 .5 shows these types of formulas, together with ball-and-stick and 
space-filling models, of the compound named in Table 15 .2. 

Condensed formula 
Carbon-skeleton 

formula Ball-and-stick model Space-filling model 



6 
H H 
\ /  C H"", / \ /H 

/c-c"", H H 

D 
H H 
I I H-C-C-H 
I I H-C-C-H 
I I H H 

15.2 The Structures and Classes of Hydrocarbons 

0 
H H 
\ /  C H"", / � /H C C H/ \ / ""'H 

H-C-C---H / \ H H 

0 H H \ /  H", C /H 
c/ �c H-- I I ----H H----c c--H 

/ �c/ "" H / \  H 
H H 

A Cyclopropane B Cyclobutane C Cyclopentane D Cyclohexane 

Figure 15.6 Depicting cycloalkanes. Cycloalkanes are usually drawn as regular polygons. Each 
side is a C-C bond, and each corner represents a C atom with its required number of H atoms. 
The expanded formulas show each bond in the molecule. The ball-and-stick and space-fil l ing 
models show that, except for cyclopropane, the rings are not planar. These conformations mini­
mize electron repulsions between adjacent H atoms. Cyclohexane (0) is shown in its more stable 
chair conformation. 

Cyclic Hydrocarbons A cyclic hydrocarbon contains one or more rings in 
its structure. When a straight-chain alkane (CnH21l +2) forms a ring, two H 
atoms are lost as the C-C bond forms to join the two ends of the chain. Thus, 
cycloalkanes have the general formula CIlH2fl" Cyclic hydrocarbons are often 
drawn with carbon-skeleton formulas, as shown at the top of Figure 1 5 .6. Except 
for three-carbon rings, cycloalkanes are nonplanar. This structural feature arises 
from the tetrahedral shape around each C atom and the need to minimize elec­
tron repulsions between adjacent H atoms. As a result, orbital overlap of adjacent 
C atoms is maximized. The most stable form of cyclohexane, called the chair 

conformation, is  shown in Figure 1 5 .6D. 

Constitutional Isomerism and the Physical Properties 
of Alkanes 
Two or more compounds with the same molecular formula but different proper­
ties are called isomers. Isomers with different arrangements of bonded atoms are 
constitutional (or structural) isomers; alkanes with the same number of C atoms 
but different skeletons are examples. The smallest alkane to exhibit constitutional 
isomerism has four C atoms: two different compounds have the formula C4HI Q, 
as shown in Table 1 5 .3 on the next page. The unbranched one is butane (com­
mon name, n-butane; n- stands for "normal," or having a straight chain), and the 
other is 2-methylpropane (common name, isobutane). Similarly, three compounds 
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IfflNI'" The Constitutional Isomers of C4H l 0  and CSH1 2 

Systematic Name Condensed and 
(Common Name) Expanded Formula Skeleton Formulas 

Space-filling 
Model 

Density 
(g/mL) 

Boiling 
Point (OC) 

Butane 
(n-butane) 

2-Methylpropane 
(isobutane) 

Pentane 
(n-pentane) 

2-Methylbutane 
(isopentane) 

2,2-Di meth y I propane 
(neopentane) 

H H H H I I I I 
H-C-C-C-C-H I I I I 

H H H H 

H H H 
I I I 

H-C-C-C-H 
I I I 
H H 
H-C-H 

I 
H 

H H H H H I I I I I 
H-C-C-C-C-C-H I I I I I 

H H H H H 

H H H H I I I I 
H-C-C-C-C-H I I I I 

H H H 
H-C-H 

I 
H 

H 
I 

H-C-H 
H I H I I 

H-C-C-C-H I I I 
H H 
H-C-H 

I 
H 

CH3-CH2-CH2-CH3 

� 

CH -CH-CH 3 I 3 

CH3 

Y 
CH3-CH2-CH2-CH2 -CH3 

� 

CH -CH-CH -CH 3 I 2 3 

CH3 

0.579 - 0.5 

0.549 - 1 1.6 

0.626 36. 1  

0.620 27.8 

0.6 1 4  9.5 

have the formula CSH I2  (shown in Table 1 5 .3) .  The unbranched isomer is pentane 
(common name, n-pentane) ; the one with a methyl group at C-2 of a four-C chain 
is 2-methylbutane (common name, isopentane). The third isomer has two methyl 
branches on C-2 of a three-C chain, so its name is 2,2-dimethylpropane (common 
name, neopentane). 

Because alkanes are nearly nonpolar, their physical properties are determined 
by dispersion forces. The four-C alkanes boil lower than the five-C compounds 
(Table 1 5 .3) .  Moreover, within each group of isomers, the more spherical mem­
ber (isobutane or neopentane) boils lower than the more elongated one (n-butane 
or n-pentane). As you saw in Chapter 1 2, this trend occurs because a spherical 
shape leads to less intermolecular contact, and thus lower total dispersion forces, 
than does an elongated shape. 

A particularly clear example of the effect of dispersion forces on physical 
properties occurs among the unbranched alkanes (n-alkanes). Among these com­
pounds, the longer the chain, the greater the intermolecular contact, the stronger 
the dispersion forces, and the higher the boiling point (Figure 1 5 .7). The solubility 
of alkanes, and of all hydrocarbons, is easy to predict from the like-dissolves-like 
rule (Section 1 3 . 1 ). Alkanes are miscible in each other and in other nonpolar solvents, 
such as benzene, but are nearly insoluble in water. The solubility of pentane in water, 
for example, is only 0.36 gIL at room temperature. 



1 5.2 The Structures and Classes of Hydrocarbons 

methane (.M. = 1 6.04) 

ethane (.M. = 30.07) 

propane (.M = 44.09) 

butane (.M. = 58. 1 2) 

pentane (.Ail = 72. 1 5) 

hexane (.M. = 86. 1 7) 

CH4 1 - 1 64 

CH3CH3 1 - 89 

CH3CH2CH3 1 - 42 

CH3CH2CH2CH3 1 - 0.5 

CH3CH2CH2CH2CH3 136 

CH3CH2CH2CH2CH2CH3 

CH3CH2CH2CH2CH2CH2CH3 
169 

1 98 heptane (Jill = 1 00.20) 

octane (Jill = 1 1 4.22) 

nonane (JiFI. = 1 28.25) 

decane (JiFI. = 1 42.28) 

CH3CH2CH2CH2CH2CH2CH2CH3 1 1 26 

CH3CH2CH2CH2CH2CH2CH2CH2CH3 1 1 51 

CH3CH2CH2CH2CH2CH2CH2CH2CH2CH3 1 1 74 
I I I I I 

-273 -200 -1 00 o 1 00 200 
Temperature (0C) 

Chiral Molecules and Optical Isomerism 
Another type of isomerism exhibited by some alkanes and many other organic (as 
well as some inorganic) compounds is called stereoisomerism. Stereoisomers are 
molecules with the same anangement of atoms but different orientations of groups 

in space. Optical isomerism is one type of stereoisomerism: when two objects are 
mirror images of each other and cannot be superimposed, they are optical iso­
mers, also called enantiomers. To use a familiar example, your right hand is an 
optical i somer of your left. Look at your right hand in a minor, and you will see 
that the image is identical to your left hand (Figure 1 5.8). No matter how you 
twist your arms around, however, your hands cannot lie on top of each other with 
aU parts superimposed. They are not superimposable because each is asymmetric: 
there is no plane of symmetry that divides your hand into two identical parts. 

An asymmetric molecule is called chiral (Greek cheir, "hand") .  Typically, 
an organic molecule is chiral if it contains a carbon atom that is bonded 

to four different groups. This C atom is called a chiral center or an asym­
metric carbon . In 3 -methylhexane, for example, C-3 is a chiral center 
because it is bonded to four different groups:  H - ,  CH3 -, CH3 - CH2- ,  and 
CH3 - CH2-CH2- (Figure l S .9A). Like your two hands, the two forms are 
mirror images and cannot be superimposed on each other: when two of the 
groups are superimposed, the other two are opposite each other. Thus, the two 
forms are optical isomers. The central C atom in the amino acid alanine is  
also a chiral center (Figure l S .9B).  

A Optical isomers of  3-methylhexane B Optical isomers of alanine 

Figure 1 5.9 Two chiral molecules. A, 3-Methylhexane is chiral because G-3 is bonded to four dif­
ferent groups. These two models are optical isomers (enantiomers). B, The central G in the amino 
acid alanine is also bonded to four d ifferent groups. 
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Figure 1 5.7 Boiling points of the first 
1 0  unbranched alkanes. Boiling point in­
creases smoothly with chain length be­
cause dispersion forces increase. Each 
entry includes the name, molar mass (.M., 
in g/mol), formula, and boi l ing point at 
1 atm pressure. 

Mirror image Right 
of right hand hand 
(same as left hand) 

� 
j 

;as 
Figure 1 5.8 An analogy for optical 
isomers. The reflection of your right 
hand looks like your left hand. Each 
hand is asymmetric, so you cannot 
superimpose them with your palms 
facing in the same direction. 
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Unlike constitutional isomers, optical isomers are identical in all but 
two respects: 

1 .  In their physical properties, optical isomers differ only in the direction that 
each isomer rotates the plane of polarized light. A polarimeter is used to mea­
sure the angle that the plane is rotated. A beam of light consists of waves that 
oscillate in all planes. A polarizing filter blocks all waves except those in one 
plane, so the light emerging through the filter is plane-polarized. An optical 
isomer is optically active because it rotates the plane of this polarized light, 
either in a clockwise direction (the d isomer) or in a counterclockwise direc­
tion (the I isomer). An equimolar mixture of the two isomers does not rotate 
the plane at all because the opposing rotations cancel. 

2. In their chemical properties, optical isomers differ only in a chiral (asymmet­

ric) chemical environment, one that distinguishes "right-handed" from "left­
handed" molecules. As an analogy, your right hand fits well in your right glove 
but not in your left glove. 

Optical isomerism plays a vital role in living cells. Nearly all carbohydrates 
and amino acids are optically active, but only one of the isomers is biologically 
usable. For example, d-glucose is metabolized for energy, but I-glucose is excreted 
unused. Similarly, I-alanine is incorporated naturally into proteins, but d-alanine 
is not. Many drugs are chiral molecules of which one optical isomer is biologi­
cally active and the other has either a different type of activity or none at all. 

Alkenes: Hydrocarbons with Double Bonds 
A hydrocarbon that contains at least one C=C bond is called an alkene (general 
formula CIlH211) .  The double-bonded C atoms are Sp2 hybridized. Because their 
carbon atoms are bonded to fewer than the maximum of four atoms each, alkenes 
are considered unsaturated hydrocarbons. 

Alkene names differ from those of alkanes in two respects: 

1 .  The main chain (root) must contain both C atoms of the double bond, even if 
it is not the longest chain. The chain is numbered from the end closer to the 
C=C bond, and the position of the bond is indicated by the number of the 
first C atom in it. 

2. The suffix for alkenes is -ene. 

For example, there are three four-C alkenes (C4HS), two unbranched and one 
branched (see Sample Problem I S . I b) .  The branched isomer is 2-methyl­
propene; the unbranched isomer with the C=C bond between C - I  and C-2 is 
I -butene ; the unbranched isomer with the C=C bond between C-2 and C-3 is 
2-butene . As you'll see next, there are two isomers of 2-butene, but they are of 
a different sort. 

The c=c Bond and Geometric (cis-trans) Isomerism There are two major struc­
tural differences between alkenes and alkanes. First, alkanes have a tetrahedral 

geometry (bond angles of � 1 09.5°) around each C atom, whereas the double­
bonded C atoms in alkenes are trigonal planar (� 1 200). Second, the C-C bond 
allows rotation of bonded groups, so the atoms in an alkane continually change 
their relative positions. In contrast, the 1T bond of the C = C  bond restricts rota­
tion, which fixes the relative positions of the atoms bonded to it. 

This rotational restriction leads to another type of stereoisomerism. Geo­
metric isomers (also called cis-trans isomers) have different orientations of 
groups around a double bond (or similar structural feature) .  Table 1 5 .4 shows 
the two geometric isomers of 2-butene (also see Comment, Sample Problem 
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11'Mlfl' The Geometric Isomers of 2·Butene 
Systematic Condensed and Space-filling 
Name Skeleton Formulas Model 

cis-2-Butene 

trans-2-Butene 

Density 
(g/mL) 

0.62 1 

0.604 

Boiling 
Point (0C) 

3 .7  

0.9 

1 5 . 1 ) , cis-2-butene and trans-2-butene. In general, the cis isomer has the larger 
portions of the main chain (in this case, two CH3 groups) on the same side of 
the double bond, and the trans isomer has them on opposite sides. For a mol­
ecule to have geometric i somers, each C atom in the C=C bond must be bonded 
to two different groups. Like other isomers, geometric isomers have different 
properties. Note i n  Table 1 5 .4 that the two 2-butenes differ in molecular shape 
and physical properties. The cis i somer has a bend in the chain that the trans 
isomer lacks. 

Geometric Isomers and the Chemistry of Vision The first step in the remarkable 
sequence of events that allows us to see relies on the different shapes of a pair 
of -ge'"ometric isomers. The molecule responsible for receiving the light energy is 
retinal, a 20-C compound with five C=C bonds in  its structure. There are two 
biologically occurring isomers, which have very different shapes: the all-trans iso­
mer is elongated, and the I I -cis isomer is sharply bent around the double bond 
between C- I I  and C- 1 2. 

Certain cells of the retina are packed with rhodopsin, a large protein 
covalently bonded to I l -cis-retinal. The energies of photons of visible light 
have a range ( 1 65-293 kllmol) that includes the energy needed to break 
a C = C  'IT bond (about 250 kllmol) .  Within a few millionths of a second 
after rhodopsin absorbs a photon, the I I -cis 'IT bond breaks, the intact (J 
bond between C- l l and C- I 2  rotates, and the 'IT bond re-forms to produce all­
trans retinal. 

This rapid and significant change in shape causes the attached protein to 
change its shape as well, which triggers a flow of ions into the retina's cells. This 
ion influx initiates electrical impulses to the optic nerve and brain. Because of the 
speed and efficiency with which light causes such a large structural change in reti­
nal, natural selection has made it the photon absorber in organisms as different 
as purple bacteria, mollusks, insects, and vertebrates. 

Alkynes: Hydrocarbons with Triple Bonds 
Hydrocarbons that contain at least one C=C bond are called alkynes (general 
formula CnHzn -z). Because a carbon in a C=C bond can bond to only one other 
atom, the geometry around each C atom is linear ( 1 80°): each C is sp hybridized. 
Alkynes are named in the same way as alkenes, except that the suffix is -yne. 
Because of their localized 'IT electrons, C=C and C -C bonds are electron rich 
and act as functional groups. Thus, alkenes and alkynes are much more reactive 
than alkanes, as we'l l  discuss in Section 1 5 .4. 
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SAMPLE PROB LEM 1 5 . 2  Naming Alkanes, Alkenes, and Alkynes 
Problem Give the systematic name for each of the following, indicate the chiral center in 
part (d), and draw two geometric isomers for part (e): 
(a) CH3 (b) CH3 

1 1 
(') 0:: 

CH -C-CH -CH CH -CH -CH-CH - CH 3
1

2 3 3 2 
1

3 

(d) 

CH3 CH2 I 
CH3 
CH3 
1 

(e) 
CH3-CH2-CH=C-CH-CH3 

1 
CH3 

Plan For (a) to (c), we refer to Table 1 5 .2. We first name the longest chain (root- + -ane). 
Then we find the lowest branch numbers by counting C atoms from the end closer to a 
branch. Finally, we name each branch (root- + -yl) and put the names alphabetically before 
the chain name. For (d) and (e), the longest chain that includes the multiple bond is num­
bered from the end closer to it. For (d), the chiral center is the C atom bonded to four 
different groups. In (e), the cis isomer has larger groups on the same side of the double 
bond, and the trans isomer has them on opposite sides. 
Solution 
(a) 

methyl 

2,2-dimethylbutane 
When a type of branch appears more 
than once, we group the chain numbers 
and indicate the number of branches with 
a numerical prefix, such as 2,2-dimethyl. 

(c) cyciopentane 
OgmethYI 

(e) 

4 2 
5 1 ethyl 

l -ethyl-2-methy1cyclopentane 

We number the ring C atoms so 
that a branch is attached to C- l .  

(b) 

(d) 

CH3-CH2-CH-CH 
6 5 4 3 1 

2 CH2 
1 

1 CH3 

3 ,4-dimethy lhexane 
In this case, we can number the 
chain from either end because the 
branches are the same and are 
attached to the two central C atoms. 

3-methyl- l -pentene 

CH -CH CH3 3 2",, _ 
H 

C-C'-CH-CH3 

cis-2,3-dimethy 1-3-hexene trans-2,3-dimethy 1-3-hexene 

Check A good check (and excellent practice) is to reverse the process by drawing struc­
tures for the names to see if you come up with the structures given in the problem. 
Comment In part (b), C-3 and C-4 are chiral centers, as are C - l  and C-2 in part (c). 
However, in  (b) the molecule is not chiral : it  has a plane of symmetry between C-3 
and C-4, so the molecule as a whole does not rotate the plane of polarized light. 
Avoid these common mistakes: In (b), 2-ethyl-3-methylpentane is  wrong: the longest 
chain is  hexane. In (c), I -methyl-2-ethylcyc1opentane is wrong: the branch names 
appear alphabetically. 

FOLLOW·UP PROBLEM 1 5.2 Draw condensed formulas for the following compounds: 
(a) 3-ethyl-3-methyloctane; (b) l -ethyl-3-propy1cyclohexane (also draw a carbon-skeleton 
formula for this compound); (c) 3,3-diethyl- I -hexyne; (d) trans-3-methyl-3-heptene. 
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Aromatic Hydrocarbons: Cyclic Molecules with Delocalized 
'iT Electrons 
Unlike the cycloalkanes, aromatic hydrocarbons are planar molecules, usually 
with one or more rings of six C atoms, and are often drawn with alternating sin­
gle and double bonds. However, as you learned in Section 1 0. 1 ,  in benzene 
(C6H6)' all the ring bonds are identical; their values of length and strength are 
between those of a C-C and a C=C bond. To indicate this, benzene is also 
shown as a resonance hybrid or with a circle (or dashed circle) representing the 
deloca[jzed character of the 'IT electrons:  

or 0_, , , 
, I 
I , 
, , 

' - '  

The systematic naming of simple aromatic compounds i s  quite straightfor­
ward. Usually, benzene is the parent compound, and attached groups, or sub­

stituents, are named as prefixes. For example, benzene with one methyl group 
attached is systematically named methylbenzene. With only one substituent pres­
ent, we do not number the ring C atoms; when two or more groups are attached, 
however, we number in such a way that one of the groups is attached to ring C- l .  
Thus, methylbenzene and the three structural isomers with two methyl groups 
attached are 

methyl benzene 
bp = 1 1 0.6°C 

1 ,2·dimethylbenzene 
bp = 1 44.4°C 

1 ,3-dimethylbenzene 
bp = 1 39 . 1 °C 

The dimethylbenzenes are important solvents and feedstocks for making polyester 
fibers and dyes. Benzene and many other aromatic hydrocarbons have carcino­
genic (cancer-causing) properties. 

S E C T I O N  S U M M A RY 
Hydrocarbons contain only C and H atoms, so their physical properties depend on 

the strength of their d ispersion forces. The names of organic compounds have a root 

for the longest chai n ,  a prefix for any attached g roup, and a suffix for the type of 

compound.  Alkanes (CnH2n+2) have only single bonds. Cycloalkanes (CnH2n) have ring 

structures that are typically nonplanar. Alkenes (CnH2n) have at least one C=C bond. 

Alkynes (CnH2n-2) have at least one C - C  bond. Aromatic hydrocarbons have at least 

one planar ring with delocal ized 'IT electrons. 

Isomers are compounds with the same molecular formula but different proper­

ties. Structural isomers have different atom arrangements. Stereoisomers (optical and 

geometric) have the same arrangement of atoms, but their atoms are oriented d iffer­

ently in space. Optical isomers cannot be superimposed on each other because they 

are asymmetric, with four different groups bonded to the C that is the chiral center. 

They have identical physical and chemical properties except in their rotation of plane­

polarized l ight. Geometric (cis-trans) isomers have groups oriented differently around 

a C=C bond, which restricts rotation. Light converts a cis isomer of retinal to the all­

trans form, which in itiates the visual response. 

1 ,4·dimethylbenzene 
bp = 1 38.3°C 
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1 S.3 SOME IMPORTANT CLASSES OF ORGANIC REACTIONS 

Organic reactions are classified according to the chemical process involved. Three 
important classes are addition, elimination, and substitution reactions. 

From here on, we use the notation of an uppercase R with a single bond, 
R - , to signify a general organic group attached to one of the atoms shown; you 
can usually picture R - as an alkyl group, a saturated hydrocarbon chain with 
one bond available to link to another atom. Thus, R -CH2-Br has an alkyl group 
attached to a CH2 group bearing a Br atom; R -CH =CH2 is an alkene with an 
alkyl group attached to one of the carbons in the double bond; and so forth. 
(Often, when more than one R group is present, we write R, R ' ,  R", and so forth, 
to indicate that these groups may be different.) 

The three classes of organic reactions we discuss here can be identified by 
comparing the number of bonds to C in reactants and products: 

1 .  An addition reaction occurs when an unsaturated reactant becomes a sat-
urated product: x v I I 

R-CH=CH-R + x-v - R-CH-CH-R 

Note the C atoms are bonded to more atoms in the product than in the reactant. 
The C=C and C C bonds and the C=O bond commonly undergo addi­

tion reactions. In each case, the 'IT bond breaks, leaving the (J bond intact. In 
the product, the two C atoms (or C and 0) form two additional (J bonds. In 
the following addition reaction, H and CI from HCI add to the double bond 
in ethylene: 

CH2=CH2 + H-CI - H-CH2-CH2-CI 

2. Elimination reactions are the opposite of addition reactions. They occur 
when a saturated reactant becomes an unsaturated product: 

Y x I I 
R-CH-CH2 - R-CH= CH2 + x-v 

Note that the C atoms are bonded to fewer atoms in the product than in the reac­
tant. A pair of halogen atoms, an H atom and a halogen atom, or an H atom and 
an -OH group are typically eliminated, but C atoms are not: 

OH H I I 
CH3-CH-:-CH2 � CH3-CH=CH2 + H-OH 

3. A substitution reaction occurs when an atom (or group) from an added 
reagent substitutes for one in the organic reactant: 

I I 
R-C-X + :v - R-C-V + :x  I I 

Note that the C atom is bonded to the same number of atoms in the product as 
in the reactant. The C atom may be saturated or unsaturated, and X and Y can be 
many different atoms, but generally not C. The main flavor ingredient in banana 
oil, for instance, forms through a substitution reaction; note that the 0 substitutes 
for the Cl: 



15.4 Properties and Reactivities of Common Functional Groups 

SAMPLE PROB LEM 1 5 .3 Recogn izing the Type of Organic Reaction 
Problem State whether each reaction is an addition, elimination, or substitution: 
(a) CH3-CH2-CH2-Br - CH3-CH=CH2 + HBr 

(b) O + H2 - 0 
o 0 I I  I I  (c) CH3C-Br + CH3CH20H - CH3C-OCH2CH3 + HBr 

Plan We determine the type of reaction by looking for any change in the number of atoms 
bonded to C: 
• More atoms bonded to C is  an addition. 
• Fewer atoms bonded to C is an elimination. 
• Same number of atoms bonded to C is a substitution. 
Solution 
(a) Elimination: two bonds in the reactant, C-H and C-Br, are absent in the product, 
so fewer atoms are bonded to C .  
(b) Addition: two more C - H  bonds have formed in the product, so  more atoms are 
bonded to C. 
(c) Substitution: the reactant C -B r  bond becomes a C-O bond in the product, so the 
same number of atoms are bonded to C. 

FOLLOW- U P  PROBLEM 1 5 . 3  Write a balanced equation for each of the following: 
(a) An addition reaction between 2-butene and Cl2 
(b) A substitution reaction between CH3-CHz-CH2-Br and OH­
(c) The elimination of H20 from (CH3hC-OH 

S E C T I O N  S U M M A RY 
In an addition reaction, a 'IT bond breaks and the two C atoms bond to more atoms. 

In an el imination reaction, a 'IT bond forms and the two C atoms bond to fewer atoms. 

In a substitution reaction, one atom replaces another atom, but the total number of 

atoms bonded to C does not change. 

1 5.4 PROPERTIES AND REACTIVITIES OF COMMON 
FUNCTIONAL GROUPS 

The central organizing principle of organic reaction chemistry is the functional 
group. To predict how an organic compound might react, we narrow our focus to 
such groups because the distribution of electron density in a functional group 

affects the reactivity. The electron density can be high, as in the C=C and C=C 
bonds, or  i t  can be  low at one end of  a bond and high at the other, as  in  the C-Cl 
and c-o bonds. Such bond sites attract reactants that are charged or polar and 
begin a sequence of bond-forming and bond-breaking steps that lead to product(s). 
Table 1 5 .5 on the next page lists some of the important functional groups in 
organic compounds. 

When we classify functional groups by bond order (single, double, and so 
forth), they tend to follow certain patterns of reactivity: 

• Functional groups with only single bonds undergo substitution or elimination. 
• Functional groups with double or triple bonds undergo addition. 
• Functional groups with both single and double bonds undergo substitution. 
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11MI'!' Important Functional Groups in Organic Compounds 

Functional 
Group 

" / 
C=C / " 

-C=C-

I . .  
-C-O-H I . . 

I . . 
-C-X: I . .  
(X  = halogen) 

I . .  
-C-N-I I 

:0: I I  
-C-H 

:0: I II I 
-C-C-C-I I 

:0: I I  . .  
- C -Q-H 

:0: II . .  I 
-C-O-C­. .  I 

:0: I I  . .  
-C-N-I 

Compound 
Type 

alkene 

alkyne 

alcohol 

haloalkane 

amine 

aldehyde 

ketone 

carboxylic 
acid 

ester 

amide 

nitrile 

Prefix 
or Suffix 
of Name 

-ene 

-yne 

-01 

halo-

-amine 

-al 

-one 

-oic acid 

-oate 

-amide 

-nitrile 

Lewis 
Structure 

H-C=C-H 

H I . .  
H-C-O-H I . .  

H 

H I . .  
H-C-CI: I . . 

H 

H H 
I I . .  

H-C-C-N-H I I I 
H H H 

H :0: I I I  
H-C-C-H I 

H 

H :0: H I II I 
H-C- C-C-H I I 

H H 

H :0:  I I I . . 
H-C- C-O-H I . .  

H 

H :0: H I II .. I 
H-C-C-O-C-H I .. I 

H H 

H :0: I I I  . . 
H-C-C-N-H I I 

H H 

H I 
H-C-C=N: I 

H 

Example 

Ball-and-Stick 
Model 

Systematic Name 
(Common Name) 

ethene 
(ethylene) 

ethyne 
(acety lene) 

methanol 
(methyl alcohol) 

chloromethane 
(methyl chloride) 

ethanarnine 
(ethylarnine) 

ethanal 
(acetaldehyde) 

2-propanone 
(acetone) 

ethanoic acid 
(acetic acid) 

methyl ethanoate 
(methyl acetate) 

ethanamide 
(acetamide) 

ethanenitrile 
(acetonitrile, 
methyl cyanide) 
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Functional Groups with Only Single Bonds 
The most common functional groups with only single bonds are alcohols, 
haloalkanes, and amines. 

Alcohols The alcohol functional group consists of carbon bonded to an -OH 

I . .  
group, -C-O-H , and the general formula of an alcohol i s  R -OH. Alcohols 

I . .  
are named by dropping the final - e  from the parent hydrocarbon name and adding 
the suffix -01. Thus, the two-carbon alcohol is ethanol (ethan- + -01).  The com­
mon name is the hydrocarbon root- + -yl, followed by "alcohol"; thus, the com­
mon name of ethanol is ethyl alcohol. (This substance has been consumed as an 
intoxicant since ancient times; today, it is recognized as the most abused drug in 
the world.) Alcohols are important laboratory reagents, and the functional group 
occurs in many biomolecules, including carbohydrates, sterols, and some amino 
acids. Figure 15 . 1 0  shows the names, structures, and uses of some important com­
pounds that contain the alcohol group. 

Alcohols undergo elimination and substitution reactions. Dehydration, the 
elimination of H and OH, requires acid and forms alkenes: 

cyclohexanol cyciohexene 
Elimination of two H atoms requires inorganic oxidizing agents, such as K2Cr207 
in aqueous H2S04, The reaction oxidizes the HC-OH group to the C=O group 
(shown with condensed and carbon-skeleton fonnulas):  

OH I 
CH3-CH2-CH-CH3 

OH 

� 
2-butanol 2-butanone 

For alcohols with an OH group at the end of the chain (R -CH2 -OH), another 
oxidation occurs. Wine turns sour, for example, when the ethanol in contact with 
air is oxidized to acetic acid (vinegar) : 

OH 0 0 I 'f O I I  1/2 02 I I CH3-CH2 -�2� , CH3- CH - CH3-C-OH 

Substitution yields products with other single-bonded functional groups. With 
hydrohalic acids, many alcohols give haloalkanes: 

R2CH-OH + HBr - R2CH-Br + HOH 
As you' ll see below, the C atom undergoing the change in a substitution is bonded 
to a more electronegative element, which makes it partially positive and, thus, a 
target for a negatively charged or electron-rich group of an incoming reactant. 

Haloalkanes A halogen atom (X) bonded to C gives the haloalkane functional 

I . . group, -C-X : , and compounds with the general formula R -X. Haloalkanes 
I . . 

(common name, alkyl halides) are named by adding the halogen as a prefix to 
the hydrocarbon name and numbering the C atom to which the halogen is 
attached, as in bromo methane, 2-chloropropane, or 1 ,3 -diiodohexane . 

Methanol (methyl alcohol) 
By-product in coal gasification; 
de-icing agent; gasoline substitute; 
precursor of organic compounds 

1 ,2-Ethanediol (ethylene glycol) 
Main component of auto antifreeze 

Serine 
Amino acid found in most proteins 

Cholesterol 
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Major sterol in animals; essential for cell 
membranes; precursor of steroid hormones 

Figure 1 5. 1 0  Some molecules with the 
alcohol functional group. 
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Just as many alcohols undergo substitution to alkyl halides when treated with 
halide ions in acid, many alkyl halides undergo substitution to alcohols in base. For 
example, OH- attacks the positive C end of the C-X bond and displaces X - :  

CH3 -CH2-CH2-CH2 -Br + OH- � CH3-CH2- CH2- CH2-OH + Br-

1 -bromobutane 1 -butanol 
Substitution by groups such as -CN, -SH, -OR, and -NH2 allows chemists 
to convert alkyl halides to a host of other compounds. 

Just as addition of HX to an alkene produces haloalkanes, elimination of HX 
from a halo alkane by reaction with a strong base, such as potassium ethoxide, 
produces an alkene: 

CH3 I 
CH -C-CH + 3 I 3 

CI 
2-chloro-2-methylpropane potassium ethoxide 2-methylpropene 

Haloalkanes have many important uses, but many are carcinogenic in mammals, 
have severe neurological effects in humans, and, to make matters worse, are very 
stable and accumulate in the environment. 

I I 
Amines The amine functional group is -C-N: . Chemists classify amines as 

I I 
derivatives of ammonia, with R groups in place of one or more H atoms .  Primary 

( 1 0) amines are RNH2, secondary (2°) amines are R2NH, and tertiary (3°) amines 
are R3N. Like ammonia, amines have trigonal pyramidal shapes and a lone pair 
of electrons on a partially negative N atom (Figure 1 5 . 1 1 ) . Systematic names drop 
the final -e of the alkane and add the suffix -amine, as in ethanamine. However, 
there is still wide usage of common names, in which the suffix -amine follows 
the name of the alkyl group; thus, methylamine has one methyl group attached to 
N, diethylamine has two ethyl groups attached, and so forth. Figure 1 5 . 1 2  shows 
that the amine functional group occurs in many biomolecules. 

Amines undergo substitution reactions in which the lone pair of N 
attacks the partially positive C in an alkyl halide to displace X- and form a 
larger amine: 

� 

ethylamine chloroethane 

CH3-CH2-iH + CH3-CH2-NH3CI­

CH3-CH2 
diethylamine ethylammonium 

chloride 

(One molecule of ethylamine participates in the substitution, while the other binds 
the released H+ and prevents it from remaining on the diethylamine product.) 

Primary, 1 ° , N 

"'"/''' , R ········" ' H  
H 

Secondary, 2° " N 

'''''''/'' , R ········ """ H 

R 

Tertiary, 3° N 
R . .. 

· .. "''''/ � R 

R 

Figure 15.1 1 General structures of amines. Amines have a trigonal pyramidal shape and are 
classified by the number of R groups bonded to N. The lone pair of the nitrogen atom is the key to 
amine react ivity. 
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2� NH2 I I 
OH2- CH2-CH2- CH2-rH 

.. /C"" . . 
HQ .9 

Lysine (primary amine) 
Amino acid found in 
most proteins 

NJr
N", � . . Jl . . / 

N N . .  I 
H 

Adenine (primary amine) 
Component of nucleic 
acids 

HO�CH-CH -NH . . I I 
HQ: CH3 

:QH 

Epinephrine (adrenaline; 
secondary amine) 
Neurotransmitter in brain; 
hormone released 
during stress 

Figure 1 5. 1 2 Some biomolecules with the amine functional group. 

SAMPLE PROBLEM 1 5 .4 Predicting the Reactions of Alcohols, Alkyl Halides, 
and Amines 

Problem Determine the reaction type and predict the product(s) for each of the following 
reactions: 

(a) CH3-CH2-CH2-1 + NaOH ---
(b) CR3-CH2-Br + 2CH3-CH2- CH2-NH2 ---

Cr2072 -
(c) CH3-?H -CH3 H2 S04 

' 

OH 
Plan We first determine the functional group(s) of the reactant(s) and then examine any 
inorganic reagent(s) to decide on the possible reaction type, keeping in mind that, in gen­
eral, these functional groups undergo substitution or elimination. In (a), the reactant is an 
alkyl halide, so the OH- of the inorganic reagent substitutes for the -I. In (b), the reac­
tants are an amine and an alkyl halide, so the N: of the amine substitutes for the - Br. In 
(c), the reactant is an alcohol, the inorganic reagents form a strong oxidizing agent, and 
the alcohol undergoes elimination to a carbonyl compound. 
Solution (a) Substitution: The products are CH3-CH2-CH2-OH + Nal 

(c) Elimination: (oxidation): The product is  CH3-C-CH3 I I 
o 

Check The only changes should be at the functional group. 

FOLLOW· U P  PROBLEM 1 5 .4 Fill in the blank in each reaction. (Hint: Examine any 
inorganic compounds and the organic product to determine the organic reactant.) 

CH3 I 
(a) __ + CH3-ONa ___ CH3-CH=C -CH3 + NaCI + CH3-OH 

o 
Cr207 2- I I  (b) __ H2 S04 ' CH3-CH2 - C -OH 
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.�. H$ (yC-b

H 
C

:�CH' 

� / . .  
H3C-Q: 

Cocaine (tertiary amine) 
Brain stimulant; widely 
abused drug 
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Functional Groups with Double Bonds 
The most important functional groups with double bonds are the C=C of alkenes 
and the C=O of aldehydes and ketones. Both appear in many organic and bio­
logical molecules. Their most common reaction type is addition. 

" / 
Alkenes Although the /

C=C" functional group in an alkene can be converted to 

the -C C- group of an alkyne, alkenes typically undergo addition. The electron­
lich double bond is readily attracted to the partially positive H atoms of hydronium 
ions and hydrohalic acids, yielding alcohols and alkyl halides, respectively:  

2-methylpropene 

CH3 I 
CH -C-CH3 + H+ 3 I 

OH 

OH 
2-methyl-2-propanol 

CI I 
CH3-CH=CH2 + HCI -->- CH3-CH-CH3 

CI 

A 
propene 2-chloropropane 

Aldehydes and Ketones The C=O bond, or carbonyl group, is one of the most 
chemically versatile. In the aldehyde functional group, the carbonyl C is bonded 

H 
I 

to H (and often to another C), so it occurs at the end of a chain, R-C=O.  
Aldehyde names drop the final -e from the alkane name and add -af. For example, 
the three-C aldehyde is propanal .  In  the ketone functional group, the carbonyl C is 

bonded to two other C 
o 
II 

:0: 
I I I I 

atoms, -C-C-C- , so it occurs within the chain. 
I I 

Ketones, R -C-R '  , are named by numbering the carbonyl C, dropping the final 
-e from the alkane name, and adding -one. For example, the unbranched, five-C 
ketone with the carbonyl C as C-2 in the chain is named 2-pentanone. Figure 
1 5 . 1 3  shows some common carbonyl compounds. 

Figure 15.13 Some common aldehydes 
and ketones. 

Methanal (formaldehyde) 
Used to make resins in 
plywood, dishware, counter­
tops; biological preservative 

Ethanal (acetaldehyde) 
Narcotic product of ethanol 
metabolism; used to make 
perfumes, flavors, plastics, 
other chemicals 

Benzaldehyde 
Artificial almond 
flavoring 

2-Propanone (acetone) 
Solvent for fat, rubber, 
plastic, varnish, lacquer; 
chemical feedstock 

2-Butanone 
(methyl ethyl ketone) 
Important solvent 
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Like the C=C bond, the C=O bond is electron rich; unlike the C=C bond, 
it is highly polar (�EN = l .0). Figure 1 5 . 14 emphasizes this polarity with an 
electron density model and a charged resonance form. Aldehydes and ketones are 
formed by the oxidation of alcohols: 

CH3-CH2-OH 
ethanol 

OH 

� 

° 
oxidation I I  

• CH3-C-H 

oxidation 

ethanal (common name, 
acetaldehyde) 

° 

� 
3-pentanol 3-pentanone (common name, 

diethylketone) 

Conversely, as a result of their un saturation, carbonyl compounds can undergo 
addition and be reduced to alcohols :  

Llo reduction n -'..:..:=�. iOH 

cyclobutanone 
H 

cyclobutanol 

Functional Groups with Both Single and Double Bonds 
A family of three functional groups contains a C double bonded to 0 (a carbonyl 
group) and single bonded to 0 or N. The parent of the family is the carboxylic 

:0: 
I I . .  

acid group, -C-QH , also called the carboxyl group and written -COOH. 
The most important reaction type of this family is substitution from one member 
to anotheJ: Substitution for the - OH by the -OR of an alcohol gives the 

:0: 
II . .  

ester group, -C-Q-R ; substitution by the -N - of an amine gives the 

:0: I 
I I I 

amide group, -C-�- . 
o 
II 

Carboxylic Acids Carboxylic acids, R -C-OH, are named by dropping the - e  
from the alkane name and adding -oic acid; however, many common names are 
used. For example, the four-C acid is butanoic ac id (the carboxyl C is counted 
when choosing the root); its common name is butyric acid. Figure 1 5 . 1 5  shows 
some important carboxylic acids. The carboxyl C already has three bonds, so it 
forms only one other. In formic acid (methanoic acid), the carboxyl C bonds to 
an H, but in all other carboxylic acids it bonds to a chain or ring. 

Carboxylic acids are weak acids in water: 

° ° I I  I I  
CH3 - C - OH(I) + H20(l) � CH3 - C - O-(aq) + H30+(aq) 

ethanoic acid 
(acetic acid) 

At equilibrium in acid solutions of typical concentration, more than 99% of the 
acid molecules are undissociated at any given moment. In strong base, however, 
they react completely to form a salt and water: 

° ° I I  I I 
CH3 - C - OH(I) + NaOH(aq) ----+ CH3 - C - O-(aq) + Na+(aq) + H20(l) 

The anion is the carboxylate ion, named by dropping -oic acid and adding -oate; 
the sodium salt of butanoic acid, for instance, is sodium butanoate . 

479 

A 

R'
�" " " 'IIIIC = O  � 

RI
····· .. ',lfII C+_ O:-

", . . ", . .  

B 
R R 

Figure 1 5. 1 4  The carbonyl group. A, The 
CT and 1T bonds that make up the C=O 
bond of the carbonyl group. B, The 
charged resonance form shows that the 
C=O bond is polar (tlEN = 1.0). 

Methanoic acid (formic acid) 
An irritating component 
of ant and bee stings 

Butanoic acid (butyric acid) 
Odor of rancid butter; 
suspected component of 
monkey sex attractant 

Benzoic acid 
Calorimetric standard; 
used in preserving food, 
dyeing fabric, curing tobacco 

Octadecanoic acid (stearic acid) 
Found in animal fats; used in 
making candles and soaps 

Figure 1 5. 1 5  Some molecules with the 
carboxylic acid functional group. 
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Carboxylic acids with long hydrocarbon chains are fatty acids, an essential 
group of compounds found in all cells. Animal fatty acids have saturated chains 
(see stearic acid, Figure 1 5 . 1 5, bottom), whereas many from vegetable sources are 
unsaturated. Fatty acid salts are soaps, with their cations usually from Group 
l AO )  or 2A(2). When clothes with greasy spots are immersed in soapy water, the 
nonpolar "tails" of the soap molecules interact with the grease, while the ionic 
"heads" interact with the water. Agitation of the water rinses the grease away. 

Substitution of carboxylic acids occurs through a two-step sequence: addition 
plus elimination equals substitution. Addition to the trigonal planar shape of the 
carbonyl group gives an unstable tetrahedral species, which immediately under­
goes elimination to revert to a trigonal planar product: 

o o-z I I  addition I 
C + Z -y "c-x 

R / "X w····') 
Y 

elimination 
> 

o I I  
C + z-x 

R/ "y 

Strong heating of carboxylic acids forms an acid anhydride through a type of 
substitution called a dehydration-condensation reaction (Section 14.6), in which 
two molecules condense into one with loss of water: 

o 0 0 0 II II 6. II I I  
R - cl- OH + Hlo-C - R -- R-C - O-C - R + HOH 

Esters An alcohol and a carboxylic acid form an ester. The first part of an ester 
name designates the alcohol portion and the second the acid portion (named in 
the same way as the carboxylate ion). For example, the ester formed between 
ethanol and ethanoic acid is ethyl ethanoate (common name, ethyl acetate), a sol­
vent for nail polish and model glue. 

The ester group occurs commonly in lipids, a large group of fatty biological sub­
stances. Most dietary fats are triglycerides, esters that are composed of three fatty 
acids linked to the aJcohol 1 ,2,3-llihydroxypropane (common name, glycerol) and that 
function as energy stores. Some important lipids are shown in Figure 1 5. 1 6; lecithin 
is one of several phospholipids that make up the lipid bilayer in all cell membranes. 

Esters, like acid anhydrides, form through a dehydration-condensation reac­
tion; in this case, it is called an esterification: 

o 0 II H+ I I  
R-cl- OH + HI-o-R ' � R-C - O - R' + HOH 

Note that the esterification reaction is reversible. The opposite of dehydration­
condensation is called hydrolysis, in which the 0 atom of water is attracted to the 

Cetyl palmitate The mast common 

:0: CH3 
.. II . .  1 +  

CH -O-P- O - CH -CH -N-CH 2 .. [ . . 2 2 [ 3 

:Q:- CH3 
Lecithin Phospholipid found in 
all cell membranes 



:0: 
\I 

CH -C � 3 "NH-O-QH 

1 5.4 Properties and Reactivities of Cammon Functional Groups 

:0: 
I I 

H - C  "N-CH 
I 

3 

CH3 
Acetaminophen N,N-Dimethylmethanamide 
Active ingredient in nonaspirin (dimethylformamide) 
pain relievers; used to make dyes Major organic solvent; used in 

CH3 
I 

CH2 
I 

. .  / 
Q = C  

N-CH -CH . .  2 3 

and photographic chemicals production of synthetic fibers Lysergic acid diethylamide (LSD-2S) A potent hallucinogen 
Figure 1 5. 1 7  Some molecules with the amide functional group. 

partially positive C atom of the ester, cleaving (lysing) the molecule into two parts. 
One part receives water's -OH, and the other part receives water's other H. 

Amides The product of a substitution between an amine (or NH3) and an ester 
is an amide. The partially negative N of the amine is attracted to the partially pos­
itive C of the ester, an alcohol (ROH) is lost, and an amide forms: 

o 
I I � . 

CH3-C-0 -CH3 + H�- CH2 -CH3 

H 

--

methyl ethanoate ethanamine N-ethylethanamide 
(methyl acetate) (ethylamine) (N-ethylacetamide) 

methanol 

Amides are named by denoting the amine portion with N- and replacing -oic acid 
from the parent carboxylic acid with -amide. In the amide from the previous 
reaction, the ethyl group comes from the amine, and the acid portion comes from 
ethanoic acid (acetic acid). Some amides are shown in Figure 1 5 . 1 7. 

Amides are hydrolyzed in hot water (or base) to a carboxylic acid (or 
carboxylate ion) and an amine. Thus, even though amides are not normally 
formed in the following way, they can be viewed as the result of a reversible 
dehydration-condensation: 

o H 0 H 
1 1 .------, I I I  I 

R-cl-OH + HI- N -R ' � R - C- N -R'  + HOH 

The most important example of the amide group is the peptide bond (discussed 
in Section 1 5 .6), which links amino acids in a protein. 

SAMPLE PROBLEM 1 5 . 5  Predicting Reactions of the Carboxylic Acid Family 
Problem Predict the product(s) of the following reactions: 

o OH I I  I H+ 
(a) CH3-CH2-CH2-C-OH + CH3- CH-CH3 � 

CH3 0 I I I  NaOH 
(b) CH3-CH-CH2-CH2-C-NH-CH2-CH3 

Plan We discussed substitution reactions (including addition-elimination and dehydration­

condensation) and hydrolysis .  In (a), a carboxylic acid and an alcohol react, so the reac­

tion must be a substitution to form an ester and water. In (b), an amide reacts with OH-, 

so it is hydrolyzed to an amine and a sodium carboxylate. 
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Solution (a) Formation of an ester: 

o CH3 I I  I 
CH3-CH2-CH2-C-O-CH-CH3 + H20 

(b) Basic hydrolysis of an amide: 

CH 0 I 3 I I  
CH3-CH-CH2-CH2 -C-O- + Na+ + H2N-CH2-CH3 

Check Note that in part (b), the carboxylate ion forms, rather than the acid, because the 
aqueous NaOH that is present reacts with the carboxylic acid. 

F OLLOW- U P  PROB LEM 1 5 . 5  Fill in the blanks in the following reactions: 
o 

(a) __ + CH3-OH � @-CH2 -g-O-CH3 + H20 

o 
I I (b) __ + __ � CH3-CH2-CH2 -C-NH-CH2-CH3 + CH3-OH 

Functional Groups with Triple Bonds 
There are only two important functional groups with triple bonds. Alkynes, with 
their electron-rich -C-C- group, undergo addition (by H20, H2, HX, X2, and 
so forth) to form double-bonded or saturated compounds: 

H2 H2 CH3-C-CH -----+- CH3-CH=CH2 -----+- CH3- CH2-CH3 
propyne propene propane 

Nitriles (R-C=N) contain the nitrile group ( - C  N:) and are made by 
substituting a CN- (cyanide) ion for X- i n  a reaction with an alkyl halide: 

CH3-CH2-CI + NaCN -----+- CH3-CH2-C-N + NaCI 

This reaction is useful because it increases the hydrocarbon chain by one C atom. 
Nitriles are versatile because once they are formed, they can be reduced to amines 
or hydrolyzed to carboxylic acids: 

�NH 2 

reduction • hydrolysis 

o I I  
CH3-CH2-C-OH 

o 

�OH 

SAMPLE PROBLEM 1 5 .6 Recognizing Functional Groups 
Problem Circle and name the functional groups in the following molecules: 

+ NH/ 

(a
) �-OH � (b) @-b:-CH, -NH-CH, (e) A @-O- C-CH, UC1 

Plan We use Table 1 5 .5 to identify the various functional groups. 
Solution 
(a) carboxylic acid (b) alcohol ( c) 

-----

2° amine 
ester 
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(a) 0 (b) 

1 5.5 The Monomer-Polymer Theme I: Synthetic Macromolecules 

Circle and name the functional groups: 
o I I  r" H N-C-CH -CH-CH 2 2 

I 3 

Br 

S E C T I O N  S U M M A RY 
Organic reactions are in itiated when regions of high and low electron density of dif­

ferent reactant molecules attract each other. Groups contai ning only single bonds­

alcohols, amines, and alkyl halides-take part in  substitution and el imination reac­

tions. Groups with double or triple bonds-al kenes, aldehydes, ketones, al kynes, and 

nitriles-generally take part in  addition reactions. Groups with both double and sin­

gle bonds-carboxyl ic acids, esters, and amides-generally take part in  substitution 

reactions. Many reactions change one functional group to another, but some, such 

as those involving the cyanide ion, change the C skeleton.  

1 5.5 THE MONOMER-POLYMER THEME I :  
SYNTHETIC MACROMOLECULES 

In its simplest form, a polymer (Greek, "many parts") is an extremely large mol­
ecule, or macromolecule, consisting of a covalently linked chain of smaller mol­
ecules, called monomers (Greek, "one part"). The monomer is the repeat unit of the 
polymer, and a typical polymer may have from hundreds to hundreds of thousands 
of repeat units. There are many types of monomers, and their chemical structures 
allow for the complete repertoire of intermolecular forces. Synthetic polymers are 
created by chemical reactions in the laboratory; natural polymers (or biopolymers) 
are created by chemical reactions within organisms, and we' ll discuss them in the 
next section. 

Virtually every home, car, electronic device, and processed food contains syn­
thetic polymers in its structure or packaging. You interact with dozens of these 
materials each day-from paints to floor coverings to clothing to the paper coat­
ing and adhesives in this textbook. Some of these materials, like those used in 
food containers, do not break down in the environment and have created a seri­
ous waste-disposal problem. Others are being actively recycled into numerous use­
ful products, such as garbage bags, outdoor furniture, roofing tiles, and even 
marine pilings and roadside curbs. Still others, such as artificial skin, heart valve 
components, and hip joints, are designed to have as long a life as possible (see 
silicones in Section 1 4.5) .  In this section, we'll see how synthetic polymers are 
named and discuss the two types of reactions that link monomers covalently into 
a chain. 

To name a polymer, just add the prefix poly- to the monomer name, as in 
polyethylene or polystyrene. When the monomer has a two-word name, parenthe­
ses are used, as in poly(vinyl chloride}. 

The two major types of reaction processes that form synthetic polymers lend 
their names to the resulting polymer classes-addition and condensation. 

Addition Polymers 
Addition polymers form when monomers undergo an addition reaction with one 
another. These are also called chain-reaction (or chain-growth) polymers because 
as each monomer adds to the chain, it forms a new reactive site to continue the 

f 
. . I h h ""- / . process. The monomers 0 most addItIOn po ymers ave t e C=C groupmg. 

/ ""-

483 



484 CHAPTER 1 5  Organic Compounds and the Atomic Properties of Carbon 

li'MI".' Some Major Addition Polymers 

Monomer 

H " / H 
c=c 

H / "
H 

F" /F 
c=c 

F/ "
F 

H" /H 
c=c 

H/ "
CH3 

H " / H 
c=c 

H / "
CI 

H " / H 
C=C 

H / \Q) 

H" /CI 
C=C 

H/ "
CI 

H" /CH3 
C=C 

H/ "
C-O -CH I I 3 

o 

Polymer 

polyethylene 

polytetrafluoroethylene 

polypropylene 

poly(vinyl chloride) 

polystyrene 

polyacrylonitrile 

poly(vinyl acetate) 

poly(vinyJidene chloride) 

poly(methyl methacrylate) 

Applications 

Plastic bags; bottles; toys 

Cooking utensils (e.g., Teflon) 

Carpeting (indoor-outdoor); 
bottles 

Plastic wrap; garden hose; indoor 
plumbing 

Insulation; furniture; packing 
materials 

Yarns, fabrics, and wigs (e.g., Orlon, 
Acrilan) 

Adhesives; paints; textile 
coatings; computer disks 

Food wrap (e.g. ,  Saran) 

Glass substitute (e.g., Lucite, 
Plexiglas); bowling balls; paint 

As you can see from Table 1 5 .6, the essential differences between an acrylic 
sweater, a plastic grocery bag, and a bowling ball are due to the different groups 
that are attached to the double-bonded C atoms of the monomer. 

The free-radical polymerization of ethene (ethylene, CH2=CH2) to poly­
ethylene is  a simple example of the addition process. In Figure 1 5 . 1 8 , the 
monomer reacts to form a free radical, a species with an unpaired electron, 
that seeks an electron from another monomer to form a covalent bond. The 
process begins when an initiator, usually a peroxide, generates a free radical 
that attacks the 'IT bond of an ethylene unit, forming a (J" bond with one of the 

electrons and leaving the other unpaired. This new free radical then attacks the 
'IT bond of another ethylene, joining it to the chain end, and the backbone of 
the polymer grows one unit longer. This process continues until two free rad­
icals form a covalent bond or a very stable free radical is formed by addition 
of an inhibitor molecule. 

The most important polymerization reactions are stereoselective to create 
polymers whose repeat units have groups spatially oriented in particular ways. 
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Through the use of these reactions, polyethylene chains with molar masses of 1 04 

to 105 g/mol are made by varying conditions and reagents. 
Similar methods are used to make polypropylenes, t-CH? - CH---l , that have 

_ I 11 

CH3 
all the CH3 groups of the repeat units oriented either on one side of the chain 
or on alternating s ides. The different orientations lead to chains that pack dif­
ferently, which leads to differences in such physical properties as density, rigid­
ity, and elasticity. 

Condensation Polymers 
The monomers of condensation polymers must have two functional groups; we 
can designate such a monomer as A-R-B (where R is the rest of the molecule). 
Most commonly, the monomers link when an A group on one undergoes a 
dehydration-condensation reaction with a B group on another: 

�nH -A- R - B-OH + �nH - A - R - B-OH -(n - l )HOI-I , 

H+A-R -B-t,;- OH 
Many condensation polymers are copolymers, those consisting of two or more dif­
ferent repeat units. For example, condensation of carboxylic acid and amine 
monomers forms polyamides (nylons), whereas carboxylic acid and alcohol 
monomers form polyesters. 

One of the most common polyamides is nylon-66, manufactured by mixing 
equimolar amounts of a six-C diamine ( l ,6-diaminohexane) and a six-C diacid 
( l ,6-hexanedioic acid). The basic amine reacts with the acid to form a "nylon 
salt." Heating drives off water and forms the amide bonds: 

o 0 
/ I  I I  

nHO-C-(CH2)4-C-OH + nH2N-(CH2)6-NH2 -(2n- l )H20 

Covalent bonds within the chains give nylons great strength, and H bonds between 
chains give them great flexibility. About half of all nylons are made to reinforce 
automobile tires; the others are used for rugs, clothing, fishing line, and so forth. 

Dacron, a popular polyester fiber, is woven from polymer strands formed 
when equimolar amounts of 1 ,4-benzenedicarboxy lic acid and 1 ,2-ethanediol 
react. Blending these polyester fibers with various amounts of cotton gives fab­
rics that are durable, easily dyed, and crease resistant. Extremely thin Mylar films, 
used for recording tape and food packaging, are also made from this polymer. 

S E C T I O N  S U M M A RY 
Polymers are extremely large molecules that are made of repeat u nits called 

monomers. Addition polymers are formed from unsaturated monomers that commonly 

link through free-radical reactions. Most condensation polymers are formed by l ink­

ing two types of monomer through a dehydration-condensation reaction. 
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(Peroxide initiator) 

Step 1 
Formation of 
free radical 

Step 2 
Addition of 
monomer 

Step 3 
Addition of 
more monomer 

y-O-O-y j 

2Y-O' 

Y-O-CH -CH -fCH -CH 1-CH -CH • 2 2 L 2 �n 2 2 

Step 4 
Chain termination by 
joining of two free radicals 

n+1 

Figure 1 5. 1 8  Steps in the free-radical polymerization of ethylene. In this polymeriza­
tion method, free radicals initiate, propagate, and terminate the formation of an addition 
polymer. An in itiator (Y-O -O -Y) is split to form two molecules of a free radical 
(Y-O·). The free radical attacks the 1T bond of a monomer and creates another free radi­
cal (y-O-CH2-CH2')' The process continues, and the chain grows (propagates) until 
an inhibitor is added (not shown) or two free radicals combine. Y-O-CH -CH -fCH -CH l-[CH -CH l-O-V 2 2 L 2 2Jn+1 L 2 2Jm+1 
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same as 
HO-CH2 6 1 

H sC -O I/� "" / H 
C C 4 1 "- OH H / 1 " 

"I V OH 
HO 3C-C I 2 1 

H OH 
Cyclic form of 

A glucose 
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1 5.6 THE MONOMER-POLYMER THEME I I :  
B IOLOGICAL MACROMOLECULES 

The monomer-polymer theme was being played out in nature eons before humans 
employed it to such great advantage. Biological macromolecules are nothing more 
than condensation polymers created by nature's reaction chemistry and improved 
through evolution. These remarkable molecules are the greatest proof of the ver­
satility of carbon and its handful of atomic partners. 

Natural polymers are the "stuff of life" -polysaccharides, proteins, and 
nucleic acids. Some have structures that make wood strong, hair curly, fingernails 
hard, and wool flexible. Others speed up the myriad reactions that occur in every 
cell or defend the body against infection. Still others possess the genetic infor­
mation organisms need to forge other biomolecules. Remarkable as these giant 
molecules are, the functional groups of their monomers and the reactions that link 
them are identical to those for other, smaller organic molecules, and the same 
intermolecular forces that dissolve smaller molecules stabilize these giant mol­
ecules in the aqueous medium of the cell. 

Sugars and Polysaccharides 
In essence, the same chemical change occurs when you burn a piece of wood or 
eat a piece of bread. Wood and bread are mixtures of carbohydrates, substances 
that provide energy through oxidation. 

Monomer Structure and Linkage Glucose and other simple sugars are called 
monosaccharides and consist of carbon chains with attached hydroxyl and car­
bonyl groups. In addition to their roles as individual molecules engaged in energy 
metabolism, they serve as the monomer units of polysaccharides. Most natural 
polysaccharides are formed from five- and six-C units. In aqueous solution, an 
alcohol group and the aldehyde (or ketone) group of a given monosaccharide react 

with each other to form a cyclic molecule with either a five- or six-membered ring 

(Figure 1 5 . 1 9  A). When two monosaccharides undergo a dehydration-condensation 
reaction, a disaccharide forms. For example, sucrose (table sugar) is a disaccha­
ride of glucose and fructose (Figure 1 5 . 1 9B).  

A polysaccharide consists of many monosaccharide units linked covalently. 
The three major natural polysaccharides consist entirely of glucose units, but they 
differ in the details of how they are linked. Cellulose is the most abundant organic 
chemical on Earth. More than 50% of the carbon in plants occurs in the cellulose 
of stems and leaves; wood is largely cellulose, and cotton is more than 90% cel­
lulose. It consists of long chains of glucose H-bonded to one another to form 
planes that H bond to planes above and below. Thus, the great strength of wood is 
due largely to H bonds. Starch serves as the energy storage molecule in plants. It 
occurs as a helical molecule of several thousand glucose units mixed with a highly 

-

Figure 1 5. 1 9  The structure of glucose in aqueous solution and the 
formation of a disaccharide. A, A molecule of glucose undergoes an in­
ternal addition reaction between the aldehyde group of C-1 and the al-

cohol group of C-5 to form a cyclic monosaccharide. B, In a dehydration­
condensation reaction, the monosaccharides glucose and fructose form 
the disaccharide sucrose (table sugar) and a water molecule. 
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branched, bushlike molecule of up to a million glucose units. Glycogen functions 
as the energy store in animals. It occurs in liver and muscle cell s  as insoluble 
granules consisting of even more highly branched molecules made from 1000 to 
more than 500,000 glucose units. The bonds between glucose units in these poly­
mers differ in their chirality. Humans lack the enzyme to break the particular link 
in cellulose, so we cannot digest i t  (unfortunately!), but we can break the links 
in starch and glycogen. 

Amino Acids and Proteins 
As you saw in  Section 1 5 .5 ,  synthetic polyamides (such as  nylon-66) are formed 
from two monomers, one with a carboxyl group at each end and the other with 
an amine group at each end. Proteins, the polyamides of nature, are unbranched 
polymers formed from monomers called amino acids, each of which has a car­
boxyl group and an amine group. 

Monomer Structure and Linkage An amino acid has both its carboxyl and amine 
groups attached to the a-carbon, the second C atom in the chain. Proteins are made 
up of about 20 different types of amino acids, each with its own particular R group 
(Figure 15 .20). 

Nonpolar amino acids 

CH3 
I 

CH3 
I 

CH3 
I 

CH3-CH 
I 

CH2 
I 

H CH3 CH3-CH CH2 CH3-CH 
+ I + I + I + I + I 

H3N-C-COO-
I 

H3N-C-COO-
I 

H3N-C-COO-
I 

H3N-C-COO-
I 

H3N-C-COO-
I 

H H H H H 
Glycine Alanine Valine Leucine Isoleucine 

Polar amino acids Aromatic amino acids 

0 
OH SH CH3 
I I I 

CH2 CH2 HC-OH CH2 
+ I + I + I + I 
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Figure 1 5.20 The common amino 
acids. About 20 different amino acids 
occur in proteins. The R groups are 
screened yellow, and the a-carbons 
(boldface), with carboxyl and amino 
groups, are screened gray. Here the 
amino acids are shown with the charges 
they have under physiological conditions. 
They are grouped by polarity, acid-base 
character, and presence of an aromatic 
ring. The R groups play a major role in the 
shape and function of the protein. 

Methionine Proline 

OH H 

¢ 
I 

oy 
� I j 

CH2 CH2 
+ I + I 

H3N-C-COO- H3N-C-COO- H3N-C-COO- H3N-C-COO-
I 

H3N-C-COO-
I 

H3N-C-COO-
I I I I 

H H H 
Serine Cysteine Threonine 

Basic amino acids 

+ 
NH2 
I + 

NH3 
I 

C=NH2 
I 

CH2 NH 
+ I I HN, CH2 CH2 yNH I I 

CH2 CH2 
I I 

CH2 CH2 CH2 
+ I + I + I 

H3N-C-COO-
I 

H3N-C-COO-
I 

H3N-C-COO-
I 

H H H 
Histidine Lysine Arginine 

H H 
Phenylalanine Tyrosine 

Acidic amino acids and amide derivatives 

o 0-
�/ C 

I 
CH2 

+ I 
H3N-C-COO-

I 
H 

Aspartic acid 

o 0-
�/ C 

I 
CH2 
I 

CH2 
+ I 

H3N-C-COO-
I 

H 
Glutamic acid 

O� NH2 �
C/ 
I 

CH2 
+ I 

H3N-C-COO-
I 

H 
Asparagine 

H 
Tryptophan 

O� 
/

NH2 �
C 
I 

CH2 
I 

CH2 
+ I 

H3N-C-COO-
I 

H 
Glutamine 
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Glutamic acid 
Carbon Nitrogen Oxygen eHydrogen 

Serine 

Lysine 

� 
Peptide 

bond 

Figure 1 5.21 A portion of a polypeptide chain. The peptide bond holds monomers together in a 
protein. Three peptide bonds (orange screens) join four amino acids (gray screens) in this portion 
of a polypeptide chain. Note the repeating pattern of the chain: peptide bond-a-carbon­
peptide bond-a-carbon-and so on. Also note that the side chains dangle off the main chain. 

In the aqueous cell fluid, the NH2 and COOH groups of amino acids are 
charged because the carboxyl group transfers an H+ ion to H20 to form H30+, 
which transfers the H+ to the amine group. The overall process is, in effect, an 
intramolecular acid-base reaction: 

H 0+ (one of 20 

_ H20 r-: 3 

� R 

d������t 
I I �

O +H20 
+ 1 �

O 
H N- C-C gives H N- C-C 2 / 1 " 

3 
1 " _  a-carbon...-/" H 0-(8) H 0 

An H atom is the third group bonded to the a-carbon, and the fourth is the R 
group (also called the side chain). 

Each amino acid is linked to the next one through a peptide (amide) bond 
formed by a dehydration-condensation reaction in which the carboxyl group of 
one monomer reacts with the amine group of the next. Therefore, the polypeptide 
chain-the backbone of the protein-has a repeating sequence that consists of an 
a-carbon bonded to an amide group bonded to the next a-carbon bonded to the 
next amide group, and so forth (Figure 15 .2 1 ) .  The various R groups dangle from 
the a-carbons on alternate sides of the chain. 

The Hierarchy of Protein Structure Each type of protein has its own amino acid 
composition, a specific number and proportion of the various amino acids. How­
ever, it is not the composition that defines the protein 's role in the cell; rather, the 
sequence of amino acids determines the protein 's shape and function. Proteins 
range from about 50 to several thousand amino acids, yet even a small protein of 
1 00 amino acids has an enormous number of possible sequences of the 20 types 
of amino acids (20100 

= 1 0130). In fact, though, only a tiny fraction of these pos­
sibilities occur in actual proteins. For example, even in an organism as complex 
as a human being, there are only about 1 05 different types of protein. 
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SECONDARY STRUCTURE 

TERTIARY STRUCTURE 

A protein folds into its native shape as it is being synthesized in the celL Bio­
chemists define a hierarchy for the overall structure of a protein (Figure 15 .22): 

1. Primary (10) structure, the most basic level, refers to the sequence of co­
valently bonded amino acids in the polypeptide chain. 

2. Secondary (2°) structure refers to sections of the chain that, as a result of H 
bonding between nearby peptide groupings, adopt shapes called a-helices and 
[3-pleated sheets. 

3. Tertiary (3°) structure refers to the three-dimensional folding of the whole 
polypeptide chain, which results from many forces. The -SH ends of two cys­
teine side chains form a covalent disulfide bridge ( - S - S - ) that brings 
together distant parts of the chain. Polar and ionic side chains interact with sur­
rounding water through ion-dipole forces and H bonds. And nonpolar side 
chains interact through dispersion forces within the nonaqueous protein inte­
rior. Thus, soluble proteins have polar-ionic exteriors and nonpolar interiors. 

4. Quaternary (4°) structure, the most complex level, occurs in proteins made up 
of several polypeptide chains (subunits) and refers to the way the chains assem­
ble into the overall protein. 

Note that only the 1 ° structure involves covalent bonds; the 2°, 3°, and 4° 
structures rely primarily on intermolecular forces. 

The Relation Between Structure and Function Two broad classes of proteins dif­
fer in the complexity of their amino acid compositions and sequences and, there­
fore, in their structure and function: 

1. Fibrous proteins are key components of materials that require strength and 
flexibility. They have simple amino acid compositions and repetitive structures. 
Consider collagen, the most common animal protein, which makes up as much 
as 40% of human body weight. More than 30% of its amino acids are glycine, 
and another 20% are proline. It exists as long, triple-helical cable in which the 
peptide C=O groups in one chain form H bonds to the peptide N -H groups in 
another. As the main component of tendons, skin, and blood vessels, collagen has 
a high tensile strength; in fact, a I-mm thick strand can support a l O-kg weight! 
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QUATERNARY STRUCTURE 

Figure 15.22 The structural hierarchy 
of proteins. A typical protein's structure 
can be viewed at different levels. Primary 
structure (shown as a long string of balls 
leaving and returning to the picture frame) 
is the sequence of amino acids. Sec­
ondary structure consists of highly or­
dered regions that occur as an a-helix or 
a i3-sheet. Tertiary structure combines 
these ordered regions with more random 
sections. In many proteins, several terti­
ary units interact to give the quaternary 
structure. 
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Figure 1 5.23 Nucleic acid precursors 
and their linkage. A, In the cell, nucleic 
acids are constructed from nucleoside 
triphosphates, precursors of the mono­
nucleotide un its. Each one consists of an 

N-containing base (structure not shown), 
a sugar, and a triphosphate group. I n  

R N A  (top), the sugar i s  ribose; in  DNA, it 

is 2' -deoxyribose (C atoms of the sugar 

are denoted by a number primed, e.g . ,  

2'; note the absence of  an -OH group 

on C-2 of the ring). B, A tiny segment of 

the polynucleotide chain of DNA shows 
the phosphodiester bonds that link the 

5'-OH group of one sugar to the 3'-OH 
group of the next and are formed through 
dehydration-condensation reactions 
(which also release diphosphate ion). 
The bases dangle off the chain .  

CHAPTER 15 Organic Compounds and the Atomic Properties of Carbon 

2. Globular proteins have complex compositions, often containing all 20 com­
mon amino acids in varying proportions. They are typically compact, with a wide 
variety of shapes and functions-as antibodies, hormones, and enzymes, to name a 
few. The locations of particular amino-acid R groups are crucial to a globular pro­
tein's function. In enzymes, for example, these groups bring the reactants together 
through intermolecular forces and stretch their bonds to speed their reaction to prod­
ucts. Experiment shows that a slight change in a critical R group decreases function 
dramatically. This fact supports the essential idea that the protein's amino acid 
sequence determines its structure, which in tum determines its function: 

SEQUENCE ===? STRUCTURE ===? FUNCTION 

Nucleotides and Nucleic Acids 
An organism's nucleic acids construct its proteins. And, given that the proteins 
determine how the organism looks and behaves, no job could be more essential. 

Monomer Structure and Linkage Nucleic acids are polynucleotides, unbranched 
polymers that consist of mononucleotides, each of which consists of an 
N-containing base, a sugar, and a phosphate group. The two types of nucleic acid, 
ribonucleic acid (RNA) and deoxyribonucleic acid (DNA), differ in the sugar 
portions of their mononucleotides: RNA contains ribose, and DNA contains 
deoxyribose, in which -H substitutes for -OH on the second C of ribose. 

The cellular precursors that form a nucleic acid are nucleoside triphosphates 
(Figure 1 5 .23A). Dehydration-condensation reactions between them create a chain 

<-;,0 
-Q'Ii 

Nucleoside triphosphate 
of ribonucleic acid (RNA) 

Nucleoside triphosphate of 
deoxyribonucleic acid (DNA) 

A 

Portion of DNA polynucleotide chain 

B 
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with the repeating pattern -sugar-phosphate-sugar-phosphate-, and so on 
(Figure 1 5 .23B). Attached to each sugar is one of four N-containing bases­
thymine (T),  cytosine (C), guanine (G), and adenine (A). In RNA, uracil (U) sub­
stitutes for thymine. The bases dangle off the sugar-phosphate chain, much as R 
groups dangle off the polypeptide chain of a protein .  

DNA Structure and Base Pairing In the cell nucleus, the many millions of 
nucleotides in DNA occur as two chains wrapped around each other in a dou­
ble helix (Figure 1 5 . 24) . Intermolecular forces play a central role in stabilizing 
this structure. On the exterior, negatively charged sugar-phosphate chains form 
ion-dipole and H bonds with the aqueous surroundings. In the interior, the flat, 
nitrogen-containing bases stack above each other, which allows extensive inter­
action through dispersion forces. 

Most important, each base in one chain "pairs" with a specific base in the 
other through H bonding. The essential feature of these base pairs, which is cru­
cial to the structure and function of DNA, is that each type of base is always 
paired with the same partner: A with T and G with C. Thus, the base sequence 
of one chain is the complement of the sequence of the other. For example, the 
sequence A-C-T on one chain is always paired with T-G-A on the other: 
A with T, C with G, and T with A. 

Each DNA molecule is folded into a tangled mass that forms one of the cell 's  
chromosomes. The DNA molecule i s  amazingly long and thin: if the largest human 
chromosome were stretched out, it would be 4 em long; in the cell nucleus, 
however, it i s  wound into a rounded structure only 5 nm wide-8 million 
times shorter! 
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Thymine (T) 

I I 
I I 
I I 
I I 
I I 
: .... <�----1.08 nm----....:>�: 
, I 

:*----1.08nm ----� 

Figure 15.24 The double helix of DNA_ A segment of DNA is shown 

as a space-fi l l ing model (left) . The boxed area is expanded (center) to 
show how the polar sugar(S)-phosphate(P) backbone faces the watery 

outside, and the nonpolar bases form H bonds to each other in the 

DNA core. The boxed area is expanded (right) to show how a pyrimi­

dine and a purine always form H-bonded base pairs to maintain the 

double helix width. The members of the pairs are always the same: A 

pairs with T, and G pairs with C. 
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From DNA to Protein Segments of the DNA chains are the genes that contain the 
chemical information for synthesizing the organism's proteins. In the genetic code, 
each base acts as a "letter," each three-base sequence as a "word," and each word 
codes for a specific amino acid. For example, the sequence C- A -C codes for 
the amino acid histidine, A -A -G codes for lysine, and so on. Through a com­
plex process that occurs largely through H bonding between base pairs, the DNA 
message of three-base words is transcribed into an RNA message of three-base 
words, which is then translated into a sequence of amino acids that are linked to 
make a protein:  

DNA BASE SEQUENCE ===? RNA BASE SEQUENCE ===?PROTEIN AMINO-ACID SEQUENCE 
The biopolymers provide striking evidence that the same atomic properties 

that give rise to covalent bonds, molecular shape, and intermolecular forces pro­
vide the means for all life forms to flourish. 

S E CTIO N S U M MA RY 
Polysaccharides, proteins, and nucleic acids are formed by dehydration-condensation 
reactions. Polysaccharides are formed from cyclic monosaccharides, such as 
glucose. Cellulose, starch, and glycogen have structural or energy-storage roles. 
Proteins are polyamides formed from as many as 20 different types of amino 
acids. Fibrous proteins have extended shapes and play structural roles. Globular 
proteins have compact shapes and play metabolic, immunologic, and hormonal 
roles. The amino acid sequence of a protein determines its shape and function. 
Nucleic acids (DNA and RNA) are polynucleotides consisting of four different 
mononucleotides. Hydrogen bonding between specific base pairs is the key to DNA 
structure. The base sequence of DNA determines the amino-acid sequences of an 
organism's proteins. 

For Review and Reference {Numbers in parentheses refer to pages, unless noted otherwise.} 
Learning Obiectives 

To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are listed in parentheses. 

1 .  Explain why carbon's atomic properties lead to formation of 
four strong bonds, multiple bonds, chains, and functional groups 
(§ 1 5 . 1 )  (EPs 1 5 . 1- 1 5 .4) 
2. Name and draw alkanes, alkenes, and alkynes with expanded, 
condensed, and carbon-skeleton formulas (§ 1 5 .2) (SPs 1 5 . 1 ,  
1 5 .2a-c) (EPs 1 5 .5, 1 5 .9- 1 5 . 1 8, 1 5 .29) 
3.  Distinguish among constitutional, optical, and geometric 
isomers (§ 1 5 .2) (SP 1 5 .2d, e) (EPs 1 5 .6- 1 5 . 8, 1 5 . 1 9- 1 5 .28, 
1 5 .30, 1 5.3 1 )  

Key Terms 
organic compound (458) 
Section 15.1 
heteroatom (459) 
functional group (460) 
Section 15.2 
hydrocarbon (460) 
alkane (CnH21l+2) (463) 
homologous series (463) 
saturated hydrocarbon (463) 

cyclic hydrocarbon (465) 
isomers (465) 
constitutional (structural) 

isomers (465) 
stereoisomers (467) 
optical isomers (467) 
chiral molecule (467) 
optically active (468) 
alkene (CIlH21l) (468) 

4. Describe three types of organic reactions (addition, elimina­
tion, and substitution) and identify each type from reactants and 
products (§ 1 5 .3) (SP 1 5 .3) (EPs 1 5.32- 15 .36) 
5 .  Understand the properties and reaction types of the various 
functional groups (§ 1 5 .4) (SPs 1 5.4- 1 5 .6) (EPs 15 .37- 1 5.58) 
6. Discuss the formation of addition and condensation polymers and 
draw abbreviated polymer structures (§ 1 5.5) (BPs 1 5.59- 1 5.67) 
7. Describe the three types of natural polymers, explain how 
amino-acid sequence determines protein shape, and thus function, 
draw small peptides, and use the sequence of one DNA strand to 
predict the sequence of the other (§ 1 5.6) (EPs 1 5.68- 15 .79) 

unsaturated hydrocarbon (468) 
geometric (cis-trans) 

isomers (468) 
alkyne (CIlH21l-2) (469) 
aromatic hydrocarbon (47 1 )  
Section 15.3 
alkyl group (472) 
addition reaction (472) 

elimination reaction (472) 
substitution reaction (472) 
Section 15.4 
alcohol (475) 
haloalkane (alkyl halide) (475) 
amine (476) 
carbonyl group (478) 
aldehyde (478) 
ketone (478) 



carboxylic acid (479) 
ester (479) 
amide (479) 
fatty acid (480) 
acid anhydride (480) 
lipid (480) 

hydrolysis (480) 
nitrile (482) 
Section 1 5.5 
polymer (483) 
macromolecule (483) 
monomer (483) 

Brief Solutions to Follow-up Problems 

H H H I I I 
15.1 H-C-C-C-C==C-H I I I 

H H H 

H H H I I I 
H-C-C-C=C-C-H I I I 

H H H 

CI I 
CH -CH-CH-CH 3 I 3 

CI 

(b) CH3-CH2-CH2-Br + OW -

(c) CH3 CH3 

CH3-CH2-CH2-OH + Br-

I -H20 I 
CH3-C-CH3 � CH3-C=CH2 

I 
OH 

Problems 
Problems with colored numbers are answered in Appendix E. 
Sections match the text and provide the numbers at relevant 
sample problems . Bracketed problems are grouped in pairs 
(indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

The Special Nature of Carbon and the Characteristics 
of Organic Molecules 

15.1 Explain each of the following statements in terms of atomic 
properties: 
(a) Carbon engages in covalent rather than ionic bonding. 

Problems 

addition polymer (483) 
condensation polymer (485) 
Section 15.6 
monosaccharide (486) 
polysaccharide (486) 
disaccharide (486) 
protein (487) 

H I 
H-C-H 

� I 
H-C-C-C=C-H I I 

H H 

CH3 I 
15.4 (a) CH3-CH-CH-CH3 I 

CI 

(b) CH3-CH2-CH2-OH 

o 
15.5 (a) @-CH2-�-OH 

o II 

amino acid (487) 
nucleic acid (490) 
mononucleotide (490) 
double helix (49 1 )  
base pair (49 1 )  
genetic code (492) 

or 
CH3 I 

CH -CH -C-CH 3 2 I 3 

CI 

(b) CH3-CH2-CH2-C-O-CH3 + CH3-CH2-NH2 

~ II (b) H2N-C CH2-(yHT-CH3 

amide � 
haloalkane 

(b) Carbon has four bonds in all its organic compounds. 
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(c) Carbon forms neither stable cations, like many metals, nor 
stable anions, like many nonmetals. 
(d) Carbon bonds to itself more extensively than does any other 
element. 
(e) Carbon forms stable multiple bonds. 

15.2 Carbon bonds to many elements other than itself. 
(a) Name six elements that commonly bond to carbon in organic 
compounds. 
(b) Which of these elements are heteroatoms? 
(c) Which of these elements are more electronegative than car­
bon? Less electronegative? 
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(d) How does bonding of carbon to heteroatoms increase the 
number of organic compounds? 

15.3 Silicon lies just below carbon in Group 4A( 14) and also 
forms four covalent bonds. Why aren't there as many silicon 
compounds as carbon compounds? 

15.4 Which of these bonds to carbon would you expect to be rela-
tively reactive: C-H, C-C, C-I, C=O, C-Li? Explain. 

The Structures and Classes of Hydrocarbons 
(Sample Problems I S. 1 and l S.2) 
15.5 (a) What structural feature is associated with each type of 

hydrocarbon: an alkane; a cycloalkane; an alkene; an alkyne? 
(b) Give the general formula for each. 
(c) Which hydrocarbons are considered saturated? 

15.6 Define each type of isomer: (a) constitutional; (b) geometric; 
(c) optical. Whjch types of isomers are stereoisomers? 

15.7 Among alkenes, alkynes, and aromatic hydrocarbons, only 
alkenes exhibit cis-trans isomerism. Why don't the others? 

15.8 Which objects are asymmetric (have no plane of sym­
metry): (a) a circular clock face; (b) a football; (c) a dime; 
(d) a brick; (e) a hammer; (f) a spring? 

115.9 Draw all possible skeletons for a 7-C compound with 
(a) A 6-C chajn and 1 double bond 
(b) A S-C chain and 1 double bond 
(c) A S-C ring and no double bonds 

15.10 Draw all possible skeletons for a 6-C compound with 
(a) A S-C chain and 2 double bonds 
(b) A S-C chain and 1 triple bond 
(c) A 4-C ring and no double bonds 

15.11 Add the correct number of hydrogens to each of the skele­
tons in Problem IS.9. 

15.12 Add the correct number of hydrogens to each of the skele­
tons in Problem IS.LO. 

15.13 Draw correct structures, by makjng a single change, for any 
that are incorrect: 

CH3 
I (a) CH -CH-CH -CH 3 I 2 3 

CH3 

(c) CH=C-CH2-CH3 I 
CH2 I 
CH3 

15.14 Draw correct structures, by makjng a single change, for any 
that are incorrect: 

15.15 Draw the structure or give the name of each compound: 
(a) 2,3-dimethyloctane 
(b) l -ethyl-3-methylcyclohexane 

CH3 

(c) CH3-CH2-CH-6H-CH2 (d) � 
I I I · CH3 CH2-CH3 

15.16 Draw the structure or give the name of each compound: 

(a) � H3CyyCH3 

(b) 

Y 
CH3 

(c) 1 ,2-diethylcyclopentane (d) 2,4,5-trimethylnonane 
15.17 Each of the following names is wrong. Draw structures 

based on them, and correct the names: 
(a) 4-methylhexane (b) 2-ethylpentane 
(c) 2-methylcyclohexane (d) 3,3-methyl-4-ethyloctane 

15.18 Each of the following names is wrong. Draw structures 
based on them, and correct the names: 
(a) 3,3-dimethylbutane (b) 1 ,  l , l -trimethylheptane 
(c) l ,4-diethylcyclopentane (d) I -propylcyclohexane 

15.19 Each of the following compounds 
activity. Circle the crural center(s) in each: 
(a) H H (b) 

"-./ 

can exhibit optical 

H 
I 

H C H \/ \ I H H 
H-C-H 

I I � I � C-C-C-H 

C; � � H-C-C-C-C-C-H I I I I I 
H H

H_C_H
H H 

I 
H 

15.20 Each of the following compounds can exhibit optical 
activity. Circle the chiral center(s) in each: 
(a) H H (b) OH H 

H 'c/ ©rl I " / "H 0 C-C-H 
C H I I 

H-C
/ "c/ H H \\ / "H 

H/C-?-H 

H 

15.21 Draw structures from the following names, and determine 
whjch compounds are optically active: 
(a) 3-bromohexane 
(b) 3-chloro-3-methylpentane 
(c) 1 ,2-dibromo-2-methylbutane 

15.22 Draw structures from the following names, and determine 
which compounds are optically active: 
(a) 1 ,3-dichloropentane 
(b) 3-chloro-2,2,S-trimethylhexane 
(c) I -bromo-l -chlorobutane 

15.23 Whjch of the following structures exrubit geometric isom­
erism? Draw and name the two isomers in each case: 
(a) CH3-CH2-CH=CH-CH3 (b) U CH3 CH3 I I 
(c) CH3-C=CH-CH-CH2-CH3 

15.24 Which of the following structures exhibit geometric isom­
erism? Draw and name the two isomers in each case: 

CH3 
I (a) CH3-C-CH=CH-CH3 I (b) � 

CH3 



15.25 Which compounds exhibit geometric isomerism? Draw and 
name the two isomers in each case: 
(a) propene (b) 3-hexene 
(c) 1 , 1 -dichloroethene (d) 1 ,2-dichloroethene 

15.26 Which compounds exhibit geometric isomerism? Draw and 
name the two isomers in each case: 
(a) I -pentene (b) 2-pentene 
(c) l -chloropropene (d) 2-chloropropene 

15.27 Draw and name all the constitutional isomers of 
dichlorobenzene. 

15.28 Draw and name all the constitutional isomers of 
I trimethylbenzene. 
15.29 Butylated hydroxy toluene (BHT) is a common preservative 

added to cereals and other dry foods. Its systematic name is 
I-hydroxy-2,6-di-tert-butyl-4-methylbenzene (where "tert-butyl" 
is l , l -dimethylethyl). Draw the structure of BHT. 

15.30 There are two compounds with the name 2-methyl-3-
hexene, but only one with the name 2-methyl-2-hexene. Explain 
with structures. 

15.31 Any tetrahedral atom with four different groups attached 
can be a chiral center. Which of these compounds is optically 
active? 
(a) CHClBrF (b) NBrCI2H+ (c) PFCIBrI+ (d) SeFCIBrH 

Some Important Classes of Organic Reactions 
(Sample Problem 1 5.3) 

115.32 Determine the type of each of the following reactions: 
Br I NaOH (a) CH3-CH2-CH-CH3 � 

CH3-CH=CH-CH3 + NaBr + H20 

(b) CH3-CH=CH-CH2-CH3 + H2 � 
CH3-CH2-CH2-CH2-CH3 

15.33 Determine the type of each of the following reactions: 
o OH II I (a) CH3-CH + HCN --- CH3-CH-CN 
o II 

(b) CH3-C-O-CH3 + 
W CH3-NH2 ---

o I I 
CH3-C-NH-CH3 

15.34 Write equations for the following: 
(a) An addition reaction between H20 and 3-hexene (H+ speeds 
the reaction but is not consumed) 
(b) An elimination reaction between 2-bromopropane and hot 
potassium ethoxide, CH3-CH2-OK (KBr and ethanol are 
also products) 
(c) A light-induced substitution reaction between Cl2 and ethane 
to form 1, I-dichloroethane 

15.35 Write equations for the following: 
(a) A substitution reaction between 2-bromopropane and KI 
(b) An addition reaction between cyclohexene and Cl2 
(c) An addition reaction between 2-propanone and H 2  (the reac­
tion occurs on an Ni metal surface) 

15.36 Phenylethylamine is a natural substance that is structurally 
similar to amphetamine. It is found in sources as diverse as 
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almond oil and human urine, where it occurs at elevated concen­
trations as a result of stress and certain forms of schjzophrenja. 
One method of synthesizing the compound for pharmacological 
and psychiatric studies involves two steps: @-CH2-CI + NaCN - @-CH2-C=N :: ' 

@-CH2-CH2-NH2 

phenylethylamine 
Classify each step as an addition, elimination, or substitution. 

Properties and Reactivities of Common 
Functional Groups 
(Sample Problems 1 5.4 to 15.6) 
15.37 Compounds with nearly identical molar masses often have 

very different physical properties. Choose the compound with 
the higher value for each of the following properties, and explain 
your choice. 
(a) Solubility in water: chloroethane or methylethylamine 
(b) Melting point: diethyl ether or I -butanol 
(c) Boiling point: trimethylamine or propylamine 

15.38 Fill in each blank with a general formula for the type of com­
pound formed: 

owff IJ HBr 

15.39 Why does the C=O group react differently from the C=C 
group? Show an example of the difference. 

15.40 Many substitution reactions involve an initial electrostatic 
attraction between reactants. Show where this attraction arises in 
the formation of an amide from an amine and an ester. 

15.41 What reaction type is common to the formation of esters and 
acid anhydrides? What is the other product? 

15.42 Both alcohols and carboxylic acids undergo substitution, 
but the processes are very different. Explain. 

115.43 Name the type of organic compound from the following 
description of its functional group: 
(a) Polar group that has only single bonds and does not include 
O or N  
(b) Group that is polar and has a triple bond 
(c) Group that has single and double bonds and is acidic in water 
(d) Group that has a double bond and must be at the end of a 
C chain 

15.44 Name the type of organic compound from the following 
description of its functional group: 
(a) N-containing group with single and double bonds 
(b) Group that is not polar and has a double bond 
(c) Polar group that has a double bond and cannot be at the end 
of a C chain 
(d) Group that has only single bonds and is basic in water 

15.45 Circle and name the functional group(s) in each compound: 
o � II 

(b) CI-CH2---Y-C-OH 
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o 
(C)�W' 

(e) 0 II o-C-O-CH2-CH3 

15.46 Circle and name the functional group(s) in each compound: 
o 0 

(a) HOA)lH (b) I-CH2-CH2-C-CH 
o 0 II I I (d) CH3-NH-C-C-O-CH3 

Br I (e) CH3-CH-CH=CH-CH2-NH-CH3 

15.47 Draw all possible alcohols with the formula CSHI20. 
15.48 Draw all possible aldehydes and ketones with the formula 

CsHloO. 
15.49 Draw all possible amines with the formula C4HIIN. 
15.50 Draw all possible carboxyl ic acids with the formula 

CSHIO02· 
15.51 Draw the organic product formed when the following com­

pounds undergo a substitution reaction: 
(a) Acetic acid and methylamine 
(b) Butanoic acid and 2-propanol 
(c) Formic acid and 2-methyl- l -propanol 

15.52 Draw the organic product formed when the following com­
pounds undergo a substitution reaction: 
(a) Acetic acid and I-hexanol 
(b) Propanoic acid and dimethylamine 
(c) Ethanoic acid and diethylamine 

15.53 Draw condensed formulas for the carboxylic acid and alco­
hol portions of the following esters: 

o 
(a) �o� 

o 
(b) <Q>-g-O-CH2-CH2-CH3 

o 
(c) CH3-CH2-0-�-CH2-CH2--© 

15.54 Draw condensed formulas for the carboxylic acid and amine 
portions of the following amides: 

o 
(a) H3C-@-CH2-�-NH2 

(b) Jy�'/" 
o 

o 
(c) H�-NH--© 

1 5.55 Fill in the expected organic substances: 
o 
II 

CH3-CH2-C-OH 

H+ 

Br I cw H30+, H20 (b) CH3-CH2-CH-CH3 --+ __ • 

15.56 Fill in the expected organic substances: 

15.57 (a) Draw the four isomers of CSHI20 that can be oxidized to 
an aldehyde. (b) Draw the three i somers of CSHI20 that can be 
oxidized to a ketone. (c) Draw the isomers of CSHI20 that can­
not be easily oxidized to an aldehyde or ketone. (d) Name any 
isomer that is an alcohol. 

o 
II 

15.58 Ethyl formate (HC-O-CH2-CH3) is added to foods to 
give them the flavor of rum. How would you synthesize ethyl 
formate from ethanol, methanol ,  and any inorganic reagents? 

The Monomer-Polymer Theme I: Synthetic Macromolecules 

15.59 Name the reaction processes that lead to the two types of 
synthetic polymers. 

15.60 Which functional group is common to the monomers that 
make up addition polymers? What makes these polymers differ­
ent from one another? 

15.61 Which intermolecular force is primarily responsible for the 
different types of polyethylene? Explain. 

15.62 Which of the two types of synthetic polymer is more similar 
chemically to biopolymers? Explain. 

15.63 Which two functional groups react to form nylons? 
Polyesters? 

115.64 Draw an abbreviated structure for the following polymers, 
with brackets around the repeat unit: 

H'-..,. /H 
(a) Poly(vinyl chloride) (PVC) from /C=C'-..,. H CI 

H'-..,. /H 
(b) Polypropylene from /C=C'-..,. H CH3 

15.65 Draw an abbreviated structure for the following polymers, 
with brackets around the repeat unit: 
(a) Teflon from (b) Polystyrene from 
F'-..,. /F H'-..,. _ /H 

C=C /C-C� 
F/ '-..,.F H Q 

15.66 Write a balanced equation for the reaction between 1 ,4-
benzenedicarboxylic acid and 1 ,2-dihydroxyethane to form the 
polyester Dacron. Draw an abbreviated structure for the poly­
mer, with brackets around the repeat unit. 

15.67 Write a balanced equation for the reaction of the monomer 
dihydroxydimethylsilane (below) to form the condensation 
polymer known as Silly Putty. 

CH3 I 
HO-Si-OH I 

CH3 



The Monomer-Polymer Theme II: Biological Macromolecules 

15.68 Which type of polymer is formed from each of the follow­
ing monomers: (a) amino acids; (b) alkenes; (c) simple sugars; 
(d) mononucleotides? 

15.69 What is the key structural difference between fibrous and 
globular proteins? How is it related, in general, to the proteins' 
amino acid composition? 

15.70 Protein shape, function, and amino acid sequence are inter­
related. Whkh determines which? 

15.71 What is base pairing? How does it pertain to DNA structure? 
115.72 Draw the structure of the R group of (a) alanine; (b) histi­

dine; (c) methionine. 
15.73 Draw the structure of the R group of (a) glycine; 

(b) isoleucine; (c) tyrosine. 
15.74 Draw the structure of each of the following tripeptides: 

(a) Aspartic acid-histidine-tryptophan 
(b) Glycine-cysteine-tyrosine with the charges existing in cell 
fluid 

15.75 Draw the structure of each of the following tripeptides: 
(a) Lysine-phenylalanine-threonine 
(b) Alanine-leucine-valine with the charges that exist in cell fluid 

15.76 Write the sequence of the complementary DNA strand that 
pairs with each of the following DNA base sequences: 
(a) TTAGCC (b) AGACAT 

15.77 Write the sequence of the complementary DNA strand that 
pairs with each of the following DNA base sequences: 

1 (a) GGTTAC (b) CCCGAA 
15.78 Protein shapes are maintained by a variety of forces that 

arise from interactions between the amino-acid R groups. Name 
the amino acid that possesses each R group and the force that 
could arise in each of the following interactions: 
(a) -CH2-SH with HS-CH2-

° I I  (b) -(CH2)4-NH3 + with -O-C-CH2-
o 

( ) II . c -CH2-C-NH2 WIth HO-CH2-
CH3 

(d) -6H-CH3 with @-CH2-

15.79 Amino acids have an average molar mass of 1 00 g/mol. 
How many bases on a single strand of DNA are needed to code 
for a protein with a molar mass of 5 X  105 g/mol? 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 
15.80 A synthesis of 2-butanol was performed by treating 

2-bromobutane with hot sodium hydroxide solution. T he yield 
was 60%, indicating that a significant portion of the reactant was 
converted into a second product. Predict what this other product 
might be. 
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15.81 Pyrethrins, such as jasmolin II (below), are a group of natu­
ral compounds synthesized by flowers of the genus Cluysanthe­
mum (known as pyrethrum flowers) to act as insecticides. 
(a) Circle and name the functional groups in jasmolin II. 
(b) What is the hybridization of the numbered carbons? 
(c) Which, if any, of the numbered carbons are chiral centers? 

CH3 
1 2 I 0 

CH2=CH-CH,,3 4 /C�6 I I  I CH-C-O-HCS C-C-O-CH3 
CH3-C/ \I \ 7/ I 0 H2C-C� CH3 0 

* 15.82 Compound A is branched and optically active and contains 
C, H, and O. (a) A 0.500-g sample burns in excess O2 to yield 
1 .25 g of CO2 and 0.6 1 3  g of H20. Determine the empirical for­
mula. (b) When 0.225 g of compound A vaporizes at 755 torr and 
97°C, the vapor occupies 78.0 mL. Determine the molecular for­
mula. (c) Careful oxidation of the compound yields a ketone. 
Name and draw compound A and circle the chiral center. 

curring flavoring agent used in many 
15.83 Vanillin (right) is a naturally oc- -@-OCH3 

food products. Name each functional O=CH 0 OH 
group that contains oxygen. Which 
carbon-oxygen bond is shortest? 

15.84 T he genetic code consists of a series of three-base words 
that each code for a given amino acid. 
(a) Using the selections from the genetic code shown below, de­
termine the amino acid sequence coded by the following seg­
ment of RNA: 

UCCACAGCCUAUAUGGCAAACUUGAAG 
AUG = methionine 
UGG = tryptophan 
GCC = alanine 
UGU = cysteine 
UCC = serine 

CCU = proline 
AAG = lysine 
UUG = leucine 
AAC = asparagine 
GCA = alanine 

CAU = histidine 
UAU = tyrosine 
CGG = arginine 
ACA = threonine 
UCA = serine 

(b) What is the complementary DNA sequence from which this 
RNA sequence was made? 

o II 
* 15.85 Sodium propanoate (CH3-CH2-C-ONa) is a common 

preservative found in breads, cheeses, and pies. How would you 
synthesize sodium propanoate from I-propanol and any inor­
ganic reagents? 

15.86 Supply the missing organic and/or inorganic substances: 
CI Sr Sr 
I ?  ? I I 

(a) CH3-CH-CH3 � CH3-CH=CH2 � CH3-CH-CH2 

o ? II ? ?  (b) CH3-CH2-CH2-0H� CH3-CH2-C-OH + -' - ----+ 

o 
CH3-CH2-�-O-CH2-© 



CHAPTER SIXTEEN 

Kinetics: RGltes and 
lV\echanisms of 
Chemical Reactions 

Key Principles 
• The rate of reaction-the change in concentration of reactant (or 

product) per unit time-varies as the reaction proceeds; it is fastest 
at the beginning of the reaction and slowest at the end. 

• Rate depends on concentration and temperature because reactants 
must collide to react. and they must do so with enough kinetic energy. 

• Kinetic studies often measure an initial rate. the rate at the instant the 
reactants are mixed. Because products are not yet present. only the 
forward reaction is taking place. 

• Rate is expressed mathematically by a rate law (or rate equation). 
which consists of a temperature-dependent rate constant and 
concentration terms. Each concentration term has an exponent. 
called a reaction order, that defines how the concentration of that 
reactant affects the rate. The rate law must be determined through 
experiment. not from the balanced equation. 

• An integrated rate law includes concentration and time as variables. In 
addition to reaction order. it allows determination of half-life. the time 
required for half of a reactant to be used up. The half-life of a first­
order reaction does not depend on reactant concentration. 

Outline 

Getting Things Moving The metabolic processes of cold-blooded animals like this 
baby Nile crocodile (Crocodylus niloticus) speed up as the temperatures rise toward 
midday. In this chapter, you'll see how temperature, as well as several other factors, 
influences the speed of a reaction. 

• Collision theory proposes that an activation energy (Eal must be 
exceeded if a collision of reactants is to lead to products. Higher 
temperature increases the fraction of sufficiently energetic collisions. 
A collision must also be effective-that is, the colliding atoms must 
be oriented correctly to form a bond. 

• Transition state theory explains that the activation energy is used to 
form a high-energy species with partially broken reactant bonds and 
partially formed product bonds exists momentarily. Every step in a 
reaction has such a transition state (activated complex). 

• Chemists explain the rate law for an overall reaction by proposing a 
reaction mechanism that consists of several elementary steps. each 
with its own rate law. For a valid mechanism. the sum of these steps 
gives the balanced equation. and the rate law of the slowest step 
(the rate-determining step) corresponds to the overall rate law. 

• A catalyst speeds a reaction but is not consumed. It functions by 
lowering the Ea of the rate-determining step of an alternative 
mechanism for the same overall reaction. 

16.1 Factors That Influence Reaction Rate 

16.2 Expressing the Reaction Rate 
Average. Instantaneous. and Initial 

Reaction Rates 

16.4 Integrated Rate Laws: Concentration 
Changes Over Time 

16.7 Reaction Mechanisms: Steps in the 
Overall Reaction 

Rate and Concentration 

16.3 The Rate Law and Its Components 
Reaction Order Terminology 
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Determining Reaction Orders Experimentally 
Determining the Rate Constant 

First -Order. Second-Order. and Zero-Order 
Reactions 

Reaction Order 
Reaction Half-Life 

16.5 The Effect of Temperature on 
Reaction Rate 

16.6 Explaining the Effects of Concentration 
and Temperature 
Collision Theory 
Transition State Theory 

Elementary Reactions 
The Rate-Determining Step 
The Mechanism and the Rate Law 

16.8 CatalYSis: Speeding Up a 
Chemical Reaction 
Homogeneous Catalysis 
Heterogeneous Catalysis 
Catalysis in Nature 



16.1 Factors That InAuence Reaction Rate 

Until now we've taken a rather simple approach to chemical change: reactants 
mix and products form. A balanced equation is an essential quantitative tool 

for calculating product yields from reactant amounts, but it tells us nothing about 
how fast the reaction proceeds. Chemical kinetics is the study of reaction rates, 
the changes in concentrations of reactants (or products) as a function of time 
(Figure 16. 1 ) . 

Reaction: • ____ • 

Reactions occur at a wide range of rates. Some, like a neutralization, a pre­
cipitation, or an explosive redox process, seem to be over as soon as the reactants 
make contact-in a fraction of a second. Others, such as the reactions involved 
in cooking or rusting, take a moderate length of time, from minutes to months. 
Still others take much longer: the reactions that make up the human aging process 
continue for decades, and those involved in the formation of coal from dead plants 
take hundreds of millions of years. 

Knowing how fast a chemical change occurs can be essential. How quickly 
a medicine acts or blood clots can make the difference between life and death. 
How long it takes for cement to harden or polyethylene to form can make the dif­
ference between profit and loss. In general, the rates of these diverse processes 
depend on the same variables, most of which chemists can manipulate to maxi­
mize yields within a given time or to slow down an unwanted reaction. 

In this chapter, we first discuss reaction rate and then focus on the reaction 
mechanism, the steps a reaction goes through as reactant bonds are breaking and 
product bonds are forming. 

16.1 FACTORS THAT I NFLUENCE REACTION RATE 

Let's begin our study of kinetics with a qualitative look at the key factors that 
affect how fast a reaction proceeds. Under any given set of conditions, each reac­
tion has its own characteristic rate, which is determined by the chemical nature 
of the reactants. At room temperature, for example, hydrogen reacts explosively 
with fluorine but extremely slowly with nitrogen: 

H2(g) + F2(g) -->- 2HF(g) 
3H2(g) + N2(g) -->- 2NH3(g) 

[very fast] 
[very slow] 

We can control four factors that affect the rate of a given reaction: the con­
centrations of the reactants, the physical state of the reactants, the temperature at 
which the reaction occurs, and the use of a catalyst. We'l l  consider the first three 
factors here and discuss the fourth later in the chapter. 

l. Concentration: molecules must collide to react. A major factor influenc­

ing the rate of a given reaction is reactant concentration. A reaction can occur 
only when the reactant molecules collide. The more molecules present in the 

Concepts & Skills to Review 
Before You Study This Chapter 
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• influence of temperature on molecular 
speed (Section 5.6) 

Figure 16. 1 Reaction rate: the central 
focus of chemical kinetics. The rate at 

which reactant becomes product is the 

underlying theme of chemical kinetics. As 
time elapses, reactant (purple) decreases 

and product (green) increases. 
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Figure 1 6.2 Collision energy and reac­
tion rate. The reaction equation is shown 

in the panel. Although many collisions 
between NO and 03 molecules occur, 

relatively few have enough energy to cause 
reaction. At this temperature, only collision 
a is energetic enough to lead to product; 

the reactant molecules in collisions b and c 

just bounce off each other. 

CHAPTER 1 6  Kinetics: Rates and Mechanisms af Chemical Reactions 

container, the more frequently they collide, and the more often a reaction between 
them occurs. Thus, reaction rate is proportional to the concentration of reactants: 

Rate ex collision frequency ex concentration 
2. Physical state: molecules must mix to collide. The frequency of collisions 

between molecules also depends on the physical states of the reactants. When the 
reactants are in the same phase, as in an aqueous solution, random thermal motion 
brings them into contact. When they are in different phases, contact occurs only 
at the interface, so vigorous stirring and grinding may be needed. In these cases, 
the more finely divided a solid or liquid reactant, the greater its surface area per 
unit volume, the more contact it makes with the other reactant, and the faster the 
reaction occurs. Thus, a steel nail heated in oxygen glows feebly, but the same 
mass of steel wool bursts into flame. For the same reason, you start a campfire 
with wood chips and thin branches, not logs. 

3. Temperature: molecules must collide with enough energy to react. Tem­
perature usually has a major effect on the speed of a reaction. Recall that mol­
ecules in a sample of gas have a range of speeds, with the most probable speed 
dependent on the temperature (see Figure 5 . 1 2) .  Thus, at a higher temperature, 
more collisions occur in a given time. Even more important, however, is the fact 
that temperature affects the kinetic energy of the molecules, and thus the energy 
of the collisions. Most collisions result in the molecules simply recoiling, some­
what like billiard balls, with no reaction taking place. However, some collisions 
occur with sufficient energy for the molecules to react. Figure 16.2 shows this 
occurring during a few collisions in the reaction between nitric oxide (NO) 
and ozone (03).  At higher temperatures, more of these sufficiently energetic 
collisions occur. Thus, raising the temperature increases the reaction rate by 
increasing the number and, especially, the energy of the collisions: 

Rate ex collision energy ex temperature 
The qualitative idea that reaction rate is influenced by the frequency and 

energy of reactant collisions leads to several quantitative questions: How can we 
describe the dependence of rate on reactant concentration mathematically? Do all 
changes in concentration affect the rate to the same extent? Do all rates increase 
to the same extent with a given rise in temperature? How do reactant molecules 
use the collision energy to form product molecules, and is there a way to deter­
mine this energy? What do the reactants look like as they are turning into prod­
ucts? We address these questions in the following sections. 

S E C TIO N S U M MA RY 
Chemical kinetics deals with reaction rates and the stepwise molecular events by 
which a reaction occurs. Under a given set of conditions, each reaction has its own 
rate. Concentration affects rate by influencing the frequency of collisions between 
reactant molecules. Physical state affects rate by determining the surface area per 
unit volume of reactant(s). Temperature affects rate by influencing the frequency and, 
even more importantly, the energy of the reactant collisions. 

16.2 EXPRESSING THE REACTION RATE 

A rate is a change in some variable per unit of time. The most common exam­
ples relate to the rate of motion (speed) of an object, which is the change in its 
position (that is, the distance it travels) divided by the change in time. Suppose, 
for instance, we measure a runner's starting position, x[ ,  at time t, and final posi­
tion, Xz, at time t2. The runner's average speed is 

R f . change in position ate 0 motIOn = _---='------0. __ _ change in time 



1 6.2 Expressing the Reaction Rate 

In the case of a chemical change, we are concerned with the reaction rate, 
the changes in concentrations of reactants or products per unit time: reactant con­
centrations decrease while product concentrations increase. Consider a general 
reaction, A ----+ B .  We quickly measure the starting reactant concentration 
(conc A , )  at t" allow the reaction to proceed, and then quickly measure the reac­
tant concentration again (conc A2) at t2. The change in concentration divided by 
the change in time gives the average rate: 

change in concentration of A conc A2 - conc Al 6.(conc A) Rate of reaction = - = 
change in time t2 - tl 6.t 

Note the minus sign. By convention, reaction rate is a positive number, but conc A2 
will always be lower than conc A J ,  so the change in (final - initial) concentra­
tion of reactant A is always negative. We use the minus sign simply to convert 
the negative change in reactant concentration to a positive value for the rate. Suppose 
the concentration of A changes from 1 .2 moUL (conc A , )  to 0.75 moUL (conc 
A2) over a 1 25-s period. The average rate is 

Rate = 0.75 mollL - 1 .2 mollL = 3 .6X 1 0-3 mollL's 1 25 S - 0 S 
We use square brackets, [ ] ,  to express concentration in moles per lite!: That 

is, [A] is the concentration of A in moUL, so the rate expressed in terms of A is 

MA] Rate = ---6.t (16.1 ) 

The rate has units of moles per liter per second (mol L -
, 

s - ' ,  or moUL's), or 
any time unit convenient for the particular reaction (minutes, years, and so on) .  

If  instead we measure the product to  determine the reaction rate, we find its 
concentration increasing over time. That is, conc B2 is always higher than conc B , .  
Thus, the change i n  product concentration, Ll[B], i s  positive, and the reaction rate 
for A ----+ B expressed in terms of B is 

MB] Rate = --
6.t 

Average, Instantaneous, and Initial Reaction Rates 
Examining the rate of a real reaction reveals an important point: not only the con­
centration, but the rate itself varies with time as the reaction proceeds. Consider 
the reversible gas-phase reaction between ethylene and ozone, one of many reac­
tions that can be involved in the formation of photochemical smog: 

C2H4(g) + 03(g) � C2H40(g) + 0ig) 

For now, we consider only reactant concentrations. You can see from the equa­
tion coefficients that for every molecule of C2H4 that reacts, a molecule of 03 
reacts with it. In other words, the concentrations of both reactants decrease at the 
same rate in this particular reaction: 

6. [C2H4] Rate = 
6.t 6.t 

By measuring the concentration of either reactant, we can follow the reaction rate. 
Suppose we have a known concentration of 03 in a closed reaction vessel 

kept at 30°C (303 K). Table 1 6. 1  shows the concentration of 03 at various 
times during the first minute after we introduce C2H4 gas. The rate over 
the entire 60.0 s is the total change in concentration divided by the change 
in time: 

M03] ( l . lO X  10-5 mollL) - (3.20X 1 0-5 mollL) 0 0-7 IlL Rate = --- = - = 3.5 X 1 rna ' S  
6.t 60.0 S - 0.0 S 

Ij'MI'·" Concentration of 03 
at Various Times in Its Reaction 
with C2H4 at 303 K 
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Time (s) 
Concentration of 03 

(mol/L) 

0.0 
1 0.0 
20.0 
30.0 
40.0 
50.0 
60.0 

3.20X 10-5 
2.42 X 10-5 
1 .95 X 10-5 
1 .63 X lO-5 
1 .40 X 10-5 
1 .23 X 10- 5 
1 . l 0 X  10-5 
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Figure 16.3 The concentration of 03 vs. 
time during its reaction with C2H4• Plot­

ting the data in Table 1 6. 1  gives a curve 
because the rate changes during the 

reaction. The average rate over a given 
period is the slope of a l ine joining two 

points along the curve. The slope of l ine b 

is the average rate over the first 60.0 s of 
the reaction. The slopes of lines c and e 

give the average rate over the first and 

last 1 0.0-s intervals, respectively. Line c is 

steeper than l ine e because the average 

rate over the earlier period is higher. The 
instantaneous rate at 35.0 s is the slope 

of line d, the tangent to the curve at 
t = 35.0 s. The initial rate is the slope of 
line a, the tangent to the curve at t = 0 s. 

CHAPTER 16 Kinetics: Rates and Mechanisms of Chemical Reactions 

This calculation gives us the average rate over that period; that is,  during the 
first 60.0 s of the reaction, ozone concentration decreases an average of 
3 .50 X 1 0-7 mol/L each second. However, the average rate does not show that the 
rate is changing, and it tells us nothing about how fast the ozone concentration is 
decreasing at any given instant. 

We can see the rate change during the reaction by calculating the average rate 
over two shorter periods-one earlier and one later. Between the starting time 
0.0 s and 1 0.0 s, the average rate is 

M03] (2.42 X 10-5 mollL) - (3 .20X 1 0-5 mollL) 7 Rate = --- = = 7.80X l O - mollL's 
�t 1 0.0 S - 0.0 S 

During the last 1 0.0 s, between 50.0 s and 60.0 s, the average rate is 

M03] ( 1 . l 0X lO-5 mollL) - ( l .23 X IO-5 mollL) 7 Rate = - -A- = = 1 .30 X 1 0- mol/L·s 
ut 60.0 s - 50.0 s 

The earlier rate is six times as fast as the later rate. Thus, the rate decreases dur­
ing the course of the reaction. This makes perfect sense from a molecular point 
of view: as 03 molecules are used up, fewer of them are present to collide with 
C2H4 molecules, so the rate decreases. 

The change in rate can also be seen by plotting the concentrations vs. the 
times at which they were measured (Figure 1 6.3) .  A curve is obtained, which 
means that the rate changes. The slope of the straight line (I:::..y/ I:::..x, that is, 
1:::.. [03]/l:::..t) joining any two points gives the average rate over that period. 

The shorter the time period we choose, the closer we come to the instanta­
neous rate, the rate at a particular instant during the reaction. The slope of a 
line tangent to the curve at a particular point gives the instantaneous rate at 
that time. For example, the rate of the reaction of C2H4 and 03 at 35 .0 s is 
2.50 X 10-7 mollL's,  the slope of the line drawn tangent to the curve through the 
point at which t = 35.0 s (line d in Figure 1 6.3) .  In general, we use the term 
reaction rate to mean the instantaneous reaction rate. 

.n 
o 
x 
� (5 
E. 
c 
o 

� 2.00 
c 
Q) o c 
o o 
cry o 

1 .00 

o 1 0.0 20.0 30.0 
Time (s) 

Line Rate (mol/L's) 

a 1 0.0x1 0-7 

b 3.50x1 0-7 

C 7.80x1 0-7 

d 2.50x1 0-7 

e 1 .30x1 0-7 
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1 6.2 Expressing the Reaction Rate 

As a reaction continues, the product concentrations increase, and so the reverse 
reaction (reactants +- products) proceeds more quickly. To find the overall (net) 
rate, we would have to take both forward and reverse reactions into account and 
calculate the difference between their rates. A common way to avoid this compli­
cation for many reactions is to measure the initial rate, the instantaneous rate at 
the moment the reactants are mixed. Under these conditions, the product concen­
trations are negligible, so the reverse rate is negligible. The initial rate is measured 
by determining the slope of the line tangent to the curve at t = 0 s. In Figure 1 6.3 ,  
the initial rate is 1 O.0X 10-7 mol/L· s  (line a) .  Unless stated otherwise, we will use 
initial rate data to determine other kinetic parameters. 

Expressing Rate in Terms of Reactant and Product Concentrations 
So far, in our discussion of the reaction of C2H4 and 03, we've expressed the 
rate in terms of the decreasing concentration of 03, The rate is the same i n  
terms o f  C2H4, but it  i s  exactly the opposite in  terms o f  the products because 
their concentrations are increasing. From the balanced equation, we see that 
one molecule of C2H40 and one of O2 appear for every molecule of C2H4 and 
of 03 that disappear. We can express the rate in terms of any of the four sub­
stances involved: 

Rate = MC2H4J M03J MC2H40J il[02J 
---=---=----"- = --- = + = +--

ilt ill ill ill 

Again, note the negative values for the reactants and the positive values for the 
products (usually written without the plus sign). Figure 16.4 shows a plot of the 
simultaneous monitoring of one reactant and one product. Because, in this case, 
product concentration increases at the same rate that reactant concentration 
decreases, the curves have the same shapes but are inverted. 

In the reaction between ethylene and ozone, the reactants disappear and the 
products appear at the same rate because all the coefficients in the balanced equa­
tion are equal. Consider next the reaction between hydrogen and iodine to form 
hydrogen iodide: 

H2(g) + 12(g) --+ 2HI(g) 

For every molecule of H2 that disappears, one molecule of 12 disappears and two 
molecules of HI appear. In  other words, the rate of [H2] decrease is the same as 
the rate of [12] decrease, but both are only half the rate of [HI] increase. By refer­
ring the change in [12] and [HI] to the change in [H2] , we have 

il [H2J MI2J 1 il [HIJ Rate = --- =  --- = - --
ill ilt 2 ill 

If we refer the change in [H2] and [12] to the change in [HI] instead, we obtain 

Rate = il [HIJ = - 2  
MH2J = - 2  

il[I2J 

ill ill M 
Notice that this expression is just a rearrangement of the previous one; also 
note that it gives a numerical value for the rate that is double the previous 
value. Thus, the mathematical expression for the rate of a particular reaction 
and the numerical value of the rate depend on which substance serves as 
the reference. 

We can summarize these results for any reaction, 

aA + bB --+ cC + dD 
where a, b, c, and d are coefficients of the balanced equation. In general, the rate 
is related to reactant or product concentrations as follows: 

1 il[AJ 1 MBJ 1 Mc] 1 il[DJ Rate = -- -- = -- -- = - -- = - --
a M b M c M d M 

(16.2) 
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o 1 0.0 20.0 30.0 40.0 50.0 60.0 
Time(s) 

Figure 1 6.4 Plots of [C2H41 and [021 vs. 
time. Measuring reactant concentration, 
[C2H4], and product concentration, [02], 

gives curves of identical shapes but 

changing in opposite directions. The 

steep upward (positive) slope of [021 early 
in the reaction mirrors the steep down­

ward (negative) slope of [C2H41 because 

the faster C2H4 is used up, the faster O2 

is formed. The curve shapes are identical 

in this case because the equation coeffi­

cients are identical. 
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SAMPLE PROBLEM 1 6. 1  Expressing Rate in Terms of Changes 
in Concentration with Time 

Problem Because it  has a nonpolluting combustion product (water vapor), hydrogen gas 
is used for fuel aboard the space shuttle and in prototype cars with Earth-bound 
engines: 

2H2(g) + 02(g) -->- 2H20(g) 

(a) Express the rate in terms of changes in [H2], [02], and [H20] with time. 
(b) When [02] is decreasing at 0.23 mol/L·s, at what rate is [H20] increasing? 
Plan (a) Of the three substances in the equation, let's choose O2 as the reference 
because its coefficient is 1 .  For every molecule of O2 that disappears, two molecules 
of H2 disappear, so the rate of [02] decrease is one-half the rate of [H2] decrease. 
By similar reasoning, we see that the rate of [02] decrease is one-half the rate of 
[H20] increase. (b) Because [02] is decreasing, the change in its concentration 
must be negative. We substitute the negative value into the expression and solve 
for Il[H20]/ M 
Solution (a) Expressing the rate in terms of each component: 

Rate = _.!. MH2] 
= 

_ M02] 
= .!. MH20] 

2 M Ilt 2 M 
(b) Calculating the rate of change of [H20] : 

1 MH20] M02] - (  -0.23 moIlL·s) 2 Ilt Ilt 

MH20] 
--- = 2(0.23 mol/L·s) = 0.46 mol/L·s 

Ilt 

Check (a) A good check is to use the rate expression to obtain the balanced equation: 
[H2] changes twice as fast as [02], so two H2 molecules react for each O2, [H20] changes 
twice as fast as [02], so two H20 molecules form from each O2, From this reasoning, we 
get 2H2 + O2 -->- 2H20. The [H2] and [02] decrease, so they take minus signs; [H20] 
increases, so it takes a plus sign. Another check is to use Equation 1 6.2, with A = H2, 
a = 2; B = Oz, b = 1 ;  C = H20, C = 2. Thus, 

Rate = _.!. Il[A] 
= _.!. MB] 

= .!. Mc] 

a M  b M  c llt 

or Rate = _.!. MH2] 
= 

_ M02] 
= .!. MH20] 

2 M M 2 Ilt 

(b) Given the rate expression, it  makes sense that the numerical value of the rate of [H20] 
increase is twice that of [02] decrease. 
Comment Thinking through this type of problem at the molecular level is the best 
approach, but use Equation 16.2 to confirm your answer. 
F OLLOW-UP PROBLEM 1 6. 1  (a) Balance the following equation and express the 
rate in terms of the change in concentration with time for each substance: 

NO(g) + 02(g) -->- N203(g) 

(b) How fast is [02] decreasing when [NO] is decreasing at a rate of 1 .60X 1 0-4 mol/L·s? 

S E C TI O N  S U M MA RY 
The average reaction rate is the change in reactant (or product) concentration over 
a change in time, M. The rate slows as reactants are used up. The instantaneous 
rate at time t is obtained from the slope of the tangent to a concentration vs. time 
curve at time t. The initial rate, the instantaneous rate at t = 0, occurs when reac­
tants are just mixed and before any product accumulates. The expression for 
a reaction rate and its numerical value depend on which reaction component is 
being monitored. 



1 6.3 The Rate Low and Its Components 

16.3 THE RATE LAW AND ITS COMPONENTS 

The centerpiece of any kinetic study is the rate law (or rate equation) for the 
reaction in question. The rate law expresses the rate as a function of reactant con­
centrations, product concentrations, and temperature. Any hypothesis we make 
about how the reaction occurs on the molecular level must conform to the rate 
law because it is based on experimental fact. 

In this discussion, we generally consider reactions for which the products do 
not appear in the rate law. In these cases, the reaction rate depends only on reac­
tant concentrations and temperature. First, we look at the effect of concentration 
on rate for reactions occurring at a fixed temperature. For a general reaction, 

aA + bB + . . . -----+ cC + dD + . . .  

the rate law has the form 

Rate = k[Ar'[B]" . . .  (16.3) 
Aside from the concentration terms, [A] and [B] ,  the other parameters in Equa­
tion 1 6.3  require some definition. The proportionality constant k, called the rate 
constant, is specific for a given reaction at a given temperature; it does not change 
as the reaction proceeds. (As you ' ll see in Section 1 6.5,  k does change with 
temperature and therefore determines how temperature affects the rate.) The expo­
nents m and n, called the reaction orders, define how the rate is affected by reac­
tant concentration. Thus, if the rate doubles when [A] doubles, the rate depends 
on [A] raised to the first power, [A] I ,  so m = 1 .  Similarly, if the rate quadruples 
when [B] doubles, the rate depends on [B] raised to the second power, [Bf, so 
n = 2. In another reaction, the rate may not change at all when [A] doubles; in 
that case, the rate does not depend on [A] , or, to put it another way, the rate 
depends on [A] raised to the zero power, [A]o, so m = O. Keep in mind that the 
coefficients a and b in the general balanced equation are not necessarily related 
in any way to these reaction orders m and n. 

A key point to remember is that the components of the rate law-rate, reac­
tion orders, and rate constant-must be found by experiment; they cannot be 
deduced from the reaction stoichiometry. Chemists take an experimental approach 
to finding these components by 

1 .  Using concentration measurements to find the initial rate 
2. Using initial rates from several experiments to find the reaction orders 
3 .  Using these values to calculate the rate constant 

Many experimental techniques have been developed to accomplish the first of 
these steps, the measurement of concentrations in order to find initial rates; here 
are three common approaches. For reactions that involve a colored substance, 
spectroscopic methods can be used. For example, in the oxidation of nitrogen 
monoxide, only the product, nitrogen dioxide, is colored: 

2NO(g) + 02(g) -----+ 2N02(g; brown) 
As time proceeds, the brown color of the reaction mixture deepens. 

For reactions that involve a change in number of moles of gas, the change in 
pressure can be monitored. Note that the above reaction could also be studied this 
way. Because 3 mol of gas becomes 2 mol of gas, the pressure in the reaction 
container decreases with time. 

A third technique monitors a change in conductivity. In the reaction between 
an organic halide (2-bromo-2-methylpropane) and water, 

(CH3)3C-Br(l) + H20(I) -----+ (CH3)3C-OH(I) + H+(aq) + Br-(aq) 
the HBr that forms is a strong acid and dissociates completely into ions ; thus, the 
conductivity of the reaction mixture increases as time proceeds. 
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Once chemists have used initial rates to find reaction orders and have calcu­
lated the rate constant, they know the rate law and can then use it to predict the 
rate for any initial reactant concentrations. Let's proceed with finding the reaction 
orders and the rate constant. 

Reaction Order Terminology 
Before we see how reaction orders are determined from initial rate data, let's dis­
cuss the meaning of reaction order and some important terminology. We speak of 
a reaction as having an individual order "with respect to" or "in" each reactant 
as well as an overall order, which is simply the sum of the individual orders. 

In the simplest case, a reaction with a single reactant A, the reaction is first 
order overall if the rate is directly proportional to [A] : 

Rate = k[A] 
It is second order overall if the rate is directly proportional to the square of [A] : 

Rate = k[A]2 

And it is zero order overall if the rate is not dependent on [A] at all, a common 
situation in metal-catalyzed and biochemical processes, as you' ll see later: 

Rate = k[A]o = k( l ) = k 
Here are some real examples. For the reaction between nitrogen monoxide 

and ozone, 

NO(g) + 03(g) --+ N02(g) + 02(g) 
the rate law has been experimentally determined to be 

Rate = k[NO][03] 
This reaction is first order with respect to NO (or first order in NO), which means 
that the rate depends on NO concentration raised to the first power, that is, [NO] I 
(an exponent of I is generally omitted). It is also first order with respect to 03, 
or [03] I .  This reaction is second order overall ( 1  + I = 2). 

Now consider a different gas-phase reaction: 

2NO(g) + 2H2(g) --+ N2(g) + 2H20(g) 
The rate law for this reaction has been determined to be 

Rate = k[NOf[H2] 
The reaction is second order in NO and first order in H2, so it is third order overall. 

Finally, for the reaction of 2-bromo-2-methylpropane and water that we con­
sidered earlier, the rate law has been found to be 

Rate = k[(CH3)3CBr] 
This reaction is first order in 2-bromo-2-methylpropane. Note that the concentra­
tion of H20 does not even appear in the rate law. Thus, the reaction is zero order 
with respect to H20 ( [H20]o) .  This means that the rate does not depend on the 
concentration of H20. We can also write the rate law as 

Rate = k[(CH3)3CBr][H20]o 

Overall, this is a first-order reaction. 
These examples demonstrate a major point: reaction orders cannot be 

deduced from the balanced equation. For the reaction between NO and H2 and 
for the hydrolysis of 2-bromo-2-methylpropane, the reaction orders in the rate 
laws do not correspond to the coefficients of the balanced equations. Reaction 
orders must be determined from rate data. 

Reaction orders are usually positive integers or zero, but they can also be frac­
tional or negative. For the reaction 

CHCI3(g) + CI2(g) --+ CCI4(g) + HCI(g) 
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a fractional order appears in the rate law: 

Rate = k[CHCI3] [CI2] 1 /2 

This reaction order means that the rate depends on the square root of the Cl2 con­
centration. For example, if the initial Cl2 concentration is increased by a factor 
of 4, while the initial CHCl3 concentration is kept the same, the rate increases by 
a factor of 2, the square root of the change in [CI2] .  A negative exponent means 
that the rate decreases when the concentration of that component increases. Neg­
ative orders are often seen for reactions whose rate laws include products. For 
example, for the atmospheric reaction 

203(g) � 302(g) 
the rate law has been shown to be 

? - I  [03f Rate = k[03]-[02] = k [02] 
If the O2 concentration doubles, the reaction proceeds half as fast. 

SAMPLE PROBLEM 1 6.2 Determining Reaction Order from Rate Laws 
Problem For each of the following reactions, use the given rate Jaw to determine the reac­
tion order with respect to each reactant and the overall order: 
(a) 2NO(g) + 02(g) ---+ 2N02(g); rate = k[NOf[02] 
(b) CH3CHO(g) ---+ CH4(g) + CO(g); rate = k[CH3CHO]3/2 
(c) H202(aq) + 31-(aq) + 2H+(aq) ---+ 13 -(aq) + 2H20(l); rate = k[H202] [I-]  
Plan We inspect the exponents in the rate law, not the coefficients of  the balanced equa­
tion, to find the individual orders, and then take their sum to find the overall reaction order. 
Solution (a) The exponent of [NO] is 2, so the reaction is second order with respect to 
NO, first order with respect to 02, and third order overall. 

(b) The reaction is � order in CH3CHO and � order overall .  
(c) The reaction i s  first order in H202, first order in  1-,  and second order overall. 
The reactant H+ does not appear in the rate law, so the reaction is zero order in  H+ . 
Check Be sure that each reactant has an order and that the sum of the individual orders 
gives the overall order. 
FOLLOW·UP PROBLEM 1 6.2 Experiment shows that the reaction 

5Br-(aq) + Br03 -(aq) + 6H+(aq) ---+ 3Br2(l) + 3H20(l) 
obeys this rate law: rate = k[Br-] [Br03- ] [H +f. What are the reaction orders in each 
reactant and the overall reaction order? 

Determining Reaction Orders Experimentally 
Sample Problem 1 6.2 shows how to find the reaction orders from a known rate 
law. Now let's see how they are found from data before the rate law is known. 
Consider the reaction between oxygen and nitrogen monoxide, a key step in the 
formation of acid rain and in the industrial production of nitric acid: 

02(g) + 2NO(g) -->- 2N0zCg) 
The rate law, expressed in general form, is 

Rate = k[02]'"[NO]" 
To find the reaction orders, we run a series of experiments, starting each one 
with a different set of reactant concentrations and obtaining an initial rate in 
each case. 
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mOltg Initial Rates for a Series of Experiments with the Reaction Between 
02 and NO 

Experiment 

1 
2 
3 
4 
5 

Initial Reactant 
Concentrations (mol/L) 

1 . l 0 X l O-2 
2.20 X l O-2 
1 . l 0 X  1 0-2 
3.30 X l O-2 
1 . l0X 10-2 

NO 

1 .30 X 1 0 -2 
1 .30 X 10-2 
2.60X l O -2 
l .30x 10-2 
3.90 X lO-2 

Initial Rate 
(mol/b) 

3.21  X 10- 3 
6.40X 10-3 
1 2. 8X  10-3 
9.60X l O-3 
28.8 X l O- 3 

Table 1 6.2 shows experiments that change one reactant concentration while 
keeping the other constant. If we compare experiments 1 and 2, we see the effect 
of doubling [02] on the rate. First, we take the ratio of their rate laws: 

Rate 2 k[02J2' [NOl:; 
Rate 1 k[02]'{' [NO],! 

where [02h is the O2 concentration for experiment 2, [NO] I is the NO concen­
tration for experiment 1 ,  and so forth. Because k is a constant and [NO] does not 
change between these two experiments, these quantities cancel: 

Rate 2 = [02l2' 
= 
( [02h) 111 

Rate 1 [02]'{' [02l l  
Substituting the values from Table 1 6.2, we obtain 

Dividing, we obtain 

6.40X 10-3 mollL·s = (2.20X 1 0-2 mOIlL) 111 
3 .2 1 X l O 3 mollL·s 1 . l 0 X l O  2 mollL 

1 .99 = (2.00)111 
Rounding to one significant figure gives 

2 = 2111 ; therefore, m = 1 
The reaction is first order in O2: when [02] doubles, the rate doubles. 

To find the order with respect to NO, we compare experiments 3 and I ,  in 
which [02] is held constant and [NO] is doubled: 

Rate 3 k[02l3' [NOl3 
Rate 1 k[02]'{' [NOn 

As before, k is constant, and in this pair of experiments [02] does not change, so 
these quantities cancel: 

Rate 3 = ( [NOh ) 11 
Rate 1 [NOl i  

The actual values give 

Dividing, we obtain 

Rounding gives 

1 2.8x 10-3 mollL·s 
= (2.60X 1 0-2 mOllL)11 

3.2 1 x 10 3 mo]lL·s 1 .30X 1 0  2 mollL 

3.99 = (2.00)" 

4 = 211; therefore, n = 2 
The reaction is second order in NO: when [NO] doubles, the rate quadruples. 
Thus, the rate law is 

Rate = k[02l [NOf 

You may want to use experiment I in combination with experiments 4 and 5 to 
check this result. 
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SAMPLE PROBLEM 1 6.3  Determining Reaction Orders 
from Initial Rate Data 

Problem Many gaseous reactions occur in car engines and exhaust systems. One of these is 
N02(g) + CO(g) - NO(g) + CO2(g) rate = k[N02]1II[CO]" 

Use the fol.lowing data to determine the individual and overall reaction orders: 

Experiment In itial Rate (mol/L's) In itial [N02] (mol/L) In itial [CO] (mol/L) 

1 0.0050 0. 10  0. 1 0  
2 0.080 OAO 0. 10  
3 0.0050 0. 10  0.20 

Plan We need to solve the general rate law for the reaction orders m and n. To solve for 
each exponent, we proceed as in the text, taking the ratio of the rate laws for two exper­
iments in which only the reactant in question changes. 
Solution Calculating m in [N02] 111: We take the ratio of the rate laws for experiments 
and 2, in which [N02] varies but [CO] is constant: 

Rate 2 
= 

k[N02];;' [CO];; 
= 
( [N02h)m 

or Rate 1 k[N02J'j' [coJ'{ [N02] I 0.080 mol/L·s (OAO mOl/L)1tI 
0.0050 mollL·s  = 0. 1 0  mollL 

This gives 1 6  = 4.0m, so m = 2.0. The reaction is second order in N02. 
Calculating n in [CO]": We take the ratio of the rate laws for experiments 
which [CO] varies but [N02] is constant: 

I and 3, in 

Rate 3 
= 

k[N02]�[C0J3 
= 
( [COh)" 

Rate 1 k[N02]T[CO],( [CO] I 
or 0.0050 mollL's (0.20 mOllL)" 

0.0050 mol/L's = 0.10 mollL 
We have 1 .0 = (2.0)", so n = O. The rate does not change when [CO] varies, so the reac­
tion is zero order in CO. 

Therefore, the rate law is 
Rate = k[N02f[CO]o = k[N02]\ I )  = k[N02f 

The reaction is second order overall. 
Check A good check is  to reason through the orders. If m = 1 ,  quadrupling [N02] would 
quadruple the rate; but the rate more than quadruples, so m > I .  If In = 2, quadrupling 
[N02] would increase the rate by a factor of 16 (42). The ratio of rates is 0.080/0.005 = 

16, so In = 2. In contrast, increasing [CO] has no_effect on the rate, which �an happen 
only if [CO]" = 1 ,  so n = O. 
FOLLOW· U P  PROBLEM 1 6.3 Find the rate law and the overall reaction order for 
the reaction H2 + 12 - 2HI from the following data at 450°C: 
Experiment Initial Rate (mol/L's) In itial [H2] (mol/L) In itial [12] (mol/L) 

1 1 .9 X  10-23 0.0 1 1 3  0.00 1 1  
2 1 . 1 X lO-22 0.0220 0.0033 
3 9.3 X 10-23 0.0550 0.00 1 1  
4 1 .9 X l O-22 0.0220 0.0056 

Determining the Rate Constant 
With the rate, reactant concentrations, and reaction orders known, the sole remain­
ing unknown in the rate law is the rate constant, k. The rate constant is specific 
for a particular reaction at a particular temperature. The experiments with the 
reaction of O2 and NO were run at the same temperature, so we can use data from 
any to solve for k. From experiment 1 in  Table 1 6.2, for instance, we obtain 

rate I 3 .2 I x lO-3 mollL·s 
k - - -------"------,,------,, - [02MNO]T 

- ( I . l Ox I O 2 mol/L)( 1 .30X l O  2 mol/L)2 
3.2 1 X 10-3 mol/L·s  -------:;6�---;;3----,,3 = 1 .  73 X 103 e /moI2• s 1 . 86x 10 mol IL 
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li'Mlt.,. Units of the Rate 
Constant k for Several Overall 
Reaction Orders 

Overall  
Reaction 
Order 

o 

I 
2 

3 

General formula : 

Units of k 
(t in seconds) 

mol/L·s  
(or mol L - I S- I ) 

1 /s (or s - l ) 
Llmol's 

(or L mol - 1 S- I ) 
L2/mol2 ·s 

(or L2 mol-2 S- I ) 

Units of k = 
(�rrder- I 

unit of t 

CHAPTER 16 Kinetics: Rates and Mechanisms of Chemical Reactions 

Always check that the values of k for a series are constant within experimental 
error. To three significant figures, the average value of k for the five experiments 
in Table 1 6.2 is 1 .72 X 1 0

3 e/mo1
2

·s .  
Note the units for the rate constant. With concentrations in moliL and the 

reaction rate in units of mollL·time, the units for k depend on the order of the 
reaction and, of course, the time unit. The units for k in our example, L 

2
/moI

2
·s,  

are required to give a rate with units of mol/L·s :  

mol = � X mol X (mOI)2 
L's mol- 's L L 

The rate constant will always have these units for an overall third-order reaction 
with the time unit in seconds. Table 1 6.3 shows the units of k for some common 
overall reaction orders, but you can always determine the units mathematically. 

S E C T I O N  S U M M A RY 
An experimentally determined rate law shows how the rate of a reaction depends on 
concentration. If we consider only initial rates, the rate law often takes this form: 
rate = k[A]m[Bt . . . . With an accurate method for obtaining initial rates, reaction or­
ders are determined experimentally by comparing rates for different initial concentra­
tions, that is, by performing several experiments and varying the concentration of one 
reactant at a time to see its effect on the rate. With rate, concentrations, and reac­
tion orders known, the rate constant is the only remaining unknown in the rate law 
and can be calculated. 

16.4 INTEGRATED RATE LAWS: CONCENTRATION CHANGES 
OVER TIME 

Notice that the rate laws we've developed so far do not include time as a vari­
able. They tell us the rate or concentration at a given instant, allowing us to answer 
a critical question, "How fast is the reaction proceeding at the moment when y 
moles per liter of A are reacting with z moles per liter of B ?" However, by 
employing different forms of the rate laws, called integrated rate laws, we can 
consider the time factor and answer other questions, such as "How long will it 
take for x moles per liter of A to be used up?" and "What is the concentration of 
A after y minutes of reaction?" 

Integrated Rate Laws for First-Order, Second-Order, 
and Zero-Order Reactions 
Consider a simple first-order reaction, A - B.  (Because first- and second-order 
reactions are more common, we'll discuss them before zero-order reactions.) As 
we discussed previously, the rate can be expressed as the change in the concen­
tration of A divided by the change in time: 

Rate = _ MAl 
!:It 

It can also be expressed in terms of the rate law: 

Rate = k[Al 

Setting these ditlerent expressions equal to each other gives _ !:lEAl = k[Al I:lt 
Using calculus, this expression is integrated over time to obtain the integrated rate 
law for a first-order reaction: 

In [Alo = kt 
[Al, 

(first-order reaction; rate = k[A]) (16.4) 
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where In is the natural logarithm, [AJa is the concentration of A at t = 0, and [AJ I 
is the concentration of A at any time t during an experiment. In mathematical 

a 
terms, In b = In a - In b, so we have 

In [Ala - In [Alr = kt 

For a general second-order reaction, the expression including time is quite 
complex, so let's consider the case in which the rate law contains only one reac­
tant. Setting the rate expressions equal to each other gives 

Rate = -
MAl 

= k[Af 
I:lt 

Integrating over time gives the integrated rate law for a second-order reaction 
involving one reactant: 

1 1 
- - -- = kt (second-order reaction; rate = k[Af) 
[Al, [Ala 

For a zero-order reaction, we have 

Rate = -
MAl = k[Ala 

I:lt 

( 16.5) 

Integrating over time gives the integrated rate law for a zero-order reaction: 

[Al, - [Ala = -kt (zero-order reaction; rate = k[Ala = k) 

Sample Problem 1 6.4 shows one way integrated rate laws are applied. 

SAMPLE PROBLEM 1 6.4 Determining the Reactant Concentration 
at a Given Time 

( 16.6) 

Problem At 1000°C, cyclobutane (C4Hg) decomposes in a first-order reaction, with the 
very high rate constant of 87 s -I, to two molecules of ethylene (C2H4). 
(a) If the initial C4Hg concentration is 2.00 M, what is the concentration after 0.0 1 0  s? 
(b) What fraction of C4Hg has decomposed in this time? 
Plan (a) We must find the concentration of cyclobutane at time t, [C4Hgl,. The problem 
tells us this is a first-order reaction, so we use the integrated first-order rate law: 

In [C4Hgla = kt 
[C4Hgl, 

We know k (87 S- I ), t (0.0 1 0  s), and [C4Hglo (2.00 M), so we can solve for [C4Hgl,. 
(b) The fraction decomposed is the concentration that has decomposed divided by the 
initial concentration: 

. [C4Hglo - [C4Hgl, FractIOn decomposed = ."--=--=--=--'---'= 
[C4Hglo 

Solution (a) Substituting the data into the integrated rate law: 
2.00 mollL _ In = (87 s 1 )(0.0 10 s) = 0.87 

[C4Hgl, 

Taking the antilog of both sides: 
2.00 mollL 

= e
o.g? = 2.4 

[C4Hgl, 

2.00 mollL 
[C4Hgl, = 

2.4 0.83 mollL 

(b) Finding the fraction that has decomposed after 0.0 1 0  s :  
[C4Hglo - [C4Hgl, 2.00 mollL - 0.83 mollL 

[C�glo 2.00 mollL 0.58 

5 1 1  
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I n  [Alo 

slope = -k 

In [Al t 

Time 
A First order 

CHAPTER 1 6  Kinetics: Rates and Mechanisms of Chemical Reactions 

Check The concentration remaining after 0.0 10  s (0.83 mollL) is less than the starting 
concentration (2.00 mollL), which makes sense. Raising e to an exponent slightly less than 
1 should give a number (2.4) slightly less than the value of e (2.7 1 8) .  Moreover, the final 
result makes sense: a high rate constant indicates a fast reaction, so it's not surprising that 
so much decomposes in such a short time. 
Comment Integrated rate laws are also used to solve for the time it takes to reach a cer­
tain reactant concentration, as in the follow-up problem. 
FOLLOW·UP PROBLEM 1 6.4 At 25°C, hydrogen iodide breaks down very slowly 
to hydrogen and iodine: rate = k[HIl

2
. The rate constant at 25°C is 2.4X lO-2 1 Llmol ·s .  

If 0.0 1 00 mol of HI(g) is placed in a 1 .0-L container, how long will  it take for the con­
centration of HI to reach 0.00900 molfL ( 1 0.0% reacted)? 

Determining the Reaction Order from the Integrated Rate Law 
Suppose you don' t  know the rate law for a reaction and don't have the initial rate 
data needed to determine the reaction orders (which we did have in Sample Prob­
lem 1 6.3) .  Another method for finding reaction orders is a graphical technique 
that uses concentration and time data directly. 

An integrated rate law can be rearranged into the form of an equation for a 
straight line, y = mx + b, where m is the slope and b is the y-axis intercept. For 
a first-order reaction, we have 

In [Ala - In [Al, = kt 

Rearranging and changing signs gives 

In [Al, = -kt + In [Ala 
y = mx + b 

Therefore, a plot of In [Al , vs. time gives a straight line with slope 
y intercept = In [Ala (Figure 1 6.5A). 

For a simple second-order reaction, we have 

Rearranging gives 

1 1 
- - - = kt 
[Al, [Ala 

1 I 
- = kt + -­
[Al, [Ala 
y = mx + b 

In this case, a plot of 1 / [Al( vs. time gives a straight line with slope 
y intercept = 1 / [Ala (Figure 1 6.5B) .  

1 
[Alt 

B Second order 
Time 

[Alo 

slope = -k 

[Alt 

Time 
C Zero order 

-k and 

k and 

Figure 1 6.5 Integrated rate laws and reaction orders. A, Plot of 

In [Alt vs. time gives a straight l ine for a reaction that is first order in A. 
B, Plot of 1 j[Alt vs. time gives a straight l ine for a reaction that is sec-

and order in A. C, Plot of [Alt vs. time gives a straight line for a reaction 
that is zero order in A. 
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Figure 1 6.6 Graphical determination of the reaction order for the decomposition of N20S' 
A table of time and concentration data for determining reaction order appears below the 

graphs. A, A plot of [N20sl vs. time is curved, indicating that the reaction is not zero order in 

N20S' 8, A plot of In [N20sl vs. time gives a straight l ine, indicating that the reaction is first or­

der in N20S' C, A plot of 1 /[N20sl vs. time is curved, indicating that the reaction is not second 

order in N20S' Plots A and C support the conclusion from plot B. 

For a zero-order reaction, we have 

Rearranging gives 

[AJ, - [AJo = -kt 

[AL = - kt + [AJo 
y = mx + b 

Thus, a plot of [A], vs. time gives a straight line with slope = - k and y inter­
cept = [A]o (Figure 1 6.SC). 

Therefore, some trial-and-error graphical plotting is  required to find the reac­
tion order from the concentration and time data: 

• If you obtain a straight line when you plot In [reactant] vs. time, the reaction 
is first order with respect to that reactant. 

• If you obtain a straight line when you plot 1 / [reactant] vs. time, the reaction 
is second order with respect to that reactant. 

• If you obtain a straight line when you plot [reactant] vs. time, the reaction is 
zero order with respect to that reactant. 

Figure 1 6.6 shows how this approach is used to determine the order for the decom­
position of N20S' Because the plot of In [N20S] is linear and the plot of 1 / [N20s] 
is not, the decomposition of N20S must be first order in N20S' 

Reaction Half-Life 
The half-life (tl/2) of a reaction is the time required for the reactant concentration 
to reach half its initial value. A half-life is expressed in time units appropriate for 
a given reaction and is characteristic of that reaction at a given temperature. 

At fixed conditions, the half-life of a first-order reaction is a constant, inde­
pendent of reactant concentration. For example, the half-life for the first-order 
decomposition of N20S at 45°C is 24.0 min. The meaning of this value is that if 
we start with, say, 0.0600 molfL of N20S at 45°C, after 24 min (one half-life), 
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Figure 1 6.7 A plot of [N2051 vs. time for 
three half-lives. During each half-life, the 

concentration is halved (T = 45°C and 
[N2051o = 0.0600 mol/L). The blow-up 
volumes, with N205 molecules as colored 
spheres, show that after three half-lives, 
; x ; x ; = � of the original concentra­
tion remains. 
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Time (min) 
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After 3t1/2 

0.0300 mollL has been consumed and 0.0300 mollL remains; after 48 min (two 
half-lives), 0.0 150 mollL remains; after 72 min (three half-lives), 0.0075 maUL 
remains, and so forth (Figure 1 6.7) .  

We can see from the integrated rate law why the half-life of a first-order reac­
tion is independent of concentration: 

[AJo In -- = kt [AJ, 
After one half-life, t = t l /2 , and [Al, = �[Alo. Substituting, we obtain 

·EAiu In -I - = ktl /2 or In 2 = ktl /2 
zEAiu 

Then, solving for t l /2' we have 

In 2 0.693 
tl /2 = 

- = -- (first-order process; rate = k[A]) (16.7) 
k k 

As you can see, the time to reach one-half the starting concentration in a first­
order reaction does not depend on what that starting concentration is. 

Radioactive decay of an unstable nucleus is another example of a first-order 
process. For example, the half-life for the decay of uranium-235 is 7 . 1  X 1 08 yr. 
After 7 1 0  million years, a I -kg sample of uranium-235 will contain 0.5 kg of 
uranium-235, and a 1 -mg sample of uranium-235 will contain 0.5 mg. (We dis­
cuss the kinetics of radioactive decay thoroughly in Chapter 23.)  Whether we con­
sider a molecule or a radioactive nucleus, the decomposition of each particle in 
a first-order process is independent of the number of other particles present. 

SAMPLE PROBLEM 1 6.5 Determining the Half-Life of a First-Order Reaction 
Problem Cyclopropane is the smallest cyclic hydrocarbon. Because its 60° bond angles 
reduce orbital overlap, its bonds are weak. As a result, it is thermally unstable and 
rearranges to propene at 1 000°C via the following first-order reaction: 

CH2 / \  !>. H2C-CH2(g) � CH3-CH=CH2(g) 
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The rate constant is 9.2 S- l . (a) What is the half-life of the reaction? (b) How long does 
it take for the concentration of cyclopropane to reach one-quarter of the initial value? 
Plan (a) The cyclopropane rearrangement is first order, so to find tl /2 we use Equation 
16.7 and substitute for k (9.2 S- I). (b) Each half-life decreases the concentration to one­
half of its initial value, so two half-lives decrease it  to one-quarter. 
Solution (a) Solving for (1 /2: 

In 2 0.693 tL l2 = k = 9.2 S- 1 = 0.075 s 

It takes 0.075 s for half the cyclopropane to form propene at this temperature. 
(b) Finding the time to reach one-quarter of the initial concentration: 

Time = 2(t l /2) = 2(0.075 s) = 0. 1 5  s 
Check For (a), rounding gives 0.7/9 s - ( = 0.08 s, so the answer seems correct. 
FOLLOW- U P  PROBLEM 1 6. 5  Iodine- 1 23 is used to study thyroid gland function. 
This radioactive isotope breaks down in a first-order process with a half-life of 13 . 1 h. 
What is  the rate constant for the process? 

In contrast to the half-life of a first-order reaction, the half-life of a second­
order reaction does depend on reactant concentration: 

I t l !2 = k[AJa (second-order process; rate = k[Af) 

Note that here the half-life is inversely proportional to the initial reactant con­
centration. This relationship means that a second-order reaction with a high initial 
reactant concentration has a shorter half-life, and one with a low initial reactant 
concentration has a longer half-life. Therefore, as a second-order reaction 
proceeds, the half-life increases. 

In contrast to the half-life of a second-order reaction, the half-life of a zero­
order reaction is directly proportional to the initial reactant concentration: 

[AJa t l l2 = 2k (zero-order process; rate = k) 

Thus, if a zero-order reaction begins with a high reactant concentration, it has a 
longer half-life than if it begins with a low reactant concentration. Table 1 6.4 sum­
marizes the essential features of zero-, first-, and second-order reactions. 

1i'Mlt,. An Overview of Zero-Order, First-Order, and Simple 
Second-Order Reactions 

Zero Order First Order 

Rate law rate = k rate = k[AJ 
Units for k mol/L·s l is 
Integrated rate law in [AJ, = In [AJ, = 

straight-line form - kt + [AJa -kt + In [A]a 
Plot for straight line [AJ, vs. time In [AJ, vs. time 
Slope, y intercept - k, [AJa -k, In [A]a 
Half-life [AJoI2k (In 2)lk 

S E C T I O N  S U M M A RY 

Second Order 

rate = k[Af 
Llmol 's 
l I[AJ, = 

kt + l I[A]a 
I /[A], vs. time 
k, 1I[A]a 
l Ik[AJa 

I ntegrated rate laws are used to find either the time needed to reach a certain con­
centration of reactant or the concentration present after a given time. Rearrangements 
of the integrated rate laws allow us to determine reaction orders and rate constants 
graphically. The half-life is the time needed for the reaction to consume half the reac­
tant; for first-order reactions, it is independent of concentration. 
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Figure 1 6.8  Dependence of the rate constant on temperature. A, In the hydrolysis of 
the ester ethyl acetate, CH3COOCH2CH3 + H20 � CH3COOH + CH3CH20H,  
when reactant concentrations are held constant and temperature increases, the rate and 
rate constant increase. Note the near doubling of k with each rise of 1 0 K (1 0°C). B, A plot 
of rate constant vs. temperature for this reaction shows an exponentially increasing curve. UJ 
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Figure 1 6.9 Graphical determination of 
the activation energy. A plot of In k vs. 1 IT 

gives a straight line with slope = -Ea/R. 

Rate k 
� 0.200 

T(K) (mol/L's) (Umal's) -'<: 

288 1 .04 x 1 0-3 0.0521 0 . 100 

298 2.02x 1 0-3 0.101  

308 3.68x 1 0-3 0 . 184 

3 1 8  6.64x 1 0-3 0.332 
B 288 298 308 318  

Temperature (K) 

1 6.5 THE EFFECT OF TEMPERATURE ON REACTION RATE 

Temperature often has a major effect on reaction rate. As Figure 1 6.8A shows for 
a common organic reaction-hydrolysis, or reaction with water, of an ester-when 
reactant concentrations are held constant, the rate nearly doubles with each rise 
in temperature of 1 0  K (or 1 0°C). In fact, for many reactions near room temper­
ature, an increase of I aoc causes a doubling or tripling of the rate. 

How does the rate law express this effect of temperature? If we collect con­
centration and time data for the same reaction run at different temperatures (T), 
and then solve each rate expression for k, we find that k increases as T increases. 
In other words, temperature affects the rate by affecting the rate constant. A plot 
of k vs. T gives a curve that increases exponentially (Figure 1 6. 8B). 

These results are consistent with studies made in 1 889 by the Swedish 
chemist Svante Arrhenius, who discovered a key relationship between T and k. In 
its modern form, the Arrhenius equation is 

(16.8) 
where k is the rate constant, e is the base of natural logarithms, T is the absolute 
temperature, and R is the universal gas constant. We' ll discuss the meaning of the 
constant A, which is related to the orientation of the colliding molecules, in the 
next section. The Ea term is the activation energy of the reaction, which Arrhe­
nius considered the minimum energy the molecules must have to react; we'll 
explore its meaning in the next section as well. This negative exponential rela­
tionship between T and k means that as T increases, the negative exponent becomes 
smaller, so the value of k becomes larger, which means that the rate increases: 

Higher T ===> larger k ===> increased rate 
We can calculate Ea from the Arrhenius equation by taking the natural loga­

rithm of both sides and recasting the equation into one for a straight line: 

Ea( l ) In k = In A - R T 
y = b + mx 

A plot of In k vs. l iT gives a straight line whose slope is -EaIR and whose y 
intercept is In A (Figure 1 6.9). Therefore, with the constant R known, we can 
determine Ea graphically from a series of k values at different temperatures .  

Because the relationship between In k and l iT is linear, we can use a simpler 
method to find Ea if we know the rate constants at two temperatures, T2 and T, : 

Ea ( 1 ) In kz = In A - - -R Tz 

Ea ( 1 ) In k, = In A - - -R TI 
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When we subtract In k, from In k2, the term In A drops out and the other terms 
can be rearranged to give 

From this, we can solve for Ea. 

SAMPLE PROBLEM 1 6.6 Determining the Energy of Activation 
Problem The decomposition of hydrogen iodide, 

2HI(g) --- H2(g) + 12(g) 

(16.9) 

has rate constants of 9.5 1 X l O-9 Llmol-s at 500. K and 1 .  l O X  1 0-5 Llmol -s at 600. K. 
Find Ea. 
Plan We are given the rate constants, k, and k2, at two temperatures, T, and T2, so we 
substitute into Equation 1 6.9 and solve for Ea. 
Solution Rearranging Equation 1 6.9 to solve for Ea: 

In k2 
= 

_ Ea (� _ �) 
k, R T2 T, 

E = - R(ln k2) (� _ �
.
) - J 

a 
kl T2 T) ( 1 .  l O X  10-5 Llmol.S) (  1 1 ) - ' - (8.3 1 4 J/mol·K) In 9.5 1 X lO 9 L1mol-s 600. K - 500. K 

1 .76 X 1 05 llmol = 1 .76 X 1 02 kllmol 
Comment Be sure to retain the same number of significant figures in l iT as you have in 
T, or a significant error could be introduced. Round to the correct number of significant 
figures only at the final answer. On most pocket calculators, the expression ( l IT2 - l iT, ) 
is entered as follows: (T2) ( 1 Ix) - (T,)( l lx) = 

FOLLOW·UP PROBLEM 1 6.6 The reaction 2NOCl(g) --- 2NO(g) + CI2(g) has 
an Ea of 1 .00 X l O2 kllmol and a rate constant of 0.286 Llmol ·s at 500. K. What is the 
rate constant at 490. K? 

In this section and the previous two, we discussed a series of experimental 
and mathematical methods for the study of reaction kinetics. Figure 1 6. 1 0 is a 
useful summary of this information. Note that the integrated rate law provides an 
alternative method for obtaining reaction orders and the rate constant. 

S E C T I O N  S U M M A RY 
As the Arrhenius equation shows, rate increases with temperature because a tem­
perature rise increases the rate constant. The activation energy, Ea, the minimum 
energy needed for a reaction to occur, can be determined graphically from k values 
at different T values. 

Series of Determine Initial Compare Reaction Substitute Rate 
plots of slope of rates initial rates orders initial rates, constant 

con centra- tangent at to when [A] orders, and (k) and 
tion for each plot changes and concentra- actual 

vs. time [B] is held tions into rate law 
constant general rate 
(and vice law: rate = 
versa) k[A]m[B]n 

Integrated 

Figure 1 6. 1 0  I nformation sequence to determine the kinetic parameters 
rate law 

(half-life, 
of a reaction. Note that the integrated rate law does not depend on the com- t%) parison of experimental initial rates and that it is also used to determine re-
action orders and the rate constant. 

5 1 7  

Determine k Activation 
at different energy, Ea 
temperatures 

Rearrange Rate 
to linear constant 
form and and 
graph reaction 

order 
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Figure 1 6. 1 1 The dependence of num­
ber of possible collisions on the product 
of reactant concentrations. Concentra­
tions are multiplied, not added, in the rate 

law because the number of possible colli­

sions is the product, not the sum, of the 

numbers of particles present. 
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16.6 EXPLAINING THE EFFECTS OF CONCENTRATION 
AND TEMPERATURE 

The Arrhenius equation was developed empirically from the observations of many 
reactions. The two major models that explain the observed effects of concentra­
tion and temperature on reaction rate highlight different aspects of the reaction 
process but are completely compatible. Collision theory views the reaction rate 
as the result of particles colliding with a certain frequency and minimum energy. 
Transition state theory offers a close-up view of how the energy of a collision 
converts reactant to product. 

Collision Theory: Basis of the Rate Law 
The basic tenet of collision theory is that reactant particles-atoms, molecules, 
and ions-must collide with each other to react. Therefore, the number of colli­
sions per unit time provides an upper limit on how fast a reaction can take place. 
The model restricts itself to simple one-step reactions in which two particles col­
lide and form products: A + B -----+ products. With its emphasis on collisions 
between three-dimensional particles, this model explains why reactant concentra­
tions are multiplied together in the rate law, how temperature affects the rate, and 
what influence molecular structure has on rate. 

Why Concentrations Are Multiplied in the Rate Law If particles must collide to 
react, the laws of probability tell us why the rate depends on the product of the 
reactant concentrations, not their sum. Imagine that you have only two particles 
of A and two of B confined in a reaction vessel. Figure 1 6 . 11 shows that four A-B 
collisions are possible. If you add another particle of A, there can be six A-B 
collisions (3 X 2), not just five (3 + 2); add another particle of B, and there can 
be nine A-B collisions (3 X 3), not just six (3 + 3). Thus, collision theory is  
consistent with the observation that concentrations are multiplied in the rate law. 

How Temperature Affects Rate: The Importance of Activation Energy Increasing 
the temperature of a reaction increases the average speed of particles and therefore 
their collision frequency. But collision frequency cannot be the only factor affecting 
rate. In fact, in the vast majority of collisions, the molecules rebound without reacting. 

Arrhenius proposed that every reaction has an energy threshold that the col­
liding molecules must exceed in order to react. (An analogy might be an athlete 
who must exceed the height of the bar to accomplish a high jump.) This minimum 
collision energy is the activation energy (Ea), the energy required to activate the 
molecules into a state from which reactant bonds can change into product bonds. 
Recall that at any given temperature, molecules have a range of kinetic energies; 
thus, their collisions have a range of energies as well .  According to collision the­
ory, only those collisions with enough energy to exceed Ea can lead to reaction. 

We noted earlier that many reactions near room temperature approximately dou­
ble or triple their rates with a l OoC rise in temperature. Is tbe rate increase due to a 
higher number of collisions? Actually, this has only a minor effect. Calculations show 
that a l OoC rise increases the average molecular speed by only 2%. If an increase 
in speed is the only effect of temperature and if the speed of each colliding molecule 
increases by 2%, we should observe at most a 4% increase in rate. Far more impor­
tant is that the temperature rise enlarges the fraction of collisions with enough energy 
to exceed the activation energy. This key point is shown in Figure 16. 12  (next page). 

At a given temperature, the fraction f of molecular collisions with energy 
greater than or equal to the activation energy Ea is given by 

f =  e-E"IRT 

where e is the base of natural logarithms, T is the absolute temperature, and R is 
the universal gas constant. [Notice that the right side of this equation is the central 
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I 
Collision energy 

Greater fraction 
at T2 with enough '2m re," 

Figure 1 6. 1 2  The effect of temperature on the distribution of collision energies. At the higher 

temperature, T2, a larger fraction of collisions occur with enough energy to exceed Ea. 

component in the Arrhenius equation (Equation 1 6.8) . ]  The magnitudes of both 
Ea and T affect the fraction of sufficiently energetic collisions. In the top portion 
of Table 1 6.5,  you can see the effect on this fraction of increasing Ea at a fixed 
temperature. Note how much the fraction shrinks with a 25-kJ/mol increase in 
activation energy. (As the height of the bar is raised, fewer athletes can accom­
plish the jump.) In the bottom portion of the table, you can see the effect on the 
fraction of increasing T at a fixed Ea of 50 kJ/mol, a typical value for many reac­
tions. Note that the fraction nearly doubles for a l OoC increase. Doubling the frac­
tion doubles the rate constant, which doubles the reaction rate. 

A reversible reaction has two activation energies (Figure 1 6. 1 3) .  The activa­
tion energy for the forward reaction, Ea(fwd), is the energy difference between the 
activated state and the reactants ; the activation energy for the reverse reaction, 
Ea(rev), is  the energy difference between the activated state and the products. The 
figure shows an energy-level diagram for an exothermic reaction, so the products 
are at a lower energy than the reactants, and Ea(fwd) is less than Ea(rev)' 

These observations are consistent with the Arrhenius equation; that is, the 
smaller the Ea (or the higher the temperature), the larger the value of k, and the 
faster the reaction: 

Smaller E" (or h igher T) ===? larger k ===? increased rate 
Conversely, the larger the Ea (or the lower the temperature), the smaller the value 
of k, and the slower the reaction: 

Larger E" (or lower T) ===? smaller k ===? decreased rate 

How Molecular Structure Affects Rate The enormous number of molecular col­
lisions per second is greatly reduced when we count only those with enough 
energy to react. However, even this tiny fraction of the total collisions does not 
reveal the true number of effective collisions, those that actually lead to product. 
In addition to colliding with enough energy, the molecules must collide so that 
the reacting atoms make contact. In other words, to be effective, a collision must 
have enough energy and a particular molecular orientation. 

In the Arrhenius equation, the effect of molecular orientation is contained in 
the term A:  

k = Ae -EjRT 

This term is called the frequency factor, the product of the collision frequency 
Z and an orientation probability factor, p, which is specific for each reaction: 
A = pz. The factor p is related to the structural complexity of the colliding 
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IiM!'·!j The Effect of Ea and T 
on Fe Fraction (f) of Collisions 
with Sufficient Energy to Allow 
Reaction 

Ea (kJ/mol) f (at T = 298 K) 
50 
75 

1 00 

T 

25°C (298 K) 
35°C (308 K) 
45°C (3 1 8  K) 

1 .70 X 10-9 
7 .03 X lO- 14  
2.90 X l O- 1 8  

f (at Ea = S O  kJ/mol) 

1 .70 X 10-9 
3.29 X l O-9 
6. 1 2 X  10-9 

ACTtVATED STATE 

f i I f .§ Ea(fwd) .§ 
til til �� Ea(rev) � 

o REACTANTS � 0 

PRODUCTS 

Figure 1 6. 1 3  Energy-level diagram for 
a reaction. For molecules to react, they 

must coll ide with enough energy to reach 

an activated state. This minimum collision 

energy is the energy of activation, Ea. 
A reaction can occur in either direction, 
so the diagram shows two activation 

energies. Here, the forward reaction is 

exothermic and Ea(fwd) < Ea(rev)' 
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Figure 1 6. 1 4  The importance of molec­
ular orientation to an effective collision. 
Only one of the five orientations shown for 

the collision between NO and N03 has the 

correct orientation to lead to product. In 

the effective orientation, contact occurs 

between the atoms that will become 

bonded in the product. 

Figure 1 6. 1 5  Nature of the transition 
state in the reaction between CH3Br 
and OH-. Note the partial (elongated) 
C-O and C-Br bonds and the 
trigonal bipyramidal shape of the 

transition state of this reaction. 

CHAPTER 16 Kinetics: Rates and Mechanisms af Chemical Reactions 

particles. You can think of it as the ratio of effectively oriented collisions to all 
possible collisions. For example, Figure 16 . 14  shows a few of the possible colli­
sion orientations for the following simple gaseous reaction: 

NO(g) + N03(g) -----+ 2N02(g) 
Of the five collisions shown, only one has an orientation in which the N of NO 
makes contact with an 0 of N03. Actually, the orientation probability factor 
(p value) for this reaction is 0.006 : only 6 collisions in every 1 000 ( 1  in 167) 
have an orientation that can lead to reaction. 

Collisions between individual atoms have p values near 1 :  almost no matter 
how they hit, as long as the collision has enough energy, the particles react. In 
such cases, the rate constant depends only on the frequency and energy of the col­
lisions. At the other extreme are biochemical reactions, in which the reactants are 
often two small molecules that can react only when they collide with a specific 
tiny region of a giant molecule-a protein or nucleic acid. The orientation prob­
ability factor for these reactions is often less than 10-6: fewer than one in a mil­
lion sufficiently energetic collisions leads to product. The fact that countless such 
biochemical reactions are occurring right now, as you read this sentence, helps 
make the point that the number of collisions per second is truly astounding. 

Transition State Theory: Molecular Nature of the Activated Complex 
Collision theory is a simple, easy-to-visualize model, but it provides no insight 
about why the activation energy is needed and how the activated molecules look. 
To understand these aspects of the process, we turn to transition state theory, 
which focuses on the high-energy species that forms through an effective collision. 

Visualizing the Transition State Recall from our discussion of energy changes 
(Chapter 6) that the internal energy of a system is the sum of its kinetic and poten­
tial energies. When two molecules approach one another, some kinetic energy is 
converted to potential energy as the electron clouds repel each other. At the 
moment of a head-on collision, the molecules stop, and their kinetic energy is 
converted to the potential energy of the collision. If this potential energy is less 
than the activation energy, the molecules recoil, bouncing off each other like bil­
liard balls; the molecules zoom apart without reacting. 

The tiny fraction of molecules that are oriented effectively and moving at the 
highest speed behave differently. Their kinetic energy pushes them together with 
enough force to overcome repulsions and react. Nuclei in one atom attract elec­
trons in another; atomic orbitals overlap and electron densities shift; some bonds 
lengthen and weaken while others start to form. At some point during this smooth 
transformation, what exists is neither reactant nor product but a transitional 
species with partial bonds. This extremely unstable species, which is called the 
transition state, or activated complex, exists only at the instant when the react­
ing system is highest in potential energy. Thus, the activation energy is the quan­
tity needed to stretch and deform bonds in order to reach the transition state. 

Consider the reaction between methyl bromide and hydroxide ion: 

CH3Br + OH- -----+ CH30H + Br-
The electronegative bromine makes the carbon of methyl bromide partially posi­
tive. If the reactants are moving toward each other fast enough and are oriented 
effectively when they collide, the negatively charged oxygen in OH- approaches 
the carbon with enough energy to begin forming a C-O bond, which causes the 
C-Br bond to weaken. In the transition state (Figure 16 . 15) ,  C is surrounded by 
five atoms (trigonal bipyramidal), which never occurs in its stable compounds. 
This high-energy species has three normal C-H bonds and two partial bonds, 
one from C to 0 and the other from C to Br. Reaching this transition state is no 
guarantee that the reaction will proceed to products. A transition state can change 
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in either direction: if the C-O bond continues to shorten and strengthen, prod­
ucts form; however, if the C-Br bond becomes shorter and stronger again, the 
transition state reverts to reactants. 

Depicting the Change with Reaction Energy Diagrams A useful way to depict 
the events we just described is with a reaction energy diagram, which shows the 
potential energy of the system during the reaction as a smooth curve. Figure 1 6. 1 6  
shows the reaction energy diagram for the reaction of CH3Br and OH-,  and also 
includes electron density relief maps, structural formulas, and molecular-scale 
views at various points during the change. 

The horizontal axis, labeled "Reaction progress," means reactants change to 
products from left to right. This reaction is exothermic, so reactants are higher in 
energy than products. The diagram also shows activation energies for the forward 
and reverse reactions; in this case, Ea(fwd) is less than Ea(rev)' This difference, 
which reflects the change in bond energies, equals the heat of reaction, I:!.Hrxn: 

Overlap changes 
as reaction proceeds 

H 
/ 

I:!.Hrxn = Ea(fwd) - Ea(rev) 

H 
I 
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Figure 1 6. 1 6  Reaction energy diagram for the reaction between forward and reverse steps and the heat of reaction. The electron 

CH3Br and OH-. A plot of potential energy vs. reaction progress density relief maps, structural formulas, and molecular-scale views de-

shows the relative energy levels of reactants, products, and transition pict the change at five points. Note the gradual bond forming and bond 

state joined by a curved line, as well as the activation energies of the breaking as the system goes through the transition state. 
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Figure 1 6. 1 7  Reaction energy diagrams 
and possible transition states for three 
reactions. 
A, 2NOCI(g) - 2NO(g) + CI2(g) 

(Despite the formula NOCI, the atom 
sequence is CINO.) 

B, NO(g) + 03(g) - N02(g) + 02(g) 

C, 2CI0(g) - CI2(g) + 02(g) 

Note that reaction A is endothermic, B 

and C are exothermic, and C has a very 

small Ea(fwd)' 
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Transition state theory proposes that every reaction (and every step in an 
overall reaction) goes through its own transition state, from which it can con­
tinue in either direction. We imagine how a transition state might look by exam­
ining the reactant and product bonds that change. Figure 1 6. 1 7  depicts reaction 
energy diagrams for three simple reactions. Note that the shape of the postulated 
transition state in each case is based on a specific collision orientation between 
the atoms that become bonded to form the product. 

SAMP LE PROBLEM 1 6. 7  Drawing Reaction Energy Diagrams 
and Transition States 

Problem A key reaction in the upper atmosphere is 
03(g) + O(g) -- 202(g) 

The Ea(fwd) is 1 9  kJ, and the t::..Hrxn for the reaction as written is -392 kJ. Draw 
a reaction energy diagram for this reaction, postulate a transition state, and calculate Ea(rev)' 
Plan The reaction is highly exothermic (t::..Hrxn = - 392 kJ), so the products are much 
lower in energy than the reactants. The small Ea(fwd) ( 1 9  kJ) means the energy of the reac­
tants lies slightly below that of the transition state. We use Equation 1 6. 1 0  to calculate 
Ea(rev)' To postulate the transition state, we sketch the species and note that one of the 
bonds in 03 weakens, and this partially bonded ° begins forming a bond to the separate 
° atom. 
Solution Solving for Ea(rev) :  

t::..Hrxn = Ea(fwd) - Ea(rev) 

So, Ea(rev) = Ea(fwd) - t::..Hrxn = 1 9  kJ - (- 392 kJ) = 4 1 1  kJ 
The reaction energy diagram (not drawn to scale), with transition state, is 

�o. 09' " 0  .. Ea(fwd) 
= 1 9  kJ 

- �Q _ - - - - - - - - - - - -

>- 03 + 0 � 
OJ 
C OJ 
$ � tlHrxn = -392 kJ 

& 

Ea(rev) 
= 41 1 kJ 

202 
- - - - - - - - - - - - - - - - - =---�� 

Reaction progress 
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Check Rounding to find Ea(rev) gives �20 + 390 = 410. 
FOLLOW· U P  PROBLEM 1 6. 7  The following reaction energy diagram depicts 
another key atmospheric reaction. Label the axes, identify Ea(fwd), Ea(rev), and I1Hrxn, draw 
and label the transition state, and calculate Ea(rev) for the reaction. 

S E C T I O N  S U M M A RY 
According to collision theory, reactant particles must collide to react, and the 
number of coll isions depends on the product of the reactant concentrations. At 
higher temperatures, more col lisions have enough energy to exceed the activation 
energy (Ea) . The relative Ea values for the forward and the reverse reactions depend 
on whether the overall reaction is exothermic or endothermic. Molecules must col­
lide with an effective orientation for reaction to occur, so structural complexity 
decreases rate. 

Transition state theory pictures the kinetic energy of the particles changing to 
potential energy during a collision. Given a sufficiently energetic coll ision and an effec­
tive molecular orientation, the reactant species become an unstable transition state, 
which either forms product(s) or reverts to reactant(s). Reaction energy diagrams 
depict the changing energy of the chemical system as it progresses from reactants 
through transition state(s) to products. 

16.7 REACTION MECHANISMS: STEPS IN THE OVERALL 
REACTION 

Imagine trying to figure out how a car works just by examining the body, wheels, 
and dashboard. It can' t  be done-you need to look under the hood and inside the 
engine to see how the parts fit together and function. Similarly, because our main 
purpose is to know how a reaction works at the molecular level, examining the 
overall balanced equation is not much help-we must "look under the yield arrow 
and inside the reaction" to see how reactants change into products. 

When we do so, we find that most reactions occur through a reaction mech­
anism, a sequence of single reaction steps that sum to the overall reaction. For 
example, a possible mechanism for the overall reaction 

2A + B  - E + F  
might involve these three simpler steps: 

( 1 )  A + B - C 
(2) C  + A - D 

(3) D - E + F 
Adding them together and canceling common substances, we obtain the over­
all equation: 

A + B + G + A + & - G + & + E + F or 2A + B -- E + F 
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Note what happens to C and to D in this mechanism. C is a product in step 1 and 
a reactant in step 2, and D is a product in 2 and a reactant in 3. Each functions 
as a reaction intermediate, a substance that is formed and used up during the 
overall reaction. Reaction intermediates do not appear in the overall balanced 
equation but are absolutely essential for the reaction to occur. They are usually 
unstable relative to the reactants and products but are far more stable than tran­
sition states (activated complexes). Reaction intermediates are molecules with nor­
mal bonds and are sometimes stable enough to be isolated. 

Chemists propose a reaction mechanism to explain how a particular reaction 
might occur, and then they test the mechanism. This section focuses on the nature 
of the individual steps and how they fit together to give a rate law consistent with 
experimental results. 

Elementary Reactions and Molecularity 
The individual steps, which together make up a proposed reaction mechanism, are 
called elementary reactions (or elementary steps) . Each describes a single 
molecular event, such as one particle decomposing or two particles colliding and 
combining. An elementary step is not made up of simpler steps. 

An elementary step is characterized by its molecularity, the number of reac­
tant particles involved in the step. Consider the mechanism for the breakdown of 
ozone in the stratosphere. The overall reaction is 

203(g) - 302(g) 

A two-step mechanism has been proposed for this reaction. Notice that the two steps 
sum to the overall reaction. The first elementary step is a unimolecular reaction, 
one that involves the decomposition or rearrangement of a single particle: 

( 1 )  03(g) - 02(g) + O(g) 

The second step is a bimolecular reaction, one in which two particles react: 

(2) 03(g) + O(g) - 202(g) 

Some termolecular elementary steps occur, but they are extremely rare because 
the probability of three particles c911iding simultaneously with enough energy 
and with an effective orientation is very small . Higher molecularities are not 
known. Unless evidence exists to the contrary, it makes good chemical sense to 
propose only unimolecular or bimolecular reactions as the elementary steps in a 
reaction mechanism. 

The rate law for an elementary reaction, unlike that for an overall reaction, 
can be deduced from the reaction stoichiometry. An elementary reaction occurs 
in one step, so its rate must be proportional to the product of the reactant con­
centrations. Therefore, we use the equation coefficients as the reaction orders in 
the rate law for an elementary step; that is, reaction order equals molecularity 
(Table 1 6.6). Remember that this statement holds only when we know that the 
reaction is elementary; you've already seen that for an overall reaction, the reac­
tion orders must be determined experimentally. 

eWlt!) Rate Laws for General Elementary Steps 
Elementary Step Molecularity 

A -- product 
2A -- product 

A + B -- product 
2A + B -- product 

Unirnolecular 
B imolecular 
Bimolecular 
Termolecular 

Rate Law 

Rate = k[A] 
Rate = k[A]2 
Rate = k[A] [B] 
Rate = k[Af[B] 
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SAMPLE PROBLEM 1 6.8 Determining Molecularity and Rate Laws 
for Elementary Steps 

Problem The following two reactions are proposed as elementary steps in the mechanism 
for an overall reaction: 
( 1 )  N02Cl(g) --- N02(g) + Cl(g) 
(2) N02Cl(g) + Cl(g) --- N02(g) + CI2(g) 
(a) Write the overall balanced equation. 
(b) Determine the molecularity of each step. 
(c) Write the rate law for each step. 
Plan We find the overall equation from the sum of the elementary steps. The molecular­
ity of each step equals the total number of reactant particles. We write the rate law for 
each step using the molecularities as reaction orders. 
Solution (a) Writing the overall balanced equation: 

N02Cl(g) -- N02(g) + Cl(g) 
N02Cl(g) + Cl(g) -- N02(g) + CI2(g) 

N02Cl(g) + N02Cl(g) + tlW -- N02(g) + tlW + N02(g) + CI2(g) 
2N02Cl(g) -- 2N02(g) + CI2(g) 

(b) Determining the molecularity of each step: The first elementary step has only one reac­
tant, N02Cl, so it is unimolecular. The second elementary step has two reactants, N02CI 
and Ct, so it  is bimolecular. 
(c) Writing rate laws for the elementary reactions: 
( 1 )  Rate ! = k1 [N02Cl] 
(2) Rate2 = k2[N02Cl] [Cl] 
Check In part (a), be sure the equation is balanced; in part (c), be sure the substances in 
brackets are the reactants of each elementary step. 
FOLLOW- U P  PROBLEM 1 6.8  The following elementary steps constitute a proposed 
mechanism for a reaction: 
( 1 )  2NO(g) --- N202(g) 
(2) 2H2(g) --- 4H(g) 
(3) N202(g) + H(g) --- N20(g) + HO(g) 
(4) 2HO(g) + 2H(g) --- 2H20(g) 
(5) H(g) + N20(g) --- HO(g) + N2(g) 
(a) Write the balanced equation for the overall reaction. 
(b) Determine the molecularity of each step. 
(c) Write the rate law for each step. 

The Rate-Determining Step of a Reaction Mechanism 
All the elementary steps in a mechanism do not have the same rate. Usually, one 
step is much slower than the others, so it limits how fast the overall reaction pro­
ceeds. This step is called the rate-determining step (or rate-limiting step) . 

Because the rate-determining step limits the rate of the overall reaction, its 
rate law represents the rate law for the overall reaction. Consider the reaction 
between nitrogen dioxide and carbon monoxide: 

N02(g) + CO(g) --- NO(g) + C0zCg) 
If the overall reaction were an elementary reaction-that is, if the mechanism 
consisted of only one step-we could immediately write the overall rate law as 

Rate = k[N02] [CO] 
However, as you saw in Sample Problem 1 6.3 ,  experiment shows that the actual 
rate law is 

Rate = k[N02]2 

From this, we know immediately that the reaction shown cannot be elementary. 
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A proposed two-step mechanism is 

( 1) N02(g) + N02(g) -----+ N03(g) + NO(g) 
(2) N03(g) + CO(g) -----+ N02(g) + CO2(g) 

[slow; rate determining] 
[fast] 

Note that N03 functions as a reaction intermediate in the mechanism. Rate laws 
for these elementary steps are 

( 1 )  Rate l = k l [N02][N02] = kl [N02]2 

(2) Rate2 = k2[N03] [CO] 
Note that if k, = k, the rate law for the rate-determining step (step 1) is iden­

tical to the experimental rate law. The first step is so slow compared with the sec­
ond that the overall reaction takes essentially as long as the first step. Here you 
can see that one reason a reactant (in this case, CO) has a reaction order of zero 
is that it takes part in the reaction only after the rate-determining step. 

Correlating the Mechanism with the Rate Law 
Conjuring up a reasonable reaction mechanism can be a classic example of the 
use of the scientific method. We use observations and data from rate experiments 
to hypothesize what the individual steps might be and then test our hypothesis 
by gathering further evidence. If the evidence supports it, we continue to apply 
that mechanism; if not, we propose a new one. However, we can never prove, 
just from data, that a particular mechanism represents the actual chemical 
change, only that it is consistent with it. 

Regardless of the elementary steps proposed for a mechanism, they must meet 
three criteria: 

1 .  The elementary steps must add up to the overall balanced equation. We can­
not wind up with more (or fewer) reactants or products than are present in the 
balanced equation. 

2 .  The elementary steps must be physically reasonable. As we noted, most steps 
should involve one reactant particle (unimolecular) or two (bimolecular). Steps 
with three reactant particles (termolecular) are very unlikely. 

3 .  The mechanism must correlate with the rate law. Most importantly, a mecha­
nism must support the experimental facts shown by the rate law, not the other 
way around. 

Let's see how the mechanisms of several reactions conform to these criteria and 
how the elementary steps fit together. 

Mechanisms with a Slow Initial Step We've already seen one mechanism with 
a rate-determining first step-that for the reaction of N02 and CO. Another exam­
ple is the reaction between nitrogen dioxide and fluorine gas: 

2N02(g) + F2(g) -----+ 2N02F(g) 
The experimental rate law is first order in N02 and in F2: 

Rate = k[N02] [F2] 
The accepted mechanism for the reaction is 

( 1 )  N02(g) + F2(g) -----+ N02F(g) + F(g) 
(2) N02(g) + F(g) -----+ N02F(g) 

[slow; rate determining] 
[fast] 

Molecules of reactant and product appear in both elementary steps. The free fluo­
rine atom is a reaction intermediate. 

Does this mechanism meet the three crucial criteria? 

1 .  The elementary reactions sum to the balanced equation: 

N02(g) + N02(g) + F2(g) + FW -----+ N02F(g) + N02F(g) + PEg-) 
or 2N02(g) + F2(g) -----+ 2N02F(g) 
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2. Both steps are bimolecular, so they are chemically reasonable. 
3. The mechanism gives the rate law for the overall equation. To show this, we 

write the rate laws for the elementary steps: 

( 1 ) Ratel = k l [N02] [F2] 
(2) Rate2 = k2 [N02] [F] 

Step 1 is the rate-determining step and therefore gives the overall rate law, with 
kl = k. Because the second molecule of N02 appears in the step that follows the 
rate-determining step, it does not appear in the overall rate law. Thus, we see 
that the overall rate law includes only species active in the reaction up to and 
including those in the rate-determining step. This point was also illustrated by the 
mechanism for N02 and CO shown earlier. Carbon monoxide was absent from 
the overall rate law because it appeared after the rate-determining step. 

Figure 1 6. 1 8  is a reaction energy diagram for the reaction of N02 and F2. 
Note that 

• Each step in the mechanism has its own transition state. (Note that only one 
molecule of N02 reacts in step 1 ,  and only the first transition state is depicted.) 

• The F atom intermediate i s  a reactive, unstable species (as you know from halo­
gen chemistry), so it is higher in energy than the reactants or product. 

• The first step is slower (rate limiting), so its activation energy is larger than 
that of the second step. 

• The overall reaction is exothermic, so the product is  lower in energy than 
the reactants. 

Mechanisms with a Fast Initial Step If the rate-determining step in a mechanism 
is not the initial step, it  acts as a bottleneck later in the reaction sequence. As a 
result, the product of a fast initial step builds up and starts reverting to reactant, 
while waiting for the slow step to remove it. With time, the product of the initial 
step is  changing back to reactant as fast as it is forming. In other words, the fast 
initial step reaches equilibrium. As you'l l  see, this situation allows us to fit the 
mechanism to the overall rate law. 
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Figure 1 6. 1 8 Reaction energy diagram 
for the two-step reaction of N02 and F2• 
Each step in the mechanism has its own 
transition state. The proposed transition 
state is shown for step 1 .  Reactants for 

the second step are the F atom interme­
diate and the second molecule of N02• 

Note that the first step is slower (higher 
E.). The overall reaction is exothermic 

(tJ.Hrxn < 0). 
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Consider once again the oxidation of nitrogen monoxide: 

2NO(g) + 02(g) - 2N02(g) 
The experimentally determined rate law is  

Rate = k[NO]2 [02] 
and a proposed mechanism is 

( 1 )  NO(g) + 02(g) � N03(g) [fast, reversible] 

(2) N03(g) + NO(g) - 2N02(g) [slow; rate determining] 

Note that, with cancellation of the reaction intermediate N03, the first criterion is 
met because the sum of the steps gives the overall equation. Also note that the 
second criterion is met because both steps are bimolecular. 

To meet the third criterion (that the mechanism conforms to the overall rate 
law), we first write rate laws for the elementary steps: 

( \ )  Rate l (fwd) = kl [NO][02] 
Rate l (rev) = L 1 [N03] 

where k_ I is the rate constant for the reverse reaction. 

(2) Rate2 = k2[N03] [NO] 
Now we must show that the rate law for the rate-determining step (step 2) gives the 
overall rate law. As written, it does not, because it contains the intermediate N03, 
and an overall rate law can include only reactants (and products). Therefore, we 
must eliminate [N03] from the step 2 rate law. To do so, we express [N03] in terms 
of reactants. Step 1 reaches equilibrium when the forward and reverse rates are equal: 

Rate l (fwd) = Rate l (rev) or kl [NO][02] = L 1 [N03] 
To express [N03] in terms of reactants, we isolate it algebraically: 

kl [N03] = -[NO][02] 
L I 

Then, substituting for [N03] in the rate law for step 2, we obtain 

Rate2 = k2[N03] [NO] = k2(�[NO][02]) [NO] = k2kl [NOf[02] k_ 1 k_ 1 
k k  

This rate law is identical to the overall rate law, with k = 2..'... 
L ,  

Thus, to test the validity of a mechanism with a fast initial, reversible step: 

1. Write rate laws for both directions of the fast step and for the slow step. 
2. Show the slow step's rate law is equivalent to the overall rate law, by express­

ing [intermediate} in terms of [reactant}: set the forward rate law of the fast, 
reversible step equal to the reverse rate law, and solve for [intermediate] . 

3 .  Substitute the expression for [intermediate] into the rate law for the slow step 
to obtain the overall rate law. 

Several end-of-chapter problems, including 16 .6 1  and 1 6.62, provide addi­
tional examples of this approach. 

S E C T I O N  S U M M A RY 
The mechanisms of most common reactions consist of two or more elementary steps, 
reactions that occur in one step and depict a single chemical change. The molecu­

larity of an elementary step equals the number of reactant particles and is the same 
as the reaction order of its rate law. Unimolecular and bimolecular steps are com­
mon. The rate-determining, or rate-limiting (slowest), step determines how fast the 
overall reaction occurs, and its rate law represents the overall rate law. Reaction inter­
mediates are species that form in one step and react in a later one. The steps in a 
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proposed mechanism must add up to the overall reaction, be physically reasonable, 
and conform to the overall rate law. If a fast step precedes a slow step, the fast step 
reaches equilibrium, and the concentrations of intermediates in the rate law of the 
slow step must be expressed in terms of reactants. 

16.8 CATALYSIS: SPEEDING UP A CHEMICAL REACTION 

There are many situations in which the rate of a reaction must be increased for 
it to be useful. In an industrial process, for example, a higher rate often deter­
mines whether a new product can be made economically. Sometimes, we can 
speed up a reaction sufficiently with a higher temperature, but energy is costly 
and many substances are heat sensitive and easily decomposed. Alternatively, we 
can often employ a catalyst, a substance that increases the rate without being con­
sumed in the reaction. Because catalysts are not consumed, only very small ,  non­
stoichiometric quantities are generally required. Nevertheless, these substances are 
employed in so many important processes that several million tons of industrial 
catalysts are produced annually in the United States alone! Nature is the master 
designer and user of catalysts. Even the simplest bacterium employs thousands of 
biological catalysts, known as enzymes, to speed up its cellular reactions. Every 
organism relies on enzymes to sustain life. 

Each catalyst has its own specific way of functioning, but in general, a cat­
alyst causes a lower activation energy, which in turn makes the rate constant 
larger and the rate higher. Two important points stand out in Figure 1 6. 1 9: 

o A catalyst speeds up the forward and reverse reactions. A reaction with a cat­
alyst does not yield more product than one without a catalyst, but it yields the 
product more quickly. 

o A catalyst causes a lower activation energy by providing a different mechanism 
for the reaction, and thus a new, lower energy pathway. 
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Figure 1 6. 1 9  Reaction energy diagram 
for a catalyzed and an uncatalyzed 
process. A catalyst speeds a reaction by 

providing a new, lower energy pathway, 

in this case by replacing the one-step 

mechanism with a two-step mechanism. 

Both forward and reverse rates are i n­
creased to the same extent, so a catalyst 

does not affect the overall reaction yield. 

(The only activation energy shown for the 

catalyzed reaction is the larger one for the 

forward d irection.) 
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Figure 1 6.20 Mechanism for the cat­
alyzed hydrolysis of an organic ester. 
In step 1 ,  the catalytic H+ ion binds to the 

electron-rich oxygen. The resonance hy­

brid of this product (see gray panel) 

shows the C atom is more positive than it 

would ordinarily be. The enhanced charge 

on C attracts the partially negative 0 of 

water more strongly, increasing the frac­
tion of effective collisions and thus 
speeding up step 2,  the rate-determining 

step. Loss of R 'OH and removal of H + by 
water occur in a final series of fast steps. 

CHAPTER 1 6  Kinetics: Rates and Mechanisms of Chemical Reactions 

Consider a general uncatalyzed reaction that proceeds by a one-step mecha­
nism involving a bimolecular collision: 

A + B ----+ product [slower] 

In the catalyzed reaction, a reactant molecule interacts with the catalyst, so the 
mechanism might involve a two-step pathway: 

A + catalyst ----+ C [faster] 

C + B ----+ product + catalyst [faster] 

Note that the catalyst is not consumed, as its definition requires. Rather, it is used 
and then regenerated, and the activation energies of both steps are lower than the 
activation energy of the uncatalyzed pathway. 

There are two general categories of catalyst-homogeneous catalysts and 
heterogeneous catalysts-based on whether the catalyst is in the same phase as 
the reactant and product. 

Homogeneous Catalysis 
A homogeneous catalyst exists in solution with the reaction mixture. All homo­
geneous catalysts are gases, liquids, or soluble solids. 

A thoroughly studied example of homogeneous catalysis is the hydrolysis of 
an organic ester (RCOOR') ,  a reaction introduced in Section 1 5 .4: 

I 

o 0 I I  I I  
R-C-O-R' + H20 � R-C-OH + R'-OH 

o 
Here R and R' are hydrocarbon groups, R-�-OH is a carboxylic acid, and 
R' -OH is an alcohol. The reaction rate is low at room temperature but can be 
increased greatly by adding a small amount of strong acid, which provides H+ 

ion, the catalyst in the reaction; strong bases, which supply OH- ions, also speed 
ester hydrolysis, but by a slightly different mechanism. 

In the first step of the acid-catalyzed reaction (Figure 16.20), the H+ of a hydro­
nium ion forms a bond to the double-bonded 0 atom. From the resonance forms, 
we see that the bonding of H+ then makes the C atom more positive, which increases 
its attraction for the partially negative 0 atom of water. In effect, H+ increases the 
likelihood that the bonding of water, which is the rate-determining step, will take 
place. Several steps later, a water molecule, acting as a base, removes the H+ and 
returns it to solution. Thus, H+ acts as a catalyst because it speeds up the reaction 
but is not itself consumed: it is used up in one step and re-formed in another. 

Many digestive enzymes, which catalyze the hydrolysis of proteins, fats, and 
carbohydrates during the digestion of foods, employ very similar mechanisms. 
The difference is that the acids or bases that speed these reactions are not the 
strong inorganic reagents used in the lab, but rather specific amino-acid side 
chains of the enzymes that release or abstract H+ ions. 

Heterogeneous Catalysis 
A heterogeneous catalyst speeds up a reaction that occurs in a separate phase. 
The catalyst is most often a solid interacting with gaseous or liquid reactants. 
Because reaction occurs on the solid's surface, heterogeneous catalysts usually 
have enormous surface areas for contact, between 1 and 500 m

2
jg. Interestingly, 

many reactions that occur on a metal surface, such as the decomposition of HI 
on gold and the decomposition of N20 on platinum, are zero order because the 
rate-determining step occurs on the surface itself. Thus, despite an enormous sur­
face area, once the reactant gas covers the surface, increasing the reactant con­
centration cannot increase the rate. 
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Metal 

CD H2 adsorbs to metal surface ® Rate-limiting step is H-H bond breakage. 

@ After C2H4 adsorbs, one C-H forms. @ Another C-H bond forms; C2H6 leaves surface. 

Figure 1 6.21  The metal-catalyzed hydrogenation of ethylene. 

One of the most important examples of heterogeneous catalysis is the addi­
tion of H2 to the C =C bonds of organic compounds to form C-C bonds. The 
petroleum, plastics, and food industries frequently use catalytic hydrogenation. 
The conversion of vegetable oil into margarine is one example. 

The simplest hydrogenation converts ethylene to ethane: 

H2C =CH2(g) + H2(g) - H3C-CH3(g) 

In the absence of a catalyst, the reaction occurs very slowly. At high H2 pressure 
in the presence of finely divided Ni, Pd, or Pt, the reaction becomes rapid even 
at ordinary temperatures. These Group SB( 1 0) metals catalyze by chemically 
adsorbing the reactants onto their suiface (Figure 1 6.2 1 ) .  The H2 lands and splits 
into separate H atoms chemically bound to the solid catalyst'S metal atoms (catM): 

H - H(g) + 2catM(s) - 2catM- H  (H atoms bound to metal surface) 

Then, C2H4 adsorbs and reacts with two H atoms, one at a time, to form C2H6. 
The H -H bond breakage is the rate-determining step in the overall process, and 
interaction with the catalyst'S surface provides the low-Ea step as part of an alter­
native reaction mechanism. 

Catalysis in Nature 
Unlike the industrial examples we just discussed, catalytic processes occur in nat­
ural settings as well, and a brief description of two important systems follows. 
The first concerns the remarkable abilities of catalysts inside you, and the second 
focuses on how catalysis operates in the stratosphere. 

Cellular Catalysis: The Function of Enzymes Within every living cell, thousands 
of individual reactions occur in dilute solution at ordinary temperatures and pres­
sures. The rates of these reactions respond smoothly to various factors, including 
concentration changes, signals from other cells, and environmental stresses. Vir­
tually every cell reaction is catalyzed by its own specific enzyme, a protein whose 
complex three-dimensional shape-and thus its function-has been perfected 
through natural selection (Section 1 5 .6). 

Every enzyme has an active site, a small region whose shape results from 
those of the side chains (R groups) of the amino acids that make it up. When 
reactant molecules, called the substrates, bind to an active site, usually through 

5 3 1  
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intermolecular forces, the chemical change begins. With molar masses ranging 
from 1 5 ,000 to 1 ,000,000 g/mol, most enzymes are enormous relative to their 
substrates, and they are often embedded within membranes. Thus, like a het­
erogeneous catalyst, an enzyme provides a surface on which a substrate i s  
immobilized temporarily, waiting for another reactant to  land nearby. Like a 
homogeneous catalyst, the active-site R groups interact directly with the sub­
strates in multistep sequences. 

Enzymes are incredibly efficient catalysts. Consider the hydrolysis of urea, a 
key component in amino-acid metabolism: 

(NH2hC =0(aq) + 2H20(l) + H+(aq) � 2NH4 +(aq) + HC03 -(aq) 

In water at room temperature, the rate constant for the un catalyzed reaction is 
3 X I 0- I O  S- I . Under the same conditions in the presence of the enzyme urease 
(pronounced "yur-ee-ase"), the rate constant increases 1 0 14-fold, to 3 X 1 0

4 
S - I !  

Enzymes are also extremely specific: urease catalyzes only this hydrolysis reac­
tion, and no other enzyme does so. 

There are two main models of enzyme action. In the lock-and-key model, 
when the "key" (substrate) fits the "lock" (active site), the chemical change begins. 
However, experiments show that, in many cases, the enzyme changes shape when 
the substrate lands at its active site. Thus, rather than a rigidly shaped lock in 
which a particular key fits, the induced-fit model pictures a "hand" (substrate) 
entering a "glove" (active site), causing it to attain its functional shape. 

Enzymes act through a variety of catalytic mechanisms. In some cases, the 
active-site R groups bring the reacting atoms of the substrates closer together. In 
other cases, the R groups stretch the substrate bond that is to be broken. Some R 
groups provide an H+ ion that increases the speed of a rate-determining step; oth­
ers remove an H+ ion at a critical step. Regardless of their specific mode of action, 
all enzymes function by binding to the reaction 's transition state and thus stabi­
lizing it. In this way, the enzyme lowers the activation energy, which increases 
the reaction rate. 

Atmospheric Catalysis: Depletion of the Ozone Layer Both homogeneous and 
heterogeneous catalysis play key roles in the depletion of ozone from the strato­
sphere. At Earth's surface, ozone is an air pollutant, contributing to smog and 
other problems. In the stratosphere, however, a natural layer of ozone absorbs UV 
radiation from the Sun. If this radiation reaches the surface, it can break bonds 
in DNA, promote skin cancer, and damage simple life forms at the base of the 
food chain. 

Stratospheric ozone concentrations are maintained naturally by a simple 
sequence of reactions: 

02 � 20 
0 +  O2 � 03 [ozone formation] 
0 +  03 � 202 [ozone breakdown] 

In 1 995, Paul J. Crutzen, Mario J. Molina, and F. Sherwood Rowland received 
the Nobel Prize in chemistry for showing that chlorofluorocarbons (CFCs), used 
as aerosol propellants and air-conditioning coolants, were disrupting this 
sequence by catalyzing the breakdown reaction . CFCs are unreactive in the 
lower atmosphere, but slowly rise to the stratosphere, where UV radiation 
cleaves them: 

CF2Cl2 � CF2Cl· + Cl· 

(The dots are unpaired electrons resulting from bond cleavage.) Like many species 
with unpaired electrons (free radicals), atomic CI is very reactive. It reacts with 
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ozone to produce chlorine monoxide (CIO·),  which then reacts to regenerate CI 
atoms:  

03 + CI· -- CIO· + O2 
CIO· + 0 -- ·CI + O2 

The sum of these steps is the ozone breakdown reaction: 

03 + LGI- + .o.GIQ + 0 -- .o.GIQ + O2 + '-Gl- + O2 
or 

Thus, the Cl atom is a homogeneous catalyst: it exists in the same phase as the 
reactants, speeds the reaction by allowing a different mechanism, and is regener­
ated. During its stratospheric half-life of about 2 years, each CI atom speeds the 
breakdown of about 1 00,000 ozone molecules. 

High levels of chlorine monoxide over Antarctica have given rise to an ozone 
hole, an area of the stratosphere showing a severe reduction of ozone. The hole 
enlarges by heterogeneous catalysis, as stratospheric clouds and dust from vol­
canic activity provide a surface that speeds formation of Cl atoms by other mech­
anisms. Despite international agreements that are phasing out CFCs and similar 
compounds, full recovery of the ozone layer is likely to take the rest of this cen­
tury ! The good news is that halogen levels in the lower atmosphere have begun 
to fall .  

S E C T I O N  S U M M A RY 
A catalyst is a substance that increases the rate of a reaction without being con­
sumed. It accomplishes this by providing an alternative mechanism with a lower acti­
vation energy. Homogeneous catalysts function in the same phase as the reactants. 
Heterogeneous catalysts act in a different phase from the reactants. The hydrogena­
tion of carbon-carbon double bonds takes place on a solid catalyst, which speeds 
the breakage of the H - H  bond in H2.  Enzymes are biological catalysts with spec­
tacular efficiency and specificity. Chlorine atoms derived from CFC molecules catalyze 
the breakdown of stratospheric ozone. 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 

Learning Objectives 

533 

To help you review these learning objectives, the numbers of 
related sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are listed in parentheses. 

5. Explain the importance of activation energy and the effect of 
temperature on the rate constant (Arrhenius equation) (§ 1 6.5) (SP 
16.6) (EPs 1 6 .35-1 6.40) 

1 .  Explain why reaction rate depends on concentration, physical 
state, and temperature (§ 16 . 1 )  (EPs 1 6 . 1- 16.6) 
2. Understand how reaction rate is expressed in terms of changing 
reactant and product concentrations over time, and distinguish 
among average, instantaneous, and initial rates (§ 1 6.2) (SP 1 6 . 1 )  
(EPs 1 6.7-16 . 1 9) 
3. Describe the information needed to determine the rate law, and 
explain how to calculate reaction orders and rate constant (§ 1 6.3) 
(SPs 1 6.2, 1 6.3) (EPs 1 6.20-16.28) 
4.  Understand how to use integrated rate laws to find concen­
tration at a given time (or vice versa) and reaction order, and 
explain the meaning of half-life (§ 1 6 .4) (SPs 1 6.4, 16 .5)  (EPs 
1 6.29-1 6.34) 

6. Understand collision theory (why concentrations are multi­
plied, how temperature affects the fraction of collisions exceeding 
Ea, and how rate depends on the number of effective collisions) 
and transition state theory (how Ea is used to form the transition 
state and how a reaction energy diagram depicts the progress of a 
reaction) (§ 1 6.6) (SP 1 6.7) (EPs 1 6.41-1 6 .52) 
7.  Understand elementary steps and molecularity, and be able to 
construct a valid reaction mechanism with either a slow or a fast 
initial step (§ 1 6.7) (SP 1 6.8) (EPs 1 6.53-1 6.64) 
8. Explain how a catalyst speeds a reaction by lowering Ea, and 
distinguish between homogeneous and heterogeneous catalysis 
(§ 1 6.8) (EPs 1 6.65, 1 6.66) 
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Key Terms 
chemical kinetics (499) 

Section 16.2 
reaction rate (SO l )  
average rate (502) 
instantaneous rate (502) 
initial rate (503) 

Section 16.3 

Section 16.4 
integrated rate law (5 1 0) 
half-life (t l /2) (5 1 3) 

Section 16.5 
Arrhenius equation (5 1 6) 
activation energy (Ea) (5 1 6) 

Section 16.6 
rate law (rate equation) (505) 
rate constant (505) 

collision theory (5 1 8) 
effective collision (5 1 9) 
frequency factor (5 19) 
transition state theory (520) 

reaction orders (505) 

Key Equations and Relationships 
1 6. 1  Expressing reaction rate in terms of reactant A (50 1 ) : 

MAJ 
Rate = -� ut 

1 6.2 Expressing the rate of a general reaction (503) :  
aA + bB -----+ cC + dD 

Rate = _.!. �[AJ = _.!. �[BJ = .!. �[CJ = .!. �[DJ 
a �t b M c �t d �t 

1 6.3 Writing a general rate law (for a case not involving 
products) (505):  

Rate = k[AJI11[BJ" . . .  

1 6.4 Calculating the time to reach a given [AJ in a first-order 
reaction (rate = k[AJ ) (5 1 0) :  

In  
[AJa = kt 
[AJI 

16.5 Calculating the time to reach a given [AJ in a simple 
second-order reaction (rate = k[Af) (5 J 1 ) : 

1 1 - - -- = kt [AJ, [AJa 

Brief Solutions to Follow-up Problems 

1 6. 1  (a) 4NO(g) + 02(g) -----+ 2N203(g) ; 
M02J 1 �[NOJ 1 MN203J rate = --- = -- -- = - ---"--=----=-

�t 4 �t 2 �t 
M02J 1 MNOJ 1 -4 

(b) -� = -4' � = -4' ( - l .60X I 0  mol/L·s) 

= 4.00X 1 0-5 mol/L·s 
16.2 First order in Br-, first order in Br03 - ,  second or­
der in H+,  fourth order overall. 
1 6.3 Rate = k[H2J'''[I2]". From experiments I and 3,  m = 

1 .  From experiments 2 and 4, n = l .  
Therefore, rate = k[H2J [I2J ; second order overall. 
1 6.4 l /[HIJ I - 1 / [HIJa = kt; 
I I I  Llmol - 1 00 Llmol = (2.4X 1 0-2 1 LlmoJos)(t) 
t = 4.6 X 1 02 1  s (or 1 .5 X 1 0 14 yr) 
1 6.5 t l /2 = (In 2)/ k; k = 0.693/ 1 3 . 1 h = 5 .29X 1 0-2 h- I 

16.6 In 
0.286 Llmol ' s  l.OO X 1 05 llmol 

X (_1 __ _ 1
_

) 
k l 8.3 1 4 J/mol · K  500. K 490. K 

= 0.49 1 
kl = 0. 1 75 Llmol · s  

transition state (activated rate-determining (rate-
complex) (520) limiting) step (525) 

reaction energy diagram (52 1 )  Section 16.8 
Section 16.7 catalyst (529) 
reaction mechanism (523) 
reaction intermediate (524) 
elementary reaction 

(elementary step) (524) 
molecularity (524) 
unimolecular reaction (524) 
bimolecular reaction (524) 

homogeneous catalyst (530) 
heterogeneous catalyst (530) 
hydrogenation (53 1 )  
enzyme (53 1 )  
active site (53 1 )  

1 6.6 Calculating the time to reach a given [AJ in a zero-order 
reaction (rate = k) (5 1 1 ) :  

[AJ, - [AJa = -kt 
1 6.7 Finding the half-life of a first-order process (5 1 4) :  

In  2 0.693 t l 12 = -k-
= 

-k-
1 6.8 Relating the rate constant to the temperature (Arrhenius 
equation) (5 1 6) :  

k = Ae-E"IRT 

1 6.9 Calculating the activation energy (rearranged form of 
Arrhenius equation) (5 1 7) :  

In  
k2 = _ Ea (� _ �) 
kl  R T2 TI 

1 6. 1 0  Relating the heat of reaction to the forward and reverse 
activation energies (52 1 ) : 

16.7 

Wl'xn = Ea(fwd) - Ea(rev) 

� Ea(fwd) = 78 kJ 
OJ c 
OJ 

O " ' H ' ' ' O" 
Transition state H 

20H 

Cii 
� llHrxn = 72 kJ 
OJ (5 

CL --���� - - - - - - - - - - - - - - - -
0 +  H20 

Reaction progress 

1 6.8 (a) Balanced equation: 
2NO(g) + 2H2(g) -----+ N2(g) + 2H20(g) 
(b) Step 2 is unimolecular. All others are bimolecular. 
(c) Ratel = kl [NOf; rate

2 
= k2[H2J ; rate3 = k3[N202J [HJ ; 

rate4 = k4[HOJ [HJ ; rates = ks[HJ[N20]. 



Problems with colored numbers are answered in Aprendix E. 
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are grouped in pairs 
(indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or previ­
ous chapter. 

Factors That Influence Reaction Rate 
16.1 What variable of a chemical reaction is measured over time to 

obtain the reaction rate? 
16.2 How does an increase in pressure affect the rate of a gas­

phase reaction? Explain. 
16.3 A reaction is carried out with water as the solvent. How does 

the addition of more water to the reaction vessel affect the rate of 
the reaction? Explain. 

16.4 A gas reacts wi th a solid that is present in l arge chunks. Then 
the reaction is run again with the solid pulverized. How does the 
increase in the surface area of the solid affect the rate of its reac­
tion with the gas? Explain. 

16.5 How does an increase in temperature affect the rate of a reac­
tion? Explain the two factors involved. 

16.6 In a kinetics experiment, a chemist places crystals of iodine in a 
closed reaction vessel, introduces a given quantity of hydrogen gas, 
and obtains data to calculate the rate of hydrogen iodide foonation. 
In a second experiment, she uses the same amounts of iodine and 
hydrogen, but she first warms the flask to 1 30°C, a temperature 
above the sublimation point of iodine. In which of these two exper­
iments does the reaction proceed at a higher rate? Explain. 

Expressing the Reaction Rate 
(Sample Problem 1 6. 1 )  

16.7 Define reaction rate. Assuming constant temperature and 
a closed reaction vessel, why does the rate change with time? 

16.8 (a) What is the difference between an average rate and an in­
stantaneous rate? (b) What is the difference between an initial 
rate and an instantaneous rate? 

16.9 Give two reasons to measure initial rates in a kinetics study. 
16.10 For the reaction A(g) --- B (g), sketch two curves on the 

same set of axes that show 
(a) The formation of product as a function of time 
(b) The consumption of reactant as a function of time 

16.1 1 For the reaction C(g) --- D(g), [C] vs. time is plotted: 

[C] 

Time 

How do you determine each of the following? 
(a) The average rate over the entire experiment 
(b) The reaction rate at time x 
(c) The initial reaction rate 
(d) Would the values in parts (a), (b), and (c) be different if you 
plotted [D] vs. time? Explain. 

Problems 535 

116. 1 2  The compound AX2 decomposes according to the equation 
2AX2(g) --- 2AX(g) + X2(g). In one experiment, [AX2] was 
measured at various times and these data were obtained: 

Time (s) [AX2] (mol/L) 

0.0 0.0500 
2.0 0.0448 
6.0 0.0300 
8.0 0.0249 

10.0 0.0209 
20.0 0.0088 

(a) Find the average rate over the entire experiment. 
(b) Is the initial rate higher or lower than the rate in part (a)? Use 
graphical methods to estimate the initial rate. 

16. 13 (a) Use the data from Problem 1 6. 1 2  to calculate the average 
rate from 8.0 to 20.0 s .  
(b)  Is the rate at exactly 5.0 s higher or  lower than the rate in 
part (a)? Use graphical methods to estimate the rate at 5.0 s. 

16.14 Express the rate of reaction in terms of the change in con­
centration of each of the reactants and products: 

A(g) + 2B(g) --- CCg) 

When [B] is decreasing at 0.5 moUL·s, how fast is [A] decreasing? 
16.15 Express the rate of reaction in terms of the change in con­

centration of each of the reactants and products : 
2D(g) + 3E(g) + F(g) --- 2G(g) + H(g) 

When [D] is decreasing at 0. 1 mol/L's, how fast is [H] increasing? 

16. 16  Reaction rate is expressed in terms of changes in concentra­
tion of reactants and products. Write a balanced equation for 

1 �[N205 ]  1 MN02] M02] 
Rate = - - = - = --

2 M 4 �l �t 
16.17 Reaction rate is expressed in terms of changes in concentra­

tion of reactants and products. Write a balanced equation for 

�[CH4] 1 M02] 1 MH20] MC02] 
Rate = - --- = - - -- = - = ---

�t 2 �t 2 �t �t 

16.18 The decomposition of n i trosyl bromide is followed by 
measuring total pressure because the number of moles of gas 
changes; it cannot be fol lowed calorimetrically because both 
NOBr and Br2 are reddish brown: 

2NOBr(g) --- 2NO(g) + Br2(g) 

Use the data below to answer the fol lowing: 
(a) Determine the average rate over the entire experiment. 
(b) Determine the average rate between 2.00 and 4.00 s. 
(c) Use graphical methods to estimate the initial reaction rate. 
(d) Use graphical methods to estimate the rate at 7.00 s. 
(e) At what time does the instantaneous rate equal the average 
rate over the entire experiment? 

Time (s) [NOBr] (mol/L) 

0.00 0.0 1 00 
2.00 0.007 1 
4.00 0.0055 
6.00 0.0045 
8.00 0.0038 

1 0.00 0.0033 
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16.19 Although the depletion of stratospheric ozone threatens life 
on Earth today, its accumulation was one of the crucial processes 
that allowed life to develop in prehistoric times: 

302(g) � 203(g) 
(a) Express the reaction rate in terms of [02] and [03] .  
(b) At a given instant, the reaction rate i n  terms o f  [02] i s  
2. l 7  X 1 0-5 mol/L·s .  What i s  i t  i n  terms o f  [03]? 

The Rate Law and Its Components 
(Sample Problems 1 6.2 and 1 6.3)  
16.20 The rate law for the general reaction 

aA + bB + . . .  � cC + dD + . . .  

is rate = k[A]m[Bj" . . . . 
(a) Explain the meaning of k. 
(b) Explain the meanings of m and n. Does m = a and 
n = b? Explain. 
(c) If the reaction is first order in A and second order in B, and 
time is measured in minutes (min), what are the units for k? 

16.21 By what factor does the rate change in each of the following 
cases (assuming constant temperature)? 
(a) A reaction is first order in reactant A, and [A] is doubled. 
(b) A reaction is second order in reactant B, and [B] is halved. 
(c) A reaction is second order in reactant C, and [C] is tripled. 

116.22 Give the individual reaction orders for all substances and the 
overall reaction order from the following rate law: 

Rate = k[Br03 -] [Br- ] [H + f  
16.23 Give the individual reaction orders for all substances and the 

overall reaction order from the following rate law:  

Rate = k 
[03]

2 

[02] 

16.24 By what factor does the rate in Problem 16.22 change if 
each of the following changes occurs: (a) [Br03 -] is doubled; 
(b) [Br-] is halved; (c) [H+] is quadrupled? 

16.25 By what factor does the rate in Problem 1 6.23 change if 
each of the following changes occurs: (a) [03] is doubled; 
(b) [02] is doubled; (c) [02] is halved? 

16.26 For the reaction 
4A(g) + 3B(g) � 2C(g) 

the following data were obtained at constant temperature: 

In itial [A] In itial [B] In itial Rate 
Experiment (mol/L) (mol/L) (mol/L'min) 

0. 100 0. 1 00 5 .00 
2 0.300 0. 100 45.0 
3 0. 100 0.200 10.0 
4 0.300 0.200 90.0 

(a) What is the order with respect to each reactant? (b) Write the 
rate law. (c) Calculate k (using the data from experiment 1 ) .  

16.27 For the reaction 
A(g) + B (g) + C(g) � D(g) 

the following data were obtained at constant temperature: 

In itial [A] In itial [B] In itial [C] In itial Rate 
Exp't (mol/L) (mol/L) (mol/L) (mol/L's) 

0.0500 0.0500 0.0100 6.25 X IO- 3 

2 0. 1000 0.0500 0.0100 1 .25 X 10-2 
3 0. 1000 0. 1000 0.01 00 5.00 X IO-2 
4 0.0500 0.0500 0.0200 6.25 X 10- 3 

(a) What is the order with respect to each reactant? (b) Write the 
rate law. (c) Calculate k (using the data from experiment 1 ) .  

16.28 Phosgene is a toxic gas prepared by the reaction of  carbon 
monoxide with chlorine: 

CO(g) + CI2(g) � COCI2(g) 
These data were obtained in a kinetics study of its formation: 

I n itial [CO] In itial [CI2] In itial Rate 
Experiment (mol/L) (mol/L) (mol/L's) 

2 
3 
4 

1 .00 
0. 1 00 
0. 1 00 
0. 100 

0. 1 00 
0. 1 00 
1 .00 
0.0100 

1 .29 X 1 0-29 
1 .33 X 1 0- 30 
1 .30 X 10-29 
1 .32 X 10-

3
1 

(a) Write the rate law for the formation of phosgene. 
(b) Calculate the average value of the rate constant. 

Integrated Rate Laws: Concentration Changes Over Time 
(Sample Problems 16.4 and 1 6.5) 
16.29 How are integrated rate laws used to determine reaction or­

der? What is the order in reactant if a plot of 
(a) The natural logarithm of [reactant] vs. time is linear? 
(b) The inverse of [reactant] vs. time is linear? 
(c) [Reactant] vs. time is linear? 

16.30 Define the half-life of a reaction. Explain on the molecular 
level why the half-life of a first-order reaction is constant. 

116.31 For the simple decomposition reaction 
AB(g) � A(g) + B (g) 

rate = k[AB]
2 

and k = 0.2 Llmol·s .  How long will it take 
for [AB] to reach 1- of its initial concentration of 1 .50 M? 

16.32 For the reaction in Problem 1 6.3 1 ,  what is [AB] after 1 0.0 s? 

16.33 In a first-order decomposition reaction, 50.0% of a com­
pound decomposes in 10.5 min. (a) What is the rate constant of 
the reaction? (b) How long does it take for 75 .0% of the com­
pound to decompose? 

16.34 A decomposition reaction has a rate constant of 0.00 1 2  yr - I . 
(a) What is the half-life of the reaction? (b) How long does it take 

1 for [reactant] to reach 12 .5% of its original value? 

The Effect of Temperature on Reaction Rate 
(Sample Problem 1 6.6) 
16.35 Use the exponential term in the Arrhenius equation to 

explain how temperature affects reaction rate. 
16.36 How is the activation energy determined from the 

Arrhenius equation? 
16.37 (a) Graph the relationship between k (y axis) and T (x axis). 

(b) Graph the relationship between In k (y axis) and liT (x axis). 
How is the activation energy determined from this graph? 

1 16.38 The rate constant of a reaction is 4.7 X 10-3 s - 1  at 25°C, and 
the activation energy is 33.6 kJ/mo!. What is k at 75°C? 

16.39 The rate constant of a reaction is 4.50x lO-5 Llmol's at 
1 95°C and 3 .20X I O-3 Llmol·s at 258°C. What is the activation 

1 energy of the reaction? 

16.40 Understanding the high-temperature formation and break­
down of the nitrogen oxides is essential for controlling the pol­
lutants generated from power plants and cars. The first-order 
breakdown of dinitrogen monoxide to its elements has rate con­
stants of 0.76/s at 727°C and 0.87 Is at 757°C. What is the activa­
tion energy of this reaction? 



Explaining the Effects of Concentration and Temperature 
(Sample Problem 1 6.7) 
16.41 What is the central idea of collision theory? How does this 
idea explain the effect of concentration on reaction rate? 

16.42 Is collision frequency the only factor affecting rate? Explain. 
16.43 Arrhenius proposed that each reaction has an energy 
threshold that must be reached for the particles to react. The 
kinetic theory of gases proposes that the average kinetic en­
ergy of the particles is proportional to the absolute tempera­
ture. How do these concepts relate to the effect of temperature 
on rate? 
16.44 (a) For a reaction with a given Ea, how does an increase in T 
affect the rate? (b) For a reaction at a given T, how does a de­
crease in Ea affect the rate? 
16.45 Assuming the activation energies are equal, which of the 
following reactions will occur at a higher rate at 50°C? Explain: 

NH3(g) + HCI(g) - NH4Cl(s) 
N(CH3h(g) + HC1(g) - (CH3)3NHC1(s) 

1r-1
-
6.
-
4
-
6
-
Fo

-
r
-
th

-
e
-
r
-
eaction A(g) + B(g) - AB(g), how many unique 

collisions between A and B are possible if there are four particles 
of A and three particles of B present in the vessel? 

16.47 For the reaction A(g) + B(g) - AB(g), how many unique 
collisions between A and B are possible if l .0 1 mol of A(g) and 
2 . 1 2  mol of B(g) are present in the vessel? 

16.48 At 25°C, what is the fraction of collisions with energy equal 
to or greater than an activation energy of 1 00. kl/mol? 

16.49 If the temperature in Problem 16.48 is increased to 50.oC, 
by what factor does the fraction of collisions with energy equal 
to or greater than the activation energy change? 

16.50 For the reaction ABC + D ::::;;:::=::: AB + CD, D.H�xn = 
-55 kJ/mol and Ea(fwd) = 2 1 5  kllmo!. Assuming a one-step re­
action, (a) draw a reaction energy diagram; (b) calculate Ea(rev); 
and (c) sketch a possible transition state if ABC is V-shaped. 
16.51 For the reaction A2 + B2 - 2AB, Ea(fwd) = 1 25 kJ/mol 
and Ea(rev) = 85 kl/mo!. Assuming the reaction occurs in one 
step, (a) draw a reaction energy diagram; (b) calculate D.H�xn; 
and (c) sketch a possible transition state. 

16.52 Aqua regia, a mixture of HCl and HN03, has been used 
since alchemical times to dissolve many metals, including 
gold. Its orange color is due to the presence of nitrosyl chlo­
ride. Consider thi s  one-step reaction for the formation of 
this compound: 

NO(g) + CI2(g) - NOCI(g) + Cl(g) D.W = 83 kl 
(a) Draw a reaction energy diagram, given Ea(fwd) is 86 kJ/mo!. 
(b) Calculate Ea(rev). 
(c) Sketch a possible transition state for the reaction. ( Note: The 
atom sequence of nitrosyl chloride is Cl - N - O.) 

Reaction Mechanisms: Steps in the Overall  Reaction 
(Sample Problem 16.8)  
16.53 Is the rate of an overall reaction lower, higher, or equal to 
the average rate of the individual steps? Explain. 
16.54 Explain why the coefficients of an elementary step equal the 
reaction orders of its rate law but those of an overall reaction do not. 
16.55 Is it possible for more than one mechanism to be consistent 
with the rate law of a given reaction? Explain. 
16.56 What is the difference between a reaction intermediate and 
a transition state? 

Problems 537 

16.57 Why is a bimolecular step more reasonable physically than 
a termolecular step? 

16.58 If a slow step precedes a fast step in a two-step mechanism, 
do the substances in the fast step appear in the rate law? Explain. 

1 16.59 A proposed mechanism for the reaction of carbon dioxide 
with hydroxide ion in aqueous solution is 
( 1 ) CO2(aq) + OW(aq) - HC03-(aq) [slow] 
(2) HC03-(aq) + OW(aq) - C03

2
-(aq) + H20(l) [fast] 

(a) What is the overall reaction equation? 
(b) Identify the intermediate(s), if any. 
(c) What are the molecularity and the rate law for each step? 
(d) Is the mechanism consistent with the actual rate law: 
rate = k[C02] [OW]?  
16.60 A proposed mechanism for the gas-phase reaction between 
chlorine and nitrogen dioxide is 
( 1 ) CI2(g) + N02(g) - Cl(g) + N02Cl(g) [slow] 
( 1 ) Cl(g) + N02(g) - N02CI(g) [fast] 
(a) What is the overall reaction equation? 
(b) Identify the intermediate(s), if any. 
(c) What are the molecularity and the rate law for each step? 
(d) Is the mechanism consistent with the actual rate law: 
rate = k[CI2][N02]? 

16.61 The proposed mechanism for a reaction is 
( 1 ) A(g) + B(g) ::::;;:::=::: X(g) [fast] 
(2) X(g) + C(g) - Y(g) [slow] 
(3) Y(g) - D(g) [fast] 
(a) What is the overall equation? 
(b) Identify the intermediate(s), if any. 
(c) What are the molecularity and the rate law for each step? 
(d) Is the mechanism consistent with the actual rate law: 
rate = k[A] [B][C]? 
(e) Is the following one-step mechanism equally valid: 
A(g) + B(g) + C(g) - D(g)? 
16.62 Consider the following mechanism: 
( 1 ) CIO-(aq) + H20(l) ::::;;:::=::: HCIO(aq) + OH-(aq) 
(2) I-(aq) + HCIO(aq) - HIO(aq) + Cqaq) 
(3) OH-(aq) + HIO(aq) - H20(l) + IO-(aq) 
(a) What is the overall equation? 
(b) Identify the intermediate(s), if any. 

[fast] 
[slow] 
[fast] 

(c) What are the molecularity and the rate law for each step? 
(d) Is the mechanism consistent with the actual rate law: 
rate = k[CIO-] [I-]? 

16.63 In a study of nitrosyl halides, a chemist proposes the fol­
lowing mechanism for the synthesis of nitrosyl bromide: 

NO(g) + Br2(g) ::::;;:::=::: NOBr2(g) [fast] 
NOBr2(g) + NO(g) - 2NOBr(g) [slow] 

If the rate law is rate = k[NOf [Br2], is the proposed mech­
anism valid? If so, show that it satisfies the three criteria 
for validity. 
16.64 The rate law for 2NO(g) + 02(g) --+ 2N02(g) is rate = 
k[NOf[02] . In addition to the mechanism in the text, the fol­
lowing ones have been proposed: 
I 2NO(g) + 02(g) --+ 2N02(g) 
II 2NO(g) ::::;;:::=::: N202(g) 

N202(g) + 02(g) --+ 2N02(g) 
III 2NO(g) ::::;;:::=::: N2(g) + 02(g) 

N2(g) + 202(g) --+ 2N02(g) 

[fast] 
[slow] 
[fast] 
[slow] 

(a) Which of these mechanisms is consistent with the rate law? 
(b) Which is most reasonable chemically? Why? 
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Catalysis: Speeding Up a Chemical Reaction 

1 6.65 Consider the reaction N20(g) � N2(g) + 102(g). 
(a) Is the gold a homogeneous or a heterogeneous catalyst? 
(b) On the same set of axes, sketch the reaction energy diagrams 
for the catalyzed and the uncatalyzed reactions. 

1 6.66 Does a catalyst increase reaction rate by the same means as 
a rise in temperature does? Explain. 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

1 6.67 Consider the following reaction energy diagram: 

Reaction progress 

(a) How many elementary steps are in the reaction mechanism? 
(b) Which step is rate limiting? 
(c) Is the overall reaction exothermic or endothermic? 

1 6.68 The catalytic destruction of ozone occurs via a two-step 
mechanism, where X can be any of several species: 
( I )  X + 03 ->- XO + O2 [slow] 
(2) XO + 0 ->- X + O2 [fast] 
(a) Write the overall reaction. 
(b) Write the rate law for each step. 
(c) X acts as ___ , and XO acts as ___ . 
(d) High-flying aircraft release NO, which catalyzes this 
process, into the stratosphere. When 03 and NO concentrations 
are 5X1 0 12 molecule!cm3 and 1 .0X109 molecule/cm

3
, respec­

tively, what is the rate of 03 depletion (k for the rate-determining 
step is 6X I 0- 15 cm3/molecule's)? 
(e) Is the 03 concentration in part (d) reasonable for this reac­
tion, given that stratospheric 03 never exceeds 1 0  mg/L? 

16.69 A slightly bruised apple will rot extensively in about 4 days 
at room temperature (20°C). If it is kept in the refrigerator at 
O°C, the same extent of rotting takes about 1 6  days. What is the 
activation energy for the rotting reaction? 

1 6.70 Benzoyl peroxide, the substance most widely used against 
acne, has a half-life of 9.8X 1 0

3 
days when refrigerated. How 

long will it take to lose 5% of its potency (95% remaining)? 
1 6.71 The rate law for the reaction 

N02(g) + CO(g) ->- NO(g) + CO2(g) 
is rate = k[N02f; one possible mechanism is shown on p. 526. 
(a) Draw a reaction energy diagram for that mechanism, given 
that t::.H�veral1 = -226 kJ/mo!. 
(b) The following alternative mechanism has been proposed: 
( I )  2N02(g) ->- N2(g) + 202(g) [slow] 
(2) 2CO(g) + 02(g) ->- 2C02(g) [fast] 
(3) N2(g) + 02(g) ->- 2NO(g) [fast] 
Is the alternative mechanism consistent with the rate law? Is one 
mechanism more reasonable physically? Explain. 

16.72 In acidic solution, the breakdown of sucrose into glucose 
and fructose has this rate law: rate = k[H+] [sucrose]. The initial 
rate of sucrose breakdown is measured in a solution that is 0.0 1 M 

H+, 1 .0 M sucrose, 0. 1 M fructose, and 0.1 M glucose. How does 
the rate change if 
(a) [Sucrose] is changed to 2.5 M? 
(b) [Sucrose], [fructose], and [glucose] are all changed to 0.5 M? 
(c) [H+] is changed to 0.000 1 M? 
(d) [Sucrose] and [H+] are both changed to 0. 1 M? 

16.73 Biacetyl, the flavoring that makes margarine taste "just like 
butter," is extremely stable at room temperature, but at 200°C it 
undergoes a first-order breakdown with a half-life of 9.0 min. 
An industrial flavor-enhancing process requires that a biacetyl­
flavored food be heated briefly at 200°C. How long can the food 
be heated and retain 85% of i.ts buttery flavor? 

16.74 At body temperature (37°C), k of an enzyme-catalyzed re­
action is 2.3 X 1014 times greater than k of the uncatalyzed reac­
tion. Assuming that the frequency factor A is the same for both 
reactions, by how much does the enzyme lower the Ea? 

16.75 A biochemist studying breakdown of the insecticide DDT 
finds that it decomposes by a first-order reaction with a half-life 
of 1 2  yr. How long does it take DDT in a soil sample to decom­
pose from 275 ppbm to 1 0. ppbm (parts per billion by mass)? 

16.76 Proteins in the body undergo continual breakdown and syn­
thesis. Insulin is a polypeptide hormone that stimulates fat and 
muscle to take up glucose. Once released from the pancreas, it 
has a first-order half-life in the blood of 8.0 min. To maintain an 
adequate blood concentration of insulin, it must be replenished 
in a time interval equal to 1 /  k. How long is this interval? 

16.77 The hydrolysis of sucrose occurs by this overall reaction: 

CJ2H22011(s) + H20(l) -- C6HI206(aq) + C6HI206(aq) 
Sllcrose glucose fructose 

A nutritional biochemist obtains the following kinetic data: 

[Sucrose] (mol/L) Time (h) 

0.501 0.00 
0.45 1 0.50 
0.404 l.00 
0.363 l .50 
0.267 3 .00 

(a) Determine the rate constant and the half-life of the reaction. 
(b) How long does it take to hydrolyze 75% of the sucrose? 
(c) Other studies have shown that this reaction is actually second 
order overall but appears to follow first-order kinetics. (Such a 
reaction is called a pseudo-first-order reaction.) Suggest a rea­
son for this apparent first-order behavior. 

16.78 Is each of these statements true? If not, explain why. 
(a) At a given T, all molecules have the same kinetic energy. 
(b) Halving the P of a gaseous reaction doubles the rate. 
(c) A higher activation energy gives a lower reaction rate. 
(d) A temperature rise of 1 0°C doubles the rate of any reaction. 
(e) If reactant molecules collide with greater energy than the 
activation energy, they change into product molecules. 
(f) The activation energy of a reaction depends on temperature. 
(g) The rate of a reaction increases as the reaction proceeds. 
(h) Activation energy depends on collision frequency. 
(i) A catalyst increases the rate by increasing collision frequency. 
(j) Exothermic reactions are faster than endothermic reactions. 
(k) Temperature has no effect on the frequency factor (A). 
(I) The activation energy of a reaction is lowered by a catalyst. 
(m) For most reactions, t::.Hrxn is lowered by a catalyst. 



(n) The orientation probability factor (p) is near 1 for reactions 
between single atoms. 
(0) The initial rate of a reaction is its maximum rate. 
(p) A bimolecular reaction is generally twice as fast as a uni­
molecular reaction. 
(q) The molecularity of an elementary reaction is proportional to 
the molecular complexity of the reactant(s). 

1 6.79 Even when a mechanism is consistent with the rate law, later 
experimentation may show it to be incorrect or only one of sev­
eral alternatives. As an example, the reaction between hydrogen 
and iodine has the following rate law: rate = k[H2][I2]. The long­
accepted mechanism proposed a single bimolecular step; that is, 
the overall reaction was thought to be elementary: 

H2(g) + I2(g) ------>- 2HI(g) 
In the 1 960s, however, spectroscopic evidence showed the pres­
ence of free I atoms during the reaction. Kineticists have since 
proposed a three-step mechanism: 
(1) Iig) � 2I(g) [fast] 
(2) H2(g) + I(g) � H2I(g) [fast] 
(3) H21(g) + leg) ------>- 2HI(g) [slow] 
Show that this mechanism is consistent with the rate law. 

* 1 6.80 Many drugs decompose in blood by a first-order process. (a) 
Two tablets of aspirin supply 0.60 g of the active compound. Af­
ter 30 min, this compound reaches a maximum concentration of 
2 mg/ lOO mL of blood. If the half-life for its breakdown is 
90 min, what is its concentration (in mg/IOO mL) 2.5 h after it 
reaches its maximum concentration? 
(b) In 8.0 h, secobarbital sodium, a common sedative, reaches a 
blood level that is 1 8% of its maximum. What is tl/2 of the de­
composition of secobarbital sodium in blood? 
(c) The blood level of the sedative phenobarbital sodium drops to 
59% of its maximum after 20. h. What is tl/2 for its breakdown 
in blood? 
(d) For the decomposition of an antibiotic in a person with a 
normal temperature (98.6°F), k = 3 . 1  X lO-s s - I ; for a person 
with a fever at 1 0  l .9°F, k = 3 .9X 1 0-s s -I. If the sick person 
must take another pill when � of the first pill has decomposed, 
how many hours should she wait to take a second pil l? A 
third pill? 
(e) Calculate E" for decomposition of the antibiotic in part (d). 

1 6.81 In Houston (near sea level), water boils at I 00.0°c. In Crip­
ple Creek, Colorado (near 9500 ft), it boils at 90.0°C. If it takes 
4.8 min to cook an egg in Cripple Creek and 4.5 min in Houston, 
what is E" for this process? 

1 6.82 In the lower atmosphere, ozone is one of the components of 
photochemical smog. It is generated in air when nitrogen diox­
ide, formed by the oxidation of nitrogen monoxide from car ex­
haust, reacts by the following mechanism: 
(I) N02(g) � NO(g) + O(g) 

k, 
(2) O(g) + 02(g) � 03(g) 
Assuming the rate of formation of atomic oxygen in step 
equals the rate of its consumption in step 2, use the data below to 
calculate (a) the concentration of atomic oxygen [0] ; (b) the rate 
of ozone formation. 

kl = 6.0xlO-3 
S-I 

k2 = l .Ox 1 06 Llmoh 
[N02] = 4.0X 10-9 M 

[02] = l .OX 10-
2 M 

Problems 539 

1 6.83 Chlorine is commonly used to disinfect drinking water, and 
inactivation of pathogens by chlorine follows first-order kinetics. 
The following data show E. coli inactivation: 

Contact time (min) Percent (%) inactivation 

0.00 
0.50 
l .00 
1 .50 
2.00 
2.50 
3 .00 

0.0 
68.3 
90.0 
96.8 
99.0 
99.7 
99.9 

(a) Determine the first-order inactivation constant, k. [Hint: 
% inactivation = 100 X ( 1  - [AJ,/[A]o) ] .  
(b) How much contact time is required for 95% inactivation? 

1 6.84 The reaction and rate law for the gas-phase decomposition 
of dinitrogen pentaoxide are 

2N20S(g) ------>- 4N02(g) + 02(g) rate = k[N20S] 
Which of the following can be considered valid mechanisms for 
the reaction? 

One-step collision 

II 2N20S(g) ------>- 2N03(g) + 2N02(g) 
2N03(g) ------>- 2N02(g) + 20(g) 
20(g) ------>- 02(g) 

III N20S(g) � N03(g) + N02(g) 
N02(g) + N20S(g) ------>- 3N02(g) + O(g) 
N03(g) + O(g) ------>- N02(g) + 02(g) 

IV 2N20S(g) � 2N02(g) + N203(g) + 30(g) 
N203(g) + O(g) ------>- 2N02(g) 
20(g) ------>- 02(g) 

V 2N20S(g) ------>- N40 IQ(g) 
N40IQ(g) ------>- 4N02(g) + °2(g) 

[slow] 
[fast] 
[fast] 

[fast] 
[slow] 
[fast] 

[fast] 
[slow] 
[fast] 

[slow] 
[fast] 

* 1 6.85 Consider the following organic reaction, in which one halo­
gen replaces another in an alkyl halide: 

CH3CH2Br + KI ------>- CH3CH21 + KEr 

In acetone, this particular reaction goes to completion because 
KI is soluble in acetone but KEr is not. In the mechanism, 1- ap­
proaches the carbon opposite to the Br (see Figure 16 . 1 6, with 1-
instead of OH-) .  After Br - has been replaced by 1- and precip­
itates as KEr, other 1- ions react with the ethyl iodide by the 
same mechanism. 
(a) If we designate the carbon bonded to the halogen as C- I ,  
what i s  the shape around C- I and the hybridization of Col in 
ethyl iodide? 
(b) In the transition state, one of the two lobes of the unhy­
bridized 2p orbital of Col overlaps a p orbital of I, while the 
other lobe overlaps a p orbital of Br. What is the shape around 
C- 1 and the hybridization of C- 1 in the transition state? 
(c) The deuterated reactant, CH3CHDBr (where D is 

2
H), has two 

optical isomers because C-I is chiral. When the reaction is 
run with one of the isomers, the ethyl iodide is not optically 
active. Explain. 



Key Principles 
• The extent (yield) of a reaction is not necessarily related to its rate. 

• When the rates of the forward and reverse steps of a reaction are 
equal, the system has reached equilibrium. After this point, there is 
no further observable change. The ratio of the rate constants equals 
the equilibrium constant, K. The size of K is directly related to the 
extent of the reaction at a given temperature. 

• The reaction quotient, Q, is a particular ratio of product and reactant 
terms, written directly from the balanced equation. Its value changes 
continually until the system reaches equilibrium, where Q = K. 

• The ideal gas law is used to relate an equilibrium constant based on 
concentrations, Ke, to one based on pressures, Kp. 

• At any point, we can learn the direction of a reaction by comparing the 
values of Q and K. 

Outline 

Balancing To ana Fro As you'lIleam in this chapter, 
of students going to class mimics the forward aJ)d ,o,,,,,o<>!ol<,nc 
in a state of dynamic equilibrium. 

• If the initial concentration of reactant is large relative to the change in 
concentration to reach equilibrium, we can make the simplifying 
assumption that the change can be neglected in performing 
calculations. 

• If a system at equilibrium is disturbed by a change in conditions 
(concentration, pressure, or temperature), it will temporarily be 
out of equilibrium. However, it will then undergo a net reaction 
to reach equilibrium again (Le Chatelier's principle). A change in 
concentration or pressure does not affect K, but a change in 
temperature does. 
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1 7.1  The Equilibrium State and the Equilibrium Constant 

Our study of kinetics in the last chapter addressed a different aspect of reaction 
chemistry than our upcoming study of equilibrium: 

• Kinetics applies to the speed of a reaction, the concentration of product that 
appears (or of reactant that disappears) per unit time. 

• Equilibrium applies to the extent of a reaction, the concentration of product 
that has appeared after an unlimited time, or once no further change occurs. 

Just as reactions vary greatly in their speed, they also vary in their extent. A 
fast reaction may go almost completely or barely at all toward products. Consider 
the dissociation of an acid in water. In 1 M HCl, virtually all the hydrogen chlo­
ride molecules are dissociated into ions. In contrast, in 1 M CH3COOH, fewer 
than 1 % of the acetic acid molecules are dissociated at any given time. Yet both 
reactions take less than a second to reach completion. Similarly, some slow reac­
tions eventually  yield a large amount of product, whereas others yield very little. 
After a few years at ordinary temperatures, a steel water-storage tank will rust, 
and it will do so completely given enough time; but no matter how long you wait, 
the water inside will not decompose to hydrogen and oxygen. 

Knowing the extent of a given reaction is crucial. How much product­
medicine, polymer, or fuel-can you obtain from a particular reaction mixture? 
How can you adjust conditions to obtain more? If a reaction is slow but has a 
good yield, will a catalyst speed it up enough to make it useful? 

In this chapter, we consider equilibrium principles in systems of gases and 
pure liquids and solids; we'l l  discuss various solution equilibria in the next 
two chapters. 

17.1 THE EQUILIBRIUM STATE AND THE EQUILIBRIUM 
CONSTANT 

Countless experiments with chemical systems have shown that, in a state of equi­
librium, the concentrations of reactants and products 110 longer change with time. 
This apparent cessation of chemical activity occurs because all reactions are 
reversible. Let's examine a chemical system at the macroscopic and molecular 
levels to see how the equilibrium state arises. The system consists of two gases, 
colorless dinitrogen tetraoxide and brown nitrogen dioxide: 

N204(g; colorless) � 2N02(g; brown) 

When we introduce some N204(l) into a sealed flask kept at 200°C, a change 
occurs immediately. The liquid vaporizes (bp = 2 1  0c) and the gas begins to turn 
pale brown. The color darkens, and after a few moments, the color stops chang­
ing (Figure 17. 1  on the next page). 

On the molecular level, a much more dynamic scene unfolds. The N204 mol­
ecules fly wildly throughout the flask, a few splitting into two N02 molecules. As 
time passes, more N204 molecules decompose and the concentration of N02 rises. 
As observers in the macroscopic world, we see the flask contents darken, because 
N02 is reddish brown. As the number of N204 molecules decreases, N204 decom­
position slows. At the same time, increasing numbers of N02 molecules collide 
and combine, so re-formation of N204 speeds up. Eventually, N204 molecules 
decompose into N02 molecules as fast as the N02 molecules combine into N204. 
The system has reached equilibrium: reactant and product concentrations stop 
changing because the forward and reverse rates have become equal: 

At equilibrium: ratefwd = raterev (17.1) 

Concepts & Skills to Review 
Before You Study This Chapter 

• equilibrium vapor pressure 
(Section 12.2) 

• equilibrium nature of a saturated 
solution (Section 13.3) 

541 

• dependence of rate on concentration 
(Sections 16.2 and 16.6) 

• rate laws for elementary reactions 
(Section 16.7) 

• function of a catalyst (Section 16.8) 
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Figure 17. 1 Reaching equilibrium on the macroscopic and molecu­
lar levels. A, When the experiment begins, the reaction mixture consists 
mostly of colorless N204. B, As N204 decomposes to reddish brown 
N02, the color of the mixture becomes pale brown. C, When equilib-

rium is reached, the concentrations of N02 and N204 are constant, and 
the color reaches its final intensity. D, Because the reaction continues 
in the forward and reverse directions at equal rates, the concentrations 
(and color) remain constant. 

Thus, a system at equilibrium continues to be dynamic at the molecular level, but 
we observe no further net change because changes in one direction are balanced 
by changes in the other. 

At a particular temperature, when the system reaches equilibrium, product 
and reactant concentrations are constant. Therefore, their ratio must be a constant. 
We' ll use the N204-N02 system to derive this constant. At equilibrium, we have 

ratefwd = raterev 
In this case, both forward and reverse reactions are elementary steps (Section 
1 6.7), so we can write their rate laws directly from the balanced equation: 

kfwd[N204]eq = krevlN02]�q 
where the subscript "eq" refers to concentrations at equilibrium. B y  rearranging, 
we set the ratio of the rate constants equal to the ratio of the concentration terms: 

kfwd = 
[N02]�q 

krev [N204]eq 
The ratio of constants gives rise to a new overall constant called the equilibrium 
constant (K): 

K = kfwd = 
[N02];q 

krev [N204]eq (17.2) 

The equilibrium constant K is a number equal to a particular ratio of equilib­

rium concentrations of product and reactant at a particular temperature. (We 
examine this idea closely in the next section.) 

The magnitude of K is an indication of how far a reaction proceeds toward 

product at a given temperature. Remember, it is the opposing rates that are equal 
at equilibrium, not necessarily the concentrations. Indeed, different reactions, even 
at the same temperature, have a wide range of concentrations at equilibrium­
from almost all reactant to almost all product-and, therefore, they have a wide 
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A B c 
Figure 1 7.2 The range of equilibrium constants. A, A system that reaches equ i librium with very l ittle product has a small K. For this reaction, 
K = 1/49 = 0.020. B, A system that reaches equilibrium with nearly all product has a large K. For this reaction, K = 49/1 = 49. C, A system that 
reaches equil ibrium with significant concentrations of reactant and product has an intermediate K. For this reaction, K = 25/25 = 1 .0. 

range of equilibrium constants (Figure 1 7.2). Here are three examples of differ­
ent magnitudes of K: 

1. Small K. If a reaction yields very little product before reaching equilibrium, it 
has a small K, and we may even say there is "no reaction." For example, the 
oxidation of nitrogen barely proceeds at 1000 K:* 

N2(g) + 02(g) � 2NO(g) K = 1 X 10-30 

2. Large K. Conversely, if a reaction reaches equilibrium with very little reactant 
remaining, it has a large K, and we say it "goes to completion." The oxidation 
of carbon monoxide goes to completion at 1 000 K: 

2CO(g) + 02(g) � 2C02(g) K = 2.2X 1 0
22 

3. Intermediate K. When significant amounts of both reactant and product are 
present at equilibrium, K has an intermediate value, as when bromine mono­
chloride breaks down to its elements at 1 000 K: 

2BrCl(g) � Br2(g) + CI2(g) K = 5 

S E C T ION S U M M ARY 
The rate and extent of a reaction are not necessarily related. When the forward and 
reverse reactions occur at the same rate, the system has reached dynamic equi l ibrium 
and concentrations no longer change. The equilibrium constan t (K) is a number based 
on a particu lar ratio of product and reactant concentrations. K i s  small for reactions that 
reach equi l ibrium with a h igh concentration of reactant(s) and large for reactions 
that reach equi l ibrium wi th a low concentration of reactant(s). 

17.2 THE REACTION QUOTIENT AND THE EQUILIBRIUM 
CONSTANT 

Our derivation of the equilibrium constant in Section 1 7 . 1  was based on kinetics. 
But the fundamental observation of equilibrium studies was stated many years 
before the principles of kinetics were developed. In 1 864, two Norwegian 
chemists, Cato Guldberg and Peter Waage, observed that at a given temperature, 
a chemical system reaches a state in which a particular ratio of reactant and 

'To distinguish the equilibrium constant from the Kelvin scale temperature unit, the equilibrium 
constant is an uppercase italic K, whereas the kelvin is an uppercase roman K. Also, because 
the kelvin is a unit, it always follows a number. 
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Figure 1 7.3 The change in Q during the 
N204-N02 reaction. The curved plots and 
the darkening brown screen above them 
show that [N2041 and [N02]. and therefore 
the value of Q, change with time. Before 
equilibrium is reached, the concentrations 
are changing continuously, so Q * K. 
Once equilibrium is reached (vertical line) 
and any time thereafter, Q = K. 
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product concentrations has a constant value. This is one way of stating the law 

of chemical equilibrium, or the law of mass action. No mention of rates appears. 
In formulating the law of mass action, Guldberg and Waage found that, for 

a particular system and temperature, the same equilibrium state is attained 
regardless of how the reaction is run. For example, in the N204-N02 system at 
200°C, we can start with pure reactant (N204), pure product (N02), or any mix­
ture of N02 and N204, and given enough time, the ratio of concentrations will 
attain the same equilibrium value (within experimental error). 

The particular ratio of concentration terms that we write for a given reaction 
is called the reaction quotient (Q). For the reaction of N204 to form N02, the 
reaction quotient, based directly on the balanced equation as written, is 

Q = 
[N02f 
[N204] 

As the reaction proceeds toward the equilibrium state, there is a continual, smooth 
change in the concentrations of reactants and products. Thus, the ratio of con­
centrations also changes: at the beginning of the reaction, the concentrations have 
initial values, and Q has an initial value; a moment later, after the reaction has 
proceeded a bit, the concentrations have slightly different values, and so does Q; 
another moment into the reaction, and there is more change in the concentrations 
and more change in Q; and on and on, until the reacting system reaches equi­

librium. At that point, at a given temperature, the reactant and product concen­
trations have reached their equilibrium levels and no longer change. And the 
value of Q has reached its equilibrium value and no longer changes. It equals K 
at that temperature: 

At equilibrium: Q = K (17.3) 

So, monitoring Q tells whether the system has reached equilibrium, how far 
away it is if it has not, and, as we discuss later, in which direction it is changing 
to reach equilibrium. Table 1 7 . 1  presents four experiments, each a different run 
of the N204-N02 reaction at 200°C. There are two essential points to note: 

• The ratio of initial concentrations varies widely but always gives the same ratio 
of equilibrium concentrations. 

• The individual equilibrium concentrations are different in each case, but the 
ratio of these equilibrium concentrations is constant. 

The curves in Figure 17 .3  show experiment 1 in Table 1 7. 1 .  Note that [N204J 
and [N02J change smoothly during the course of the reaction and, thus, so does 
the value of Q. Once the system reaches equilibrium, as indicated by the constant 
brown color, the concentrations no longer change and Q equals K. In other words, 
for any given chemical system, K is a special value of Q that occurs when the 

reactant and product terms have their equilibrium values. 

e�IEal lnitial and Equilibrium Concentration Ratios for the N204"N02 System at 200°C (473 K) 

Initial Ratio (Q) Equilibrium Ratio (K) 
Exp't. [N204l [N02l [N02l

2
/[N204l [N2041eq [N021eq [N021�q/[N204Ieq 

1 0. 1000 0.0000 0.0000 0.00357 0. 1 93 lOA 
2 0.0000 0. 1 000 00 9.24x10-4 9.82X lO -2 lOA 
3 0.0500 0.0500 0.0500 0.00204 0. 146 lOA 
4 0.0750 0.0250 0.00833 0.00275 0. 1 70 1 0.5 



1 7.2 The Reaction Quotient and the Equilibrium Constant 

Writing the Reaction Quotient 
In Chapter 1 6, you saw that the rate law for an overall reaction cannot be writ­
ten from the balanced equation, but must be determined from rate data. In contrast, 
the reaction quotient can be written directly from the balanced equation: Q is a 
ratio made up of product concentration terms multiplied together and divided by 
reactant concentration terms multiplied together, with each term raised to the 
power of its stoichiometric coefficient in the balanced equation. 

The most common form of the reaction quotient shows reactant and product 
terms as molar concentrations, which are designated by square brackets, [ ]. In 
the cases you've seen so far, K is the equilibrium constant based on concentra­

tions, designated from now on as Kc. Similarly, we designate the reaction quo­
tient based on concentrations as Qc' For the general balanced equation 

aA + bB � cC + dD 

where a, b, c, and d are the stoichiometric coefficients, the reaction quotient is  

[CnD]d 
Qc = 

[AnB]b 
(17.4) 

(Another form of the reaction quotient that we discuss later shows gaseous reac­
tant and product terms as pressures.) 

To construct the reaction quotient for any reaction, write the balanced equa­

tion first. For the formation of ammonia from its elements, for example, the bal­
anced equation (with colored coefficients for easy reference) is 

N2(g) + 3H2(g) � 2NH3(g) 

To construct the reaction quotient, we place the product term in the numerator 
and the reactant terms in the denominator, multiplied by each other, and raise each 
term to the power of its balancing coefficient (colored as in the equation): 

Let's practice this essential skill. 

[NH3]
2 

Qc = 
[N2][H2]3 

SAMPLE PROBLEM 1 7.1  Writing the Reaction Quotient from the 
Balanced Equation 

Problem Write the reaction quotient, Qc, for each of the following reactions: 
(a) The decomposition of dinitrogen pentaoxide, N20S(g) � N02(g) + 02(g) 
(b) The combustion of propane gas, C3HS(g) + 02(g) � CO2(g) + H20(g) 
Plan We balance the equations and then construct the reaction quotient (Equation 17 .4). 

Solution (a) 2N20S(g) � 4N02(g) + 02(g) Q = 
[N02]4[02] 

c [N20sf 

[C02]
3
[H20]4 

Qc = 
[C3Hs] [02]

S 

Check Always be sure that the exponents in Q are the same as the balancing coefficients. 
A good check is to reverse the process: tum the numerator into products and the denom­
inator into reactants, and change the exponents to coefficients. 

FOLLOW- U P  PROBLEM 1 7.1  Write a reaction quotient, Qc, for each of the follow­
ing reactions (unbalanced) : 
(a) The first step in nitric acid production, NH3(g) + 02(g) � NO(g) + H20(g) 
(b) The disproportionation of nitric oxide, NO(g) � N20(g) + N02(g) 
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Variations in the Form of the Reaction Quotient 
As you'll see in the upcoming discussion, the reaction quotient Q is a collection 
of terms based on the balanced equation exactly as written for a given reaction. 
Therefore, the value of Q, which varies during the reaction, and the value of K, 
which is the constant value that Q attains when the system has reached equilib­
rium, also depend on how the balanced equation is written . 

A Word about Units for Q and K In this text (and most others), the values of Q 
and K are shown as unitless numbers. This is because each term in the reaction 
quotient represents the ratio of the measured quantity of the substance (molar con­
centration or pressure) to the thermodynamic standard-state quantity of the sub­
stance. Recall from Section 6.6 that these standard states are 1 M for a substance 
in solution, 1 atm for gases, and the pure substance for a liquid or solid. Thus, a 

1.20 M 
concentration of 1 .20 M becomes � = 1 .20; similarly, a pressure of 0.53 atm 

0.53 atm 
becomes --- = 0.53 .  With such quantity terms unitless, the ratio of terms 

1 atm 
we use to find the value of Q (or K) is also unitless. 

Form of Q for an Overall Reaction Notice that we've been writing reaction quo­
tients without knowing whether an equation represents an individual reaction step 
or an overall multistep reaction. We can do this because we obtain the same 
expression for the overall reaction as we do when we combine the expressions 
for the individual steps. That is, if an overall reaction is the sum of two or more 

reactions, the overall reaction quotient (or equilibrium constant) is the product 
of the reaction quotients (or equilibrium constants) for the steps: 

Qoverall = Q 1 X Q2 X Q3 X ... 

and 

Koverall = Kl X Kz X K3 X ... (17.5) 
For example, consider an overall equation for the formation of nitrogen diox­

ide, the toxic pollutant that contributes to photochemical smog and acid rain: 

N2(g) + 20z(g) � 2NOz(g) 
We can construct the reaction quotient directly: 

[NOzf 
Qc(overall) = 

[N2][Ozf 
The overall reaction actually occurs in two steps with NO serving as the 
intermediate: 

( 1 )  N2(g) + 02(g) � 2NO(g) 
(2) 02(g) + 2NO(g) � 2N02(g) 

Kcl = 4.3 X 10-25 
Kc2 = 6.4 X 109 

The reaction quotients for these steps are 

[NOf 
Qcl = 

[NZJ[02J 
and 

The overall reaction quotient is the product of Qcl and Qc2: 
INEYl'l x [NOzf [NOzf = 

[NzJ[Oz] [Oz][No-f [Nz] [Oz]z 
Qc(overall) 

Similarly, the equilibrium constant for the overall reaction is the product of the 
equilibrium constants for the elementary steps: 

Kc(overall) = Kcl X Kcz = (4.3XlO-z5)(6.4XI09) = 2.8xlO-'5 



1 7.2 The Reactian Quotient and the Equilibrium Constant 

Form of Q for a Forward and Reverse Reaction The form of the reaction 
quotient depends on the direction in which the balanced equation is written. 
Consider, for example, the oxidation of sulfur dioxide to sulfur trioxide. This 
reaction is a key step in acid rain formation and sulfuric acid production. The 
balanced equation is 

2S02(g) + 02(g) � 2S03(g) 
The reaction quotient for this equation as written is 

[S03f 
Qc(fwd) = 

[S02f[02] 
If we had written the reverse reaction, the decomposition of sulfur trioxide, 

2S03(g) � 2S02(g) + 02(g) 
the reaction quotient would be the reciprocal of Qc(fwd): 

[S02f[02] 1 
Qc(rev) = 

[S03]2 Q c(fwd) 
Thus, a reaction quotient (or equilibrium constant) for a forward reaction is the 

reciprocal of the reaction quotient (or equilibrium constant) for the reverse 

reaction: 

1 
Qc(fwd) = -

Q
-­
c(rev) 

and 
1 

KC(fwd)=� c(rev) 

The Kc values for the forward and reverse reactions at 1000 K are 

Kc(fwd) = 261 
1 1 and Kc(rev) = -- = - = 3.83X 10-3 

Kc(fwd) 261 

(17.6) 

These values make sense: if the forward reaction goes far to the right (high Kc), 
the reverse reaction does not (low Kc). 

Form of Q for a Reaction with Coefficients Multiplied by a Common Factor 
Multiplying all the coefficients of the equation by some factor also changes the 
form of Q. For example, multiplying all the coefficients in the previous equation 
for the formation of S03 by � gives 

S02(g) + �02(g) � S03(g) 
For this equation, the reaction quotient is 

, [S03] 
Qc(fwd) = 

[S02][02] 1/2 

Notice that Qc for the halved equation equals Qc for the original equation raised 
to the � power: 

, _ 1/2 _ ( [S03f ) 1/2 
_ [S03] 

Qc(fwd) - Qc(fwd) - [S02f[02] - [S02][02] 1/2 

Once again, the same property holds for the equilibrium constants. Relating the 
halved reaction to the original, we have 

K�(fwd) = KX�Vd)= (261)1/2 
= 16.2 

In general, if all the coefficients of the balanced equation are multiplied by 

some factor, that factor becomes the exponent for relating the reaction quotients 
and the equilibrium constants. For a multiplying factor 11, which we can write as 

n(aA + bB � cC + dD) 

the reaction quotient and equilibrium constant are 

and K' = K" (17.7) 
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Form of Q for a Reaction Involving Pure Liquids and Solids Until now, we've 
looked at homogeneous equilibria, systems in which all the components of the 
reaction are in the same phase, such as a system of reacting gases. When the com­
ponents are in different phases, the system reaches heterogeneous equilibrium. 

Consider the decomposition of limestone to lime and carbon dioxide, in which 
a gas and two solids make up the reaction components: 

CaC03(s) � CaO(s) + CO2(g) 

B ased on the rules for writing the reaction quotient, we have 

[CaO] [C02] 
Qc = 

[CaC03] 

A pure solid, however, such as CaC03 or CaO, always has the same "concentration" 
at a given temperature, that is, the same number of moles per liter of its volume, just 
as it has the same density (g/cm

3
) at a given temperature. Therefore, the concentra­

tion of a pure solid is constant, as is the concentration of a pure liquid. 
B ecause we are concerned only with concentrations that change as they 

approach equilibrium, we eliminate the terms for pure liquids and solids from the 
reaction quotient. We do this by multiplying both sides of the above equation by 
[CaC03] and dividing both sides by [CaO] to get a new reaction quotient. Thus, 
the only substance whose concentration can change is the gas CO2: 

, [CaC03] 
Qc = Qc [CaO] 

= [C02] 

No matter how much CaO and CaC03 are in the reaction vessel, as long as some 

of each is present, the reaction quotient equals the CO2 concentration. 
Table 17 .2  summarizes the ways of writing Q and calculating K. 

C@,f,1 Ways of Expressin g Q and Calcu latin g K 
Form of Chemical Equation Form of Q 

Reference reaction: A � B 

Reverse reaction: B � A 

Reaction as sum of two steps: 
(1)A � C 

(2) C � B 

Coefficients multiplied by n 
Reaction with pure solid or liquid 

component, such as A(s) 

S E C T ION S U M MARY 

[B] 
Q(ref) = 

[A] 

Q =
_1_ 

= 
[A] 

Q(ref) [B] 

_ [C] . _ [B] 
QJ - [A] , Q2 - [C] 

Qoverall = Ql X Q2 = Q(ref) 

= f8l 
X 

� 
= 

[B] 
[A] f8l [A] 

Q = Q(�ef) 
Q = Q(ref)[A] = [B] 

Value of K 

K _ [B]eq 
(ref) - [A]eq 

1 
K = -

K(ref) 

Koverall = KJ X K2 
= K(ref) 

K = K(�ef) 
K = K(ref)[A] = [B] 

The reaction quotient, a, i s  a particular ratio of product to reactant terms. Substituting 
experimental values into this expression gives the value  of a, which changes as the 
reaction proceeds. When the system reaches equilibrium at a particular temperature, 
a = K. If a reaction is the sum of two or more steps, the overall a (or K) is the product 
of the individual a's (or K's) . The form of a is based directly on the balanced equation 
for the reaction exactly as written, so it changes if the equation is reversed or 
multipl ied by some factor, and K changes accordingly. Pure liquids or solids  do not 
appear as terms in the expression for a because their concentrations are constant. 



17.3 Expressing Equilibria with Pressure Terms: Relation Between Kc and Kp 

17.3 EXPRESSING EQUILIBRIA WITH PRESSURE TERMS: 
RELATION BE TWEEN Kc AND Kp 

It is easier to measure the pressure of a gas than its concentration and, as long as 
the gas behaves nearly ideally under the conditions of the experiment, the ideal 
gas law (Section 5 . 3) allows us to relate these variables to each other: 

n P n 
PV = nRT, so P = - RT or - = -

V RT V 

where P is the pressure of a gas and n/V is its molar concentration (M). Thus, at 
constant temperature, pressure is directly proportional to molar concentration. 
When the substances involved in the reaction are gases, we can express the reac­
tion quotient and calculate its value in terms of partial pressures instead of con­
centrations. For example, in the reaction between gaseous NO and O2, 

2NO( g) + 02( g) � 2N02( g) 
the reaction quotient based on partial pressures, Qp, is 

P�o, Qp = p2 X P NO O2 

The equilibrium constant obtained when all components are present at their equi­
librium partial pressures is designated Kp, the equilibrium constant based on pres­
sures. In many cases, Kp has a value different from Kc, but if you know one, you 
can calculate the other by noting the change in amount (mol) of gas, llngas, from 
the balanced equation. Let's see this relationship by converting the terms in Qc 
for the reaction of NO and O2 to those in Qp: 

2NO( g) + 02( g) � 2NOi g) 
A s  the balanced equation shows, 

3 mol (2 mol + 1 mol) gaseous reactants � 2 mol gaseous products 

With II meaning final minus initial (products minus reactants), we have 

tlngas = moles of gaseous product - moles of gaseous reactant = 2 - 3 = - I 

Keep this value of llngas in mind because it appears in the algebraic conversion 
that follows. The reaction quotient based on concentrations is 

[N02f 
Qc = 

[NOf[02l 

Rearranging the ideal gas law to n/V = P/RT, we express concentrations as n/V 
and convert them to partial pressures, P; then we collect the RT terms and cancel: 

n�02 P�02 1 
7 (RT)2 P�02 SftI1 • Qc = --,,---- 2 X --'----'----

_n�_o X _
nO_2 P�o X 

P02 PNO X P02 
_

1
_ x _

1
_ V2 V (RT)2 RT SftI1 RT 

P�02 x RT 
P�o x P02 

The far right side of the previous expression is Qp multiplied by RT: Qc = Qp(RT). 
K 

Also, at equilibrium, Kc = KpCRT); thus, Kp = 
R
;' or KcCRT) - 1 .  

Notice that the exponent of the R T  term equals the change in the amount 
(mol) of gas (llngasJ from the balanced equation, - 1 .  Thus, in general, we have 

Kp = Kc(RT)D.nga< (17.8) 
The units for the partial pressure terms in Kp are generally atmospheres, pas­
cals, or torr, raised to some power, and the units of R must be consistent with 
those units. As Equation 1 7 . 8  shows, for those reactions in which the amount 
(mol) of gas does not change, we have llngas = 0, so the RT term drops out 
and Kp = Kc. 
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SAMPLE PROBLEM 1 7.2 Converting Between Kc and Kp 
Problem A chemical engineer injects limestone (CaC03) into the hot flue gas of a coal­
burning power plant to form lime (CaO), which scrubs S02 from the gas and forms gyp­
sum (CaS04·2H20). Find Kc for the following reaction, if CO2 pressure is in atmospheres: 

CaC03(s) � CaO(s) + CO2 (g) Kp = 2. 1 X lO-4 (at 1 000. K) 

Plan We know Kp (2. 1  X 1 0-4), so to convert between Kp and Kc, we must first determine 
�ngas from the balanced equation. Then we rearrange Equation 1 7.8 .  With gas pressure in 
atmospheres, R is 0.082 1 atm·Llmol ·K. 
Solution Determining �ngas: There is 1 mol of gaseous product and no gaseous reactant, 
so �ngas = 1 - 0 = 1 .  
Rearranging Equation 1 7.8  and calculating Kc: 

Kp = Kc(RT) 1 so Kc = Kp(RT)- 1 
Kc = (2. 1 X 1 0-4

)(0.082 1 X 1 000.)- 1 = 2 .6x lO-6 

Check Work backward to see whether you obtain the given Kp: 
Kp = (2.6X 1 0-6)(0.082 1 X 1 000.) = 2. 1 X 10-4 

F OLLOW-U P  PROBLEM 1 7.2 Calculate Kp for the following reaction: 

PCI3(g) + C12(g) � PCls(g) Kc = 1 . 67 (at 500. K) 

S E C T ION S U M M A RY 
The reaction quotient and the equil ibrium constant can be expressed in terms of 
concentrations (Qc and Kc); for gases, they are expressed in terms of partial pressures 
(Qp and Kp). The values of Kp and Kc are related by u sing the ideal gas law: 
Kp = Kc(RT)t!.ngas• 

17.4 REACTION DIREC TION: COMPARING Q AND K 

Suppose you start a reaction with a mixture of reactants and products and you 
know the equilibrium constant at the temperature of the reaction. Because the 
value of Q can change, depending on the initial concentrations, Q can be smaller 
than K, larger than K, or, when the system reaches equilibrium, equal to K. By 
comparing the value of Q at a particular time with the known K, you can tell 
whether the reaction has attained equilibrium or, if not, in which direction it is 
progressing. With product terms in the numerator of Q and reactant terms in the 
denominator, more product makes Q larger, and more reactant makes Q smalleJ: 

The three possible relative sizes of Q and K are shown in Figure 1 7.4. 

• Q < K. If the value of Q is smaller than K, the denominator (reactants) is large 
relative to the numerator (products). For Q to become equal to K, the reactants 
must decrease and the products increase. In other words, the reaction will 
progress to the right, toward products, until equilibrium is reached: 

If Q < K, reactants - products 
• Q > K. If Q is larger than K, the numerator (products) will decrease and the 

denominator (reactants) increase until equilibrium is reached. Therefore, the 
reaction will progress to the left, toward reactants: 

If Q > K, reactants -- products 
• Q = K. This situation exists only when the reactant and product concentrations 

(or pressures) have attained their equilibrium values. Thus, no further net 
change occurs: 

If Q = K, reactants � products 



1 7.5 How to Solve Equilibrium Problems 

Reactants - Products Equilibrium: no net change Reactants -- Products 

SAMPLE PROBLEM 1 7.3 Comparing Q and K to Determine 
Reaction Direction 

Problem For the reaction N204(g) � 2N02(g), Kc = 0.2 1 at 1 00°C. At a point dur­
ing the reaction, [N204J = 0. 1 2  M and [N02J = 0.55 M. Is the reaction at equilibrium? 
If not, in which direction is it progressing? 
Plan We write the expression for Qc, find its value by substituting the given concentra­
tions, and then compare its value with the given Kc. 
Solution Writing the reaction quotient and solving for Qc: 

[N02f 0.552 
Qc = -- = -- = 2.5 

[N204J 0. 12 

With Qc > Kc, the reaction is not at equilibrium and will proceed to the left until Qc = Kc. 
Check With [N02J > [N204], we expect to obtain a value for Qc that is greater than 0.2 l .  
If Qc > Kc, the numerator will decrease and the denominator will increase until Qc = Kc; 
that is, this reaction will proceed toward reactantS. 

FOLLOW- U P  PROBLEM 1 7.3  Chloromethane forms by the reaction 

CH4(g) + C12(g) � CH3CI(g) + HCI(g) 

At 1 500 K, Kp = 1 .6 X 104. In the reaction mixture, PCH4 = 0. 1 3  atm, PC!2 = 0.035 atm, 
PCH,CI = 0 .24 atm, and PHC1 = 0.47 atm. Is CH3Cl or CH4 forming? 

S E C T ION S U M M ARY 
We compare the values of Q and K to d etermine  the direction in which a reaction wi l l  
proceed toward equ i l ibrium. 

• If Qc < Kc, more product forms. 
• If Qc > Kc , more reactant forms. 
• If Qc = Kc, there is no n et change. 

17.5 HOW TO SOLVE EQUILIBRIUM PROBLEMS 
As you've seen in the previous sections, three criteria define a system at equiljblium: 

• Reactant and product concentrations are constant over time. 
• The forward reaction rate equals the reverse reaction rate. 
• The reaction quotient equals the equilibrium constant: Q = K. 

55 1 

Figure 1 7.4 Reaction direction and the 
relative sizes of Q and K. When Qc is 
smaller than Kc. the equilibrium of the re­
action system shifts to the right. that is. 
toward products. When Qc is larger than 
Kc. the equilibrium of the reaction system 
shifts to the left. Both shifts continue until 
Qc = Kc. Note that the size of Kc remains 
the same throughout. 
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Now, let's apply equilibrium principles to quantitative situations. Many kinds 
of equilibrium problems arise in the real world, as well as on chemistry exams, 
but we can group most of them into two types: 

1 .  In one type, we are given equilibrium quantities (concentrations or partial pres­
sures) and solve for K. 

2. In the other type, we are given K and initial quantities and solve for the equi­
librium quantities. 

(From now on, the subscript "eq" is used only when it is not clear that a con­
centration is an equilibrium value.) 

Using Quantities to Determine the Equilibrium Constant 
There are two common variations on the type of equilibrium problem in which 
we solve for K: one involves a straightforward substitution of quantities, and the 
other requires first finding some of the quantities. 

Substituting Given Equilibrium Quantities into Q to Find K In the straightfor­
ward case, we are given the equilibrium quantities and we must calculate K. 

Suppose, for example, that equal amounts of gaseous hydrogen and iodine 
are injected into a 1 .50-L reaction flask at a fixed temperature. In time, the fol­
lowing equilibrium is attained: 

H2(g) + 12(g) � 2HI(g) 
At equilibrium, analysis shows that the flask contains 1 .80 mol of H2, 1 .80 mol 
of 12, and 0.520 mol of HI. We calculate Kc by finding the concentrations and 
substituting them into the reaction quotient. Given the balanced equation, we then 
write the reaction quotient: 

[HIf 
Qc = 

[H2][I2] 
We first have to convert the amounts (mol) to concentrations (mollL), using the 
flask volume of 1 .50 L: 

1 .80 mol 
[H2] = 1 .50 L 

= 1 .20 M 

Similarly, [12] = 1 .20 M, and [HI] = 0.347 M. Substituting these values into the 
expression for Qc gives Kc: 

K = (0.347
)2 

= 8.36X 1 -2 
c (1.20)(1.20) 

0 

Using a Reaction Table to Determine Equilibrium Quantities and Find K When 
some quantities are not given, we determine them first from the reaction stoi­
chiometry and then find K. In the following example, pay close attention to a 
valuable tool being introduced: the reaction table. 

In a study of carbon oxidation, an evacuated vessel containing a small amount 
of powdered graphite is heated to 1 080 K, and then CO2 is added to a pressure 
of 0.458 atm. Once the CO2 is added, the system starts to produce CO. After 
equilibrium has been reached, the total pressure inside the vessel is 0.757 atm. 
Calculate Kp. 

As always, we start to solve the problem by writing the balanced equation 
and the reaction quotient: 

CO2(g) + C(graphite) � 2CO(g) 



1 7.5 How to Solve Equilibrium Problems 

The data are given in atmospheres and we must find Kp, so we write Q in terms 
of partial pressures (note the absence of a term for the solid, C): 

Q = P�o 

p Peo2 

We are given the initial Peo2 and Ptolal at equilibrium. To find Kp, we must find 
the equilibrium pressures of CO2 and CO, which requires solving a stoichiome­
try problem, and then substitute them into the expression for Qp. 

Let's stop for a moment before we begin the calculations to think through what 
happened in the vessel. An unknown portion of the CO2 reacted with graphite to 
form an unknown amount of CO. We already know the relative amounts of CO2 
and CO from the balanced equation: for each mole of CO2 that reacts, 2 mol of 
CO forms, which means that when x atm of CO2 reacts, 2x atm of CO forms :  

x atm CO2 -- 2x atm CO 

The pressure of CO2 at equilibrium, Peo2, is the initial pressure, Pe02(inil), minus 

the change in CO2 pressure, x, that is, the CO2 that reacts : 

P e02(init) - x = P CO2 

Similarly, the pressure of CO at equilibrium, Peo, is the initial pressure, PeO(init), 
plus the change in CO pressure, which is the CO that forms, 2x. Because P eO(init) 
is zero at the beginning of the reaction, we have 

PeO(init) + 2x = 0 + 2x = 2x = Pea 

A useful way to summarize this information is with a reaction table that 
shows the balanced equation and what we know about 

• the initial quantities (concentrations or pressures) of reactants and products 
• the changes in these quantities during the reaction 
• the equilibrium quantities 

Pressure (atm) 

Initial 
Change 
Equilibrium 

0.458 
-x 

0.458 - x 

+ C(graphite) 2CO(g) 

o 
+2x 

2x 

Note that we add the initial value to the change to obtain the equilibrium value 

in each column. Note also that we include data only for those substances whose 
concentrations change; thus, in this case, the C(graphite) column is blank. We use 
reaction tables in many of the equilibrium problems in this and later chapters. 

To solve for Kp, we substitute equilibrium values into the reaction quotient, 
so we have to find x. To do this, we use the other piece of data given, Ptolal . 
According to Dalton's law of partial pressures and using the quantities from the 
bottom (equilibrium) row of the reaction table, 

Thus, 

PWtal = 0.757 atm = Peo2 + Pea = (0.458 atm - x) + 2x 

0.757 atm = 0.458 atm + x and x = 0.299 atm 

With x known, we determine the equilibrium partial pressures: 

Peo2 = 0.458 atm - x = 0.458 atm - 0.299 atm = 0. 159 atm 

Pea = 2x = 2(0.299 atm) = 0.598 atm 

Now, we substitute these values into the expression for Qp to find Kp: 

P�o 0.5982 
Qp = -- = -- = 2.25 = Kp 

Peo2 0. 1 59 
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SAMPLE PROBLEM 1 7.4 Calculating I<c from Concentration Data 
Problem In order to study hydrogen halide decomposition, a researcher fills an evacuated 
2.00-L flask with 0.200 mol of HI gas and allows the reaction to proceed at 453°C: 

2HI(g) � H2(g) + I2(g) 

At equilibrium, [HI] = 0.078 M. Calculate Kc. 
Plan To calculate Kc, we need the equilibrium concentrations. We can find the initial [HI] 
from the amount (0.200 mol) and the flask volume (2.00 L), and we are given [HI] at 
equilibrium (0.078 M). From the balanced equation, when 2x mol of HI reacts, x mol of 
H2 and x mol of 12 form. We set up a reaction table, use the known [HI] at equilibrium 
to solve for x (the change in [H2] or [12]), and substitute the concentrations into Qc' 
Solution Calculating initial [HI]: 

0.200 mol 
[HI] = 

00 
= 0. 1 00 M 

2. L 

Setting up the reaction table, with x = [H2] or [12] that forms and 2x = [HI] that reacts: 

Concentration (M) 2H I(g) ---"--
H2(g) ......,.....-

Initial 0. 1 00 0 
Change -2x +x 
Equilibrium 0. 1 00 - 2x x 

Solving for x, using the known [HI] at equilibrium: 

[HI] = 0. 1 00 M - 2x = 0.078 M 
x = 0.01 1  M 

Therefore, the equilibrium concentrations are 

[H2] = [12] = 0.0 1 1  M 
Substituting into the reaction quotient: 

and 

Q = [H2][I2] 
c 

[Hlf 

[HI] = 0.078 M 

Thus, K = (0.0 1 1 )(0.0 1 1 )  = 0.020 c 
0.078

2 

o 
+x 
x 

Check Rounding gives -om
2
/0.08

2 = 0.02. Because the initial [HI] of 0. 1 00 M 
fel l  slightly at equilibrium to 0.078 M, relatively little product formed; so we expect 
Kc < l .  

FOLLOW- U P  PROB LEM 1 7.4 The atmospheric oxidation of nitrogen monoxide, 
2NO(g) + 02(g) � 2N02(g), was studied at 1 84°C with initial pressures of 1 .000 atm 
of NO and 1 .000 atm of O2, At equilibrium, P02 = 0.506 atm. Calculate Kp. 

Using the Equilibrium Constant to Determine Quantities 
Like the type of problem that involves finding K, the type that involves finding 
equilibrium concentrations (or pressures) has several variations. Sample Problem 
1 7 .5 is one variation, in which we know K and some of the equilibrium concen­
trations and must find another equilibrium concentration. 

SAMPLE PROBLEM 1 7.5 Determining Equilibrium Concentrations from I<c 

Problem In a study of the conversion of methane to other fuels, a chemical engineer mixes 
gaseous CH4 and H20 in a 0.32-L flask at 1 200 K. At equilibrium, the flask contains 
0.26 mol of CO, 0.09 1 mol of H2, and 0.04 1 mol of CH4. What is [H20] at equilibrium? 
Kc = 0.26 for the equation 

CH4(g) + H20(g) � CO(g) + 3H2(g) 
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Plan First, we use the balanced equation to write the reaction quotient. We can calculate 
the equilibrium concentrations from the given numbers of moles and the flask volume 
(0.32 L). Substituting these into Qc and setting it equal to the given Kc (0.26), we solve 
for the unknown equilibrium concentration, [H20] . 
Solution Writing the reaction quotient: 

[CO] [H2] 3 
Qc = 

[CH4] [H20] 
Determining the equilibrium concentrations: 

0.041 mol 
[CH4] = 

0.32 L 
= 0. 1 3  M 

Similarly, [CO] = 0.8 1  M and [H2] = 0.28 M. 
Calculating [H20] at equilibrium: Since Qc = Kc, rearranging gives 

[CO] [H2]3 (0.8 1 )(0.28)3 
[H20] = = 0.53 M 

[CH4]Kc (0. 1 3)(0.26) 

Check Always check by substituting the concentrations into Qc to confirm Kc: 

= 
[CO] [H2]3 = 

(0. 8 1 )(0.28)
3 

= 0.26 = K Qc 
[CH4] [H20] (0. 1 3)(0.53) c 

FOLLOW-U P  PROBLEM 1 7. 5  Nitrogen monoxide, oxygen, and nitrogen react by the 
following equation: 2NO(g) � N2(g) + 02(g) ; Kc = 2.3 X I 03o at 298 K. In the atmo­
sphere, P02 = 0.209 atm and PN2 = 0.7 8 1  atm. What is the equilibrium partial pressure 
of NO in the air we breathe? [Hint: You need Kp to find the partial pressure.] 

In a somewhat more involved variation, we know K and initial quantities and 
must find equilibrium quantities, for which we use a reaction table. In Sample 
Problem 1 7 .6, the amounts were chosen to simplify the math, allowing us to focus 
more easily on the overall approach. 

SAMPLE PROBLEM 1 7.6 Determining Equi l ibrium Concentrations from Initial 
Concentrations and /( 

Problem Fuel engineers use the extent of the change from CO and H20 to CO2 and H2 
to regulate the proportions of synthetic fuel mixtures. If 0.250 mol of CO and 0.250 mol 
of H20 are placed in a 1 25-mL flask at 900 K, what is the composition of the equilib­
rium mixture? At this temperature, Kc is 1 .56 for the equation 

CO(g) + H20(g) � CO2 (g) + H2(g) 
Plan We have to find the "composition" of the equilibrium mixture, in other words, the 
equilibrium concentrations. As always, we use the balanced equation to write the reaction 
quotient. We find the initial [CO] and [H20] from the given amounts (0.250 mol of each) 
and volume (0. 125 L), use the balanced equation to define x and set up a reaction table, 
substitute into Qc, and solve for x, from which we calculate the concentrations. 
Solution Writing the reaction quotient: 

[C02] [H2] 
Qc = 

[CO][H20] 
Calculating initial reactant concentrations: 

0.250 mol 
[CO] = [H20] = 

0. 125 L 
= 2.00 M 

Setting up the reaction table, with x = [CO] and [H20] that react: 

Concentration (M) CO(g) + H2O(g) C02(g) 

Initial 2.00 2.00 0 
Change -x -x +x 
Equilibrium 2.00 - x 2.00 - x x 

+ H2(g) 

0 
+x 
x 
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Substituting into the reaction quotient and solving for x: 

[C02HH2] (x) (x) X2 
Qc = 

[COHH20] 
= 

(2.00 - x)(2.00 - x) 
= 

(2.00 - x)2 

At equilibrium, we have 

Qc = Kc = 1 .56 = 
(2.00 _ X)2 

We can apply the following math shortcut in this case but not in general: Because the 
right side of the equation is a perfect square, we take the square root of both sides: 

v'1.56 = 
x = ± 1 .25 

2.00 - x 

A positive number ( 1 .56) has a positive and a negative square root, but only the positive 
root has any chemical meaning, so we ignore the negative root:* 

So 

x 
1 .25 = 

00 2. - x 

2.50 = 2.25x; 

Calculating equilibrium concentrations: 

or 2.50 - 1 .25x = x 

therefore, x = 1 . 1 1  M 

[CO] = [H20] = 2.00 M - x = 2.00 M - 1 . 1 1 M = 0.89 M 
[C02] = [H2] = x = 1 . 1 1  M 

Check From the intermediate size of Kc, it makes sense that the changes in concentration 
are moderate. It's a good idea to check that the sign of x in the reaction table makes 
sense-only reactants were initially present, so the change had to proceed to the right: 
x is the change in concentration, so it has a negative sign for reactants and a positive sign 
for products. Also check that the equilibrium concentrations give the known Kc: 
( 1 . 1 1 )( 1 . 1 1 ) 

= 1 .56. 
(0.89)(0.89) 

FOLLOW·UP PROBLEM 1 7.6 The decomposition of HI at low temperature was stud­
ied by injecting 2.50 mol of HI into a 1 O.32-L vessel at 25°C. What is [H2] at equilib­
rium for the reaction 2HI(g) � H2(g) + I2(g); Kc = 1 .26X 1O-3? 

'The negative root g ives -1 .25 = 
2.0

; _ 
x

' or -2.50 + 1 .25x = x. 

So -2.50 = -0.25x, and x = 1 0. M 
This value has no chemical meaning because we started with 2.00 M of each reactant, so it is 
impossible for 1 0. M to react. Moreover, the square root of an equilibrium constant is another 
equil ibrium constant, which cannot have a negative value. 

Using the Quadratic Formula to Solve for the Unknown The shortcut that we 
used to simplify the math in Sample Problem 1 7.6 is a special case that occurs 
when both numerator and denominator of the reaction quotient are perfect squares. 
It worked out that way because we started with equal concentrations of the two 
reactants, but that is not ordinarily the case. 

Suppose, for example, we instead start the reaction in the sample problem 
with 2.00 M CO and 1 .00 M H20. The reaction table is 

Concentration (M) CO(g) + H2O(g) CO2(g) 

Initial 2.00 1 .00 0 
Change -x -x +x 
Equilibrium 2.00 - x 1 .00 - x x 

Substituting these values into Qc, we obtain 

[C02HH2] (x) (x) x2 
Q - - -----'--'--'-'--c - [CO][H20] 

-
(2.00 - x)( l .OO - x) x2 - 3.00x + 2.00 

+ H2(g) 

0 
+x 
x 
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At equilibrium, we have 
x2 

1 .56 = -".-------­
x- - 3.00x + 2.00 

To solve for x in this case, we rearrange the previous expression into the form of 
a quadratic equation: 

a x2
+ b x + c = 0  

0.56x2 - 4.68x + 3. 1 2  = a 
where a = 0 .56, b = - 4.68, and c = 3 . 1 2. Then we can find x with the qua­
dratic formula (Appendix A):  

-b ::':: Yb2 - 4ac 
x = -------

2a 

The ± sign means that we obtain two possible values for x: 

4.68 ::':: Y ( - 4.68)2 - 4(0.56)(3 . 1 2) 
x =  

2(0.56) 
x = 7.6 M and x = 0.73 M 

Note that only one of the values for x makes sense chemically. The larger value 
gives negative concentrations at equilibrium (for example, 2.00 M - 7.6 M 
- 5 .6 M), which have no meaning. Therefore, x = 0.73 M, and we have 

[CO] = 2.00 M - x = 2.00 M - 0.73 M = 1 .27 M 
[H20] = 1 .00 M - x = 0.27 M 
[C02] = [H2] = X = 0.73 M 

Checking to see if these values give the known Ke, we have 

(0.73)(0.73) 
Kc = 

0 .27)(0.27) 
= 1 .6 (within rounding of l .56) 

Simplifying Assumptions for Finding an Unknown Quantity In many cases, we 
can use chemical "common sense" to make an assumption that avoids the use of 
the quadratic formula to find x. In general, if a reaction has a relatively small K 
and a relatively large initial reactant concentration, the concentration change (x) 

can often be neglected without introducing significant error. This assumption does 
not mean that x = 0, because then there would be no reaction. It means that if a 
reaction proceeds very little (small K) and if there is a high initial reactant 
concentration, only a very small amount will be used up; therefore, at equilib­
rium, the reactant concentration will have hardly changed: 

[reactant] init - x = [reactant]eq = [reactant]init 

You can imagine a similar situation in everyday life. On a bathroom scale, you 
weigh 1 5 8  lb. Take off your wristwatch, and you still weigh 158  lb. Within the 
precision of the measurement, the weight of the wristwatch is so small compared 
with your body weight that it can be neglected: 

Initial body weight - weight of watch = final body weight = initial body weight 

Similarly, if the initial concentration of A is, for example, 0.500 M and, because 
of a small Ke, the concentration of A that reacts is 0.002 M, we can assume that 

0.500 M - 0.002 M = 0.498 M = 0.500 M 

that is, [Alnit - [A]reacting = [A]eq = [A]init (17.9) 
For the assumption that x is negligible to be justified, you must check that 

the error introduced is not significant. But how much is "significant"? One com­
mon criterion is the 5% rule: if the assumption results in a change (error) in a 

concentration that is less than 5%, the error is not significant, and the assumption 

is justified. Let's go through a sample problem and make this assumption to see 
how it simplifies the math, and then we'll see if the assumption is justified in the 
case of two different initial concentrations . 
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SAMPLE PROBLEM 1 7.7  Calculating Equi l ibrium Concentrations 
with Simplifying Assumptions 

Problem Phosgene is a potent chemical warfare agent that is now outlawed by interna­
tional agreement. It decomposes by the reaction 

COCI2(g) � CO(g) + C12(g) 
Calculate [CO], [CI2], and [COCI2] when each of the following amounts of phosgene 
decomposes and reaches equilibrium in a 1O.0-L flask: 
(a) 5.00 mol of COCl2 (b) 0. 100 mol of COCl2 
Plan We know from the balanced equation that when x mol of COCl2 decomposes, x mol 
of CO and x mol of Cl2 form. We convert amount (5.00 mol or 0. 1 00 mol) to concentra­
tion, define x and set up the reaction table, and substitute the values into Qc. Before using 
the quadratic formula, we simplify the calculation by assuming that x is negligibly small. 
After solving for x, we check the assumption and find the concentrations. If the assump­
tion is not justified, we must use the quadratic formula to find x. 
Solution (a) For 5 .00 mol of COCI2. Writing the reaction quotient: 

Calculating initial [COClz):  

[CO] [CI2] 
Q

c 
= 

[COCI2] 

5 .00 mol 
[COCl2] init = 

1 0.0 L 
= 0.500 M 

Setting up the reaction table, with x = [COCI2]reacting: 

Concentration (M) COCl2(g) ----- CO(g) � 

Initial 0.500 0 
Change -x +x 
Equilibrium 0.500 - x x 

If we use the equilibrium values in Qc, we obtain 

+ 

Qc = 
[CO] [CI2] = x

2 
= Kc = 8.3 X 10-4 

[COCI2] 0.500 - x 

o 
+x 
x 

Because Kc is small, the reaction does not proceed very far to the right, so let's assume 
that x (the [COCI2] that reacts) is so much smaller than the initial concentration, 0.500 M, 
that the equiJibrium concentration is nearly the same. Therefore, 

0.500 M - x = 0.500 M 

Using this assumption, we substitute and solve for x: 

x
2 

Kc = 8.3 X lO-4 = --
0.500 

so 

Checking the assumption by finding the percent error: 

2.0X 1 0-
2 

x = 2.0X l O-2 

0.500 
X 1 00 = 4% (less than 5%, so the assumption is justified) 

Solving for the equiJ ibrium concentrations: 

[CO] = [C12] = x = 2.0X 1 0-2 
M 

[COCI2] = 0.500 M - x = 0.480 M 

(b) For 0. 1 00 mol of COCI2. The calculation in this case is the same as the calculation 
in part (a), except that [COCl2]init = 0. 1 00 moiIlO.O L = 0.0 1 00 M. Thus, at equilibrium, 
we have 

[CO) [CI2] x2 
Q - - ----c -

[COCl2] 
-

0.01 00 - x 
= Kc = 8 .3X 1 0-4 
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Making the assumption that 0.01 00 M - x = 0.0100 M and solving for x: 
2 

Checking the assumption: 

2.9x lO-3 
--- X 1 00 = 29% 

0.0 100 

K = S .3 X l O-4 = _
x

_ c 
0.0 1 00 

x = 2.9 X l O-3 

(more than S%, so the assumption is not justified) 

We must solve the quadratic equation, x2 + (S.3 X 1 O-4
)x - (S.3 X 1 0-6) = 0, for which 

the only meaningful value of x is 2.S X 1 0-3 (see Appendix A). 
Solving for the equilibrium concentrations: 

[CO] = [C12] = 2.s x lO-3 M 

[COCI2] = 1 .00X lO-2 M - x = 7.S x l O-3 M 

Check Once again, the best check is to use the calculated values to be sure you obtain 
the given Kc. 
Comment Note that the assumption was justified at the high initial concentration, but not 
at the low initial concentration. 

FOLLOW-U P  PROB LEM 1 7. 7  In a study of the effect of temperature on halogen 
decomposition, O.SO mol of 12 was heated in a 2.S-L vessel, and the following reaction 
occurred: I2(g) � 2I(g). 
(a) Calculate [12] and [I] at equilibrium at 600 K; Kc = 2 .94X 10- 10. 
(b) Calculate [12] and [I] at equilibrium at 2000 K; Kc = 0.209. 

Mixtures of Reactants and Products: 
Determining Reaction Direction 
In the problems we've worked so far, the direction of the reaction was obvious: 
with only reactants present at the start, the reaction had to go toward products. 
Thus, in the reaction tables, we knew that the unknown change in reactant con­
centration had a negative sign (-x) and the change in product concentration had 
a positive sign ( +  x). Suppose, however, we start with a mixture of reactants and 
products. Whenever the reaction direction is not obvious, we first compare the 

value of Q with K to find the direction in which the reaction proceeds to reach 
equilibrium. This tells us the sign of x, the unknown change in concentration. (In 
order to focus on this idea, the next sample problem eliminates the need for the 
quadratic formula.) 

SAMPLE PROBLEM 1 7. 8  Predicting Reaction Direction and Calculating 
Equi l ibrium Concentrations 

Problem The research and development unit of a chemical company is studying the reac­
tion of CH4 and H2S, two components of natural gas: 

CH4(g) + 2H2S(g) � CS2(g) + 4H2(g) 

In one experiment, 1 .00 mol of CH4, 1 .00 mol of CS2, 2.00 mol of H2S, and 2.00 mol of 
H2 are mixed in a 250-mL vessel at 960°C. At this temperature, Kc = 0.036. 
(a) In which direction will the reaction proceed to reach equilibrium? 
(b) If [CH4] = 5.56 M at equilibrium, what are the equilibrium concentrations of the other 
substances? 
Plan (a) To find the direction, we convert the given initial amounts and volume 
(0.250 L) to concentrations, calculate Qc, and compare it with Kc. (b) Based on the 
results from (a), we determine the sign of each concentration change for the reaction 
table and then use the known [CH4] at equilibrium (S.S6 M) to determine x and the 
other equilibrium concentrations. 
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SOLVING EQUILIBRIUM 
PROBLEMS 

PRELIMINARY SETTING UP 

1 .  Write the balanced equation 
2. Write the reaction quotient, Q 
3. Convert all amounts into the 

correct units (M or atm) 

WORKING ON THE 
REACTION TABLE 

4. When reaction direction is not 
known, compare Q with K 

5. Construct a reaction table 

.t Check the sigm of x, the 
change in the quantity 

SOLVING FOR x AND 
EQUILIBRIUM QUANTITIES 

6. Substitute the quantities into Q 
7. To simplify the math, assume that 

x is negligible 

( [Alinit - X =  [Aleq � [Alinit ) 
8. Solve for x 

.t Check that assumption is 
jl!Jstified �< 5% ermr). If not, 
solve quadratic equation for x. 

9. Find the equilibrium quantities 

.t Check to see that calculated 
vall!Jes !!live the knewn K 

Figure 1 7.5 Steps in solving equilibrium 
problems. These nine steps, grouped into 
three tasks, provide a useful approach to 
calculating equilibrium quantities, given 
initial quantities and K. 
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Solution (a) Calculating the initial concentrations: 

1 .00 mol 
[CH4l = 

0.250 L 
= 4.00 M 

Similarly, [H2Sl = 8.00 M, [CS2l = 4.00 M, and [H2l = 8.00 M. 
Calculating the value of Qc: 

= 
[CS2][H2t 

= 
(4.00)(8.00)4 

= 64 0 Qc 
[CH4][H2Sl

2 
(4.00)(8.00)2 . 

Comparing Qc and Kc: Qc > Kc (64.0 > 0.036), so the reaction goes to the left. There­
fore, concentrations of reactants increase and those of products decrease. 
(b) Setting up a reaction table, with x = [CS2l that reacts, which equals [CH4l that forms: 

Concentration (M) CH4(g) + + 

Initial 4.00 
Change +x 
Equilibrium 4.00 + x 

8.00 
+2x 

8.00 + 2x 

4.00 
-x 

4.00 - x 

Solving for x: At equilibrium, 

So, 

Thus, 

[CH4l = 5.56 M = 4.00 M + x 

x = 1 .56 M 

[H2Sl = 8.00 M + 2x = 8.00 M + 2( 1 .56 M) = 1 1 . 1 2  M 
[CS2l = 4.00 M - x = 2.44 M 

[H2l = 8.00 M - 4x = 1 .76 M 

8.00 
- 4x 

8.00 - 4x 

Check The comparison of Qc and Kc showed the reaction proceeding to the left. The given 
data from part (b) confirm this because [CH4l increases from 4.00 M to 5.56 M during 
the reaction. Check that the concentrations give the known Kc: 

(2.44)( 1 .76)4 

(5.56)( 1 1 . 12)2 = 0.0341 ,  which is close to 0.036 

FOLLOW·U P  PROBLEM 1 7. 8  An inorganic chemist studying the reactions of phos­
phorus halides mixes 0. 1050 mol of PCIs with 0.0450 mol of Cl2 and 0.0450 mol of PC13 
in a 0.5000-L flask at 250°C: PCIs(g) � PCI3(g) + CI2(g) ; Kc = 4.2X 10-2. 
(a) In which direction will the reaction proceed? 
(b) If [PClsl = 0.2065 M at equilibrium, what are the equilibrium concentrations of the 
other components? 

By this time, you've seen quite a few variations on the type of equilibrium 
problem in which you know K and some initial quantities and must find the equi­
librium quantities. Figure 1 7.5 presents a useful summary of the steps involved 
in solving these types of equilibrium problems. A good way to organize the steps 
is to group them into three overall parts. 

S E C T I O N  S U M M A RY 
In most equi l ibr ium problems, we use quantities (concentrations or pressures) of 
reactants and products to find K, or we u se K to find quantities. We use a reaction 
tab le  to su mmarize the initial quantities, how th ey change, and the equilibrium 
quantities. When K is small and the initial quantity of reactant is large, we assume 
the unknown change in the quantity (x) is so much smal ler than the initial quantity 
that it can be neglected. If this assumption is not justified (that is, if the error is greater 
than 5%), we use the quadratic formula to find x. To determine reaction d irection,  we 
compare the values of Q and K. 
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17.6 REACTION CONDITIONS AND THE EQUILIBRIUM STATE: 
LE CHATELIER'S PRINCIPLE 

The most remarkable feature of a system at equilibrium is its ability to return to 
equilibrium after a change in conditions moves it  away from that state. This drive 
to reattain equilibrium is stated in Le Cbatelier's principle: when a chemical 
system at equilibrium is disturbed, it reattains equilibrium by undergoing a net 
reaction that reduces the effect of the disturbance. 

Two phrases in this statement need further explanation. First, what does it 
mean to "disturb" a system? At equilibrium, Q equals K. When a change in con­
ditions forces the system temporarily out of equilibrium (Q =1= K), we say that the 
system has been stressed, or disturbed. Three common disturbances are a change 
in concentration of a component (that appears in Q), a change in pressure (caused 
by a change in volume), or a change in temperature. We'll discuss each of these 
changes below. 

The other phrase, "net reaction," is often referred to as a shift in the equilib­

rium position of the system to the right or left. The equilibrium position is just 
the specific equilibrium concentrations (or pressures). A shift in the equilibrium 
position to the right means that there is a net reaction to the right (reactant to 
product) until equilibrium is reattained; a shift to the left means that there is a 
net reaction to the left (product to reactant) . Thus, when a disturbance occurs, we 
say that the equilibrium position shifts, which means that concentrations (or pres­
sures) change in a way that reduces the disturbance, and the system attains a new 
equilibrium position (Q = K again). 

Le Chatelier's principle allows us to predict the direction of the shift in 
equilibrium position. Most importantly, it helps research and industrial chemists 
create conditions that maximize yields. For the remainder of this section, we 
examine each of the three kinds of disturbances-concentration, pressure (volume), 
and temperature-to see how a system at equilibrium responds ; then, we'll note 
whether a catalyst has any effect. 

In the following discussions, we focus on the reversible gaseous reaction 
between phosphorus trichloride and chlorine to produce phosphorus pentachloride: 

PCI3(g) + CI2(g) � PCI5(g) 

However, the basis of Le Chatelier's principle holds for any system at equilibrium. 

The Effect of a Change in Concentration 
When a system at equilibrium is disturbed by a change in concentration of one of 
the components, the system reacts in the direction that reduces the change: 

• If the concentration increases, the system reacts to consume some of it. 
• If the concentration decreases, the system reacts to produce some of it. 

Of course, the component must be one that appears in Q; thus, pure liquids and 
solids, which do not appear in Q because their concentrations are constant, are 
not involved. 

At 523 K, the PCI3-Clz-PCls system reaches equilibrium when 

= [PCI5] = 24.0 = K Qc 
[PCl3] [C12] 

c 

What happens if we now inject some Cl2 gas, one of the reactants? The system 
will always act to reduce the disturbance, so it will reduce the increase in 
reactant by proceeding toward the product side, thereby consuming some of 
the additional C12. In terms of the reaction quotient, when we add Cll> the 
[C12] term increases, so the value of Qc immediately falls as the denominator 
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� Animation: Le Chatelier's Principle 
. � Online Learning Center 

ANY OF THESE CHANGES CAUSES 
A SHIFT TO THE RIGHT 

increase increase decrease 

t t t 
PCI3 + CI2 � PCI5 

t t t 
decrease decrease increase 

ANY OF THESE CHANGES CAUSES 
A SHIFT TO THE LEFT 

Figure 1 7.6 The effect of a change in 
concentration. 
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becomes larger; thus, the system is no longer at equilibrium. As some of the 
added Cl2 reacts with some of the PCl3 present and produces more PCls,  
the denominator becomes smaller once again and the numerator larger, until 
eventually Qc again equals Kc. The concentrations of the components have 
changed, however: the concentrations of Cl2 and PC Is are higher than in the 
original equilibrium position, and the concentration of PCl3 is lower. Never­
theless, the ratio of values gives the same Kc. We describe this change by 
saying that the equilibrium position shifts to the right when a component on 

the left is added: 

PCl3 + CI2(added) - PCls 

What happens if, instead of adding C12, we remove some PCI3, the other 
reactant? In this case, the system reduces the disturbance (the decrease in reac­
tant), by proceeding toward the reactant side, thereby consuming some PCls. 
Once again, thinking in terms of Qc, when we remove PCI3, the [PCI3] term 
decreases, the denominator becomes smaller, and the value of Qc rises above 
Kc. As some PCls decomposes to PCl3 and C12, the numerator decreases and the 
denominator increases until Qc equals Kc again. Here, too, the concentrations 
are different from those of the original equilibrium position, but Kc is not. We 
say that the equilibrium position shifts to the left when a component on the left 

is removed: 

PCl3(removed) + Cl2 -- PCls 

The same points we just made for adding or removing a reactant also hold 
for adding or removing a product. If we add PCls, its concentration rises and the 
equilibrium position shifts to the left, just as it did when we removed some PCI3; 
if we remove some PCls, the equilibrium position shifts to the right, just as it did 
when we added some Ch. In other words, no matter how the disturbance in con­
centration comes about, the system responds to make Qc and Kc equal again. To 
summarize the effects of concentration changes (Figure 1 7 .6): 

• The equilibrium position shifts to the right if a reactant is added or a product 
is removed: [reactant] increases or [product] decreases. 

• The equilibrium position shifts to the left if a reactant is removed or a prod­
uct is added: [reactant] decreases or [product] increases. 

In general, whenever the concentration of a component changes, the equilibrium 

system reacts to consume some of the added substance or produce some of the 

removed substance. In this way, the system "reduces the effect of the disturbance." 
The effect is not completely eliminated, however, as we will see next from a quan­
titative comparison of original and new equilibrium positions. 

Consider the case in which we added Cl2 to the system at equilibrium. Sup­
pose the original equilibrium position was established with the following con­
centrations: [PCI3] = 0.200 M, [C12] = 0. 1 25 M, and [PCls] = 0.600 M. Thus, 

[PCls] 0.600 
Qc = 

[PCI3][CI2] 
= (0.200)(0. 125) = 24.0 = Kc 

Now we add enough Cl2 to increase its concentration by 0.075 M. Before any 
reaction occurs, this addition creates a new set of initial concentrations. Then the 
system reacts and comes to a new equilibrium position. From Le ChiHelier's prin­
ciple, we predict that adding more reactant will produce more product, that is, 
shift the equilibrium position to the right. Experiment shows that the new [PCls) 
at equilibrium is 0.637 M. 

Table 17 .3  shows a reaction table of the entire process: the original equi­
librium position, the disturbance, the (new) initial concentrations, the size and 
direction of the change needed to reattain equilibrium, and the new equilibrium 
position. Figure 1 7.7 depicts the process. 
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11M'''' The Effect of Added CI2 on the PCI3-CI2-PCI5 System 
Concentration (M) PCI3(g) + CI2(g) � 

Original equilibrium 
Disturbance 
New initial 
Change 
New equilibrium 

0.200 

0.200 
-x 

0.200 - x 

0. 1 25 
+0.075 

0.200 
-x 

0.200 - x 

*Experimentally determined value. 

From Table 1 7 .3 ,  

[PCls] = 0.600 M + x = 0.637 M, so x = 0.037 M 
Also, [PCI3] = [CI2] = 0.200 M - x = 0. 1 63 M 

Therefore, at equilibrium, 

0.600 
K ( . .  I) = = 24 0 c ongIna (0.200)(0. 125) 

. 

K = 
0.637 = 24 0 c(new) (0. 1 63)(0. 1 63) 

. 

PCls(g) 

0.600 

0.600 
+x 

0.600 + x 
(0.637)'" 

There are several key points to notice about the new equilibrium concentrations 
that exist after Cl2 is added: 

• As we predicted, [PCls] (0.637 M) is higher than its original concentration 
(0.600 M). 

• [CI2] (0. 1 63 M) is higher than its original equilibrium concentration (0. 1 25 M), 
but lower than its initial concentration just after the addition (0.200 M); thus, 
the disturbance (addition of C12) is reduced but not eliminated. 

• [PCI3] (0. 1 63 M), the other left-side component, is lower than its original con­
centration (0.200 M) because some reacted with the added C12. 

• Most importantly, although the position of equilibrium shifted to the right, Kc 

remains the same. 

Be sure to note that the system adjusts by changing concentrations, but the value 
of Kc at a given temperature does not change with a change in concentration. 

SAM P LE PROBLEM 1 7.9 Predicting the Effect of a Change in Concentration 
on the Equi l ibrium Position 

Problem To improve air quality and obtain a useful product, chemists often remove sul­
fur from coal and natural gas by treating the fuel contaminant hydrogen sulfide with O2: 

2H2S(g) + 02(g) � 2S(s) + 2H20(g) 

What happens to 
(a) [H20] if O2 is added? (b) [H2S] if O2 is added? 
(c) [02] if H2S is removed? (d) [H2S] if sulfur is added? 
Plan We write the reaction quotient to see how Qc is affected by each disturbance, rela­
tive to Kc. This effect tells us the direction in which the reaction proceeds for the system 
to reattain equilibrium and how each concentration changes. 

S I ·  W "  h 
. . Q 

[H20f 
o utlon ntmg t e reactIOn quotient: c = 2 

[H2S] [02] 
(a) When O2 is added, the denominator of Qc increases, so Qc < Kc. The reaction pro­
ceeds to the right until Qc = Kc again, so [H20] increases. 
(b) As in part (a), when O2 is added, Qc < Kc. Some H2S reacts with the added O2 as 
the reaction proceeds to the right, so [H2S] decreases. 

J 
Original J New 
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Figure 1 7.7 The effect of added CI2 on 
the PCI3-CI2-PCls system. In the original 
equi l ibrium (gray region), all concentra­
tions are constant. When CI2 (yellow 

curve) is added, its concentration jumps 
and then starts to fall as CI2 reacts with 
some PCI3 to form more PCls. After a pe­
riod of time, equilibrium is re-established 
at new concentrations (blue region) but 
with the same K. 
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(c) When H2S is removed, the denominator of Qc decreases, so Qc > Kc. As the reaction 
proceeds to the left to re-form H2S , more O2 is produced as well, so [02) increases. 
(d) The concentration of solid S is unchanged as long as some is present, so it does not 
appear in the reaction quotient. Adding more S has no effect, so [H2S) is unchanged (but 
see Comment 2 below). 
Check Apply Le Chiitelier's principle to see that the reaction proceeds in the direction that 
lowers the increased concentration or raises the decreased concentration. 
Comment 1 .  As you know, sulfur exists most commonly as S8. How would this change 
in formula affect the answers? The balanced equation and Qc would be 

[H20)8 
8HzS(g) + 40z(g) � Ss(s) + 8H20(g) Qc = 

[H2S]s[02t 

The value of Kc is different for this equation, but the changes described in the problem 
have the same effects. For example, in (a), if O2 were added, the denominator of Qc would 
increase, so Qc < Kc. As above, the reaction would proceed to the right until Qc = Kc 
again .  In other words, changes predicted by Le Chatelier's principle for a given reaction 
are not affected by a change in the balancing coefficients. 
2. In (d), you saw that adding a solid has no effect on the concentrations of other com­
ponents: because the concentration of the solid cannot change, it does not appear in Q. 
But the amount of solid can change. Adding H2S shifts the reaction to the right, and more 
S forms. 

FOLLOW· U P  PROBLEM 1 7.9 In a study of the chemistry of glass etching, an inor­
ganic chemist examines the reaction between sand (Si02) and hydrogen fluoride at a tem­
perature above the boiling point of water: 

Si02(s) + 4HF(g) � SiF4(g) + 2H20(g) 

Predict the effect on [SiF4] when (a) H20(g) is removed; (b) some liquid water is added; 
(c) HF is removed; (d) some sand is removed. 

The EHect of a Change in Pressure (Volume) 
Changes in pressure have significant effects only on equilibrium systems with 
gaseous components. Aside from phase changes, a change in pressure has a neg­
ligible effect on liquids and solids because they are nearly incompressible. Pres­
sure changes can occur in three ways: 

• Changing the concentration of a gaseous component 
• Adding an inert gas (one that does not take part in the reaction) 
• Changing the volume of the reaction vessel 

We just considered the effect of changing the concentration of a component, 
and that reasoning holds here. Next, let's see why adding an inert gas has no effect 
on the equilibrium position. Adding an inert gas does not change the volume, so 
all reactant and product concentrations remain the same. In other words, the vol­
ume and the number of moles of the reactant and product gases do not change, so 
their partial pressures do not change. Because we use these (unchanged) partial 
pressures in the reaction quotient, the equilibrium position cannot change. More­
over, the inert gas does not appear in Q, so it cannot have an effect. 

On the other hand, changing the pressure by changing the volume often 
causes a large shift in the equilibrium position. Suppose we let the PCI3-Clz-PCIs 
system come to equilibrium in a cylinder-piston assembly. Then, we press down 
on the piston to halve the volume: the gas pressure immediately doubles. To 
reduce this increase in gas pressure, the system responds by reducing the number 
of gas molecules. And it does so in the only possible way-by shifting the reac­
tion toward the side with fewer moles of gas, in this case, toward the product side: 

PCI3(g) + CI2(g) -----+ PCIs(g) 
2 mol gas -----+ 1 mol gas 
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Notice that a change in volume results in a change in concentration: a decrease 
in container volume raises the concentration, and an increase in volume lowers 

[P
C

ls] 

the concentration. Recall that Qc = [
P

C
I3] [Chf When the volume is halved, the 

concentrations double, but the denominator of Qc is the product of two concen­
trations, so it quadruples while the numerator only doubles. Thus, Qc becomes 
less than Kc. As a result, the system forms more PC

ls and a new equilibrium posi­
tion is reached. Because it is just another way to change the concentration, a 
change in pressure due to a change in volume does not alter Kc. 

Thus, for a system that contains gases at equilibrium, in which the amount 
(mol) of gas, ngas, changes during the reaction (Figure 1 7 .8) :  

• If the volume becomes smaller (pressure is higher), the reaction shifts so that 
the total number of gas molecules decreases. 

• If the volume becomes larger (pressure is lower), the reaction shifts so that the 
total number of gas molecules increases. 

lower P 
(higher V) 

III( 
more moles 

of gas 

higher P 
(lower V) 

� 
fewer moles 

of gas 

In many cases, however, ngas does not change (Llngas = 0). For example, 

H2(g) + 12(g) � 2HI(g) 
2 mol gas -----+ 2 mol gas 

Qc has the same number of terms in the numerator and denominator: 

[Hlf [HI][HIJ 

Qc 
= 

[H2J[I2J [H2] [I2J 

Therefore, a change in volume has the same effect on the numerator and denom­
inator. Thus, if Llngas = 0, there is no effect on the equilibrium position. 

SAMPLE PROBLEM 1 7. 1 0  Predicting the Effect of a Change in Volume (Pressure) 
on the Equilibrium Position 

Problem How would you change the volume of each of the following reactions to increase 
the yield of the products? 
(a) CaC03(s) � CaO(s) + CO2(g) (b) S(s) + 3F2(g) � SF6(g) 
(e) CI2(g) + 12(g) � 2ICI(g) 
Plan Whenever gases are present, a change in volume causes a change in concentration. 
For reactions in which the number of moles of gas changes, if the volume decreases (pres­
sure increases), the equilibrium position shifts to relieve the pressure by reducing the num­
ber of moles of gas. A volume increase (pressure decrease) has the opposite effect. 
Solution (a) The only gas is the product CO2, To make the system produce more COz, 
we increase the volume (decrease the pressure). 

(b) With 3 mol of gas on the left and only I mol on the right, we decrease the volume 
(increase the pressure) to form more SF6. 

(e) The number of moles of gas is the same on both sides of the equation, 
so a change in volume (pressure) will have no effect on the yield of ICI. 
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Figure 1 7.8 The effect of pressure 
(volume) on a system at equilibrium. 
The system of gases (center) is at equilib­
rium.  For the reaction 

e + � e 
an increase in pressure (right) decreases 
the volume, so the reaction shifts to the 
right to make fewer molecules. A de­
crease in pressure (Jeft) increases the 
volume, so the reaction shifts to the left 
to make more molecules. 
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Check Let's predict the relative values of Qc and Kc. In (a), Qc = [C02], so increasing 
the volume will make Qc < Kc, and the system will make more CO2. In (b), Qc = 
[SF6]/[F2]

3
. Lowering the volume increases [F2] and [SF6] proportionately, but Qc 

decreases because of the exponent 3 in the denominator. To make Qc = Kc again, [SF6] 
must increase. In (c), Qc = [IClf / [CI2] [I2] . A change in volume (pressure) affects the 
numerator (2 mol) and denominator (2 mol) equally, so it will have no effect. 

FOLLOW- U P  P RO B LEM 1 7. 1 0  Would you increase or decrease the pressure (via 
a volume change) of each of the following reaction mixtures to decrease the yield 
of products? 
(a) 2S02(g) + 02(g) � 2S03(g) (b) 4NH3(g) + 502(g) � 4NO(g) + 6H20(g) 
(c) CaC204(s) � CaC03(s) + CO(g) 

The Effect of a Change in Temperature 
Of the three types of disturbances-a change in concentration, in pressure, or in 
temperature-only temperature changes alter K. To see why, we must take the 
heat of reaction into account: 

PCI3(g) + Cl2(g) � PCls(g) t::.H�xn = - 1 1 1  kJ 

The forward reaction is exothermic (releases heat; tlHo < 0), so the reverse reac­
tion is endothermic (absorbs heat; tlHo > 0): 

PCI3(g) + CI2(g) --+ PCls(g) + heat (exothermic) 
PCI3(g) + CI2(g) - PCls(g) + heat (endothermic) 

If we consider heat as a component of the equilibrium system, a rise in temper­
ature means heat is "added" to the system and a drop in temperature means heat 
is "removed" from the system. As with a change in any other component, the 
system shifts to reduce the effect of the change. Therefore, a temperature increase 
(adding heat) favors the endothermic (heat-absorbing) direction, and a tempera­

ture decrease (removing heat) favors the exothermic (heat-releasing) direction. 

If we start with the system at equilibrium, Qc equals Kc. Increase the tem­
perature, and the system responds by decomposing some PCls to PCl3 and C12, 
which absorbs the added heat. The denominator of Qc becomes larger and the 
numerator smaller, so the system reaches a new equilibrium position at a smaller 
ratio of concentration terms, that is, a lower Kc. Similarly, the system responds to 
a drop in temperature by forming more PCls from some PCl3 and C12, which 
releases more heat. The numerator of Qc becomes larger, the denominator smaller, 
and the new equilibrium position has a higher Kc. Thus, 

• A temperature rise will increase Kc for a system with a positive tlH�xn. 

• A temperature rise will decrease Kc for a system with a negative tlH�xn-

Let's review these ideas with a sample problem. 

SAMPLE PROBLEM 1 7. 1 1 Predicting the Effect of a Change in Temperature 
on the Equilibrium Position 

Problem How does an increase in temperature affect the equilibrium concentration of the 
underlined substance and Kc for each of the following reactions? 
(a) CaO(s) + H20(l) � Ca(OHhCaq) t::.W = -82 kJ 
(b) CaC03(s) � CaO(s) + CO2(g) t::.W = 178  kJ 
(c) S02(g) � S(s) + 02(g) t::.Ho = 297 kJ 
Plan We write each equation to show heat as a reactant or product. Increasing the tem­
perature adds heat, so the system shifts to absorb the heat; that is, the endothermic reac­
tion occurs. Kc will increase if the forward reaction is endothermic and decrease if it is 
exothermic. 
Solution (a) CaO(s) + H20(l) � Ca(OHhCaq) + heat 
Adding heat shifts the system to the left: [Ca(OHh] and Kc will decrease. 
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(b) CaC03(s) + heat � CaO(s) + CO2(g) 
Adding heat shifts the system to the right: [C02] and Kc will increase. 
(c) S02(g) + heat � S(s) + 02(g) 
Adding heat shifts the system to the right: [S02] will decrease and Kc will increase. 
Check You can check your answers by going through the reasoning for a decrease in tem­
perature: heat is removed and the exothermic direction is favored. All the answers should 
be opposite. 

FOLLOW· UP PROB LEM 1 7. 1 1 How does a decrease in temperature affect the partial 
pressure of the underlined substance and the value of Kp for each of the following reactions? 
(a) C(graphite) + 2H2(g) � CH4(g) t:.W = -75 kJ 
(b) N2(g) + 02(g) � 2NO(g) t:.W = 1 8 1  kJ 
(c) P4(s) + lOClzCg) � 4PCI5(g) t:.W = - 1528 kJ 

The Lack of Effect of a Catalyst 
Let's briefly consider a final external change to the reacting system: adding a cat­
alyst. Recall from Chapter 1 6  that a catalyst speeds up a reaction by providing 
an alternative mechanism with a lower activation energy, thereby increasing the 
forward and reverse rates to the same extent. In other words, it shortens the time 
needed to attain the final concentrations.  Thus, a catalyst shortens the time it takes 

to reach equilibrium but has no effect on the equilibrium position. 

If, for instance, we add a catalyst to a mixture of PCl3 and Cl2 at 523 K, the 
system will attain the same equilibrium concentrations of PCI3, Clz, and PCls 
more quickly than it did without the catalyst. Nevertheless, a catalyst often plays 
a key role in optimizing the yield of a reaction system. The industrial production 
of ammonia, described in the following subsection, provides an example of a cat­
alyzed improvement of yield. 

Table 1 7.4 summarizes the effects of changing conditions on the position 
of equilibrium. Note that many changes alter the equilibrium position, but only 
temperature changes alter the value of the equilibrium constant. Sample Prob­
lem 1 7 . 1 2  shows how to visualize equilibrium at the molecular level. 

I1Mlf,' Effect of Various Disturbances on a System at Equilibrium 
Disturbance Net Direction of Reaction Effect on Value of K 

Concentration 
Increase [reactant] 
Decrease [reactant] 
Increase [product] 
Decrease [product] 

Pressure 
Increase P 

(decrease V)  
Decrease P 

(increase V)  
Increase P 

(add inert gas, no 
change in V)  

Temperature 
Increase T 

Decrease T 

Catalyst added 

Toward formation of product 
Toward formation of reactant 
Toward formation of reactant 
Toward formation of product 

Toward formation of fewer moles 
of gas 

Toward formation of more moles 
of gas 

None; concentrations unchanged 

Toward absorption of heat 

Toward release of heat 

None; forward and reverse 
equilibrium attained sooner; 
rates increase equally 

None 
None 
None 
None 

None 

None 

None 

Increases if t:.J-r,xn > 0 
Decreases if t:.J-r,xn < 0 
Increases if t:.J-r,xn < 0 
Decreases if t:.J-r,xn > 0 
None 
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SAMPLE PROBLEM 1 7. 1 2  Determining Equilibrium Parameters 
from Molecular Scenes 

Problem For the reaction, 

X(g) + Y2(g) � XY(g) + Y(g) /),.H > 0 

the following molecular scenes depict different reaction mixtures (X = green, Y = purple): 

2 

• 

(a) If Kc = 2 at the temperature of the reaction, which scene represents the mixture 
at equilibrium? 
(b) Will the reaction mixtures in the other two scenes proceed toward reactants or toward 
products to reach equilibrium? 
(e) For the mixture at equilibrium, how will a rise in temperature affect [Y2]? 
Plan (a) We are given the balanced equation and the value of Kc and must choose the 
scene representing the mixture at equilibrium. We write the expression for Qc, and for each 
scene, count particles and plug in the numbers to solve for the value of Qc' Whichever 
scene gives a Qc equal to Kc represents the mixture at equilibrium. (b) To determine the 
direction each reaction proceeds in the other two scenes, we compare the value of Qc with 
the given Kc. If Qc > Kc, the numerator (product side) is too high, so the reaction pro­
ceeds toward reactants; if Qc < Kc, the reaction proceeds toward products. (e) We are 
given the sign of tl.H and must see whether a rise in T (corresponding to supplying heat) 
will increase or decrease the amount of the reactant Y 2. We treat heat as a reactant or 
product and see whether adding heat shifts the reaction right or left. 
Solution (a) For the reaction, we have 

[XY] [Y] 
Qc = 

[X] [Y2] 

5 X 3 
scene 1 :  Q = -- = 15  c 

1 X 1 
4 X 2  

scene 2: Q = -- = 2 c 
2 X 2 

3 X I I 
scene 3: Q = -- = -c 

3 X 3 3 

For scene 2, Qc = Kc, so it represents the mixture at equilibrium. 
(b) For scene 1 ,  Qc ( 1 5) > Kc (2), so the reaction proceeds toward reactants. For scene 3, 
Qc (�) < Kc (2), so the reaction proceeds toward products. 
(e) The reaction is endothermic, so heat acts as a reactant: 

X(g) + Y2(g) + heat � XY(g) + Y(g) 

Therefore, adding heat to the left shifts the reaction to the right, so [Y 2] decreases. 
Check (a) Remember that quantities in the numerator (or denominator) of Qc are multi­
plied, not added. For example, the denominator for scene 1 is 1 X 1 = 1 ,  not 1 + 1 = 2. 
(e) A good check is to imagine that /),.H < 0 and see if you get the opposite result: 

X(g) + Y2(g) � XY(g) + Y(g) + heat 

If b.H < 0, adding heat would shift the reaction to the left and increase [Y 2] . 

FOLLOW-U P  PROBLEM 1 7. 1 2  For the reaction 

ilH < 0 

these molecular scenes depict different reaction mixtures (C = red, D = blue): 

1 At equil ibrium 2 3 

(a) Calculate the value of Kp. (b) In which direction will the reaction proceed for the mix­
tures not at equilibrium? (e) For the mixture at equilibrium, what effect will a rise in T 
have on the total moles of gas (increase, decrease, no effect)? Explain. 
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The Industrial Production of Ammonia 
Nitrogen occurs in countless compounds, and four-fifths of the air we breathe is  
N2.  Yet, the use of N2 in producing biological and industrial compounds is lim­
ited by its low chemical reactivity, the result of its strong triple bond. Thus, ele­
mental nitrogen first must be fixed-combined with other elements in some usable 
form. The great majority of nitrogen fixation occurs naturally, either caused by 
lightning or carried out by enzymes found in certain bacteria on plant roots. How­
ever, nearly 13% of nitrogen fixation is accomplished industrially, through the 
Haber process for the synthesis of ammonia: 

N2(g) + 3H2(g) ::;::::=::: 2NH3(g) !1H�xn = - 9 1 .8 kJ 

The process was developed in 1 9 1 3  by the German chemist Fritz Haber, and the first 
plant to use it produced 1 2,000 tons a year. Today, more than 1 10 million tons are 
produced each year-the highest production level of any compound (on a mole ba­
sis). Over 80% of this ammonia is used in fertilizers; other uses include the manu­
facture of explosives, nylons, and other polymers. 

By inspecting the balanced equation and applying equilibrium principles, we 
can see three ways to maximize the yield of ammonia: 

1 .  Decrease concentration of ammonia. NH3 is the product, so removing it will 
shift the equilibrium position toward producing more. 

2. Decrease volume (increase pressure). Because four moles of gas react to form 
two moles of gas, decreasing the volume will shift the equilibrium position to­
ward fewer moles of gas, that is, toward forming more NH3. 

3. Decrease temperature. Because the formation of ammonia is exothermic, de­
creasing the temperature (removing heat) will shift the equilibrium position 
toward formation of product, thereby increasing Kc (Table 1 7 .5) .  

FW'fJj Effect of Temperature on Kc for Ammonia Synthesis 

200. 
300. 
400. 
500. 
600. 
700. 
800. 

7 . 1 7 X  1 0 1 5  

2.69X 108 
3.94X 1 04 

1 .72 X 102 

4.S3 X I OO 
2.96X l O- 1 

3.96 x 10-2 

Therefore, the yield of NH3 is maximized by removing it continuously as it 
forms while maintaining high pressure and low temperature. Figure 17.9 on the next 
page shows the very high yield (98 .3%) attained at 1000 atm and 473 K (200.DC). 
Unfortunately, these conditions lead to a problem that highlights the distinction be­
tween equilibrium and kinetics. Although the yield is favored at this low tempera­
ture, the rate of formation is too slow to be economical. In practice, a compromise 
optimizes yield and rate. High pressure and continuous removal of product increase 
yield, and a somewhat higher temperature and a catalyst are used to increase rate. 
Achieving the same rate increase without a catalyst would require even higher tem­
peratures, which would reduce the yield. 

Modem ammonia plants operate at 200-300 atm and around 673 K (400.DC), and 
the catalyst consists of small iron crystals fused into a mixture of MgO, Ah03, and 
Si02. The reactant gases in stoichiometric ratio (N2:H2 = 1 :3) are injected into the re­
action chamber and over the catalyst beds. The emerging equilibrium mixture, which 
contains about 35% NH3 by volume, is cooled to condense and remove the NH3; the 
remaining N2 and H2, which are still gaseous, are recycled into the reaction chamber. 
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Figure 1 7.9 Percent yield of ammonia 
vs. temperature (OC) at five different 
operating pressures. At very high pres­
sure and low temperature (top left), the 
yield is high, but the rate of formation is 
low. Industrial conditions (circle) are be­
tween 200 and 300 atm at about 400°C. 
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S E C T I O N  S U M MA RY 
Le Chatelier's principle states that if a system at equi l ibrium is d isturbed, the sys­
tem undergoes a net reaction that reduces the d isturbance and al lows equi l ibrium to 
be reattained. Changes in concentration cause a net reaction away from the added 
component or toward the removed component. For a reaction that involves a change 
in number of moles of gas, an increase in  pressure (decrease in volume) causes a 
net reaction toward fewer moles of gas, and a decrease in pressure causes the oppo­
site change. Although the equi l ibrium concentrations of components change as a 
result of concentration and volume changes, K does not change. A temperature 
change does change K: higher T increases K for an endothermic reaction (positive 
!1H�xn) and decreases K for an exothermic reaction (negative !1H�xn)' A catalyst 
causes the system to reach equ i l ibr ium more qu ickly by speeding forward and 
reverse reactions equal ly, but it does not affect the equi l ibrium position. Ammonia 
production is favored by high pressure, low temperature, and continual removal of 
product. To make the process economical, an intermediate temperature and a cata­
lyst are used. 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise. )  

Learning Objectives 
To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are l isted in parentheses . 

1 .  Distinguish between the rate and the extent of a reaction; un­
derstand that the equilibrium constant (K) is a number whose 
magnitude is related to the extent of the reaction (§ 1 7. 1 )  (EPs 
1 7. 1 - 1 7.4) 
2. Understand that the reaction quotient (Q) changes until the sys­
tem reaches equilibrium, when it equals K; write Q for any bal­
anced equation, and calculate K given concentrations (§ 1 7.2) (SP 
1 7 . 1 )  (EPs 1 7 .5-17 . 1 8) 
3. Use the ideal gas law and �ngas to convert between Kc and Kp 
(§ 1 7.3) (SP 1 7.2) (EPs 1 7. 1 9-17 .25) 

.Key Terms 
Section 1 7. 1 Section 1 7.2 

4. Explain how the reaction direction depends on the relative val­
ues of Q and K (§ 17.4) (SP 1 7 .3) (EPs 1 7.26- 17 .29) 
5. Solve different types of equi l ibrium problems; calculate K 
given unknown quantities (concentrations or pressures), or un­
known quantities given K, set up and use a reaction table, apply 
the quadratic equation, and make an assumption to simplify the 
calculations (§ 1 7.5) (SPs 1 7 .4-1 7 .8) (EPs 1 7.30-17 .45) 
6. Understand Le Chiitelier's principle, and predict the effects of 
concentration, pressure (volume), temperature, and a catalyst 
on equilibrium position and on K (§ 1 7.6) (SPs 1 7 .9- 1 7 . 12) 
(EPs 1 7.46- 1 7.60) 

Section 1 7.6 
equilibrium constant (K) (542) law of chemical equilibrium 

(law of mass action) (543) 
reaction quotient (Q) (544) 

Le Chiitelier's principle (56 1 )  
Haber process (569) 



Key Equations and Relationships 
1 7. 1  Defining equilibrium in terms of reaction rates (54 1 ) :  

At equilibrium: ratefwd = raterev 
1 7.2 Defining the equilibrium constant for the reaction 
A � 2B (542):  

K = kfwd = [B]�q 
krev [A]eq 

1 7.3 Defining the equilibrium constant in terms of the reaction 
quotient (544): 

At equilibrium: Q = K 
1 7.4 Expressing Qc for the reaction aA + bB � cC + dD (545): 

[Cr[D]d Qc = [AnB]b 
1 7.5 Finding the overall K for a reaction sequence (546) : 

Koverall = KI X K2 X K3 X . . .  

Brief Solutions to Follow-up Problems 
[NO]4[H20]6 [N20] [N02] 1 7. 1 (a) Qc = [NH3]4[02]S (b) Qc = [NO]3 

1 7.2 Kp = Kc(RT)- 1  = 1 .67 (0.082 1 :::� X 500. K)- I  
= 4.07 X l O-2 

(PCH3dcPHCI) (0.24)(0.47) 
1 7.3 Qp = = = 25;  

(P Cl-I)(P CI) (0. 1 3)(0.035) 

Qp < Kp, so CH3Cl is forming. 
1 7.4 From the reaction table for 2NO + O2 � 2N02, 

POz = 1 .000 atm - x = 0.506 atm; x = 0.494 atm 
Also, PNO = 0.0 1 2  atm and PNOz = 0.988 atm, so 

0.9882 

K = = 1 . 3 X 1 04 p 
0 . 0 1 22(0.506) 

. 30 (0.78 1 )(0.209) 
1 7.5 SInce �ngas = 0, Kp = Kc = 2 . 3 X 10 = 2 
Thus, PNO = 2 .7 X l O- 1 6  atm 

PNO 

1 7.6 From the reaction table, [H2] = [12] = x; [HI] = 0.242 - 2x. 2 
-3 x 

Thus, Kc = 1 .26 X 1 0  = 
(0.242 _ 2X)2 

Taking the square root of both sides, ignoring the negative root, 
and solving gives x = [H2] = 8 .02 X 1 0-3 M. 

1 7.7 (a) Based on the reaction table, and assuming that 
0.20 M - x = 0.20 M, 

4x2 

K = 2.94 X l O- 1 0  = -- X = 3 . 8 X lO-6 c 
0.20 

Problems with colored numbers are answered in  Appendix E .  
Sections match the text and provide the numbers ot relevant 
sample problems. Bracketed problems are grouped in pairs 
( indicated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 

Problems 571  

1 7.6 Finding K of a reaction from K of the reverse reaction (547): 

1 
Kfwd = -­Krev 

1 7.7 Finding K of a reaction multiplied by a factor n (547): 

K' = K" 
1 7.8 Relating K based on pressures to K based on concentra-
tions (549):  Kp = Kc(RT/'''g,,, 
1 7.9 Assuming that ignoring the concentration that reacts intro­
duces no significant error (557):  

[A] init - [A]reacting = [A]eq = [A]init 

Error = 1 .9 X l  0-3% , so assumption is justified; therefore, at equi­
librium, [12] = 0.20 M and [I] = 7.6X 10-6 M. 

(b) Based on the same reaction table and assumption, x = 0. 1 0; 

error is 50%, so assumption is not justified. Solve equation: 
4x2 + 0.209x - 0.042 = 0 x = 0.080 M 

Therefore, at equilibrium, [12] = 0. 1 2  M and [I] = 0. 1 6  M. 

(0.0900)(0.0900) 
6 -2 1 7.8 (a) Qc = 

0.2 1 00 
= 3 . 8  X 1 0  

Qc < Kc, s o  reaction proceeds to the right. 
(b) From the reaction table, 

[PCls] = 0.2 1 00 M - x = 0.2065 M x = 0.0035 M 

So, [CI2] = [PCI3] = 0.0900 M + x = 0.0935 M. 

1 7.9 (a) [Sif4] increases; (b) decreases; (c) decreases; (d) no effect. 
1 7. 1 0  (a) Decrease P; (b) increase P; (c) increase P. 
1 7. 1 1 (a) PHz will decrease; Kp will increase; (b) PNz will increase; 
Kp will decrease; (c) PpCls will increase; Kp will increase. 

n 1 7. 1 2  (a) Since P = -RT and, in this case, V, R, and T cancel, 
V 2 

1 6  K = nco = -- = 4 p nCzXnoz (2)(2) 

(b) Scene 2 to the left; scene 3 to the right. (c) There are 2 mol of 
gas on each side of the balanced equation, so there is no effect on 
total moles of gas. 

The Equilibrium State and the Equilibrium Constant 

1 7. 1  A change in reaction conditions increases the rate of a certain 
forward reaction more than that of the reverse reaction. What is 
the effect on the equilibrium constant and the concentrations of 
reactants and products at equilibrium? 
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1 7.2 When a chemical company employs a new reaction to manu­
facture a product, the chemists consider its rate (kinetics) and 
yield (equilibrium). How do each of these affect the usefulness 
of a manufacturing process? 

1 7.3 If there is no change in concentrations, why is the equilibrium 
state considered dynamic? 

1 7.4 (a) Is K very large or very small for a reaction that goes es­
sentially to completion? Explain. (b) White phosphorus, P4, is 
produced by the reduction of phosphate rock, Ca3(P04)z. If ex­
posed to oxygen, the waxy, white solid smokes, bursts into 
flames, and releases a large quantity of heat. Does the reaction 

Pig) + S02(g) � P40lO(S) 
have a large or small equilibrium constant? Explain. 

The Reaction Quotient and the Equilibrium Constant 
(Sample Problem 17 . 1 )  

1 7.5 For a given reaction at a given temperature, the value of K is 
constant. Is the value of Q also constant? Explain. 

1 7.6 In a series of experiments on the thermal decomposition of 
lithium peroxide, 

2Li202(s) � 2Li20(s) + °2(g) 
a chemist finds that, as long as some Li202 is present at the end 
of the experiment, the amount of O2 obtained in a given con­
tainer at a given T is the same. Explain. 

1 7.7 In a study of the formation of HI from its elements, 
H2(g) + I2(g) � 2HI(g) 

equal amounts of H2 and 12 were placed in a container, which 
was then sealed and heated. 
(a) On one set of axes, sketch concentration vs. time curves for 
H2 and HI, and explain how Q changes as a function of time. 
(b) Is the value of Q different if [12] is plotted instead of [H2]? 

1 7.8 Explain the difference between a heterogeneous and a homo­
geneous equilibrium. Give an example of each. 

1 7.9 Does Q for the formation of 1 mol of NO from its elements 
differ from Q for the decomposition of 1 mol of NO to its ele­
ments? Explain and give the relationship between the two Q's. 

1 7. 1 0  Does Q for the formation of 1 mol of NH3 from H2 and N2 
differ from Q for the formation of NH3 from H2 and I mol of N2? 
Explain and give the relationship between the two Q's. 

1 1 7. 1 1 Balance each reaction and write its reaction quotient, Qc: 
(a) NO(g) + 02(g) � N203(g) 
(b) SF6(g) + S03(g) � S02F2(g) 
(c) SCIFs(g) + H2(g) � S2F lO(g) + HCI(g) 

1 7. 1 2  Balance each reaction and write its reaction quotient, Qc: 
(a) C2H6(g) + 02(g) � CO2 (g) + H20(g) 
(b) CH4(g) + F2(g) � CF4(g) + HF(g) 
(c) S03(g) � S02(g) + 02(g) 

1 7. 1 3  At a particular temperature, Kc = 1 .6 X  1 0-2 for 
2H2S(g) � 2H2(g) + S2(g) 

Calculate Kc for each of the following reactions: 
(a) 1S2(g) + H2(g) � H2S(g) 
(b) SH2S(g) � SH2(g) + �S2(g) 

1 7. 1 4  At a particular temperature, Kc = 6.5 X 1 02 for 
2NO(g) + 2H2(g) � N2(g) + 2H20(g) 

Calculate Kc for each of the following reactions: 
(a) NO(g) + H2(g) � 1N2(g) + H20(g) 
(b) 2N2(g) + 4H20(g) � 4NO(g) + 4H2(g) 

1 7. 1 5  Balance each of the following examples of heterogeneous 
equilibria and write its reaction quotient, Qc: 
(a) Na202(S) + CO2(g) � Na2C03(S) + 02(g) 
(b) H20(l) � H20(g) 
(c) NH4CI(s) � NH3(g) + HCI(g) 

1 7. 1 6  Balance each of the following examples of heterogeneous 
equilibria and write its reaction quotient, Qc: 
(a) H20(l) + S03(g) � H2S04(aq) 
(b) KN03(s) � KN02(s) + 02(g) 
(c) Sg(s) + F2(g) � SF6(g) 

1 7. 1 7  Write Qc for each of the following: 
(a) Hydrogen chloride gas reacts with oxygen gas to produce 
chlorine gas and water vapor. 
(b) Solid diarsenic trioxide reacts with fluorine gas to produce 
liquid arsenic pentafluoride and oxygen gas. 
(c) Gaseous sulfur tetrafluoride reacts with liquid water to 
produce gaseous sulfur dioxide and hydrogen fluoride gas. 
(d) Solid molybdenum(VI) oxide reacts with gaseous xenon 
difluoride to form liquid molybdenum(VI) fluoride, xenon gas, 
and oxygen gas. 

1 7. 1 8  The interhalogen CIF3 is prepared in a two-step fluorination 
of chlorine gas: 

CI2(g) + F2(g) � CIF(g) 
CIF(g) + F2(g) � CIF3(g) 

(a) Balance each step and write the overall equation. 
(b) Show that the overall Qc equals the product of the Qc' s for the 
individual steps. 

Expressing Equilibria with Pressure Terms: 
Relation Between K. and Kp 
(Sample Problem 1 7.2) 

1 7. 1 9  Guldberg and Waage proposed the definition of the equi­
librium constant as a certain ratio of concentrations. What 
relationship allows us to use a particular ratio of partial pres­
sures (for a gaseous reaction) to express an equilibrium con­
stant? Explain. 

1 7.20 When are Kc and Kp equal, and when are they not? 
1 7.21 A certain reaction at equilibrium has more moles of gaseous 

products than of gaseous reactants. 
(a) Is Kc larger or smaller than Kp? 
(b) Write a general statement about the relative sizes of Kc and 
Kp for any gaseous equilibrium. 

1 1 7.22 Determine Ilngas for each of the following reactions: 
(a) 2KCI03(s) � 2KCI(s) + 302(g) 
(b) 2PbO(s) + 02(g) � 2Pb02(s) 
(c) I2(s) + 3XeF2(s) � 2IF3(s) + 3Xe(g) 

1 7.23 Determine Ilngas for each of the following reactions: 
(a) MgC03(s) � MgO(s) + CO2(g) 
(b) 2H2(g) + OzCg) � 2H20(l) 
(c) HN03(1) + CIF(g) � CION02(g) + HF(g) 

1 7.24 Calculate Kc for each of the following equilibria: 
(a) CO(g) + CI2(g) � COCI2(g); Kp = 3 .9X 10-2 at 
1000. K 
(b) S2(g) + CCs) � CS2(g); Kp = 28.5 at 500. K 

1 7.25 Calculate Kc for each of the following equilibria: 
(a) H2(g) + I2(g) � 2HI(g); Kp = 49 at 730. K 
(b) 2S02(g) + 02(g) � 2S03(g); Kp = 2.S X 1010  at 500. K 



Reaction Direction: Comparing Q and K 
(Sample Problem 1 7.3) 
17.26 When the numerical value of Q i s  less than K, in which 
direction does the reaction proceed to reach equil ibrium? 
Explain .  

117.27 At 425°C, Kp = 4. 1 8 X  1 0-9 for the reaction 
2HBr(g) � H2(g) + Br2(g) 

In one experiment, 0.20 atm of HBr(g), 0.0 1 0  atm of Hz(g), 
and 0.0 1 0  atm of Br2(g) are i ntroduced into a container. Is 
the reaction at equi l ibrium? If not, in which direction will 
it proceed? 

17.28 At 100°C, Kp = 60.6 for the reaction 
2NOBr(g) � 2NO(g) + Br2(g) 

In a given experiment, 0. 10  atm of each component is placed in 
a container. Is the system at equilibrium? If not, in which direc­
tion will the reaction proceed? 

17.29 The water-gas shift reaction plays a central role in the chem­
ical methods for obtaining cleaner fuels from coal: 

CO(g) + H20(g) � CO2(g) + H2(g) 
At a given temperature, Kp = 2.7. If 0. 1 3  mol of CO, 0.56 mol of 
H20, 0.62 mol of CO2, and OA3 mol of H2 are introduced into a 
2.0-L flask, in which direction must the reaction proceed to 
reach equilibrium? 

How to Solve Equilibrium Problems 
(Sample Problems 17 A to 17 .8) 
17.30 For a problem involving the catalyzed reaction of methane 

and steam, the following reaction table was prepared: 

Pressure 
(atm) CH4(g) + 2H2O(g) CO2(g) + 4H2(g) 

Initial 0.30 OAO 0 0 
Change -x -2x +x +4x 
Equilibrium 0.30 - x OAO - 2x x 4x 

Explain the entries in the "Change" and "Equilibrium" rows. 
17.31 (a) What i s  the basis of the approximation that avoids using 

the quadratic formula to find an equilibrium concentration? 
(b) When should this approximation not be made? 

117.32 In an experiment to study the formation of HI(g), 
H2(g) + I2(g) � 2HI(g) 

H2(g) and 12(g) were placed in a sealed container at a certain 
temperature. At equilibrium, [H2] = 6.50X 10-5 M, [Iz] = 

l .06X 10-3 
M, and [HI] = 1 . 87 X 10-3 

M. Calculate Ke for the 
reaction at this temperature. 

17.33 Gaseous ammonia was introduced into a sealed container 
and heated to a certain temperature: 

2NH3(g) � Nz(g) + 3H2(g) 
At equilibrium, [NH3] = 0.0225 M, [N2] = 0. 1 1 4  M, and [H2] = 
0.342 M. Calculate Ke for the reaction at this temperature. 

17.34 Gaseous PCl5 decomposes according to the reaction 
PCIs(g) � PCI3(g) + Clz(g) 

In one experiment, 0. 1 5  mol of PCIs(g) was introduced into a 
2.0-L container. Construct the reaction table for this process. 

Problems 

17.35 Hydrogen fluoride, HF, can be made from the reaction 
H2(g) + F2(g) � 2HF(g) 

573 

In one experiment, 0. 10  mol of H2(g) and 0.050 mol of F2(g) are 
added to a 0.50-L flask. Write a reaction table for this process. 

17.36 For the following reaction, Kp = 6.5 X 104 at 308 K: 

2NO(g) + CI2(g) � 2NOCI(g) 
At equilibrium, PNO = 0.35 atm and PC!, = 0. 10  atm. What is 
the equilibrium partial pressure of NOCI(g)? 

17.37 For the following reaction, Kp = 0.262 at 1000°C: 
C(s) + 2Hz (g) � CH4(g) 

At equilibrium, PH, is 1 .22 atm. What is the equilibrium partial 
pressure of CH4(g)? 

17.38 Ammonium hydrogen sulfide decomposes according to the 
following reaction, for which Kp = 0. 1 1  at 250°C: 

NH4HS(s) � H2S(g) + NH3(g) 
If 55.0 g of NH4HS(s) is placed in a sealed 5.0-L container, what 
is the partial pressure of NH3(g) at equilibrium? 

17.39 Hydrogen sulfide decomposes according to the following 
reaction, for which Ke = 9.30X 10-8 at 700°C: 

2HzS(g) � 2H2(g) + Sz(g) 
If OA5 mol of HzS is placed in a 3 .0-L container, what is the 
equilibrium concentration of Hz(g) at 700°C? 

17.40 Even at high T, the formation of nitric oxide is not favored: 
Nz(g) + 02(g) � 2NO(g) Ke = 4. 10X 10-4 at 2000°C 
What is [NO] when a mixture of 0.20 mol of Nz(g) and 0.15 mol 
of Oz(g) reach equilibrium in a 1 .0-L container at 2000°C? 

17.41 Nitrogen dioxide decomposes according to the reaction 
2NOz(g) � 2NO(g) + 02(g) 

where Kp = 4A8 X 10- 1 3 at a certain temperature. A pressure of 
0.75 atm of N02 is introduced into a container and allowed to 
come to equil ibrium. What are the equilibrium partial pressures 
of NO(g) and Oz(g)? 

17.42 In an analysis of interhalogen reactivity, 0.500 mol of ICI 
was placed in a 5 .00-L flask, where it decomposed at a high T: 
2ICI(g) � Iz(g) + Clz(g). Calculate the equilibrium concen­
trations of Iz, C12, and ICI (Ke = 0. 1 10  at this temperature). 

17.43 A United Nations toxicologist studying the properties of 
mustard gas, S(CHzCHzCI)z, a blistering agent used in warfare, 
prepares a mixture of 0.675 M SClz and 0.973 M CZH4 and al­
lows it to react at room temperature (20.0°C): 

SClz(g) + 2CzH4(g) � S(CH2CH2ClhCg) 
At equilibrium, [S(CHzCHzCI)z] = 0.350 M. Calculate Kp. 

17.44 The first step in industrial production of nitric acid is the 
catalyzed oxidation of ammonia. Without a catalyst, a different 
reaction predominates: 

4NH3(g) + 30z(g) � 2Nz(g) + 6HzO(g) 
When 0.0 1 50 mol of NH3(g) and 0.0 1 50 mol of Oz(g) are placed 
in a 1 .00-L container at a certain temperature, the N2 concentra­
tion at equilibrium is l .96X 10-3 M. Calculate Ke. 

17.45 A key step i n  the extraction of iron from its ore is 
FeO(s) + CO(g) � Fe(s) + CO2 (g) Kp = OA03 at 1000°C 
This step occurs in the 700°C to 1200°C zone within a blast fur­
nace. What are the equilibrium partial pressures of CO(g) and 
COz(g) when 1 .00 atm of CO(g) and excess FeO(s) react in a 
sealed container at 1 000°C? 
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Reaction Conditions and the Equilibrium State: 
Le Chotelier's Principle 
(Sample Problems 17.9 to 1 7. 1 2) 
17.46 What is the difference between the equilibrium position and 

the equilibrium constant of a reaction? Which changes as a result 
of a change in reactant concentration? 

17.47 Scenes A, B, and C depict this reaction at three temperatures: 
NH4CI(s) ::::;:::::=: NH3(g) + HCI(g) t.H�xn = 1 76 kJ 

A-------

(a) Which best represents the reaction mixture at the highest 
temperature? Explain. 
(b) Which best represents the reaction mixture at the lowest tem­
perature? Explain. 

17.48 What is implied by the word "constant" in the term equilib­
rium constant? Give two reaction parameters that can be changed 
without changing the value of an equilibrium constant. 

17.49 Le Chatelier's principle is related ultimately to the rates of 
the forward and reverse steps in a reaction. Explain (a) why an 
increase in reactant concentration shifts the equilibrium posi­
tion to the right but does not change K; (b) why a decrease in 
V shifts the equilibrium position toward fewer moles of gas but 
does not change K; and (c) why a rise in T shifts the equil ibrium 
position of an exothermic reaction toward reactants and also 
changes K. 

17.50 Le Chatelier's principle predicts that a rise in the tempera­
ture of an endothermic reaction from T I to T2 results in K2 being 
larger than KI• Explain. 

117.51 Consider this equilibrium system: 
CO(g) + Fe304(S) ::::;:::::=: CO2(g) + 3FeO(s) 

How does the equilibrium position shift as a result of each of the 
following disturbances? 
(a) CO is added. 
(b) CO2 is removed by adding solid NaOH. 
(c) Additional Fe304(S) is added to the system. 
(d) Dry ice is added at constant temperature. 

17.52 Sodium bicarbonate undergoes thermal decomposition ac­
cording to the reaction 

2NaHC03(s) ::::;:::::=: Na2C03(S) + CO2(g) + H20(g) 
How does the equilibrium position shift as a result of each of the 
fol lowing disturbances? 
(a) 0.20 atm of argon gas is added. 
(b) NaHC03(s) is added. 
(c) Mg(CI04h(s) is added as a drying agent to remove H20. 
(d) Dry ice is added at constant temperature. 

17.53 Predict the effect of increasing the container volume on the 
amounts of each reactant and product in the following reactions: 
(a) F2(g) ::::;:::::=: 2F(g) 
(b) 2CH4(g) ::::;:::::=: C2H2(g) + 3H2(g) 

17.54 Predict the effect of decreasing the container volume on the 
amounts of each reactant and product in the following reactions: 

(a) C3H8(g) + 502(g) ::::;:::::=: 3C02(g) + 4H20(l) 
(b) 4NH3(g) + 302(g) ::::;:::::=: 2N2(g) + 6H20(g) 

17.55 How would you adjust the volume of the reaction vessel 
in order to maximize product yield in each of the following 
reactions? 
(a) Fe304(S) + 4H2(g) ::::;:::::=: 3Fe(s) + 4H20(g) 
(b) 2CCs) + 02(g) ::::;:::::=: 2CO(g) 

17.56 How would you adjust the volume of the reaction vessel 
in order to maximize product yield in each of the following 
reactions? 
(a) Na20is) ::::;:::::=: 2Na(l) + 02(g) 
(b) C2H2(g) + 2H2(g) ::::;:::::=: C2H6(g) 

17.57 Predict the effect of increasing the temperature on the 
amounts of products in the following reactions: 
(a) CO(g) + 2H2(g) ::::;:::::=: CH30H(g) t.H�xn = -90.7 kJ 
(b) CCs) + H20(g) ::::;:::::=: CO(g) + H2(g) t.H�xn = 131 kJ 
(c) 2N02(g) ::::;:::::=: 2NO(g) + 02(g) (endothermic) 
(d) 2CCs) + 02(g) ::::;:::::=: 2CO(g) (exothermic) 

17.58 Predict the effect of decreasing the temperature on the 
amounts of reactants in the following reactions: 
(a) C2H2(g) + H20(g) ::::;:::::=: CH3CHO(g) t.H�xn = -IS 1 kJ 
(b) CH3CH20H(l) + 02(g) ::::;:::::=: CH3C02H(l) + H20(g) 

t.H�xn = -45 1 kJ 
(c) 2C2H4(g) + 02(g) ::::;:::::=: 2CH3CHO(g) (exothermic) 
(d) N204(g) ::::;:::::=: 2N02(g) (endothermic) 

17.59 The minerals hematite (Fe203) and magnetite (Fe304) exist 
in equilibrium with atmospheric oxygen: 
4Fe304(S) + 02(g) ::::;:::::=: 6Fe203(S) Kp = 2.5 X 1 087 at 298 K 

(a) Determine P02 at equilibrium. (b) Given that P02 in air is 
0.2 1 atm, in which direction will the reaction proceed to reach 
equilibrium? (c) Calculate Kc at 298 K. 

17.60 The oxidation of S02 is the key step in H2S04 production: 
S02(g) + 102(g) ::::;:::::=: S03(g) t.H�xn = -99.2 kJ 

(a) What qualitative combination of Tand P maximizes S03 yield? 
(b) How does addition of O2 affect Q? K? 
(c) Why is catalysis used for this reaction? 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 
17.61 What three criteria characterize a chemical system at 

equil ibrium? 
17.62 The "filmstrip" represents five molecular-level scenes of a 

gaseous mixture as it reaches equilibrium over time: 

A B c o E 
X is purple and Y is orange: X2(g) + Y 2(g) ::::;:::::=: 2XY(g). 
(a) Write the reaction quotient, Q, for this reaction. 
(b) If each particle represents 0. 1 mol of particles, calculate Q 
for each scene. 



(c) If K > 1 ,  is time progressing to the right or to the left? Explain. 
(d) Calculate K at this temperature. 
(e) If !:::.H�xn < 0, which scene, if any, best represents the mixture 
at a higher temperature? Explain. 
(f) Which scene, if any, best represents the mixture at a higher 
pressure (lower volume)? Explain. 

17.63 A study of the water-gas sh ift reaction (see Problem 
1 7 .29) was made in which equil ibrium was reached with 
[CO] = [H20] = [H2] = 0. 1 0  M and [C02] = 0.40 M. After 
0.60 mol of H2 is added to the 2.0-L container and equil ib­
rium is reestablished, what are the new concentrations of all 
the components? 

17.64 Isolation of Group 8B( l O) elements, used as industrial cata­
lysts, involves a series of steps. For nickel, the sulfide ore is 
roasted in air: Ni3S2(s) + 02(g) � NiO(s) + S02(g). The 
metal oxide is reduced by the H2 in water gas (CO + H2) to im­
pure Ni: NiO(s) + H2(g) � Ni(s) + H20(g). The CO in 
water gas then reacts with the metal in the Mond process to form 
gaseous nickel carbonyl, Ni(s) + CO(g) � Ni(COMg), 
which is subsequently decomposed to the metal. 
(a) Balance each of the three steps, and obtain an overall bal­
anced equation for the conversion of Ni3S2 to Ni(CO)4' 
(b) Show that the overall Qc is the product of the Qc's for the in­
dividual reactions. 

17.65 One of the most important industrial sources of ethanol is 
the reaction of steam with ethylene derived from crude oil: 
C2H4(g) + H20(g) � C2H50H(g) 

!:::.H�xn = -47.8 kJ Kc = 9 X  1 03 at 600. K 
(a) At equil ibrium, PC2HsOH = 200. atm and PH20 = 400. atm. 
Calculate PC2H.' 
(b) Is the highest yield of ethanol obtained at high or low pres­
sures? High or low temperatures? 
(c) In ammonia manufacture, the yield is increased by condens­
ing the NH3 to a liquid and removing it from the vessel. Would 
condensing the C2H50H have the same effect for ethanol pro­
duction? Explain. 

17.66 An industrial chemist introduces 2.0 atm of H2 and 2.0 atm 
of CO2 into a I .OO-L container at 25.0°C and then raises the tem­
perature to 700.oC, at which Kc = 0.534: 

Hig) + COig) � H20(g) + CO(g) 
How many grams of H2 are present at equil ibrium? 

17.67 As an EPA scientist studying catalytic converters and urban 
smog, you want to find Kc for the following reaction: 

2N02(g) � N2(g) + 202(g) Kc = ? 
Use the following data to find the unknown Kc: 

!N2(g) + !02(g) � NO(g) Kc = 4.8X l O-IO 
2N02(g) � 2NO(g) + 02(g) Kc = 1 . 1  X 10-5 

17.68 An engineer examining the oxidation of S02 in the man­
ufacture of su lfuric acid determines that Kc = 1 .7 X  1 08 at 
600. K: 

2S02(g) + 02(g) � 2S03(g) 
(a) At equilibrium, Pso, = 300. atm and Po, = 1 00. atm. Calcu-
late PS02' 

- -

(b) The engineer places a mixture of 0.0040 mol of S02(g) and 
0.0028 mol of OAg) in a 1 .0-L container and raises the tempera­
ture to 1000 K. At equilibrium, 0.0020 mol of S03(g) is present. 
Calculate Kc and PS02 for this reaction at 1 000. K. 
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17.69 When 0.100 mol of CaC03(s) and 0.100 mol of CaO(s) are 
placed in an evacuated sealed 1 O.0-L container and heated to 
385 K, PC02 = 0.220 atm after equilibrium is established: 

CaC03(s) � CaO(s) + CO2(g) 
An additional 0.300 atm of CO2(g) is then pumped into the con­
tainer. What is the total mass (in g) of CaC03 after equil ibrium 
is re-established? 

17.70 Use each oflhe following reaction quotients to write the bal­
anced equation: 

17.71 In combustion studies of H2 as an alternative fuel, you find 
evidence that the hydroxyl radical (HO) is formed in flames by 
the reaction H(g) + !02(g) � HO(g). Use the following data 
to calculate Kc for the reaction: 

!H2(g) + !02(g) � HO(g) 
!H2(g) � H(g) 

Kc = 0.58 
Kc = 1 .6X 1 0-3 

17.72 Aluminum is one of the most versatile metals. It is produced 
by the Hall-Heroult process, in which molten cryolite, Na3AIF6, 
is used as a solvent for the aluminum ore. Cryolite undergoes 
very slight decomposition with heat to produce a tiny amount of 
F2, which escapes into the atmosphere above the solvent. Kc is 
2X 10- 104 at 1 300 K for the reaction: 

Na3AlF6(l) � 3Na(l) + AI(l) + 3F2(g) 
What is the concentration of F2 over a bath of molten cryolite at 
this temperature? 

17.73 An equilibrium mixture of car exhaust gases consisting of 
10.0 volumes of CO2, 1 .00 volume of unreacted O2, and 50.0 vol­
umes of unreacted N2 leaves the engine at 4.0 atm and 800. K. 
(a) Given this equil ibrium, what is the partial pressure of CO? 
2C02(g) � 2CO(g) + 02(g) Kp = 1.4X 10-28 at 800. K 
(b) Assuming the mixture has enough time to reach equilibrium, 
what is the concentration in picograms per liter (pg/L) of CO in 
the exhaust gas? (The actual concentration of CO ill car exhaust 
is much higher because the gases do not reach equilibrium in the 
short transit time through the engine and exhaust system.) 

17.74 Consider the following reaction: 
3Fe(s) + 4H20(g) � Fe304(S) + 4H2(g) 

(a) What are the apparent oxidation states of Fe and of 0 
in Fe304? 
(b) Fe304 is a compound of iron in which Fe occurs in two oxi­
dation states. What are the oxidation states of Fe in Fe304? 
(c) At 900°C, Kc for the reaction is 5 .1 .  If 0.050 mol of H20(g) 
and 0.100 mol of Fe(s) are placed in a 1 .0-L container at 900°C, 
how many grams of Fe304 are present at equil ibrium? 

Note: The synthesis of ammonia is a major process throughout 
the industrialized world. Problems 17.75 to 17.79 reter to 
various aspects of this all-important reaction: 

!:::.H�xn = -9 1 .8 kJ 

* 17.75 When ammonia is made industrially, the mixture of N2, Hb 
and NH3 that emerges from the reaction chamber is far from 
equilibrium. Why does the plant supervisor use reaction condi­
tions that produce less than the maximum yield of ammonia? 
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17.76 The following reaction is sometimes used to produce the H2 
needed for the synthesis of ammonia: 

CH4(g) + CO2(g) � 2CO(g) + 2Hig) 
(a) What is the percent yield of H2 when an equimolar mixture of 
CH4 and CO2 with a total pressure of 20.0 atm reaches equilib­
rium at 1200. K, at which Kp = 3 .548X 106? 
(b) What is the percent yield of H2 for this system at 1300. K, at 
which Kp = 2.626X 107? 

17.77 Using CH4 and steam as a source of H2 for NH3 synthesis 
requires high temperatures. Rather than burning CH4 separately 
to heat the mixture, it is more efficient to inject some oxygen into 
the reaction mixture. All of the H2 is thus released for the syn­
thesis, and the heat of reaction for the combustion of CH4 helps 
maintain the required temperature. Imagine the reaction occur­
ring in two steps: 
2CH4(g) + 02(g) � 2CO(g) + 4H2(g) 

Kp = 9.34X 1028 at 1000. K 
CO(g) + H20(g) � CO2(g) + H2(g) 

Kp = 1.374 at 1000. K 
(a) Write the overall equation for the reaction of methane, steam, 
and oxygen to form carbon dioxide and hydrogen. 
(b) What is Kp for the overall reaction? 
(c) What is Kc for the overall reaction? 
(d) A mixture of 2.0 mol of CH4, 1.0 mol of O2, and 2.0 mol of 
steam with a total pressure of 30. atm reacts at 1000. K at con­
stant volume. Assuming that the reaction is complete and the 
ideal gas law is a valid approximation, what is the final pressure? 

17.78 One mechanism for the synthesis of ammonia proposes that 
N2 and H2 molecules catalytically dissociate into atoms: 

N2(g) � 2N(g) log Kp = -43. 1 0  
H2(g) � 2H(g) 10g Kp = -17.30 

(a) Find the partial pressure of N in N2 at 1000. K and 200. atm. 
(b) Find the partial pressure of H in H2 at 1000. K and 600. atm. 
(c) How many N atoms and H atoms are present per liter? 
(d) Based on these answers, which of the following is a more 
reasonable step to continue the mechanism after the catalytic 
dissociation? Explain. 

N(g) + H(g) - NH(g) 
N2(g) + H(g) - NH(g) + N(g) 

* 17.79 You are a member of a research team of chemists discussing 
the plans to operate an ammonia processing plant: 

N2(g) + 3H2(g) � 2NH3(g) 
(a) The plant operates at close to 700 K, at which Kp is 
1.00X 10-4, and employs the stoichiometric 1 :3 ratio of N2:H2. 

At equilibrium, the partial pressure of NH3 is 50. atm. Calculate 
the partial pressures of each reactant and Ptotal' 

(b) One member of the team makes the following suggestion: 
since the partial pressure of H2 is cubed in the reaction quotient, 
the plant could produce the same amount of NH3 if the reactants 
were in a 1:6 ratio of N2:H2 and could do so at a lower pressure, 
which would cut operating costs. Calculate the partial pressure 
of each reactant and Ptotal under these conditions, assuming an 
unchanged partial pressure of 50. atm for NH3. Is the team mem­
ber's argument valid? 

17.80 The two most abundant atmospheric gases react to a tiny ex­
tent at 298 K in the presence of a catalyst: 

Nig) + 02(g) � 2NO(g) Kp = 4.35X 10-31 
(a) What are the equil ibrium pressures of the three components 
when the atmospheric partial pressures of O2 (0.210 atm) and of 
N2 (0.780 atm) are put into an evacuated 1 .00-L flask at 298 K 
with catalyst? 
(b) What is Ptotal in the container? 
(c) Find Kc for this reaction at 298 K. 

17.81 Isopentyl alcohol reacts with pure acetic acid to form 
isopentyl acetate, the essence of banana oil: 

C5HIIOH + CH3COOH � CH3COOC5HII + H20 
A student adds a drying agent to remove H20 and thus increase 
the yield of banana oil . Is this approach reasonable? Explain. 

* 17.82 For the equi librium 
2H2S(g) � 2H2(g) + S2(g) Kc = 9 .0X 10-8 at 700°C 
the initial concentrations of the three gases are 0.300 M H2S, 
0.300 M H2, and 0. 1 50 M S2' Determine the equilibrium concen­
trations of the gases. 

17.83 Glauber's salt, Na2S04 'lOH20, was used by J. R. Glauber in 
the 17th century as a medicinal agent. At 25°C, Kp = 4.08 X 10-25 
for the loss of water of hydration from Glauber's salt: 

Na2S04'IOH20(s) � Na2S04(S) + l OH20(g) 
(a) What is the vapor pressure of water at 25°C in a closed con­
tainer holding a sample of Na2S04'lOH20(s)? 
(b) How do the following changes affect the ratio (higher, lower, 
same) of hydrated form to anhydrous form for the system above? 
( 1 )  Add more Na2S04(S) (2) Reduce the container volume 
(3) Add more water vapor (4) Add N2 gas 

* 17.84 In a study of synthetic fuels, 0. 1 00 mol of CO and 0. 100 mol 
of water vapor are added to a 20.00-L container at 900.oC, and 
they react to form CO2 and H2. At equilibrium, [CO] is 
2.24X 10-3 M. (a) Calculate Kc at this temperature. (b) Calculate 
Ptotal in the flask at equilibrium. (c) How many moles of CO 
must be added to double this pressure? (d) After Ptotal is doubled 
and the system reattains equilibrium, what is [CO]eq? 



Cooking with Acids and Bases The acids in lemon react with the bases in salmon 
in a culinary neutralization. In this chapter, you'll examine the equilibrium nature and 
the expanding definitions of acid-base reactions. 

Key Principles 
• In aqueous systems, the proton always exists as a hydronium ion, H30 +. 

• In the Arrhenius acid-base definition, an acid is an H-containing 
substance that yields H30+ in water, a base is an OH-containing 
substance that yields OH- in water, and an acid-base (neutralization) 
reaction occurs when H30+ and OH-form H20. 

• The dissociation of a weak acid, HA, in water is a reversible process 
associated with an equilibrium constant called the acid-dissociation 
constant, Ka. The stronger the acid, the higher its Ka: weak acids 
typically have Ka values that are several orders of magnitude less 
than 1. 

• Water molecules dissociate (autoionize) to a very small extent into 
H30+ and OH-, a process associated with the ion-product 
constant for water. Kw. Acidity or basicity is determined by the 
relative magnitudes of [H30+] and [OH-]: in a neutral solution (or 
pure water), [H30+] = [OW], in an acidic solution, [H30+] > [OW], 
and in a basic solution, [H30+] < [OH-]. 

• The pH, or the negative log of [H30+], is a measure of a solution's 
acidity: pH < 7 means the solution is acidic, and pH > 7 means it is 
basic. Because Kw, the product of [H30+] and [OH-], is a constant, 
the values for [H30+], [OH-], pH, and pOH are interconvertible. 

• In the Br0nsted-Lowry acid-base definition, a base is any species that 
accepts a proton; thus, there are many more Brensted-Lowry bases 
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Acid-Base Equilibria 

than Arrhenius bases. When base B accepts a proton from acid HA, 
the species BH+ and A-form. HA and A-are a conjugate acid­
base pair. as are BH+ and B. Thus, an acid-base reaction is a 
proton-transfer process between two conjugate acid-base pairs, 
with the stronger acid and base forming the weaker acid and base. 

• Polyprotic acids have more than one ionizable proton, but in solution, 
essentially all the H30+ comes from the first dissociation. 

• Ammonia, amines, and anions of weak acids behave as weak bases in 
a process associated with a base-dissociation constant, Kb. The 
reaction of HA with H20 added to the reaction of A-with H20 gives 
the reaction for the auto ionization of water; thus, Ka x Kb = Kw. 

• The electronegativity of atoms and the polarity, length, and energy of 
bonds determine acid strength. 

• In a salt solution, the ion that reacts with water to a greater extent 
(higher K) determines the solution's acidity or basicity. 

• In the Lewis acid-base definition, an acid is any species that accepts a 
lone pair to form a new bond in an adduct. Thus, there are many 
more Lewis acids than other types. Lewis acids include molecules 
with electron-deficient atoms, molecules with polar multiple bonds, 
and metal cations. 

18.1 Acids and Bases in Water 
The Arrhenius Acid-Base Definition 
The Acid-Dissociation Constant (K.) 
Relative Strengths of Acids and Bases 

Finding Concentrations Given Ka 
Ex1ent of Acid Dissociation 
Polyprotic Acids 

18.7 Acid-Base Properties of Salt Solutions 
Salts That Yield Neutral Solutions 
Salts That Yield Acidic Solutions 

18.2 Autoionization of Water and the pH Scale 
Autoionization and Kw 
The pH Scale 

18.3 Proton Transfer and the Bmnsted-Lowry 
Acid-Base Definition 
The Conjugate Acid-Base Pair 
Net Direction of Acid-Base Reactions 

18.4 Solving Problems Involving 
Weak-Acid Equilibria 
Finding Ka Given Concentrations 

18.5 Weak Bases and T heir Relation 
to Weak Acids 
Ammonia and the Amines 
Anions of Weak Acids 
The Relation Between Ka and Kb 

18.6 Molecular Properties and Acid Strength 
Nonmetal Hydrides 
Oxoacids 
Acidity of Hydrated Metal Ions 

Salts That Yield Basic Solutions 
Salts of Weakly Acidic Cations and Weakly 

Basic Anions 

18.8 Electron-Pair Donation and the Lewis 
Acid-Base Definition 

Molecules as Lewis Acids 
Metal Cations as Lewis Acids 
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Concepts & Skills to Review 
Before You Study This Chapter 

• role of water as solvent (Section 4.1) 
• writing ionic equations (Section 4.2) 
• acids, bases, and acid-base reactions 

(Section 4.4) 
• proton transfer in acid-base reactions 

(Section 4.4) 
• properties of an equil ibrium constant 

(Section 17.2) 
• solving equilibrium problems 

(Section 1 7.5) 

Figure 1 8. 1  The hydrated proton. 

+ 

The charge of the H+ ion is highly con­

centrated because the ion is so small. In 

aqueous solution, it forms a covalent 

bond to a water molecule, yielding an 

H30+ ion that associates tightly with 

other H20 molecules. Here, the H703 + 
ion is shown. 

CHAPTER 1 8  Acid·Base Equilibria 

A cids and bases have been used as laboratory chemicals for centur ies, and they 
J-\remain indispensable, not only in academic and industrial labs, but in the 
home as well . Common household acids include acetic acid (CH3COOH, vine­
gar), citric acid (H3C6Hs07 ,  in citrus fruits), and phosphoric acid (H3P04, a 
flavoring agent in many carbonated beverages as well as a rust remover). Sodi um 
hydroxide (NaOH, drain cleaner), ammonia (NH3, glass cleaner), and sodium 
hydrogen carbonate (NaHC 03, baking soda) are some familiar bases. 

Some acids (e.g., acetic and citric) have a sour taste. In fact, sourness had 
been a defi ning property since the 1 7th century: an acid was any substance th at 
had a sour taste; reacted with active metals, such as aluminum and zinc, to pro­
duce hydrogen gas ; and turned certain organic compounds characteristic coJOJ"S . 
(We discuss indicators later and in Chapter 19.) A base was any subst ance t hat 
had a bitter taste and slippery feel and turned the same organic compounds dif­
ferent characteristic colors. (Please remember NEVER to taste or touch labor a­
tory chemicals; instead, try some acetic acid in the form of vinegar on y our next 
salad.) Moreover, it was known that when acids and bases react, each cancels 
the properties of the other in a process called neutralization. But definitions in  
science evolve because, as  descriptions become too limited, they must  be 
replaced by broader ones. Although the early defi nitions of acids and bases 
described distinctive properties, they inevitably gave way to defi nitions based on 
molecular behavior. 

In this chapter, we develop three definitions of acids and bases that allow us 
to understand ever-increasing numbers of reactions. In the process, we apply the 
principles of chemical equilibrium to this essential group of substances. 

18.1 ACIDS AND BASES IN WATER 

Although water is not an essential participant i n  all  modern acid-base defi ni­
tions, most laboratory work with acids and bases involves water, as do most 
environmental, biological, and industrial applications. Recall from our discus­
sion in Chapter 4 that water is a product in all reactions between strong acids 
and strong bases: 

HCl(aq) + NaOH(aq) -- NaCl(aq) + H20(l) 
Indeed, as the net ionic equation of this reaction shows, water is the product: 

H+(aq) + OH-(aq) -- H20(l) 
Furthermore, whenever an acid dissociates in water, solvent molecules participate 
in the reaction: 

HA(g or l) + H20(l) -- A -(aq) + H30+(aq) 

Water molecules surrou nd the proton to form species with the general formula 
H(H20)11 +. Because the proton is so small,  its charge density is very high, so its 
attraction to water is especially strong. The proton bonds covalently to one of the 
lone electron pairs of a water molecule's 0 atom to form a hydronium ion, 
H30 +, or H(H20) +, which forms H bonds to several other water molecules. For 
example, H7 03 +, or H(H20h +, is shown in Figure 1 8. 1 .  To emphasize the active 
role of water and the nature of the proton-water interaction, the hydr ated proton 
is usually shown in the text as H30+(aq), although in some cases this hydrated 
species is shown more simply as H+(aq). 

Release of H+ or OH- and the Arrhenius Acid-Base Definition 
The earliest and simplest defi nition of acids and bases that reflects their molecu­
lar nature was suggested by Svante Arrhenius, whose work on reaction rate we 
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enc ountered in Chapter 1 6. In the Arrhenius acid-base definition, ac ids and 
bases are c lassified in terms of their form ulas and their behavior in water: 

• An acid is a s ubstance that has H in its formula and dissoc iates in water to 
yield H30+ . 

• A base is a substance that has OH in its formula and dissoc iates in water to 
yield OH-.  

Som e  typic al Arrhenius ac ids are HCI,  HN03 , and HCN, and some typi­
cal bases are NaOH, K OH, and B a( OHh- Although Arrhenius b ases c ontain 
discrete OH- ions in  their struc tures, Arrhenius ac ids never c ontain H + ions. 
On the c ontrary, these ac ids c ontain covalently bonded H atoms that ionize 

in water. 
When an ac id and a base reac t, they undergo neutralization. The meaning 

of ac id-b ase reac tions has c hanged along with the defi nitions of ac id and base, 
but in the Arrhenius sense, neutralization occ urs when the H+ ion from the acid 
and the OH- ion from the base combine to form H20. This description explains 
why all neutral ization reac tions between strong ac ids and strong bases (those that 
dissoc iate c ompletely in water) have the same heat of reaction. No matter which 
strong ac id and b ase react ,  and no matter whic h salt forms, !::.H�xn is about 
- 56 kJ per mole of water formed b ec ause the actual reaction is always the 
same- a  hydrogen ion and a hydroxide ion form water: 

H+(aq) + OH-(aq) - H20(l) /::;'H�xn = -55.9 kJ 
The dissolved salt that form s along with the water does not af fec t the !::.H�xn but 
exists as hydrated spec tator ions. 

Despite its importanc e at the time, limitations in the Arrhenius definition soon 
bec am e apparent. Arrhenius and m any others realized that even though some 
subst ances do not ha ve OH in their formulas, they still behave as b ases. F or 
example, NH3 and K 2C03 also yield OH- in water. As you' ll see shortly, broader 
ac id-base defi nitions are required to inc lude these spec ies. 

Variation in Acid Strength: The Acid-Dissociation Constant (Ka) 
Ac ids and b ases diff er greatly in their strength in water, that is, in the amount of 
H3 0+ or OH- produced per mole of sub stance dissolved. We generally c lassify 
ac ids and bases as either strong or weak, acc ording to the extent of their disso­
c iation into ions in water (see Table 4.2).  Remember, however, that a gradation 
in strength exists, as we' l l  exam.ine quantitatively in a moment. Ac ids and bases 
are elec trolytes in water, so this c lassific ation of ac id and b ase strength correlates 
with our earlier c lassification of elec trolyte strength: strong electrolytes dissoci­

ate completely, and weak electrolytes dissociate partially. 

• Strong acids dissociate completely into ions in water (F igure 1 8.2 on the next 
page): 

HA(g or l) + H20(l) - H30+(aq) + A -(aq) 
In a dilute solution of a strong ac id, virtually no HA molecules are present; 
that is, [H30+J = [HAJinit. In other words, [HAJeq = 0, so the value of Kc i s  
extrem ely large: 

[H30+] [A -] 
Qc = 

[HA] [H20] 
(at equilibrium, Qc = Kc» 1 )  

Bec ause the reac tion i s  essentially c omplete, i t  i s  not very useful to express it 
as an equil ibrium process. In a dilute aqueous nitric ac id solution, for exam­
ple, there are virtually no undissoc iated nitric ac id molecules: 

HN03(l) + H20(l) - H30+(aq) + N03 -(aq) 

.6ll Animation: Dissociation of Strong and 
�WeakAcids 
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(/) Ql o E 
'0 
Oi ..0 E :l C Ql > � 
a; 
a: 

Before 
dissociation 

After 
dissociation 

HA HA Hp+ A-

Strong acid: HA(gor I) + H20(l) __ H30+(aq) + A-(aq) 
Figure 1 8.2 The extent of dissociation for strong acids_ The bar graphs show the relative num­
bers of moles of species before (left) and after (right) acid d issociation occurs. When a strong acid 
dissolves in water, it dissociates completely, yielding H30+(aq) and A -(aq) ions; virtually no HA 
molecules are present. 

• Weak acids dissociate very slightly into ions in water (Figure 1 8.3) :  

HA(aq) + H20(l) � H30+(aq) + A -(aq) 
In a dilute solution of a weak ac id, the great majority of HA molecules 

are undissociated. Thus, [H30+] « [HAlnit. In other words, [HA]eq = 

[HA]init, so the value of Kc is very small. Hydrocyanic acid is an example 
of a weak ac id: 

HCN(aq) + H20(l) � H30+(aq) + CN-(aq) 
[H30+][CN-] 

Qc = 
[HCN][H20] 

(at equilibrium, Qc = Kc « 1 )  

(In this chapter, w e  are dealing with systems a t  equilibrium, s o  instead o f  writ­
ing Q and stating that Q equals K at equilibrium, from here on, we' l l  express K 
directly as a collec tion of equilibrium concentration terms.) 

(/) Ql o E 
'0 
Oi ..0 E :l C Ql > � a; a: 

Before 
dissociation 

After 
dissociation 

HA HA Hp+ A-

Weak acid: HA(aq) + H20(1) � H30+(aq) + A-(aq) 
Figure 1 8.3 The extent of dissociation for weak acids. In contrast to a strong acid in water (see 
Figure 18.2), a weak acid dissociates very little, remaining mostly as intact acid molecules and, 
thus, yielding relatively few H30+(aq) and A -(aq) ions. 
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The Meaning of Ka There is a specific equiEbrium constant for acid dissociation 
that highlights only those species whose concentrations change to any significant 
extent. The equilibrium expression for the dissociation of a general weak acid, 
HA, in water is  

K = 
[H30+][A -] 

c [HA][H20] 

In general, the concentration of water, [H20], is so much larger than [HA] that 
it changes negligibly when HA dissociates; thus, it is treated as a constant. 
Therefore, as you saw for solids in Section 1 7 .2, we simplify the equilibrium 
expression by multiplying [H20] by Kc to defi ne a new equilibrium constant, the 
acid-dissociation constant (or acid-ionization constant), Ka: 

[H O+][A-] 
K [H 0] = K = ----"

3 
__ _ c 2 a 
[HA] 

(18.1) 

Like any equilibrium constant, Ka is a number whose magnitude is temperature 
dependent and tells how far to the right the reaction has proceeded to reach equi­
librium. Thus, the stronger the acid, the higher the [H30+j at equilibrium, and 
the larger the Ka: 

Stronger acid =;> higher [H30+] =;> larger Ka 

The range of values for the acid-dissociation constants of weak acids extends 
over many orders of magnitude. Listed below are some benchmark Ka values for 
typical weak acids to give you a general idea of the fraction of HA molecules 
that dissociate into ions: 

• F or a weak acid with a relatively high Ka (�1O-
2
), aIM solution has � 1 00/0 

of the HA molecules dissociated. The Ka of chlorous acid (HCI02) is  
1.1 X 10-

2
, and 1 M HC102 is 1 0.0/0 dissociated. 

• F or a weak acid with a moderate Ka (� 1O-5 ), a IM solution has �0.30/0 of 
the HA molecules dissociated. The Ka of acetic acid (CH3COOH) is 1 .8 X I  0-5, 
and 1 M CH3COOH ' is  0.420/0 dissociate€l,. 

• For a weak acid with a relatively low Ka (�1O-10) ,  aiM solution has 
�O.OO I % of the HA molecules dissociated. The Ka of HCN is 6.2 X 1 0- 10 , and 
1 M HCN is 0.00250/0 dissociated. 

Thus, for solutions of the same initial HA concentration, the smaller the Ka, the 

lower the percent dissociation of HA: 

Smaller K" =;> lower % dissociation of HA =;> weaker acid 

A list of Ka values for some common acids appears in Appendix C.  

Classifying the Relative Strengths of Acids and Bases 
Using a table of acid-dissociation constants is the surest way to quantify relative 
strengths of weak acids, but you can of ten classify acids and bases qualitatively 
as strong or weak just from their formulas: 

• Strong acids. Two types of strong acids, with examples that you should mem­
orize, are 
1 .  The hydrohalic acids HCI, HBr, and HI 
2. Oxoacids in which the number of 0 atoms exceeds the number of ionizable 

protons by two or more, such as RN03, H2S04, and HCI04; for example, 
in H2S04, 4 0 's - 2 H 's = 2 

58 1  
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• Weak acids. There are many more weak acids than strong ones. Four types, 
with examples, are 
L The hydrohalic acid HF 
2. Acids in which H is not bonded to 0 or to a halogen, such as HCN and H2S 
3. Oxoacids in which the number of 0 atoms equals or exceeds by one the 

number of ionizable protons, such as HClO, HN02, and H3P04 
4. Carboxylic acids (general for mula RCOOH , with the ionizable proton shown 

in red), such as CH3COOH and C6Hs COOH 

• Strong bases. Water-soluble compounds containing 0
2

- or OH- ions are strong 
bases. The cations are usually those of the most active metals: 
L M20 or MOH, where M = Group I A( 1 )  metal (Li, Na, K, Rb , Cs) 
2. MO or M(OH)z , where M = Group 2A(2) metal (Ca, Sr, B a) 

[MgO and Mg(OH)2 are only slightly soluble in water, but the soluble por­
tion dissociates completely.] 

• Weak bases. Many compounds with an electron-rich nitrogen atom are weak 
bases (none are Arrhenius bases). The common structural feature is an N atom 
with a lone electron pair (shown here in blue): 
I. Ammonia CNH3) 
2. Amines (general formula RN H2, R2NH, or R3N ), such as CH3CH2NHz ,  

(CH3)2NH, and (C3H7)3N 

SAMPLE PROBLEM 1 8 . 1  Classifying Acid and Base Strength 
from the Chemical Formula 

Problem Classify each of the following compounds as a strong acid, weak acid, strong 
base, or weak base: 
(a) H2Se04 (b) (CH3hCHCOOH 
(c) KOH (d) (CH3hCHNH2 
Plan We examine the formula and classify each acid or base, using the text descriptions. 
Particular points to note for acids are the numbers of 0 atoms relative to H atoms and the 
presence of the -COOH group. For bases, note the nature of the cation or the presence 
of an N atom that has a lone pair. 
Solution (a) Strong acid: H2Se04 is an oxoacid in which the number of 0 atoms exceeds 
the number of ionizable protons by two. 
(b) Weak acid: (CH3hCHCOOH is a carboxylic acid, as indicated by the -COOH group. 
(c) Strong base: KOH is one of the Group lA( l )  hydroxides. 
(d) Weak base: (CH3)2CHNH2 has a lone pair on the N and is an amine. 

FOLLOW·UP PROB LEM 1 8. 1  Which member of each pair is the stronger acid or base? 
(a) HCIO or HCI03 
(b) HCI or CH3COOH 
(c) NaOH or CH3NH2 

S E C T I O N  S U M M A RY 
Acids and bases are essential substances in home, industry, and the environment. In 
aqueous solution, water combines with the proton released from an acid to form the 
hydrated species represented by H30+(aq). In the Arrhenius definition, acids contain 
H and yield H30+ in water, bases contain OH and yield OH- in water, and an acid­
base reaction (neutralization) is the reaction of H+ and OH- to form H20. Acid strength 
depends on [H30+] relative to [HA] in aqueous solution. Strong acids dissociate com­
pletely and weak acids slightly. The extent of dissociation is expressed by the acid­
dissociation constant, Ka. Weak acids have Ka values ranging from about 10-1 to 
10-12. Many acids and bases can be classified qualitatively as strong or weak based 
on their formulas. 
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1 8.2 AUTOIONIZATION OF WATER AND THE pH SCALE 

Before we discuss the next major definition of acid-base behavior, let's examine 
a crucial property of water that enables us to quantify [H30+] in any aqueous 
system: water is an extremely weak electrolyte. The electrical conductivity of tap 
water is due almost entirely to dissolved ions, but even water that has been repeat­
edly distil led and deionized exhibits a tiny conductance. The reason is that water 
itself dissociates into ions very s l ightly in an equilibrium process known as 
autoionization (or self-ionization) :  

+ + 

OW(aq) 

The Equilibrium Nature of Autoionization: 
The lon-Product Constant for Water (Kw) 
Like any equilibrium process, the autoionization of water is described quantita­
tively by an equilibrium constant: 

[H30+ ] [OH-] K = -'--''----'---'-----;c-----'--C [H20f 

Because the concentration of H20 is essentially constant here, we simplify this 
equilibrium expression by including the constant [H20f term with the value of 
Kc to obtain a new equibbrium constant, the ion-product constant for water, K", : 

Kc[H20f = Kw = [H30+] [OH-] = l .OX  1 0- 14 (at 25°C) (1 8.2) 

Notice that one H30+ ion and one OH- ion appear for each H20 molecule that 
dissociates. Therefore, in  pure water, we find that 

[H30+] = [OH-] = Yl .OX  t o  1 4  = l .OX L O-7 M (at 25°C) ( 1 000 giL ) 
Pure water has a concentration of about 55.5 M that is, , so these 

1 8.02 glmol 
equil ibrium concentrations are attained when only 1 in 555 mill ion water mol­
ecules dissociates reversibly into ions !  

Autoionization of  water has two maj or consequences for aqueous acid­
base chemistry: 

l .  A change in [H30+j causes an inverse change in {OH-j, and vice versa: 

Higher [H30+] ===> lower [OH- J and Higher [OH-] ===> lower [H30+] 
Recall from our discussion of Le Chatelier's principle (Section 1 7 .6) that a change 
in concentration of either ion shifts the equilibrium position, but it does not 
change the equi l ibrium constant. Therefore, if some acid is added, [H30 + ] 
increases, and so [OH-] must decrease; if some base is added, [OH-] increases, 
and so [H30+] must decrease. However, the addition of H30+ or OH- merely 
leads to the formation of H20, so the value of Kw is maintained. 

2. Both ions are present in all aqueous systems. Thus, all acidic solutions 
contain a low concentration of OH- ions, and all basic solutions contain a low 
concentration of H30+ ions. The equilibrium nature of autoionization allows us 
to define "acidic" and "basic" solutions in terms of relative magnitudes of [H30+ ] 
and [OH-] :  

In an acidic solution. 
In a neutral solution, 
[n a basic solution. 

[H30+] > [OW ]  
[H30+] = [OH-] 
[H30+ 1 < [OH-I 
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< Divide into Kw > I [OH-] I 

Figure 1 8.4 The relationship between [H30+] and [OH-] and the relative acidity of solutions. 

Figure 18.4 summarizes these relationships and the relative solution acidity. 
Moreover, if you know the value of Kw at a particular temperature and the 
concentration of one of these ions, you can easily calculate the concentration of 
the other ion by solving for it from the Kw expression: 

[H 0+] -
Kw 

[OH-] _ Kw 

3 - [OH-] 
or - [H30+]  

SAMPLE PROBLEM 1 8.2 Calculating [H30+] and [OW] i n  Aqueous Solution 
Problem A research chemist adds a measured amount of HCl gas to pure water at 25°C 
and obtains a solution with [H30+] = 3.0X 1 0-4 M. Calculate [OH-] .  Is the solution neu­
tral, acidic, or basic? 
Plan We use the known value of Kw at 25°C ( l .OX 1 0- 14) and the given [H30+] 
(3.0X 10-4 M) to solve for [OH-] . Then, we compare [H30+] with [OH-] to determine 
whether the solution is acidic, basic, or neutral (see Figure 18 .4). 
Solution Calculating [OH-]: 

K l .OX l O- 1 4 
[OH-] -

w 
- __ ---;;-- [H30+] - 3.0X 10  4 

= 3.3x lO- 1 1 M 

Because [H30+] > [OH-], the solution is acidic. 
Check It makes sense that adding an acid to water results in an acidic solution. Moreover, 
because [H30+] is greater than 10-7 M, [OH-] must be less than 10-7 M to give a con­
stant Kw. 

FOLLOW-U P  PROBLEM 1 8 .2 Calculate [H30+] in a solution that is at 25°C and has 
[OH-] = 6.7X l O-2 M. Is the solution neutral, acidic, or basic? 

Expressing the Hydronium Ion Concentration: The pH Scale 
In aqueous solutions, [H30+] can vary from about 10 M to 10- 1 5  M. To handle 
numbers with negative exponents more conveniently in calculations, we convert 

/ them to positive numbers using a numerical system called a p-scale, the negative 
of the common (base- t O) logarithm of the number. Applying this numerical sys­
tem to [H30+] gives pH, the negative logarithm of [H+] (or [H30+]) :  

pH = -log [H30+] (1 8.3) 
What is the pH of 10- 1 2  M H30+ solution? 

pH = -log [H30+] = -log 1 0 - 1 2  = (- 1 )( - 1 2) = 1 2  

/ Similarly, a 10-3 M H30+ solution has a pH of 3, and a S .4X 10-4 M H30+ solu­
tion has a pH of 3 .27 : ' 

pH = -log [H30+] = (- l )(log 5.4 + log 1 0-4) = 3 .27 
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As with any measurement, the number of significant figures in a pH value 
reflects the precision with which the concentration is  known. However, it is  a log­
arithm, so the number of significant figures in the concentration equals the num­
ber of digits to the right of the decimal point in the logarithm (see Appendix A). 
In the preceding example, 5 .4X 1 0 -4 M has two significant figures, so its nega­
tive logarithm, 3 .27, has two digits to the right of the decimal point. 

Note in particular that the higher the pH, the lower the [H30+j. Therefore, 
an acidic solution has a lower pH (higher [H30+J) than a basic solution. At 25°C 
in pure water, [H30+ ] is l .OX 1 0-7 M, so 

pH of a neutral solution = 7.00 
pH of an acidic solution < 7 .00 
pH of a basic solution > 7.00 

Figure 1 8.5 shows that the pH values of some familiar aqueous solutions fall 
within a range of 0 to 1 4. 

Another important point arises when we compare [H30+] in different solu­
tions. Because the pH scale i s  logarithmic, a solution of pH 1.0 has an [H30 + ] 
that is 1 0  times higher than that of a pH 2.0 solution, 1 00 times higher than 
that of a pH 3 .0  solution, and so forth. To find the [H30+ ] from the pH, you 
perform the opposite arithmetic process ;  that is, you find the negative antilog 
of pH: 

[H30+] = l O-pH 

A p-scale is used to express other quantities as well: 

• Hydroxide ion concentration can be expressed as pOH: 

pOH = -log [OH-] 
Acidic solutions have a higher pOH (lower [OH-J) than basic solutions. 

• Equilibrium constants can be expressed as pK: 

pK = -log K 
A low pK corresponds to a high K. A reaction that reaches equilibrium with 
mostly products present (that proceeds far to the right) has a low pK (high 
K), whereas one that has mostly reactants present at equilibrium has a high 
pK (low K). Table 1 8 . 1  shows this relationship for aqueous equilibria of some 
weak acids. 

The Relations Among pH, pOH, and pKw Taking the negative log of both sides 
of the Kw expression gives a very useful relationship among pK"" pH, and pOH: 

Kw = [H30+] [OH-] = l .O X  1 0- 1 4 (at 25°C) 
-log Kw = (- log [H30+] )  + ( - log [OH-]) = -log ( l .OX lO- 14) 

pKw = pH + pOH = 1 4.00 (18.4) 
Thus, the sum of pH and pOH is 1 4.00 in any aqueous solution at 25°C. With 
pH, pOH, [H30+] ,  and [OH-]  interrelated through Kw, knowing any one of the 
values allows us to determine the others (Figure 1 8 .6 on the next page). 

'!'MIM' The Relationship Between Ka and pKa 
Acid Name (Formula) Ka at 25·C pKa 

Hydrogen sulfate ion (HS04 - ) 
Nitrous acid (HN02) 
Acetic acid (CH3COOH) 
Hypobromous acid (HBrO) 
Phenol (C6HsOH) 

l .OX  10- 2 
7 . 1  X 10-4 
l .8X  10-5 
2 .3X 10-9 
l .OX  10- 1 0  

l .99 
3 . 1 5  
4.74 
8.64 

1 0.00 

1 2  

1 1  

1 M NaOH 
(1 4.0) 
Lye (1 3.0) 
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Household 
ammonia (1 1 .9) 

Milk of magnesia 
1 0  (1 0.5) 

� Detergent 
9 solution (-1 0) 

8 J Seawater (7.0-8.3) � Blood (7.4) �NEUTRAL I 
Milk (6.4) 

6 J= Urine (4.8-7.5) 

J 
Unpolluted 
rain water 

5 (5.6) 
Beer 
(4.04.5) 
Vinegar 
(2.4-3.4) 
Lemon juice 
(2.2-2.4) 
Stomach acid 
(1 .0-3.0) 

1 M HCI (0.0) 

Figure 1 8.5 The pH values of some 
familiar aqueous solutions. 
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Figure 1 8.6 The relations among 
[H30+], pH, [OH-], and pOH. Because Kw 
is constant, [H30+] and [OH -] are interde-
pendent, and they change in opposite di-
rections as the acidity or basicity of the 
aqueous solution increases. The pH and 
pOH are interdependent in the same way. 
Note that at 25°C, the product of [H30+] 
and [OH-] is 1 .0X l O-14, and the sum of 
pH and pOH is 1 4.00. 
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I NEUTRAL 

ACIDIC 

[H30+] 

1.0 x 1 0-15 1 5.00 1 .0 x 1 01 
1.0 x 1 0-14 1 4.00 1 .0 x 1 00 
1.0 x 1 0-1 3 1 3.00 1 .0 x l 0-1 
1.0 x 1 0-1 2 1 2.00 1 .0 x 1 0-2 

1.0 x 1 0-1 1 1 1 .00 1 .0 x  1 0-3 

1.0 x 1 0-10 1 0.00 1 .0 X 1 0-4 

1.0 x 10-9 9.00 1 .0 x 1 0-5 
1.0 x 1 0-8 8.00 1 .0 x 1 0-8 
1 .0 x 1 0-7 7.00 1 .0 x l 0-7 
1 .0 x l 0-8 6.00 1 .0 x l 0-B 
1.0 x 1 0-5 5.00 1 .0 x 1 0-9 

1.0 X 1 0-4 4.00 1 .0 x 1 0-10 
1.0 X 1 0-3 3.00 1 .0 x l 0-1 1 
1.0 x 1 0-2 2.00 1 .0 X 1 0-1 2 

I .. I 13 

-1 .00 
0.00 
1 .00 
2.00 
3.00 
4.00 
5.00 
6.00 
7.00 
B.OO 
9.00 

1 0.00 
1 1 .00 
12 .00 

� ... ,.:,: .. ��� .
. 

'/ ;-;;_. �-, �'. " �.;;. , -)' ��'I'\�" < ;-pi �·!:.r���d�i'C;;·��-; 

SAMPLE PROBLEM 1 8 .3  Calculating [H30+], pH, [OW], and pOH 
Problem In an art restoration project, a conservator prepares copper-plate etching solu­
tions by diluting concentrated RN03 to 2.0 M, 0.30 M, and 0.0063 M RN03. Calculate 
[H30+] ,  pH, [OH-], and pOH of the three solutions at 25°C. 
Plan We know from its formula that RN03 is a strong acid, so it dissociates completely; 
thus, [H30+] = [HN03]init. We use the given concentrations and the value of Kw at 25°C 
( l.OX 1 0- 14) to find [H30+] and [OH- ]  and then use them to calculate pH and pOH. 
Solution Calculating the values for 2 .0 M HN03: 

[H30+] = 2 .0 M 
pH = -log [H30+] = - log 2.0 = -0.30 

K 1 .0X l O- 14 
[OH-] = � = = 5 .0X 1 0- 15 M 

[H30 ] 2.0 
pOH = -log (5.0X 1 0- 1 5) = 1 4.30 

Calculating the values for 0.30 M RN03: 
[H30+] = 0.30 M 

pH = -log [H30+] = - log 0.30 = 0.52 
K 1 0X lO- 14 

[OH-] = � = . = 3.3 X l O- 14 M 
[H30 ] 0.30 

pOH = -log (3.3 X lO- 1 4) = 1 3.48 
Calculating the values for 0.0063 M HN03 : 

[H30+] = 6.3 X l O-3 M 
pH = -log [H30+] = - log (6.3 X lO-3) = 2 .20 

K 1 .0X l O- 14 
[OH-] = __ 

w_ = = 1 .6X l O- 12 M 
[H30+] 6.3 X 1 0  3 

pOH = -log ( 1 .6 X l O- 1 2) = 1 1 .80 
Check As the solution becomes more dilute, [H30+] decreases, so pH increases, as we 
expect. An [H30+ ] greater than 1 .0 M, as in 2 .0 M HN03, gives a positive log, so it results 
in a negative pH. The arithmetic seems correct because pH + pOH = 14.00 in each case. 
Comment On most calculators, finding the pH requires several keystrokes. For example, 
to find the pH of 6.3 x l O-3 M RN03 solution, you enter: 6.3, EXP, 3, +1-, log, + 1 - .  
FOLLOW- U P  PROBLEM 1 8 .3  A solution of NaOH has a pH of 9.52. What is its 
pOH, [H30+] ,  and [OH-] at 25°C? 
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A B 

Measuring pH In the l aboratory, pH v alues are usually obtained with an 
acid-base indicator or, more precisely, with an instrument called a pH meter. 
Acid-base indicators are organic molecules whose colors depend on the 
acidity or basicity of the solution in which they are dissolved. The pH of a 
solution is estimated quickly with pH paper, a paper strip i mpregnated with 
one or a mixture of indicators .  A drop of test solution is  placed on the paper 
strip, and the color of the str ip is compared with a color chart, as shown in  
Figure I S .7 A.  

The pH meter measures [H30 + ] by means of two electrodes i mmersed 
in the test solution. One electrode provides a stable reference voltage; the 
other has an extremely thin, conducting, glass membrane that separates a 
known internal [H30+ ] from the unknown external [H30+] .  The difference in  
[H30+ ] creates a voltage difference across the membrane, which i s  measured 
and displayed in pH units (Figure l S.7B) .  We examine this process further in  
Chapter 2 1 .  

S E C T I O N  S U M M A RY 
Pure water has a low conductivity because it autoionizes to a small extent. This 
process is described by an equi l ibrium reaction whose equi l ibrium constant is the ion­
product constant for water, Kw (1.0X 10-14 at 25°C). Thus, [H30+] and [OH -] are 
inversely related: in acidic solution,  [H30+] is greater than [OH -]; the reverse is true 
in basic solution; and the two are equal in neutral solution. To express small values 
of [H30+] more simply, we use the pH scale (pH = - log [H30+]). A high pH repre­
sents a low [H30+]. Simi larly, pOH = - log [OH -] , and pK = - log K. In acidic solu­
tions, pH < 7.00; in  basic solutions, pH > 7.00; and in  neutral solutions, pH = 7.00. 
The sum of pH and pOH equals pKw (14.00 at 25°C). 

18.3 PROTON TRANSFER AND THE BR0NSTED-LOWRY 
ACID-BASE DEFINITION 

Earlier we noted a major shortcoming of the Arrhenius acid-base definition: many 
substances that yield OH- ions when they dissolve in water do not contain OH 
in their formulas. Examples include ammonia, the amines, and many salts of weak 
acids, such as NaP. Another limitation of the Arrhenius definition was that water 
had to be the solvent for acid-base reactions. In the early 20th century, J.  N. Bn;jn­
sted and T. M. Lowry suggested definitions that remove these limitations. (Recall 
that we discussed their ideas briefly in Section 4.4.) According to the Bronsted­
Lowry acid-base definition, 

• An acid is a proton donor, any species that donates an H+ ion. An acid must 
contain H in its formula; HN03 and H2P04 - are two of many examples. All 
Arrhenius acids are Br¢nsted-Lowry acids. 
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Figure 1 8.7 Methods for measuring the 
pH of an aqueous solution. A, A few 
drops of the solution are placed on a strip 
of pH paper, and the color is compared 
with the color chart. B, The electrodes of 
a pH meter immersed in the test solution 
measure [H30+]. (In this instrument, the 
two electrodes are housed in one probe.) 
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Figure 1 8.8 Proton transfer as the 
essential feature of a Bransted-Lowry 
acid-base reaction. A, When Hel dis­
solves in water, it acts as an acid by do­
nating a proton to water, which acts as a 
base by accepting it. B, In aqueous solu­
tion, NH3 acts as a base by accepting a 
proton from water, which acts as an acid 
by donating it. Thus, in the Bmnsted­
Lowry sense, an acid-base reaction 
occurs in both cases. 

CHAPTER 1 8  Acid-Base Equilibria 

• A base is a proton acceptor, any species that accepts an H+ ion. A base must 
contain a lone pair of electrons to bind the H+ ion; a few examples are NH3, 
CO/- ,  and F-, as well as OH- itself. Br0nsted-Lowry bases are not Arrhe­
nius bases, but all Arrhenius bases contain the Br0nsted-Lowry base OH- . 

From the Br0nsted-Lowry perspective, the only requirement for an acid-base 
reaction is  that one species donates a proton and another species accepts it: an 
acid-base reaction is a proton-transfer process. Acid-base reactions can occur 
between gases, in nonaqueous solutions, and in heterogeneous mixtures, as well 
as in aqueous solutions. 

An acid and a base always work together in the transfer of a proton. In other 
words, one species behaves as an acid only if another species simultaneously 
behaves as a base, and vice versa. Even when an acid or a base merely dissolves 
in water, an acid-base reaction occurs because water acts as the other p artner. Con­
sider two typical acidic and basic solutions: 

1 .  Acid donates a proton to water (Figure I 8.8A). When HCI dissolves in water, 
an H+ ion (a proton) is transferred from HCI to H20, where it becomes 
attached to a lone pair of electrons on the 0 atom, forming H30+ . In effect, 
HCI (the acid) has donated the H + ,  and H20 (the base) has accepted it :  

HCl(g) + Hi?(/) -- Cl-(aq) + Hi)+(aq) 
2. Base accepts a proton from water (Figure I 8.8B). In an aqueous solution of 

ammonia, proton transfer also occurs. An H+ from H20 attaches to the N 
atom's lone pair, forming NH4 + . Having transferred an H+ , the H20 becomes 
an OH- ion: 

NH3(aq) + H20(l) � NH4 +(aq) + OH-(aq) 
In this case, H20 (the acid) has donated the H+ , and NH3 (the base) has 
accepted it. Thus, H20 is amphoteric: i t  acts as a base in one case and as an 
acid in the other. As you' ll see, many other species are amphoteric as well. 

HCI 

Lone pair 
binds H+ 

+ 

A (acid, H+ donor) 

NH3 

Lone pair 
binds H+ 

B (base, H+ acceptor) 
H20 

(acid, H+ donor) 

The Conjugate Acid-Base Pair 

+ 

CI 

+ 

NH/ 

The Br0nsted-Lowry definition provides a new way to look at acid-base reactions 
because it focuses on the reactants and the products. For example, l et's examine 
the reaction between hydrogen sulfide and ammonia: 

H2S + NH3 � HS - + NH4+ 
In the forward reaction, H2S acts as an acid by donating an H+ to NH3, which 
acts as a base by accepting it. The reverse reaction involves another acid-base pair. 
The ammonium ion, NH4 +, acts as an acid by donating an H+ to the hydrogen 
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sulfide ion, HS - , which acts as a base_ Notice that the acid, H2S, becomes a base, 
HS - , and the base, NH 3, becomes an acid, NH4 + _ 

In BnlJnsted-Lowry terminology, H2S and HS- are a conjugate acid-base 
pair: HS - is the conjugate base of the acid H2S_ Similarly, NH3 and NH4 + form 
a conjugate acid-base pair : NH4 + is the conjugate acid of the base NH3 . Every 
acid has a conjugate base, and every base has a conjugate acid. Note that, for 
any conjugate acid-base pair, 

• The conjugate base has one fewer H and one more minus charge than the acid. 
• The conjugate acid has one more H and one fewer minus charge than the base. 

A Br¢nsted-Lowry acid-base reaction occurs when an acid and a base react 

to form their conjugate base and conjugate acid, respectively: 

acid ) + base2 � base ) + acid2 
Table 1 8.2 shows some Br¢nsted-Lowry acid-base reactions. Notice that 

• Each reaction has an acid and a base as reactants and as products, and these 
comprise two conj ugate acid-base pairs. 

• Acids and bases can be neutral, cationic, or anionic. 
• The same species can be an acid or a base, depending on the other species 

reacting. Water behaves this way in reactions 1 and 4, and HPol- does so in 
reactions 4 and 6. 

e�II:D The Conjugate Pairs in Some Acid·Base Reactions 
Conjugate Pair 

I I 
Acid + Base Base + Acid 

I I Conjugate Pair 
Reaction I HF + H2O F- + H30+ 
Reaction 2 HCOOH + CN- HCOO- + HCN 
Reaction 3 NH4+ + CO/- NH3 + HC03-
Reaction 4 H2P04 - + OH- HPO/- + H?O 
Reaction 5 H2SO4 + N2H5+ HS04- + N;Hi+ 
Reaction 6 HPO/- + SO/- P04

3
- + HS03-

SAMPLE P ROBLEM 1 8 .4 Identifying Conjugate Acid-Base Pairs 
Problem The following reactions are important environmental processes. Identify the con­
jugate acid-base pairs. 
(a) H2P04 -(aq) + C032-(aq) � HC03 -(aq) + HPO/-(aq) 
(b) H20(l) + S032-(aq) � OH-(aq) + HS03 -(aq) 
Plan To find the conjugate pairs, we find the species that donated an H+ (acid) and the 
species that accepted it (base). The acid (or base) on the left becomes its conjugate base 
(or conjugate acid) on the right. Remember, the conjugate acid has one more H and one 
fewer minus charge than its conjugate base. 
Solution (a) H2P04 - has one more H+ than HPO/-; CO/- has one fewer H+ than 
HC03 - . Therefore, H2

P04 - and HC03 - are the acids, and HPO/- and CO/- are the 
bases. The conjugate acid-base pairs are HZP04 -IHP04 2- and HC03 -IC03 2- .  
(b) HzO has one more H+ than OH-;  S032- has one fewer H+ than HS03 - .  The acids 
are H20 and HS03- ;  the bases are OH- and S032- .  The conjugate acid-base pairs are 
H20IOH- and HS03 -IS032- .  

FOLLOW· U P  PROBLEM 1 8 .4 Identify the conjugate acid-base pairs: 
(a) CH3COOH(aq) + H20(l) � CH3COO-(aq) + H30+(aq) 
(b) HzO(l) + F-(aq) � OH-(aq) + HF(aq) 
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Relative Acid-Base Strength and the Net Direction of Reaction 
The net direction of an acid-base reaction depends on the relative strengths of the 
acids and bases involved. A reaction proceeds to the greater extent in the direc­
tion in which a stronger acid and stronger base form a weaker acid and weaker 
base. If the stronger acid and base are written on the left, the net direction is to 
the right, so Kc > 1 .  You can think of the process as a competition for the pro­
ton between the two bases, in which the stronger base wins. 

In the same sense, the extent of acid (HA) dissociation in water depends on 
a competition for the proton between the two bases, A- and H20. Strong acids 
and weak acids give very different results. When the acid HN03 dissolves i n  
water, it transfers a n  H+ t o  the base, H20, forming the conjugate base of HN03, 
which is  N03 -,  and the conjugate acid of H20, which is  H30+ : 

HN03 + H20 - N03 - + H30+ 
stronger acid + stronger base ------+ weaker base + weak er acid 

(In this case, the net direction is so far to the right that it would be inappropriate 
to show an equilibrium arrow.) HN03 is a stronger acid than H30+, and H20 is 
a stronger base than N03 - . Thus, with strong acids such as HN03, the H20 wins 
the competition for the proton because A - (N03 -) is a much weaker base. On 
the other hand, with weak acids such as HF, the A - (F-) wins because it is a 
stronger base than H20: 

HF + H20 P- + H30+ 
weaker acid + weaker base +----- stronger base + slronger acid 

B ased on evidence gathered from the results of many such reactions, we 
can rank conjugate pairs in terms of the ability of the acid to transfer its proton 
(Figure 1 8 .9) .  Note, especially, that a weaker acid has a stronger conjugate base. 
This makes perfect sense: the acid gives up its proton less readily because its con­
jugate base holds it more strongly. We can use this list to predict the direction 
of a reaction between any two pairs, that is ,  whether the equilibrium position lies 
predominantly to the right (Kc > 1 )  or to the left (Kc < 1 ) . An acid-base reac­
tion proceeds to the right if the acid reacts with a base that is lower on the list 
because this combination produces a weaker conjugate base and a weaker 
conjugate acid. 

SAMPLE PROBLEM 1 8 . S  Predicting the Net Direction of an Acid-Base Reaction 
Problem Predict the net direction and whether Kc is greater or less than 1 for the fol­
lowing reaction (assume equal initial concentrations of all species): 

H2P04 -(aq) + NH3(aq) � NH4 + (aq) + HPOl-(aq) 
Plan We first identify the conjugate acid-base pairs. To predict the direction, we consult 
Figure 1 8 .9 to see which acid and base are stronger. The stronger acid and base form the 
weaker acid and base, so the reaction proceeds in that net direction. If the reaction as writ­
ten proceeds to the right, then [products] is higher than [reactants], and Kc > 1 .  
Solution The conjugate pairs are H2P04 -IHPol- and NH4 + INH3. H2P04 - is higher on 
the list of acids, so it is stronger than NH4 + ; and NH3 is lower on the list of bases, so it 
is stronger than HPOl-.  Therefore, 

H2P04- (aq) + NH3(aq) � NH4+(aq) + HPO/- (aq) 
stronger acid + stronger base ----+ weaker acid + weaker base 

The net direction is to the right, so Kc > 1 .  

FOLLOW· U P  PROBLEM 1 8 .S  Predict the net direction and whether Kc is greater or 
less than 1 for the following reaction: 

H20(l) + HS-(aq) � OH- (aq) + H2S (aq) 
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Figure 1 8.9 Strengths of conjugate acid-base pairs_ The stronger the acid is, the weaker its 
conjugate base. The strongest acid appears at top left and the strongest base at bottom right. 
When an acid reacts with a base farther down the list, the reaction proceeds to the right (Kc > 1). 

S E C T I O N  S U M M A RY 
The Bmnsted-Lowry acid-base definition does not require that bases contain OH or 
that acid-base reactions occur in aqueous solution. It defines an acid as a species 
that donates a proton and a base as one that accepts it. An acid and a base act 
together in proton transfer. When an acid donates a proton, it becomes the conju­
gate base; when a base accepts a proton, i t  becomes the conjugate acid . In  an acid­
base reaction, acids and bases form their conjugates. A stronger acid has a weaker 
conjugate base, and vice versa. Thus, the reaction proceeds in the net direction in 
which a stronger acid and base form a weaker base and acid. 

18.4 SOLVING PROBLEMS INVOLVING 
WEAK-ACID EQUILIBRIA 

Just as you saw in  Chapter 17 for equilibrium problems in general, there are two 
types of equilibrium problems involving weak acids and their conjugate bases: 

1. Given equilibrium concentrations, find Ka. 
2. Given Ka and some concentration information, find the other equilibrium 

concentrations. 
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For all of these problems, we' ll apply the same problem-solving approach, nota­
tion system, and assumptions: 

• The problem-solving approach. As always, start with what is given in the prob­
lem statement and move logically toward what you want to find. Make a habit 
of applying the following steps: 
1 .  Write the balanced equation and Ka expression; these will tell you what 

to find. 
2. Define x as the unknown change in concentration that occurs during the reac­

tion. Frequently, x = [HA]dissoe, the concentration of HA that dissociates, 
which, through the use of certain assumptions, also equals [H30+) and [A - )  
at equilibrium. 

3. Construct a reaction table that incorporates the unknown. 
4. Make assumptions that simplify the calculations, usually that x is very small 

relative to the initial concentration. 
5. Substitute the values into the Ka expression, and solve for x. 
6. Check that the assumptions are justified. (Apply the 5% test that was first 

used in Sample Problem 1 7 .7 .)  If they are not justified, use the quadratic 
formula to find x. 

• The notation system. As always, the molar concentration of each species is 
shown with brackets. A subscript refers to where the species comes from or 
when it occurs in the reaction process. For example, [H30+]rrom HA is the molar 
concentration of H30+ that comes from the dissociation of HA; [HA]init is the 
initial molar concentration of HA, that is, before the dissociation occurs; 
[HA]dissoe is the molar concentration of HA that dissociates; and so forth. 
Recall from Chapter 1 7  that brackets with no subscript indicate the molar con­
centration of the species at equilibrium. 

• The assumptions. We make two assumptions to simplify the arithmetic :  
1 .  The [H30+] from the autoionization of  water is negligible. In  fact, i t  i s  so 

much smaller than the [H30+] from the dissociation of HA that we can 
neglect it: 

[H30+J = [H30+J from HA + [H30+ lrrom H20 = [H30+J from HA 

Indeed, Le Chatelier's principle tells us that [H30+]from HA decreases the 
extent of autoionization of water, so [H30+]from H 0 in the HA solution is 

+ 
2 

even less than [H30 ] in pure water. Note that each molecule of HA that 
dissociates forms one H30 + and one A - ,  so [A -] = [H30 +]. 

2. A weak acid has a small Ka. Therefore, it dissociates to such a small extent 
that we can neglect the change in its concentration to find its equi lib­
rium concentration: 

[HAJ = [HAJinit - [HAJdissoe = [HAJinit 

Finding Ka Given Concentrations 
This type of problem involves finding Ka of a weak acid from the concentration 
of one of the species in solution, usually H30+ from a given pH: 

HA(aq) + H20(l) � H30+(aq) + A -(aq) 

K = 
[H30+J [A - J 

a [HAJ 
A common approach is to prepare an aqueous solution of HA and measure its pH. 
You prepared the solution, so you know [HA];nit. You can calculate [H30+] from 
the measured pH and then determine [A -] and [HA] at equilibrium. Then, you sub­
stitute these values into the Ka expression and solve for Ka. We' ll show how to make 
the assumptions discussed above and go through the entire approach in Sample 
Problem 1 8.6. We simplify later problems by omitting some of the recurring steps. 
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SAMPLE PROBLEM 1 8 . 6  Finding Ka of a Weak Acid from pH of Its Solution 
Problem Phenylacetic acid (C6H5CH2COOH, simplified here to HPAc) builds up in the 
blood of persons with phenylketonuria, an inherited disorder that, if untreated, causes men­
tal retardation and death. A study of the acid shows that the pH of 0. 1 2  M HPAc is 2.62. 
What is the Ka of phenylacetic acid? 
Plan We are given [HPAc] init (0. 1 2  M) and the pH (2.62) and must find Ka. We first write 
the equation for HPAc dissociation and the expression for Ka to see which values we need 
to find: 

• To find [H30+] :  We know the pH, so we can find [H30+] .  Because a pH of 2.62 is 
more than four pH units ( 1 04-fold) lower than the pH of pure water itself 
(pH = 7.0), we can assume that [H30+]from HPAC » [H30+ltrom H20' Therefore, 
[H30+]from HPAc + [H30+lrrom H20 = [H30+lrrom HPAc = [H30+] .  

• To find [PAc-] :  Because each HPAc that dissociates forms one H30+ and one PAc-, 
[H30+] = [PAc-] . 

• To find [HPAc] :  We know [HPAclnit. Because HPAc is a weak acid, we assume that 
very little dissociates, so [HPAc]init - [HPAC]dissoc = [HPAc] = [HPAc]init. 

We set up a reaction table, make the assumptions, substitute the eqUilibrium values, solve 
for Ka, and then check the assumptions. 
Solution Calculating [H30 +] : 

[H30+] = l O-pH = 10-2.62 = 2.4X l O-3 M 
Setting up the reaction table, with x = [HPAC]dissoc = [H30+]from HPAc = [PAc -] = [H30+] :  

Concentration (M) HPAc(aq) + Hp(l) Hp+(aq) + PAc-(aq) 

Initial 0. 1 2  1 X 10-7 0 
Change -x +x +x 
Equilibrium 0. 1 2  - x x + « I X l O-7) x 

Making the assumptions: 
1 .  The calculated [H30+] (2.4 X l O-3 M) » [H30+lrrom H20 « l X lO-7 M), so we 

assume that [H30+] = [H30+]from HPAc = x (the change in [HPAc]) 
2. HPAc is a weak acid, so we assume that [HPAc] = 0. 1 2  M - x = 0. 12 M. 
Solving for the equilibrium concentrations: 

x = [H30+] = [PAc-] = 2.4 x l O-3 M 
[HPAc] = 0. 1 2  M - x = 0. 1 2  M - (2.4X 1 0-3 M) = 0. 1 2  M (to 2 sf) 

Substituting these values into Ka: 
[H30+] [PAc-] (2.4X l O-3)(2.4 X l O-3) 8 

0-5 K = = = 4. X l  a [HPAc] 0. 1 2  
Checking the assumptions by  finding the percent error i n  concentration: 

+ 
1 X 1 0-7 M 

0-301 501 . .  . 'fi d) 1 .  For [H30 ]from H 0: 3 X 1 00 = 4X 1 -10 « 70; assumptIOn IS JUstl e . 
2 2.4X l O  M 
2.4X 10-3 M . . .  'fi d) \11 h d 2. For [HPAc]dissoc: X 1 00 = 2.0% « 5%; assumption IS JustI e . vve a 

0. 1 2 M 
already shown above that, to two significant figures, the concentration had not changed, 
so this check was not really necessary. 

Check The [H30+] makes sense: pH 2.62 should give [H30+] between 10-2 and 10-3 M. 
The Ka calculation also seems in the correct range: ( 10-3)2/10- 1 = 1 0-5, and this value 
seems reasonable for a weak acid. 
Comment [H30+] from H20 is so small relative to [H30+]from HA that, from here on, we 
will disregard it and enter it as zero in reaction tables. 

FOLLOW· U P  P ROBLEM 1 8 .6 The conjugate acid of ammonia is NH4 +, a weak acid. 
If a 0.2 M NH4Cl solution has a pH of 5 .0, what is the Ka of NH4 +7 
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Finding Concentrations Given Ka 
The second type of equilibrium problem involving weak acids gives some con­
centration data and the Ka value and asks for the equilibrium concentration of 
some component. Such problems are very similar to those we solved in Chap­
ter 1 7  in which a substance with a given initial concentration reacted to an 
unknown extent (see Sample Problems 1 7 .6 to 17 .8) .  

SAMPLE PROBLEM 1 8. 7  Determining Concentrations from Ka 
and In itial [HAl 

Problem Propanoic acid (CH3CH2COOH, which we simplify as HPr) is a carboxylic acid 
whose salts are used to retard mold growth in foods. What is the [H30+] of 0. 1 0  M HPr 
(Ka = 1 .3 X lO-5)? 
Plan We know the initial concentration (0. 1 0  M) and Ka ( 1 .3 X l O-5) of HPr, and we need 
to find [H30+) .  First, we write the balanced equation and the expression for Ka: 

HPr(aq) + H20(l) � H30+(aq) + Pr-(aq) K = 
[H30+] [Pr-) 

= 1 .3 X lO-5 a 
[HPr) 

We know [HPr)init but not [HPr) . If we let x = [HPr)dissoc, x is also [H30+)from HPr and 
[Pr -) because each HPr that dissociates yields one H30+ and one Pr - .  With this infor­
mation, we can set up a reaction table. In solving for x, we assume that, because HPr has 
a small Ka, it dissociates very little; therefore, [HPr]init - x = [HPr) = [HPr]init. After we 
find x, we check the assumption. 
Solution Setting up a reaction table, with x = [HPr)dissoc = [H30+]from HPr = [pr -] = [H30+] :  

Concentration (M) HPr(aq) + HP{I) Hp+(aq) + Pr-(aq) 

Initial 0. 1 0  0 0 
Change -x +x +x 
EquiJibrium 0. 10 - x x x 

Making the assumption: Ka is small, so x is small compared with [HPr]init; therefore, 
0. 1 0  M - x = 0. 1 0  M. Substituting into the Ka expression and solving for x: 

K = 
[H30+) [Pr-) 

= 1 .3 X l O-5 = (x)(x) a 
[HPr] 0. 1 0  

x = Y(O. l O)( 1 .3 X l O  5) = 1 . 1  X 1 0-3 M = [H30+] 
Checking the assumption: 

l . l X lO-3 M 
For [HPr]dissoc: O. l O M  

X 1 00 = 1 . 1 %  « 5%; assumption i s  justified). 

Check The [H30+) seems reasonable for a dilute solution of a weak acid with a moder­
ate Ka. By reversing the calculation, we can check the math: ( 1 . 1  X 10-3)2/0. 1 0  = 

1 .2 X l O-5, which is within rounding of the given Ka. 
Comment In these problems, we assume that the concentration of HA that dissociates 
( [HA]dissoc = x) can be neglected because Ka is relatively small. However, this is 
true only if [HA] init is relatively large. Here's a benchmark to see if the assumption 
is justified: 

[HAl · 
• If __ II_'1t > 400, the assumption is justified: neglecting x introduces an error < 5%. 

Ka 
[HA)init . . . . . . 

• If -.-- < 400, the assumption IS not Justified; neglecting x mtroduces an error > 5%, 
Ka 

so we solve a quadratic equation to find x. 
The latter situation occurs in the follow-up problem. 

FOLLOW-U P  PROB LEM 1 8 . 7  Cyanic acid (HOCN) is an extremely acrid, unstable 
substance. What is the [H30+) and pH of 0. 1 0  M HOCN (Ka = 3.5 X 1 O-4)? 
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The Effect of Concentration on the Extent of Acid Dissociation 
If we repeat the calculation in Sample Problem 1 8 .7, but start with a lower 
[HPr], we observe a very interesting fact about the extent of dissociation of a weak 
acid. Suppose the initial concentration of HPr is one-tenth as much, 0.010  M rather 
than 0. 10 M. After filling in the reaction table and making the same assumptions, 
we find that 

x = [HPr]dissoc = 3 .6X 1 0-4 M 
Now, let's compare the percentages of HPr molecules dissociated at the two dif­
ferent initial acid concentrations, using the relationship 

Percent HA dissociated = 
[HA]dissoc X 100 
[HAl init 

Case 1 :  [HPr]init = 0. 1 0  M 

l . 1 X l O-3 M 
Percent dissociated = 1 X 100 = 1 . 1  % 

l .Ox  1 0  M 
Case 2: [HPdnit = 0.0 10  M 

3 .6X lO-4 M 
Percent dissociated = 2 X 1 00 = 3.6% 

l .OX 1 0  M 

(18.5) 

As the initial acid concentration decreases, the percent dissociation of the 

acid increases. Don' t  confuse the concentration of HA dissociated with the 
percent HA dissociated. The concentration ( [HA]dissoc) is lower in the diluted 
HA solution because the actual number of dissociated HA molecules is smaller. 
It is the fraction (and thus the percent) of dissociated HA molecules that increases 
with dilution. 

The Behavior of Polyprotic Acids 
Acids with more than one ionizable proton are polyprotic acids. In a solution of 
a polyprotic acid, one proton at a time dissociates from the acid molecule, and 
each dissociation step has a different Ka. For example, phosphoric acid is  a tripro­
tic acid (three ionizable protons), so it has three Ka values: 

H3P04(aq) + H20(l) � H2P04 - (aq) + H30+(aq) 

K = 
[H2P04 - ] [H30+]  

= 7.2X 10-3 
a l  [H3P04] 

H2P04 - (aq) + H20(I) � HPOl-(aq) + H30+(aq) 

K = 
[HPO/-] [H30+]  

= 6.3 X 1 0-8 a2 [H2P04-] 
HPO/-(aq) + H20(l) � PO/-(aq) + H30+(aq) 

K = 
[PO/-] [H30+]  

= 4.2X 1 0- 1 3 a3 [HPO/ ] 
As you can see from the relative Ka values, H3P04 is a much stronger acid than 
H2P04 -, which is much stronger than HP04 

2
- .  (Appendix C lists several poly­

protic acids and their multiple Ka values.) Notice that, for H3P04 and every 
polyprotic acid, the first proton comes off to a much greater extent than the sec­
ond and, where applicable, the second does to a much greater extent than the third: 

Kal > Ka2 > Ka3 
This trend makes sense: it is more difficult for an H+ ion to leave a singly charged 
anion (such as H2P04 -) than to leave a neutral molecule (such as H3P04), and 
more difficult still for it to leave a doubly charged anion (HPO/-) .  Successive 
acid-dissociation constants typically differ by several orders of magnitude. This 
fact greatly simplifies pH calculations involving polyprotic acids because we can 
usually neglect the H30+ coming from the subsequent dissociations. 
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S E C T I O N  S U M M A RY 
Two common types of weak-acid equi l ibrium problems involve finding Ka from a con­
centration and finding a concentration from Ka. We summarize the information in  a 
reaction table, and we simplify the arithmetic by assuming (1 ) [H30+lfrom H20 is so 
small relative to [H30+lfrom HA that it can be neglected, and (2) weak acids dissociate 
so little that [HAlinit = [HAl at equil ibrium. The fraction of weak acid molecules that 
dissociates is greater in a more di lute solution, even though the total [H30+l is less. 
Polyprotic acids have more than one ionizable proton, but we assume that the first 
dissociation provides virtually al l  the H30+ .  

18.5 WEAK BASES AND THEIR RELATION TO WEAK ACIDS 

By focusing on where the proton comes from and goes to, the B r0nsted-Lowry 
concept expands the definition of a base to encompass a host of species that 
the Arrhenius definition excludes: a base is any species that accepts a proton; 
to do so, the base must have a lone electron pair. (The lone electron pair also 
plays the central role in the Lewis acid-base definition, as you' ll see l ater in 
this chapter.) 

Now let's examine the equilibrium system of a weak base and focus, as we 
did for weak acids, on the base (B) dissolving in water. When B dissolves, it 
accepts a proton from H20, which acts as an acid, leaving behind an OH- ion: 

B(aq) + H20(aq) � BH+(aq) + OH-(aq) 
This general reaction for a base in water is described by the following equilib­
rium expression: 

[BH+l [OH-l 
Kc = -=-----

[B-] [=H:-20=--=-]
--=-

Based on our earlier reasoning that [H20] is treated as a constant in aqueous reac­
tions, we incorporate [H20] in the value of Kc and obtain the base-dissociation 
constant (or base-ionization constant), Kb: 

[BH+] [OH-] 
Kb = 

[B] (18.6) 

Despite the name "base-dissociation constant," no base dissociates in the process, 
as you can see from the reaction. 

As with the relation between pKa and Ka, we know that pKb' the negative log­
arithm of the base-dissociation constant, decreases with increasing Kb (that is, 
increasing base strength). In aqueous solution, the two large classes of weak bases 
are ( 1 )  ammonia and the amines and (2) the anions of weak acids. 

Molecules as Weak Bases: Ammonia and the Amines 
Ammonia is the simplest nitrogen-containing compound that acts as a weak base 
in water: 

Despite labels on reagent bottles that read "ammonium hydroxide," an aqueous 
solution of ammonia consists largely of unprotonated NH3 molecules, as its small 
Kb indicates . In a 1 .0 M NH3 solution, for example, [OH - ]  = [NH4 +] = 

4.2X 1 0-
3 
M, so about 99.58% of the NH3 is not ionized. A list of several bases 

with their Kb values appears in Appendix C.  
If one or more of the H atoms in NH3 is replaced by an organic group 

(designated as R), an amine results: RNH2, R2NH, or R3N (Section 1 5 .4; see 
Figure 1 5 . 1 1 ) . The key structural feature of these organic compounds, as in all 
Br0nsted-Lowry bases, is a lone pair of electrons that can bind the proton donated 
by the acid. Figure 1 8 . 10  depicts this process for methylamine, the simplest amine. 
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+ 

Figure 1 8. 1 0  Abstraction of a proton from water by methylamine. The amines are organic 
derivatives of ammonia. Methylamine, the simplest amine, acts as a base in water by accepting a 
proton ,  thereby increasing [OH-j. 

Finding the pH of a solution of a molecular weak base uses an approach very 
similar to that for a weak acid. We write the equilibrium expression, set up a 
reaction table to find [base] reacting' make the usual assumptions, and then solve 
for [OH-] .  The main difference is that we must convert [OH-] to [H30+ ] in order 
to calculate pH. 

SAMPLE PROBLEM 1 8 . 8  Determin ing pH from Kb and Initial [BI 
Problem Dimethylamine, (CH3hNH (see margin), a key intermediate in detergent manu­
facture, bas a Kb of 5 .9X 1 0-4• What is the pH of l .5 M (CH3)zNH? 
Plan We know the initial concentration ( 1 .5 M) and Kb (5.9X 1 0-4) of (CH3hNH and 
have to find the pH. The amine reacts with water to form OH-, so we have to find [OH-] 
and then calculate [H30+] and pH. The balanced equation and Kb expression are 

(CH3hNH(aq) + H20(l) � (CH3hNH2 +(aq) + OH-(aq) 
[(CH3hNH2 +] [OH-] Kb = -"-'---....:::..:...=..--=.....;=----" 

[(CH3hNH] 
Because Kb > > Kw, the [OH-] from the autoionization of water is negligible, and we 
disregard it. Therefore, 

[OH-]from base = [(CH3hNHz +] = [OH-] 
Because Kb is small, we assume that the amount of amine reacting is small, so 

[(CH3hNH] init - [(CH3hNH]reacting = [(CH3hNH] = [(CH3hNH];nit 
We proceed as usual, setting up a reaction table, making the assumption, and solving for 
x. Then we check the assumption and convert [OH-] to [H30+] using Kw; finally, we cal­
culate pH. 
Solution Setting up the reaction table, with 

x = [(CH3hNH]reacting = [(CH3hNH2 +] = [OH-] 

Concentration (M) (CH3hNH(aq) + Hp(l ) (CH3hNH2 +(aq) + OW(aq) 

Initial 
Change 
Equilibrium 

1 .5 
- x  

1 .5 - x 

Making the assumption: 

o 
+x 
x 

Kb is small, so [(CH3hNH];nit = [(CH3hNH]; thus, 1 .5 M - x = 1 .5 M. 
Substituting into the Kb expression and solving for x: 

[(CH3hNH2 +] [OH-] 
Kb = ..::...:....--....:::..=..--=.....;=::---[(CH3hNH] 

= 5 9X  10-4 = .!...-. . 1 .5 
x = [OH-] = 3.0X 10-2 M 

o 
+x 
x 
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Pyridine 
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Checking the assumption: 
3 .0X 1 0-2 M 

. 
. . ·fi d) ---- X 1 00 = 2.0% « 5%; assumptlOn IS JUStl e 

l .5 M 
Note that the Comment in Sample Problem 1 8 .7 applies to weak bases as well: 

Calculating pH: 

1 .5 3 
-5.-9-X-1O----.4 = 2.5 X 1 0  > 400 

[H 0+] = � = 
LOX 10- 14 

= 3 . 3X lO- 1 3 M 3 
[OH-] 3.0X 1 0  2 

pH = -log (3.3 X lO - 1 3) 
= 1 2.48 

Check The value of x seems reasonable: V(-6X l O  4) ( 1 .5) = V9X l O  4 = 3 X lO-2. 
Because (CH3hNH is a weak base, the pH should be several pH units greater than 7. 

FOLLOW· U P  PROBLEM 1 8 . 8  Pyridine (C5H5N, see margin) plays a major role 
in organic syntheses as a solvent and base. It has a pKb of 8 .77 . What is the pH of 
0. 10  M pyridine? 

Anions of Weak Acids as Weak Bases 
The other large group of Brpnsted-Lowry bases consists of anions of weak acids: 

[HA] [OH-] 
A - (aq) + H20(l) � HA(aq) + OH-(aq) Kb = 

[A-] 
Por example, P-, the anion of the weak acid HP, acts as a weak base: 

[HP] [OH-] 
P- (aq) + H20(I) � HF(aq) + OH-(aq) Kb = 

[P ]  
Why is a solution of HA acidic and a solution of A- basic? Let's approach 

the question by examining the relative concentrations of species present in 1 M HF 
and in 1 M NaP: 

1 .  The acidity of HA( aq). Because HP is a weak acid, most of it is undisso­
ciated. The small fraction of HF that does dissociate yields small concentrations 
of H30+ and P- . The equilibrium position of the system lies far to the left: 

( + HF(aq) + H20(l) � H30 (aq) + P-(aq) 
Water molecules also dissociate to contribute minute amounts of H30+ and OH-,  
but these concentrations are extremely smal l :  

( + 2H20(l) � H30 (aq) + OH-(aq) 
Of all the species present-HP, H20, H30+ , P- , and OH- -the two that can 
influence the acidity of the solution are H30+ , predominantly from HF, and OH­
from water. The solution is acidic because [H30+]from HF > > [OH-] from H oO. 

2. The basicity of A -(aq). Now, consider the species present in 1 M NaF. The 
salt dissociates completely to yield a stoichiometric concentration of P- . The N a + 

ion behaves as a spectator, and some P- reacts as a weak base to produce very 
small amounts of HP and OH- :  

P-(aq) + H20(l) � HP(aq) + OH-(aq) 
As before, dissociation of water contributes minute amounts of H30+ and OH-. 
Thus, in addition to the Na + ion, the species present are the same as in the HP 
solution: HP, H20, H30+ , P-, and OH-. The two species that affect the acidity 
are OH- ,  predominantly from the P- reaction with water, and H30+ from water. 
In this case, [OH-] from F- > > [H30+ ] from H20, so the solution is basic. 



1 8.5 Weak Bases and Their Relatian ta Weak Acids 

To summarize, the relative concentrations of HA and A - determine the acid­
ity or basicity of the solution: 

• In an HA solution, [HA] » [A - ]  and [H30+] from HA » [OH-]from HoO, so 
the solution is acidic. 

-

• In an A- solution, [A - ]  > > [HA] and [OH-Jrrom A - > > [H30+ ]from H20, so 
the solution is  basic. 

The Relation Between Ka and Kb of a Conjugate Acid-Base Pair 
An important relationship exists between the Ka of HA and the Kb of A - ,  which 
we can see by treating the two dissociation reactions as a reaction sequence and 
adding them together: 

HA + H20 � H30+ + -A= 
-A= + H20 � HA + OH-

2H20 � H30+ + OH 
The sum of the two dissociation reactions is the auto ionization of wate!: Recall 
from Chapter 1 7  that, for a reaction that is the sum of two or more reactions, the 
overall equilibrium constant is the product of the individual equibbrium constants. 
Therefore, writing the expressions for each reaction gives 

or 

[H 3 0 + ]tA=-t tI=JA][ 0 H-l ----"--- x = [H30+] [OH-l 
tJ=IAl tA=-t 

x (18.7) 
This relationship allows us to find Ka of the acid in a conjugate pair given 

Kb of the base, and vice versa. Reference tables typically have Ka and Kb values 
for molecular species only. The Kb for F- or the Ka for CH3NH3 + , for example, 
does not appear in standard tables, but you can calculate either value simply by 
looking up the value for the molecular conjugate species and relating it to Kw' To 
find the Kb value for F- ,  for instance, we look up the Ka value for HF and relate 
it to Kw: 

So, we have 

or 

Ka of HF = 6.8 x 1 0-4 (from Appendix C) 
K" of HF x Kb of F- = Kw 

Kb of F- = 
Kw l .OX  1 0- 1 4 

1 .5 X 10- 1 1 
K" of HF 6 .8X 1 0  4 

We can use this calculated Kb value to finish solving the problem. 

SAMPLE PROBLEM 1 8 .9  Determining the pH of a Solution of A-

Problem Sodium acetate (CH3COONa, or NaAc for this problem) has applications in pho­
tographic development and textile dyeing. What is the pH of 0.25 M NaAc? Ka of acetic 
acid (HAc) is l . 8x l O-5 . 
Plan From the formula (NaAc) and the fact that all sodium salts are water soluble, we 
know that the initial concentration of acetate ion, Ac -, is 0.25 M. We also know the Ka 
of the parent acid, HAc ( 1 . 8X  1 0-5) .  We have to find the pH of the solution of Ac - ,  which 
acts as a base in water: 

K - _[H_
A
_

c
_
l_[O_H_-_l 

b - [Ac ] 
If we calculate [OH- ] ,  we can find [H30+] and convert it to pH. To solve for 
[OH-] ,  we need the Kb of Ac-, which we obtain from the Ka of HAc and Kw' All 
sodium salts are soluble, so we know that [Ac -]  = 0.25 M. Our usual assumption is 
that [Ac - ] init = [Ac - ] .  
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Electronegativity increases, 
acidity increases 

ui Q) C/) ctl C/) Q) Q) � C/) u ctl Q) Q) -0 � .<:: u _ C 0) '­C >­Q) ""  � -o 1i5 'u 
-o ctl 
c 
o 

aJ 

� 

6A(1 6) 7A(H) 

Figure 1 8. 1 1 The effect of atomic and 
molecular properties on nonmetal 
hydride acidity. As the electronegativity 
of the nonmetal (E) bonded to the ioniz­
able proton increases (left to right), the 
acidity increases. As the length of the 
E-H bond increases (top to bottom), the 
bond strength decreases, so the acidity 
increases. (In water, Hel , HBr, and HI are 
equally strong.) 
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Solution Setting up the reaction table, with x = [Ac-]reacting = [HAc] = [OH-] :  

Concentration (M) Ac-(aq) + Hp(l ) HAc(aq) + OW(aq) 

Initial 0.25 0 0 
Change -x +x +x 
Equil ibrium 0.25 - x x 

Solving for Kb: 
Kw 1 .0X 1 0- 1 4  

= 5 .6X 1 0- 10 Kb = 
Ka 

= 
1 .8X l O  5 

Making the assumption: Because Kb is small, 0.25 M - x = 0.25 M. 
Substituting into the expression for Kb and solving for x: 

Kb = 
[HAc] [OH-]  

= 5.6 X l O- 10 = � X = [OH-1 = 1 .2X l O-5 M 
[Ac ] 0.25 

Checking the assumption: 

Note that 

1 .2 X 10-5 M _ . . .  . 

0.25 M 
X 100 = 4.8X l O  3% « 5%; assumptIOn IS Justified) 

0.25 8 
5.6x 1 0- 1 0 

= 4.5X 10 > 400 

Solving for pH: 
K 1 0X lO- 14 

[H 0+] = __ 
w_ = 

. 
= 8.3 X l O- 10 M 3 [OH-] 1 .2 X 1 0  5 

pH = -log (8.3 X lO- 10) = 9.08 

x 

Check The Kb calculation seems reasonable: - lOX l O- 1 5/2X l O-5 = 5 X lO- lO. Because 
Ac- is a weak base, [OH-] > [H30+] ;  thus, pH > 7, which makes sense. 

FOLLOW· UP PROB LEM 1 8.9 Sodium hypochlorite (NaClO) is the active ingredient 
in household laundry bleach. What is the pH of 0.20 M NaCIO? 

S E C T I O N  S U M MA RY 
The extent to which a weak base accepts a proton from water to form OH - is 
expressed by a base-dissociation constant, Kb. Bmnsted-Lowry bases include NH3 
and amines and the anions of weak acids. All produce basic solutions by accepting 
H+ from water, which yields OH- and thus makes [H30+] < [OH-] .  A solution of HA 
is acidic because [HA] » [A -J ,  so [H30+] > [OH-] .  A solution of A- is basic because 
[A-] » [HAJ, so [OW] > [H30+].  By multiplying the expressions for Ka of HA and 
Kb of A -, we obtain Kw. This relationship allows us to calculate either Ka of BH+ ,  the 
cationic conjugate acid of a molecular weak base B, or Kb of A -, the anionic conju­
gate base of a molecular weak acid HA. 

18.6 MOLECULAR PROPERTIES AND ACID STRENGTH 

The strength of an acid depends on its abi lity to donate a proton, which 
depends in turn on the strength of the bond to the acidic proton. In this sec­
tion, we apply trends in atomic and bond properties to determine the trends in 
acid strength of nonmetal hydrides and oxoacids and discuss the acidity of 
hydrated metal ions. 

Trends in Acid Strength of Nonmetal Hydrides 
Two factors determine how easily a proton is released from a nonmetal hydride: 
the electronegativity of the central nonmetal (E) and the strength of the E-H 
bond. Figure 1 8 . 1 1  displays two periodic trends: 



1 8.6 Moleculor Properties ond Acid Strength 

l .  Across a period, nonmetal hydride acid strength increases. Across a period, 
the electronegativity of the nonmetal E determines the trend. As E becomes more 
electronegative, electron density around H is withdrawn, and the E-H bond 
becomes more polar. As a result, H+ is released more easily to a surrounding 
water molecule. In aqueous solution, the hydrides of Groups 3A( 1 3) to SA( l S) 
do not behave as acids, but an increase in acid strength is seen in Groups 6A( 1 6) 
and 7 A( l 7) .  Thus, HCl is a stronger acid than H2S because CI is more elec­
tronegative (EN = 3 .0) than S (EN = 2.5) .  The same relationship holds across 
each period. 

2. Down a group, nonmetal hydride acid strength increases. Down a group, 
E-H bond strength determines the trend. As E becomes larger, the E-H bond 
becomes longer and weaker, so H+ comes off more easily. Thus, in Group 6A( l 6) ,  
for example, 

Trends in Acid Strength of Oxoacids 
All oxoacids have the acidic H atom bonded to an 0 atom, so bond strength 
(length) is not a factor in their acidity, as it is with the nonmetal hydrides. Rather, 
two factors determine the acid strength of oxoacids: the electronegativity of the 
central nonmetal (E) and the number of 0 atoms. 

1 .  For oxoacids with the same number of oxygens around E, acid strength 
increases with the electronegativity of E. Consider the hypohalous acids (written 
here as HOE, where E is a halogen atom). The more electronegative E is, the 
more electron density it pulls from the 0- H bond; the more polar the 0- H 
bond becomes, the more easily H +  is lost (Figure I S . 1 2A). Electronegativity 
decreases down the group, so we predict that acid strength decreases: HOCI > 
HOBr > HOI. Our prediction is confirmed by the Ka values: 

Ka of HOCl = 2.9x l O-8 Ka of HOBr = 2.3 X I O-9 
K" of HOI = 2.3 X lO- 1 1 

We also predict (correctly) that in Group 6A( 1 6), H2S04 is stronger than H2Se04; 
in Group SA( l S), H3P04 is stronger than H3As04, and so forth. 

2. For oxoacids with different numbers of oxygens around a given E, acid 
strength increases with number of 0 atoms. The electronegative 0 atoms pull elec­
tron density away from E, which makes the 0-H bond more polar. The more 0 
atoms present, the greater the shift in electron density, and the more easily the 
H+ ion comes off (Figure l S . 1 2B) .  Therefore, we predict, for instance, that 

Electronegativity increases, acidity increases 

-.� . ... 
A H- O - I  < H-O-Br < H-O-CI 

8+ 8- 8+ 8- (3+ 8-

J� .. « H -O - CI=O 8+ 8�� 
Number of 0 atoms increases, acidity increases 

Figure 1 8. 1 2  The relative strengths of oxoacids. A, Among these hypohalous acids, HOCI is the 
strongest and HOI the weakest. Because CI is the most electronegative of the halogens shown 
here, it withdraws electron density (indicated by thickness of green arrow) from the O-H bond 
most effectively, making that bond most polar in HOCI (indicated by the relative sizes of the 8 sym­
bols). B, Among the chlorine oxoacids, the additional 0 atoms in HOCI03 pull electron density from 
the O-H bond, making the bond much more polar than that in HOCI. 
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Figure 1 8. 1 3  The acidic behavior of the 
hydrated A13+ ion. When a metal ion en­
ters water, it is hydrated as water mol­
ecules bond to it. If the ion is small and 
multiply charged, as is the A13+ ion, it 
pulls sufficient electron density from the 
O- H bonds of the attached water mol­
ecules to make the bonds more polar, 
and an H + ion is transferred to a nearby 
water molecule. 

CHAPTER 1 8  Acid-Base Equil ibria 

chlorine oxoacids (written here as HOCIOm with n from 0 to 3) increase In  
strength in the order HOCI < HOCIO < HOCI02 < HOCl03 : 

K" of HOCI (hypochlorous acid) = 2.9X 10-8 

Ka of HOCIO (chlorous acid) = 1 . 1 2 X  1 0-
2 

Ka of HOCI02 (chloric acid) = 1 
Ka of HOCI03 (perchloric acid) = > 1 07 

It follows from this that HN03 is stronger than HN02, that H2S04 is stronger 
than H2S03, and so forth. 

Acidity of Hydrated Metal Ions 
The aqueous solutions of certain metal ions are acidic because the hydrated metal 
ion transfers an H+ ion to water. Consider a general metal nitrate, M(N03)", as 
it dissolves in water. The ions separate and become bonded to a specific number 
of surrounding H20 molecules. This equation shows the hydration of the cation 
(Mn+ ) with H20 molecules; hydration of the anion (N03 -) is indicated by (aq) : 

M(N03)nCs) + xH20(l) --+ M(H20)x"+ (aq) + nN03 - (aq) 
If the metal ion, Mn +, is small and highly charged, it has a high charge density 
and withdraws sufficient electron density from the 0-H bonds of these bonded 
water molecules for a proton to be released. That is, the hydrated cation, 
M(H20)x"+ , acts as a typical Br¢nsted-Lowry acid. In the process, the bound H20 
molecule that releases the proton becomes a bound OH- ion : 

M(H20)/+(aq) + H20(l) � M(H20)x_ 10H(II- I )+(aq) + H30+(aq) 
Each type of hydrated metal ion that releases a proton has a characteristic Ka 
value. Some common examples appear in Appendix C.  

Aluminum ion,  for example, has the small size and high positive charge 
needed to produce an acidic solution. When an aluminum salt, such as AI(N03h 
dissolves in water, the following steps occur: 

AI(N03h(s) + 6H20(l) --+ Al(H20)63+(aq) + 3N03 -(aq) 
[dissolution and hydration] 

AI(H20)63+(aq) + H20(l) � Al(H20)sOH2+(aq) + H30+(aq) 
[dissociation of weak acid] 

Note the formulas of the hydrated metal ions in the last step. When H+ is released, 
the number of bound H20 molecules decreases by 1 (from 6 to 5) and the num­
ber of bound OH- ions increases by 1 (from 0 to 1 ), which reduces the ion's pos­
itive charge by 1 (from 3 to 2) (Figure 1 8 . 1 3) .  Salts of most M

2+ and M
3 + ions 

yield acidic aqueous solutions. 

Electron density 
drawn 
toward A13+ 

+ 



1 8.7 Acid-Base Properties of Salt Solutions 

S E C T I O N  S U M M A R Y 
The strength of an acid depends on the ease with which the ion izable proton is 
released. For nonmetal hydrides, acid strength increases across a period, with the 
electronegativity of the nonmetal (E) , and down a group, with the length of the E-H 
bond .  For oxoacids with the same number of 0 atoms, acid strength increases with 
electro negativity of E; for oxoacids with the same E ,  acid strength increases with num­
ber of 0 atoms. Smal l ,  h ighly charged metal ions are acidic in water because they 
withdraw electron density from the O-H bonds of bound H20 molecules, releasing 
an H + ion to the solution. 

1 8.7 ACID-BASE PROPERTIES OF SALT SOLUTIONS 

Up to now you 've seen that cations of weak bases (such as NH4 +) are acidic, 
anions of weak acids (such as CN-) are basic, anions of polyprotic acids (such as 
H2P04 -) are often acidic, and small, highly charged metal cations (such as AI

3 +) 
are acidic. Therefore, when salts containing these ions dissolve in water, the pH 
of the solution is affected. You can predict the relative acidity of a salt solution 
from the relative ability of the cation and/or anion to react with water. 

Salts That Yield Neutral Solutions 
A salt consisting of the anion of a strong acid and the cation of a strong 
base yields a neutral solution because the ions do not react with water. To 
see why the ions don' t  react, let's consider the dissociation of the parent acid 
and base. When a strong acid such as HN03 dissolves, complete dissociation 
takes place: 

HN03(1) + H20(l) ---» N03 - (aq) + H30+(aq) 
H20 is a much stronger base than N03 - ,  so the reaction proceeds essentially to 
completion. The same argument can be made for any strong acid: the anion of a 
strong acid is a much weaker base than water. Therefore, a strong acid anion is 
hydrated, but nothing further happens. 

Now consider the dissociation of a strong base, such as NaOH: 
H,O + _ 

NaOH(s) � Na (aq) + OH (aq) 
When Na + enters water, it becomes hydrated but nothing further happens. The 

cations of all strong bases behave this way. 
The anions of strong acids are the halide ions, except F-,  and those of strong 

oxoacids, such as N03 - and CI04 - .  The cations of strong bases are those from 
Group l AO )  and Ca

2+ , Sr2+ , and B a
2+ from Group 2A(2). Salts containing only 

these ions, such as NaCI and B a(N03h yield neutral solutions because no reac­
tion takes place between the ions and water. 

Salts That Yield Acidic Solutions 
A salt consisting of the anion of a strong acid and the cation of a weak base 
yields an acidic solution because the cation acts as a weak acid, and the anion 
does not react. For example, NH4Cl produces an acidic solution because the NH4 + 

ion, the cation that forms from the weak base NH3, is a weak acid, and the CI­
ion, the anion of a strong acid, does not react: 

H,O + _ 
NH4CI(s) � NH4 (aq) + Cl (aq) [dissolution and hydration] 

NH4 +(aq) + H20(I) � NH3(aq) + H30+(aq) [dissociation of weak acid] 
As you saw earlier, small, highly charged metal ions make up another group 

of cations that yield H30+ in solution. For example, Fe(N03h produces an acidic 
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solution because the hydrated Fe
3+ ion acts as a weak acid, whereas the N03 -

ion, the anion of a strong acid, does not react: 

Fe(N03h(s) + 6H20(I) � Fe(H20)63+(aq) + 3N03 -(aq) 
[dissolution and hydration] 

Fe(H20)63+(aq) + H20(l) ::::;::::=::: Fe(H20)sOH2+(aq) + H30+(aq) 
[dissociation of weak acid) 

A third group of salts that yield H30+ ions in solutions consists of cations 
of strong bases and anions of polyprotic acids that still have one or more ioniz­
able protons. For example, NaH2P04 yields an acidic solution because Na + , the 
cation of a strong base, does not react, while H2P04 -, the first anion of the weak 
polyprotic acid H3P04, is also a weak acid: 

H,O + _ NaH2P04(S) � Na (aq) + H2P04 (aq) 
H2P04 -(aq) + H20(l) � HPO/-(aq) + H30+(aq) 

Salts That Yield Basic Solutions 

[dissolution and hydration] 
[dissociation of weak acid] 

A salt consisting of the anion of a weak acid and the cation of a strong base 

yields a basic solution in water because the anion acts as a weak base, and the 
cation does not react. The anion of a weak acid accepts a proton from water to 
yield OH- ion. Sodium acetate, for example, yields a basic solution because the 
Na+ ion, the cation of a strong base, does not react with water, and the CH3COO­
ion, the anion of the weak acid CH3COOH, acts as a weak base: 

CH3COONa(s) � Na+(aq) + CH3COO-(aq) [dissolution and hydration] 
CH3COO-(aq) + H20(l) ::::;::::=::: CH3COOH(aq) + OH-(aq) [reaction of weak base] 

Table 1 8.3 displays the acid-base behavior of the various types of salts in water. 

SAMPLE PROBLEM 1 8 . 1 0  Predicting Relative Acidity of Salt Solutions 
Problem Predict whether aqueous solutions of the following are acidic, basic, or neutral, 
and write an equation for the reaction of any ion with water: 
(a) Potassium perchlorate, KCI04 (b) Sodium benzoate, C6HsCOONa 
(c) Chromium trichloride, CrCl3 (d) Sodium hydrogen sulfate, NaHS04 
Plan We examine the formulas to determine the cations and anions. Depending on the 
nature of these ions, the solution will be neutral (strong-acid anion and strong-base cation), 
acidic (weak-base cation and strong-acid anion, highly charged metal cation, or first anion 
of a polyprotic acid), or basic (weak-acid anion and strong-base cation). 
Solution (a) NeutraL The ions are K+ and Cl04 -. The K+ ion is from the strong base 
KOH, and the Cl04 - anion is from the strong acid HCI04. Neither ion reacts with water. 
(b) Basic. The ions are Na + and C6HsCOO-. Na + is the cation of the strong base NaOH 
and does not react with water. The benzoate ion, C6HsCOO-, is from the weak acid ben­
zoic acid, so it reacts with water to produce OH- ion: 

C6HsCOO-(aq) + H20(l) � C6HsCOOH(aq) + OH- (aq) 

(c) Acidic. The ions are Cr3+ and Cl- . Cl- is the anion of the strong acid HC], so it 
does not react with water. Cr3+ is a small metal ion with a high positive charge, so the 
hydrated ion, Cr(H20)63+ ,  reacts with water to produce H30+ :  

Cr(H20)63+(aq) + H20(l) ::::;::::=::: Cr(H20)sOH2+(aq) + H30+(aq) 
(d) Acidic. The ions are Na + and HS04 -. Na + is the cation of the strong base NaOH, 
so it does not react with water. HS04 - is the first anion of the diprotic acid H2S04, and 
it reacts with water to produce H30+ : 

HS04 - (aq) + H20(l) � SO/-(aq) + H30+(aq) 

FOLLOW·U P  PROBLEM 1 8 . 1 0  Write equations to predict whether solutions of the 
following salts are acidic, basic, or neutral : (a) KCl02; (b) CH3NH3N03; (c) CsI. 



1 8.7 Acid-Base Properties of Salt Solutions 

11M' I:,. The Behavior of Salts in Water 
Salt Solution Examples pH Nature of Ions 

Neutral NaCI, KBr, Ba(N03h 7.0 Cation of strong base 
Anion of strong acid 

Acidic <7.0 Cation of weak base 
Anion of strong acid 

Acidic <7.0 Small, highly charged cation 
Anion of strong base 

Acidic <7.0 Cation of strong base 
First anion of polyprotic acid 

Basic >7.0 Cation of strong base 
Anion of weak acid 

Salts of Weakly Acidic Cations and Weakly Basic Anions 
The only salts left to consider are those consisting of a cation that acts as a weak 
acid and an anion that acts as a weak base. In these cases, both ions react with 
water, so the overall acidity of the solution depends on the relative acid strength 
(Ka) or base strength (Kb) of the separated ions. 

For example, will an aqueous solution of ammonium cyanide, NH4CN, be 
acidic or basic? First, we write equations for any reactions that occur between the 
separated ions and water. Ammonium ion is the conjugate acid of a weak base, 
so it acts as a weak acid: 

NH4 +(aq) + H20(l) � NH3(aq) + H30+(aq) 
Cyanide ion is the anion of the weak acid HCN and it acts as a weak base: 

CN-(aq) + H20(l) � HCN(aq) + OH-(aq) 
The reaction that goes farther to the right will have the greater influence on the 
pH of the solution, so we must compare the Ka of NH4 + with the Kb of CN- .  
But only molecular compounds are listed in Ka and Kb tables, s o  we first have to 
calculate these values for the ions: 

1 .0X lO- 14 
- 1 0 

6 5 = S.7X I O  
1 .7 X lO 

_ Kw l .OX 10- 14 - 5  
Kb of CN = 

Ka of HCN 6.2X lO- 1 0 = 1 .6x iO  

The difference in magnitude of  the equilibrium constants (Kb = 3 X 1 04Ka) tells 
us that the acceptance of a proton from H20 by CN- proceeds much further 
than the donation of a proton to H20 by NH4 + .  In other words, because Kb of 
CN- > Ka of NH4 + , the NH4CN solution is basic. 

SAMPLE PROBLEM 1 8 . 1 1 Predicting the Relative Acidity of a Salt Solution 
from Ka and Kb of the Ions 

Problem Determine whether an aqueous solution of zinc formate, Zn(HCOOh, is acidic, 
basic, or neutral. 
Plan The formula consists of the small, highly charged, and therefore weakly acidic, Zn2+ 
cation and the weakly basic HCOO- anion of the weak acid HCOOH. To determine the 
relative acidity of the solution, we write equations that show the reactions of the ions with 
water, and then find Ka of Zn2+ (from Appendix C) and calculate Kb of HCOO- (from 
Ka of HCOOH in Appendix C) to see which ion reacts to a greater extent. 
Solution Writing the reactions with water: 

Zn(H20)i+(aq) + H20(l) � Zn(H20)50H+(aq) + H30+(aq) 
HCOO-(aq) + H20(l) � HCOOH(aq) + OH-(aq) 

60S 

Ion That Reacts with Water 

None 

Cation 

Cation 

Anion 

Anion 
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Obtaining Ka and Kb of the ions: The Ka of Zn(H20)62+(aq) is l X lO-9. We obtain Ka of 
HCOOH and solve for Kb of HCOO-: 

_ Kw Kb of HCOO = -----"--­
Ka of HCOOH 

l .OX l O- 14 
= 5.6x l O- l l  

1 .8 X l O  4 

Ka of Zn(H20)62+ > Kb of HCOO-,  so the solution is acidic. 

FOLLOW· U P  PROBLEM 1 8 . 1 1 Determine whether solutions of the following salts 
are acidic, basic, or neutral : (a) Cu(CH3COOh; (b) NH4F. 

S E C T I O N  S U M MA RY 
Salts that yield a neutral solution consist of ions that do not react with water. Salts 
that yield an acidic solution contain an unreactive anion and a cation that releases a 
proton to water. Salts that yield a basic solution contain an unreactive cation and an 
anion that accepts a proton from water. If both cation and anion react with water, the 
ion that reacts to the greater extent (higher K) determines the acidity or basicity of 
the salt solution. 

18.8 ELECTRON-PAIR DONATION AND THE LEWIS 
ACID-BASE DEFINITION 

The final acid-base concept we consider was developed by Gilbert N. Lewis, whose 
contribution to understanding the importance of valence electron pairs in molecu­
lar bonding we discussed in Chapter 9. Whereas the Bf!?lnsted-Lowry concept 
focuses on the proton in defining a species as an acid or a base, the Lewis concept 
highlights the role of the electron pair. The Lewis acid-base definition holds that 

• A base is any species that donates an electron pair. 
• An acid is any species that accepts an electron pair. 

The Lewis definition, like the Brpnsted-Lowry definition, requires that a base have 
an electron pair to donate, so it does not expand the classes of bases. However, it 
greatly expands the classes of acids. Many species, such as CO2 and Cu2+ , that do 
not contain H in their formula (and thus cannot be Brpnsted-Lowry acids) function 
as Lewis acids by accepting an electron pair in their reactions. Lewis stated his objec­
tion to the proton as the defining feature of an acid this way: "To restrict the group 
of acids to those substances which contain hydrogen interferes as seliously with the 
systematic understanding of chemistry as would the restriction of the term oxidizing 
agent to those substances containing oxygen." Moreover, in the Lewis sense, the pro­
ton itself functions as an acid because it accepts the electron pair donated by a base: 

B:+H+ � B-H+ 

Thus, all Br¢nsted-Lowry acids donate H+, a Lewis acid. 

The product of any Lewis acid-base reaction i s  called an adduct, a single 
species that contains a new covalent bond: 

� A + :B � A-B (adduct) 
Thus, the Lewis concept radically broadens the idea of acid-base reactions. What 
to Arrhenius was the formation of H20 from H+ and OH- became, to Brpnsted 
and Lowry, the transfer of a proton from a stronger acid to a stronger base to 
form a weaker base and weaker acid. To Lewis, the same process became the 

donation and acceptance of an electron pair to form a covalent bond in an adduct. 
As we' ve seen, the key feature of a Lewis base is a lone pair of electrons to 

donate. The key feature of a Lewis acid is a vacant orbital (or the ability to 
rearrange its bonds to form one) to accept that lone pair and form a new bond. 
In the upcoming discussion, you' ll encounter a variety of neutral molecules and 
positively charged ions that satisfy this requirement. 
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Molecules as Lewis Acids 
Many neutral molecules function as Lewis acids. In every case, the atom that 
accepts the electron pair is low in electron density because of either an electron 
deficiency or a polar multiple bond. 

Lewis Acids with Electron-Deficient Atoms Some molecular Lewis acids contain 
a central atom that is electron deficient, one surrounded by fewer than eight 
valence electrons. The most important of these acids are covalent compounds of 
the Group 3A( l 3) elements boron and aluminum. As noted in Chapters 10 and 
14, these compounds react to complete their octet. For example, boron trifluoride 
accepts an electron pair from ammonia to form a covalent bond in a gaseous Lewis 
acid-base reaction: 

:F: H 
I � / 
B + :N � \  \" " ' H 

:F :  :F :  H 
acid base 

:F: H 
\ / 
\,B-N" 

:F. " "j \" " ' H 

:F.: H 

adduct 

Unexpected solubility behavior is sometimes due to adduct formation. Aluminum 
chloride, for instance, dissolves freely in relatively nonpolar diethyl ether because 
of a Lewis acid-base reaction, in which the ether's 0 atom donates an electron 
pair to Al to form a covalent bond: 

:(;1: 
. . � I 

CH3- CH
2

-O: + AI 
I 1 \  CH -CH 

" 
3 2 :�I :  :�I :  

base acid adduct 

Lewis Acids with Polar Multiple Bonds Molecules that contain a polar double 
bond also function as Lewis acids. As the electron pair on the Lewis base 
approaches the partially positive end of the double bond, one of the bonds breaks 
to form the new bond in the adduct. For example, consider the reaction that occurs 
when S02 dissolves in water. The electronegative 0 atoms in S02 withdraw elec­
tron density from the central S, so it is partially positive. The 0 atom of water 
donates a lone pair to the S, breaking one of the 7J' bonds and forming an S-O 
bond, and a proton is  transferred from water to that O. The resulting adduct i s  
sulfurous acid, and the overall process i s  

�+� .. 
S + H O-H 8- r::::::-. .  � .. . . 

.Q. ·9 
acid base 

:O-H 
I 

/�� " H-:Q. .9 
adduct 

The formation of carbonates from a metal oxide and carbon dioxide is an analo­
gous reaction that occurs in a nonaqueous heterogeneous system. The 02- ion 
(shown below from CaO) donates an electron pair to the partially positive C in  
CO2, a 7J' bond breaks, and the C032- ion forms as  the adduct: 

Ca2+ :0:2- + : O = C =O: 
" �8+ V8_ 

base acid 

Metal Cations as Lewis Acids 

[ ] 2-
: 0: 

I I  
Ca2+ C 

:9: ':q: 
adduct 

Earlier we saw that certain hydrated metal ions act as Brfllnsted-Lowry acids. 
In the Lewis sense, the hydration process itself is an acid-base reaction. The 
hydrated cation is the adduct, as lone electron pairs on the 0 atoms of water form 
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covalent bonds to the positively charged ion; thus, any metal ion acts as a Lewis 
acid when it dissolves in water: 

+ 6 

M2+ 6H20(l) M(H20)62+(aq) 
acid base adduct 

Ammonia is a stronger Lewis base than water because i t  displaces H20 from a1 

hydrated ion when aqueous NH3 is added: 

Ni(H20)l+(aq) + 6NH3(aq) � Ni(NH3)62+(aq) + 6H20(I) 
hydrated adduct base ammoniated adduct 

We discuss the equilibrium nature of these acid-base reactions in greater detail in 
Chapter 1 9, and we investigate the structures of these ions in  Chapter 22. 

Many biomolecules are Lewis adducts with central metal ions. Most often ,  0 
and N atoms of organic groups, with their lone pairs, serve as the Lewis bases. 
Chlorophyll is a Lewis adduct of a Mg

2+ ion and four N atoms in an organic ring 
system. Vitamin B 12 has a similar structure with a central Co

3
+,  and so does heme, 

but with a central Fe
2+ . Several other metal ions, such as Zn2+ ,  Mo2+, and Cu

2+ , 
are bound at the active sites of enzymes and function as Lewis acids in the 
enzymes' catalytic action. 

SAMPLE PROBLEM 1 8 . 1 2  Identifying Lewis Acids and Bases 
Problem Identify the Lewis acids and Lewis bases in the following reactions: 
(a) H+ + OH- � H20 
(b) Cl- + BCl3 � BCI4-
(c) K+ + 6H20 � K(H20)6 + 
Plan We examine the formulas to see which species accepts the electron pair (Lewis acid) 
and which donates it (Lewis base) in forming the adduct. 
Solution (a) The H+ ion accepts an electron pair from the OH- ion in forming a bond. 
H+ is the acid and OH- is the base. 

(b) The Cl- ion has four lone pairs and uses one to form a new bond to the central B. 
Therefore, BCl3 is the acid and Cl- is the base. 
(c) The K+ ion does not have any valence electrons to provide, so the bond is formed 
when electron pairs from 0 atoms of water enter empty orbitals on K+ . Thus, 
K+ is the acid and H20 is the base. 

Check The Lewis acids (H+, BCI3, and K+) each have an unfilled valence shell that can 
accept an electron pair from the Lewis bases (OH-,  Cl-, and H20). 

FOLLOW-U P  PROBLEM 1 8 . 1 2  Identify the Lewis acids and Lewis bases in the fol­
lowing reactions: 
(a) OH- + AI(OH)3 � Al(OH)4-
(b) S03 + H20 � H2S04 
(c) C03+ + 6NH3 � Co(NH3)i+ 

S E C T I O N  S U M MA RY 
The Lewis acid-base definition focuses on the donation or acceptance of an electron 
pair to form a new covalent bond in an adduct, the product of an acid-base reaction . 
Lewis bases donate the electron pair, and Lewis acids accept it. Thus, many species 
that do not contain H are Lewis acids. Molecules with polar double bonds act as 
Lewis acids, as do those with electron-deficient atoms. Metal ions act as Lewis acids 
when they dissolve in water, which acts as a Lewis base, to form an adduct, a 
hydrated cation. Many metal ions function as Lewis acids in biomolecules. 
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For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 

Learning Obiectives 

To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems ( EP) are listed in parentheses. 

1 .  Understand the nature of the hydrated proton, the Arrhenius 
definition of an acid and a base, and why all strong acid-strong 
base reactions have the same l1H�xn; describe how acid strength is 
expressed by Ka; classify strong and weak acids and bases from 
their formulas (§ 1 8 . 1 )  (SP 1 8. 1 )  (EPs 1 8 . 1- 1 8 . 1 2) 
2. Describe the autoionization of water and the meaning of Kw 

and pH; understand why [H30+] is inversely related to [OH-] and 
how their relative magnitudes define the acidity of a solution; in­
terconvert pH, pOH, [H30+] ,  and [OH-]  (§ 1 8 .2) (SPs 1 8.2, 1 8 .3) 
(EPs 1 8. 1 3- 1 8.23) 
3. Understand the Br0nsted-Lowry definitions of an acid and a base; 
discuss how water can act as a base or as an acid and how an acid­
base reaction is a proton-transfer process involving two conjugate 
acid-base pairs, with the stronger acid and base forming the weaker 
base and acid (§ 1 8.3) (SPs 1 8.4, 1 8.5) (EPs 1 8.24-18.39) 
4. Calculate Ka from the pH of an HA solution or pH from the Ka 

and initial [HA] ; explain why the percent dissociation of HA in-

Key Terms 
Section 1 8. 1  
hydronium ion, H30+ (578) 
Arrhenius acid-base 

definition (579) 
neutralization (579) 
acid-dissociation (acid­

ionization) constant 
(Ka) (58 1 )  

Section 1 8.2 
autoionization (583) 
ion-product constant for water 

(Kw) (583) 
pH (584) 
acid-base indicator (587) 
Section 1 8.3 
Br0nsted-Lowry acid-base 

definition (587) 

Key Equations and Relationships 
1 8. 1  Defining the acid-dissociation constant (58 1 ) :  

K = 
[H30+] [A -]  

a [HA] 
1 8.2 Defining the ion-product constant for water (583): 

Kw = [H30+] [OH-] = l .OX  1 0- 14 (at 25°C) 
1 8.3 Defining pH (584): 

pH = -log [H30+] 
1 8.4 Relating pKw to pH and pOH (585): 

pKw = pH + pOH = 14.00 (at 25°C) 

Brief Solutions to Follow-up Problems 
1 8. 1  (a) HCI03; (b) HCI; (c) NaOH 

l .OX l O- 14 
1 8.2 [H 0+]  = = l .5 X l O- 1 3 M· basic 3 

6 .7X I O  2 ' 
1 8.3 pOH = 14.00 - 9.52 = 4.48 
[H30+] = 1 0-9 52 = 3.0X 1 0- 1 0 M 

l .OX 10- 14 
[OH-] = = 3 .3 X l O-5 M 

3.0X 1 0  1 0  

creases as  [HA] decreases and know how to find percent dissocia­
tion (§ 1 8 .4) (SPs 1 8 .6, 1 8 .7) (EPs 1 8.40- 1 8.54) 
5. Understand the meaning of Kb, and why ammonia and amines 
and weak-acid anions are bases; discuss how relative [HA] and 
[A -] determine the acidity or basicity of a solution, and show the 
relationship between Ka and Kb of a conjugate acid-base pair and 
Kw; calculate pH from Kb and [B]init, and find Kb of A- from Ka of 
HA (§ 1 8 .5) (SPs 1 8.8, 1 8 .9) (EPs 1 8.55- 1 8.67) 
6. Understand how electronegativity and bond length, polarity, 
and strength affect the acid strength of nonmetal hydrides and 
oxoacids, and explain why certain metal ions form acidic solu­
tions (§ 1 8 .6) (EPs 1 8.68- 1 8.75) 
7 .  Understand how combinations of cations and anions lead 
to acidic, basic, or neutral solutions (§ 1 8 .7) (SPs 1 8. 1 0, 1 8 . 1 1 ) 
(EPs 1 8.76-1 8.82) 
8. Describe how a Lewis acid-base reaction involves formation of 
a new covalent bond, and identify Lewis acids and bases (§ 1 8 .9) 
(SP 1 8 . 1 2) (EPs 1 8 .83- 1 8 .93) 

proton donor (587) 
proton acceptor (588) 
conjugate acid-base pair (589) 
Section 1 8.4 
polyprotic acid (595) 
Section 1 8.S 
base-dissociation (base-

ionization) constant 
(Kb) (596) 

Section 1 8.8 
Lewis acid-base 

definition (606) 
adduct (606) 

1 8.5 Finding the percent dissociation of HA (595) :  

Percent HA dissociated = 
[HA]dissoc X 100 
[HA]init 

1 8.6 Defining the base-dissociation constant (596): 
[BH+] [OH-] 

K - -"-_-=-=-_....0. b - [B] 
1 8.7 Expressing the relationship among Ka, Kb, and Kw (599): 

Ka X Kb = Kw 

1 8.4 (a) CH3COOH/CH3COO- and H30+1H20 
(b) H20IOH- and HFIF-
1 8.5 H2S is higher on l i st of acids; OH- is lower on list of bases. 
Thus, we have 

H20(l) + HS-(aq) � OH-(aq) + H2S(aq) 
weaker acid + weaker base +-- stronger base + stronger acid 

The net direction is left, so Kc < I .  
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I S.6 NH4 +(aq) + H20(l) � NH3(aq) + H30+(aq) 
[H30+] = l O-pH = 1 0-5 0 = 1 X 1 0-5 M = [NH3] 

. [NH3] [H30+] (x) (X) From reaction table, Ka = + = ---, [NH4 ] 0.2 - x 
( 1  X 1 0-5)2 

= = 5 X l O- 1 0 0 .2 

1 8.7 Ka 
= 

[H30+] [OCN-] = (x) (x) 
= 3.5 x l O-4 

, [HOCN] 0. 1 0  - X 
[HOCN]init 0. 1 0  

Since = 4 = 286 < 400, you must solve a 
K" 3.5 X 1 0  

quadratic equation: x2 + (3 .5 X 1 O-4
)x - (3.5 X 1 0-5) = 0 

x = [H30+] = 5 .7X 10-3 M; pH = 2.24 
[c H NH+][OH-] 

I S.S Kb = 5 5 = 1 0-8.77 = 1 . 7X 1 0-9 
[C5H5N] 

. -9 (x)(x) 
Assummg 0. 1 0  M - x = 0. 1 0  M, Kb = 1 .7X  1 0  = --; 0. 1 0  
x = [OH-] = 1 .3 X 1 0-5 M ;  [H30+] = 7 .7 X l O- 10 M; 
pH = 9. 1 1 

Assuming 0.20 M - x = 0.20 M, 

Problems 

l .OX  10- 14 
---.,,- = 3 .4X 1 0-7 
2.9X lO -8 

Problems with colored numbers are answered in Appendix E. 
Sections match the text and provide the numbers of relevant sam­
ple problems. Bracketed problems are grouped in pairs (indicated 
by a short rule) that cover the same concept. Comprehensive Prob­
lems are based on material from any section or previous chapter. 
Note: Unless stated otherwise, all problems refer to aqueous solu­
tions at 298 K (25°C) . 

Acids and Bases in Water 
(Sample Problem I S. I )  
I S. 1  Describe the role of water according to the Arrhenius acid­
base definition. 

I S.2 What characteristics do all AlThenius acids have in common? 
What characteristics do all Arrhenius bases have in common? 
Explain neutralization in terms of the Arrhenius acid-base defi­
nition. What quantitative finding led Arrhenius to propose this 
idea of neutralization? 

IS.3 Why is the Arrhenius acid-base definition considered too lim­
ited? Give an example of a case in which the Arrhenius defini­
tion does not apply. 

I S.4 What is meant by the words "strong" and "weak" in terms of 
acids and bases? Weak acids have K" values that vary over more 
than 1 0  orders of magnitude. What do they have in common that 
classifies them as "weak"? 

1 18.5 Which of the following are Arrhenius acids? 
(a) H20 (b) Ca(OHh (c) H3P03 (d) HI 

I S.6 Which of the following are Arrhenius bases? 
(a) CH3COOH (b) HOH (c) CH30H (d) H2NNH2 

I S.7 Write the Ka expression for each of the following in water: 
(a) HN02 (b) CH3COOH (c) HBr02 

K = 3.4X 1 0-7 = 
[HCIO] [OH-] 

= 
�. 

b 
[CIO ] 0.20' 

x = [OH-] = 2.6X 1 0-4 M; [H30+] = 3.SX 10- 1 1  M; pH = 1 0.42 
1 8. 1 0 (a) Basic: 

CI02 - (aq) + H20(l) � HCI02(aq) + OH-(aq) 
K+ is from strong base KOH. 
(b) Acidic: 

CH3NH3 +(aq) + H20(l) � CH3NH2(aq) + H30+(aq) 
N03 - is from strong acid HN03. 
(c) Neutral : Cs+ is from strong base CsOH; 1- is from strong 
acid HI. 
I S. 1 1 (a) Ka of Cu(H20)/+ = 3 X lO-8 

-
Kw - 1 0  Kb of CH3COO = = 5 .6X 10 

Ka of CH3COOH 
Since Ka > Kb, Cu(CH3COOMaq) is acidic. 

(b) K of NH + = Kw = 5 .7 X lO - IO a 4 Kb of NH3 

Kb of F- = Kw = l .5 X l O- 1 1  
Ka of HF 

Since Ka > Kb, NH4F(aq) is acidic. 
I S. 1 2  (a) OH- is the Lewis base; A1(OHh is the Lewis acid. 
(b) H20 is the Lewis base; S03 is the Lewis acid. 
(c) NH3 is the Lewis base; Co3+ is the Lewis acid. 

I S.S Write the Ka expression for each of the following in water: 
(a) H2P04 - (b) H3P02 (c) HS04 -

I S.9 Use Appendix C to rank the following in order of increasing 
acid strength: HI03, HI, CH3COOH, HF. 

I S. 1 0  Use Appendix C to rank the fol lowing in order of decreas­

ing acid strength : HCIO, HCI, HCN, HN02. 

1 8. 1 1 Classify each as a strong or weak acid or base: 
(a) H3As04 (b) Sr(OHh (c) HIO (d) HCl04 

I S. 1 2  Classify each as a strong or weak acid or base: 
I (a) CH3NH2 (b) K20 (c) HI (d) HCOOH 

Autoionization of Water and the pH Scale 
(Sample Problems l S.2 and l S.3) 
I S. 1 3  What is an autoionization reaction? Write equations for the 
autoionization reactions of H20 and of H2S04, 

I S. 1 4  (a) What is the change in pH when [OH-] increases by a 
factor of 1 0? 
(b) What is the change in [H30+] when the pH decreases by 
2 units? 

I S. 1 5  Which solution has the higher pH? Explain. 
(a) A 0. 1 M solution of an acid with Ka = 1 X 1 0-4 or one with 
Ka = 4x lO-5 
(b) A 0. 1 M solution of an acid with pKa = 3.0 or one with 
pKa = 3.5 
(c) A 0 . 1  M solution of a weak acid or a 0.01 M solution of the 
same acid 
(d) A 0. 1 M solution of a weak acid or a 0. 1 M solution of a 
strong acid 
(e) A 0. 1  M solution of an acid or a 0. 1 M solution of a base 
(f) A solution of pOH 6.0 or one of pOH 8.0 



1 18.16 (a) What is the pH of 0.01 1 1  M NaOH? Is the solution neu­
tral, acidic, or basic? 
(b) What is the pOH of 1 .23 X 1 0-3 M HCl? Is the solution neu­
tral, acidic, or basic? 

I S. 17 (a) What is the pH of 0.0333 M HN03? Is the solution neu­
tral, acidic, or basic? 
(b) What is the pOH of 0 .0347 M KOH? Is the solution neutral 
acidic, or basic? 

' 

.I S.18 (a) What are [H30+], [OH-] ,  and pOH in a solution with a 
pH of 9.78? 
(b) What are [H30+] , [OH-] , and pH in a solution with a pOH 
of 1 O.43? 

I S.19 (a) What are [H30+] ,  [OH-], and pOH in a solution with a 
pH of 3 .47? 
(b) What are [H30+] ,  [OH-] ,  and pH in a solution with a pOH 
of 4.33? 

18.20 How many moles ofH30+ or OH- must you add to 6.5 L of 
HA solution to adjust its pH from 4.82 to 5.22? Assume a negli­
gible volume change. 

18.2 1 How many moles of H30+ or OH- must you add to 
87.5 mL of HA solution to adjust its pH from 8.92 to 6.33? As-

1 sume a negligible volume change. 

18.22 Although the text asserts that water is an extremely weak 
electrolyte, parents commonly warn their children of the danger 
of swimming in a pool or lake during a l ightning storm. Explain. 

18.23 Like any equilibrium constant, Kw changes with temperature. 
(a) Given that autoionization is an endothermic process, does Kw 

increase or decrease with rising temperature? Explain with an 
equation that includes heat as reactant or product. 
(b) In many medical applications, the value of Kw at 37°C (body 
temperature) may be more appropriate than the value at 25°C - 1 4 

' 
LOX 1 0  . The pH of pure water at 37°C is 6 .80. Calculate Kw, 

pOH, and [OH-] at this temperature. 

Proton Transfer and the BrGnsted-Lowry 
Acid-Base Definition 
(Sample Problems 1 8 .4 and 1 8.5) 
18.24 How do the Arrhenius and Bnz)nsted-Lowry definitions of 
an acid and a base differ? How are they similar? Name two 
Bronsted-Lowry bases that are not considered Arrhenius bases. 
Can you do the same for acids? Explain. 

I S.25 What is a conjugate acid-base pair? What is the relationship 
between the two members of the pair? 

I S.26 A Bronsted-Lowry acid-base reaction proceeds in the net di­
rection in which a stronger acid and stronger base form a weaker 
acid and weaker base. Explain. 

I S.27 What is an amphoteric species? Name one and write bal-
anced equations that show why it is amphoteric. 

I I S.28 Give the formula of the conjugate base: 
(a) HCI (b) HZC03 (c) HzO 
I S.29 Give the formula of the conjugate base: 
(a) HP04

Z- (b) NH4 + (c) HS-

I S.30 Give the formula of the conjugate acid: 
(a) NH3 (b) NHz - (c) nicotine, C IOH I4Nz 

I S.31 Give the formula of the conjugate acid: 
(a) Oz- (b) SO/- (c) HzO 

Problems 611 

I S.32 In each equation, label the acids, bases, and conjugate 
acid-base pairs: 
(a) NH3 + H3P04 � NH4 + + HZP04 -
(b) CH30- + NH3 � CH30H + NHz-
(c) HP04Z- + HS04 - � HZP04 - + SO/-

18.33 In each equation, label the acids, bases, and conjugate 
acid-base pairs: 
(a) NH4 + + CN- � NH3 + HCN 
(b) HzO + HS- � OH- + HzS 
(c) HS03 - + CH3NHz � S032- + CH3NH3 + 

I S.34 Write balanced net ionic equations for the following reac­
tions, and label the conjugate acid-base pairs: 
(a) NaOH(aq) + NaH2P04(aq) � H20(l) + Na2HP04(aq) 
(b) KHS04(aq) + KZC03(aq) � K2SOiaq) + KHC03(aq) 

I S.35 Write balanced net ionic equations for the fol lowing reac­
tions, and label the conjugate acid-base pairs: 
(a) HN03(aq) + Li2C03(aq) � LiN03(aq) + LiHC03(aq) 
(b) 2NH4Cl(aq) + Ba(OHhCaq) � 

2H20(l) + BaClz(aq) + 2NH3(aq) 

18.36 The fol lowing aqueous species constitute two conjugate 
acid-base pairs. Use them to write one acid-base reaction with 
Kc > 1 and another with Kc < 1 :  HS-,  Cl- ,  HCI, H2S. 

I S.37 The fol lowing aqueous species constitute two conjugate 
acid-base pairs. Use them to write one acid-base reaction with 
Kc > I and another with Kc < 1 : N03 -, F-, HF, HN03. 

I S.38 Use Figure 1 8.9 to determine whether Kc > I for 
(a) HCI + NH3 � NH4 + + Cl-
(b) H2S03 + NH3 � HS03 - + NH4 + 

I S.39 Use Figure 1 8.9 to determine whether Kc < 1 for 
(a) H2P04 - + F- � HPO/- + HF 

1 (b) CH3COO- + HS04 - � CH3COOH + SO/-

Solving Problems Involving Weak-Acid Equilibria 
(Sample Problems 1 8.6 and 1 8 .7) 
I S.40 In each of the fol lowing cases, would you expect the con­
centration of acid before and after dissociation to be nearly the 
same or very different? Explain your reasoning. 
(a) A concentrated solution of a strong acid 
(b) A concentrated solution of a weak acid 
(c) A dilute solution of a weak acid 
(d) A dilute solution of a strong acid 

I S.4 1 In which of the fol lowing solutions wi l l  [H30+] be 
approximately equal to [CH3COO-] :  (a) 0. 1 M CH3COOH; 
(b) I X 1 0-7 M CH3COOH; (c) a solution containing both 0. 1 M 
CH3COOH and 0. 1 M CH3COONa? Explain. 

I S.42 Why do successive K;s decrease for all polyprotic acids? 

I l s.43 P: 0. 1 5  M sO�3tion of b
+
utanoic acid, CH3CH2CH2COOH, 

contams 1 .5 1  X 10 M H30 . What IS the K" of butanoic acid? 
18.44 A 0.035 M solution of a weak acid (HA) has a pH of 4.88. 
What is the K" of the acid? 

I S.45 Nitrous acid, HN02, has a Ka of 7 . 1  X 1 0-4. What are 
[H30+] , [N02 -] ,  and [OH-] i n  0.50 M HNOo? 

I S.46 Hydrofluoric acid, HF, has a K" of 6.8>< 1 0-4 What are 
[H30+] , [F-] ' and [OH-] in  0.75 M HF? 

I S.47 Chloroacetic acid, C lCH2COOH, has a pK" of 2 .87 .  What 
are [H30+] , pH, [ClCH2COO-], and [ClCH2COOH] in 1 .05 M 
ClCH2COOH? 
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18.48 Hypochlorous acid, HClO, has a pKa of 7 .54. What are 
[H30+] ,  pH, [ClO-] ,  and [HCIO] in 0. 1 15 M HClO? 

18.49 In a 0.25 M solution, a weak acid is 3 .0% dissociated. 
(a) Calculate the [H30+], pH, [OH-] ,  and pOH of the solution. 
(b) Calculate Ka of the acid. 

18.50 In a 0.735 M solution, a weak acid is 1 2.5% dissociated. 
(a) Calculate the [H30+] ,  pH, [OH-] , and pOH of the solution. 
(b) Calculate Ka of the acid. 

18.51 The weak acid HZ has a Ka of 1 .55 X 10-4. 
(a) Calculate the pH of 0.075 M HZ. 
(b) Calculate the pOH of 0.045 M HZ. 

18.52 The weak acid HQ has a pKa of 4.89. 
(a) Calculate the [H30+] of 3 .5 X 10-2 M HQ. 

I (b) Calculate the [OH-] of 0.65 M HQ. 

18.53 Acetylsalicylic acid (aspirin), HC9H704, is the most widely 
used pain reliever and fever reducer. Find the pH of 0.0 1 8  M 
aqueous aspirin at body temperature (Ka at 37°C = 3 .6X 10-4) .  

18.54 Fonnic acid, HCOOH, the simplest carboxylic acid, has many 
uses in the textile and rubber industries. It is an extremely caustic 
liquid that is secreted as a defense by many species of ants (family 
Formicidae). Calculate the percent dissociation of 0.50 M HCOOH. 

Weak Bases and Their Relation to Weak Acids 
(Sample Problems 18 .8  and 1 8.9) 
18.55 What is the key structural feature of all Br¢nsted-Lowry 

bases? How does this feature function in an acid-base reaction? 
18.56 Why are most anions basic in H20? Give formulas of four 

anions that are not basic. 
18.57 Except for the Na + spectator ion, aqueous solutions of 
CH3COOH and CH3COONa contain the same species. (a) What 
are the species (other than H20)? (b) Why is 0. 1 M CH3COOH 
acidic and 0. 1 M CH3COONa basic? 

118.58 Write balanced equations and Kb expressions for these 
Br¢nsted-Lowry bases in water: 
(a) Pyridine, CsHsN (b) C032-

18.59 Write balanced equations and Kb expressions for these 
Br¢nsted-Lowry bases in water: 
(a) Benzoate ion, C6HsCOO- (b) (CH3hN 

\8.60 What is the pH of 0.050 M dimethylamine? 
18.61 What is the pH of 0. 1 2  M diethylamine? 

18.62 (a) What is the pKb of CI02-? 
(b) What is the pKa of the dimethylammonium ion, (CH3hNH2 +?  

18.63 (a) What i s  the pKb of  N02 - ?  
(b) What is the pKa of the hydrazinium ion, H2N-NH3 + 
(Kb of hydrazine = 8.5 X 1 O-7)? 

18.64 (a) What is the pH of 0.050 M KCN? 
(b) What is the pH of 0.30 M triethylammonium chloride, 
(CH3CH2)3NHCI? 

18.65 (a) What is  the pH of 0. 1 00 M sodium phenolate, 
C6HsONa, the sodium salt of phenol? 
(b) What is the pH of 0. 1 5  M methylammonium bromide, 
CH3NH3Br (Kb of CH3NH2 = 4.4X 1O-4)? 

18.66 Sodium hypochlorite solution, sold as "chlorine bleach," is 
recognized as a potentially dangerous household product. The 
dangers arise from its basicity and from ClO- , the active bleach­
ing ingredient. What is [OH-] in an aqueous solution that is 

5 .0% NaCIO by mass? What is the pH of the solution? (Assume 
d of solution = 1 .0 g/mL.) 

18.67 Codeine (C I 8H2 1N03) is a narcotic pain reliever that forms 
a salt with HCI. What is the pH of 0.050 M codeine hydrochlo­
ride (pKb of codeine = 5 .80)? 

Molecular Properties and Acid Strength 
18.68 Across a period, how does the electronegativity of a non­
metal affect the acidity of its binary hydride? 

18.69 How does the atomic size of a nonmetal affect the acidity of 
its binary hydride? I 

18.70 A strong acid has a weak bond to its acidic proton, whereas 
a weak acid has a strong bond to its acidic proton. Explain. 

1 8.71 Perchloric acid, HC104, is the strongest of the halogen 
oxoacids, and hypoiodous acid, HIO, is the weakest. What two 
factors govern this difference in acid strength? 

118.72 Choose the stronger acid in each of the following pairs: 
(a) H2Se or H3As (b) B(OH)3 or AI(OH)3 (c) HBr02 or HBrO 

18.73 Choose the weaker acid in each of the following pairs: 
(a) HI or HBr (b) H3As04 or H2Se04 (c) HN03 or HN02 

1 8.74 Use Appendix C to choose the solution with the lower pH: 
(a) 0. 1 M CUS04 or 0.05 M A12(S04h 
(b) 0. 1 M ZnCl2 or 0. 1 M PbCl2 

18.75 Use Appendix C to choose the solution with the higher pH: 
(a) 0. 1 M NiCl2 or O. 1 M NaCI 

1 (b) 0. 1 M Sn(N03h or 0. 1 M Co(N03h 

Acid-Base Properties of Salt Solutions 
(Sample Problems 1 8 . 10 and 1 8 . 1 1 )  
18.76 What determines whether a n  aqueous solution of a salt will 

be acidic, basic, or neutral? Give an example of each type of salt. 
18.77 Why is aqueous NaF basic but aqueous NaCI neutral? 
18.78 The NH4 + ion forms acidic solutions, and the CH3COO­

ion forms basic solutions. However, a solution of ammonium 
acetate is almost neutral . Do all of the ammonium salts of weak 
acids form neutral solutions? Explain your answer. 

118.79 Explain with equations and calculations, when necessary, 
whether an aqueous solution of each of these salts is acidic, ba­
sic, or neutral: (a) KBr; (b) NH4I ;  (c) KCN. 

18.80 Explain with equations and calculations, when necessary, 
whether an aqueous solution of each of these salts is acidic, ba­
sic, or neutral: (a) Cr(N03)3; (b) NaHS; (c) Zn(CH3COOh. 

18.81 Rank the following salts in order of increasing pH of their 
0. 1 M aqueous solutions: 
(a) KN03, K2S03, K2S 
(b) NH4N03, NaHS04, NaHC03, Na2C03 

18.82 Rank the following salts in order of decreasing pH of their 
0. 1 M aqueous solutions: 
(a) NH4CI, MgCI2, KCI02 
(b) NH4Br, NaBr02> NaBr, NaCI02 

Electron-Pair Donation and the Lewis Acid-Base Definition 
(Sample Problem 1 8. 1 2) 
18.83 What feature must a molecule or ion have for it to act as a 

Lewis base? A Lewis acid? Explain the roles of these features. 
18.84 How do Lewis acids differ from Br¢nsted-Lowry acids? 

How are they similar? Do Lewis bases differ from Br¢nsted­
Lowry bases? Explain. 



1 8.85 (a) Is a weak Br0nsted-Lowry base necessarily a weak 
Lewis base? Explain with an example. 
(b) Identify the Lewis bases in the following reaction: 
Cu(H20)/+(aq) + 4CN-(aq) � 

Cu(CN)/-(aq) + 4H20(l) 
(c) Given that Kc > 1 for the reaction in part (b), which Lewis 
base is stronger? 

1 8.86 In which of the three concepts of acid-base behavior dis­
cussed in the text can water be a product of an acid-base reac­
·tion? In which is it the only product? 

1 8.87 (a) Give an example of a substance that is a base in two of 
the three acid-base definitions, but not in the third. 
(b) Give an example of a substance that is an acid in one of the 
three acid-base definitions, but not in the other two. 

1 , 8.88 Which are Lewis acids and which are Lewis bases? 
(a) Cu2+ (b) Cl - (c) SnCl2 (d) OF2 

1 8.89 Which are Lewis acids and which are Lewis bases? 
(a) Na+ (b) NH3 (c) CN- (d) BF3 

1 8.90 Identify the Lewis acid and Lewis  base in each equation: 
(a) Na + + 6H20 � Na(H20)6 + 
(b) CO2 + H20 � H2C03 
(c) F- + BF3 � BF4-

1 8.91 Identify the Lewis acid and Lewis base in each equation: 
(a) Fe3+ + 2H20 � FeOH2+ + H30+ 
(b) H20 + H- � OH- + H2 
(c) 4CO + Ni � Ni(CO)4 

1 8.92 Classify the following as Arrhenius, Br0nsted-Lowry, or 
Lewis acid-base reactions. A reaction may fit all ,  two, one, or 
none of the categories: 
(a) Ag + + 2NH3 � Ag(NH3h + 
(b) H2S04 + NH3 � HS04 - + NH4 + 
(c) 2HCI � H2 + Cl2 
(d) AICl3 + Cl- � AICI4-

1 8.93 Classify the following as Arrhenius, Br0nsted-Lowry, or 
Lewis acid-base reactions. A reaction may fit all, two, one, or 
none of the categories: 
(a) Cu2+ + 4CI- � CuCl/-
(b) AI(OH)3 + 3HN03 � AI3+ + 3H20 + 3N03-
(c) N2 + 3H2 � 2NH3 
(d) CN- + H20 � HCN + OH-

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 
1 8.94 Bodily processes in humans maintain the pH of blood 
within a narrow range. In fact, a condition called acidosis occurs 
if the blood pH goes below 7.35, and another called alkalosis oc­
curs if the pH goes above 7 .45. Given that the pKw of blood is 
1 3 .63 at 37°C (body temperature), what is the normal range of 
[H30+] and of [OH-] i n  blood? 

1 8.95 When carbon dioxide dissolves in water, it undergoes a mul­
tistep equilibrium process, with Koverall = 4.5 X lO-7, which is 
simplified to the following: 

CO2(g) + H20(l) � H2C03(aq) 
H2C03(aq) + H20(l) � HC03 -(aq) + H30+(aq) 

(a) Classify each step as a Lewis or a Br0nsted-Lowry reaction. 
(b) What is the pH of nonpolluted rainwater in equilibrium with 
clean air (Pco� in clean air = 3 .2X lO-4 atm; Henry's law con­
stant for CO2 at 25°C is 0.033 mol/L'atm)? 
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(c) What is [C032-] in rainwater (Ka of HC03 - = 4.7X lO- I I )? 
(d) If the partial pressure of CO2 i n  clean air doubles in the next 
few decades, what wil l the pH of rainwater become? 

* 1 8.96 Use Appendix C to calculate [H2C204], [HC204 -] ,  
[C20/-] ,  [H30+] ,  pH, [OH-] ,  and pOH i n  a 0.200 M solution 
of the diprotic acid oxalic acid. (Hint: Assume all the [H30+] 
comes from the first dissociation.) 

1 8.97 Many molecules with central atoms from Period 3 or higher 
take part in Lewis acid-base reactions in which the central atom 
expands its valence shell .  SnCl4 reacts with (CH3hN as follows: 

CI 

(a) Identify the Lewis acid and the Lewis base in the reaction. 
(b) Give the nl designation of the sublevel of the central atom in 
the acid that accepts the lone pair. 

1 8.98 A chemist makes four successive 1 :  l O  dilutions of 
l .OX l O-5 M HCI. Calculate the pH of the original solution and 
of each diluted solution (through l .OX l O-9 M HC!). 

1 8.99 Hydrogen peroxide, H202 (pKa = 1 l .75), is commonly used 
as a bleaching agent and an antiseptic. The product sold in stores 
is 3% H202 by mass and contains 0.001 % phosphoric acid by 
mass to stabil ize the solution. Which contributes more H30+ to 
this commercial solution, the H202 or the H3P04? 

1 8. 1 00 Esters, RCOOR' ,  are formed by the reaction of car­
boxylic acids, RCOOH, and alcohols, R 'OH, where R and R'  
are hydrocarbon groups .  Many esters are responsible for the 
odors of fruit and, thus, have important uses in the food and 
cosmetics industries. The first two steps in the mechanism of 
ester formation are 

:0: :OH 
I I  . . I . .  ( 1 )  R-C-QH + H +  R-C-OH 

:OH 
I . . . .  (2) R -C-OH + R'-QH + . •  

+ • .  

:OH 
I . . 

R-C-OH 
I . .  

:O�R' 
I 

H 

Identify the Lewis acids and Lewis bases in these two steps. 
1 8. 1 0 1  Thiamine hydrochloride (C I 2H I sON4SCI2) is a water­
soluble form of thiamine (vitamin B I ;  Ka = 3 .37X l O-7). How 
many grams of the hydrochloride must be dissolved in 10.00 mL 
of water to give a pH of 3 .50? 

1 8. 1 02 When Fe3+ salts are dissolved in water, the solution be­
comes acidic due to formation of Fe(H20hOH2+ and H30 + . 
The overall process involves both Lewis and Br0nsted-Lowry 
acid-base reactions. Write the equations for the process. 

1 8. 103 At 50°C and 1 atm, Kw = 5 . 1 9X I 0- 1 4. Calculate parts 
(a)-(c) under these conditions: 
(a) [H30+] in pure water 
(b) [H30+] in O.OlO M NaOH 
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(c) [OH-] in 0.00 1 0  M HCl04 
(d) Calculate [H30+ ]  in 0.0 100 M KOH at 1 00°C and 1000 atm 
pressure (Kw = I .  l OX  10- 1 2) .  
(e) Calculate the pH of pure water at 1 00°C and 1 000 atm. 

* I S. 1 04 A l .000 m solution of chloroacetic acid (CICH2COOH) 
freezes at - 1 .93°C. Use these data to find the Ka of chloroacetic 
acid. (Assume the molarities equal the molalities.) 

I S. 105 Calcium propionate [Ca(CH3CH2COOh] is a mold in­
hibitor used in  food, tobacco, and pharmaceuticals. (a) Use bal­
anced equations to show whether aqueous calcium propionate is 
acidic, basic, or neutral. (b) Use Appendix C to find the pH of a 
solution made by dissolving 7 .05 g of Ca(CH3CH2COOh in wa­
ter to give 0.500 L of solution. 

I S. 1 06 Carbon dioxide is less soluble in dilute HCl than in dilute 
NaOH. Explain. 

I S. 1 07 (a) If Kw = 1 . 1 39X 1 0- 1 5 at O°C and 5 .474X 10- 14 at 50°C, 
find [H30+] and pH of water at O°C and 50°C. 
(b) The autoionization constant for heavy water (deuterium ox­
ide, D20) is 3.64X 10- 1 6  at O°C and 7 .89X 10- 1 5 at 50°C. Find 
[D30+] and pD of heavy water at O°C and 50°C. 
(c) Suggest a reason for these differences. 

* I S. 1 0S HX (JIlt = 1 50. g/mol) and HY eM = 50.0 g/mol) are weak 
acids. A solution of 1 2.0 gIL of HX has the same pH as one contain­
ing 6.00 gIL of HY. Which is the stronger acid? Why? 

* 1 8. 1 09 Nitrogen is discharged from wastewater treatment facili­
ties into rivers and streams, usually as NH3 and NH4 + :  

NH3(aq) + H20(l) � NH4 + (aq) + OH-(aq) Kb = 1 .76xlO-5 
One strategy for removing it is to raise the pH and "strip" the 
NH3 from solution by bubbling air through the water. (a) At 
pH 7 .00, what fraction of the total nitrogen in solution is NH3, 
defined as [NH3]/([NH3] + [NH4 +])? (b) What is the fraction at 
pH 1 O.00? (c) Explain the basis of ammonia stripping. 

1 8. 1 1 0  Polymers and other large molecules are not very soluble in 
water, but their solubility increases if they have charged groups. 
(a) Casein is a protein in milk that contains many carboxylic acid 
groups on its side chains. Explain how the solubility of casein in 
water varies with pH. 
(b) Histones are proteins that are essential to the proper function 
of DNA. They are weakly basic due to the presence of side 
chains with -NH2 and =NH groups. Explain how the solubil­
ity of histones in water varies with pH. 

1 8. 1 1 1  Hemoglobin (Hb) transports oxygen in the blood: 

HbH+(aq) + 02(aq) + H20(l) ---+ Hb02(aq) + H30 + (aq) 

In blood, [H30+] is held nearly constant at 4X  1 0-8 M. 
(a) How does the equil ibrium position change in the lungs? 
(b) How does it change in Oz-deficient cells? 
(c) Excessive vomiting may lead to metabolic alkalosis, in 
which [H30+] in blood decreases. How does this condition af­
fect the ability of Hb to transport 02? 
(d) Diabetes mellitus may lead to metabolic acidosis, in which 
[H30+] in blood increases. How does this condition affect the 
ability of Hb to transport 02? 

l S. 1 1 2  Vitamin C (ascorbic acid, H2C6H606) i s  a weak diprotic 
acid. It is essential for the synthesis of coHagen, the major pro­
tein in connective tissue. If the pH of a 5 .0% (w/v) solution of vi­
tamin C in water is 2.77, calculate the Ka l of vitamin C. 

* 1 8. 1 1 3  Quinine (C2oH24N202; see below) is a natural product with 
antimalarial properties that saved thousands of lives during con-

struction of the Panama Canal. It stands as a classic example of the 
medicinal wealth of tropical forests. Both N atoms are basic, but 
the N (colored) of the 3° amine group is far more basic (pKb = 5. 1 )  
than the N within the aromatic ring system (pKb = 9.7). 

CHfo 
CHP� 

(a) Quinine is not very soluble in water: a saturated solution is 
only 1 .6X 1 0-3 M. What is the pH of this solution? 
(b) Show that the aromatic N contributes negligibly to the pH of 
the solution. 
(c) Because of its low solubility as a free base in water, quinine 
is given as an amine salt. For instance, quinine hydrochloride 
(C2oH24N202'HCI) is about 1 20 times more soluble in water 
than quinine. What is the pH of 0.53 M quinine hydrochloride? 
(d) An antimalarial concentration in water is 1 .5% quinine hy­
drochloride by mass (d = l .0 g/mL) .  What is the pH? 

* 1 8. 1 1 4  Drinking water is often disinfected with chlorine gas, 
which hydrolyzes to form hypochlorous acid (HClO), a weak 
acid but powerful disinfectant: 
CI2(aq) + 2H20(l) ---+ HCIO(aq) + H30+(aq) + Cl-(aq) 

The fraction of HClO in solution is defined as 
[HClO] 

[HClO] + [CIO ] 
(a) What is the fraction of HCIO at pH 7 .00 (Ka of HCIO 
2.9X 1O-8)?  (b) What is the fraction at pH 1 O.00? 

* 1 8. 1 1 5  The following scenes represent three weak acids HA 
(where A = X, Y, or Z) dissolved in water (H20 is not shown): 

HA = 

HX HY 

(a) Rank the acids in order of increasing Ka. 
(b) Rank the acids in order of increasing pKa. 

HZ 

(c) Rank the conjugate bases in order of increasing pKb' 
(d) What is the percent dissociation of HX? 
(e) If equimolar amounts of the sodium salts of the acids (NaX, 
NaY, and NaZ) were dissolved in water, which solution would 
have the highest pOH? The lowest pH? 



Key Principles 
• For an aqueous ionic system at equilibrium, Le Chatelier's principle 

predicts that a substance dissociates less if one of the ions in the 
substance is already present in the solution. As a result of this 
common-ion effect, HA dissociates more in water than in a solution 
containing A-. The A- already present combines with some H30+ 
and thus lowers the acidity of the HA solution. 

• An acid-base buffer is a solution containing high concentrations of a 
conjugate acid-base pair. It resists changes in pH because of the 
common-ion effect: the conjugate base (or acid) component reacts 
with added H30+ from a strong acid (or OH-from a strong base) to 
keep pH relatively constant. 

• A concentrated buffer has more capacity to resist a pH change than 
a dilute buffer. Buffers have a range of about 2 pH units, which 
corresponds to a value from 10 to 0 .1  for the ratio [A -]/[HA]. 

• The equivalence point of a titration occurs when the moles of acid 
equal the moles of base. The pH at the equivalence point depends 

Outline 

CHAPTER N INETEEN 

• 

on the acid-base properties of the cation and the anion present: in 
a strong aCid-strong base titration, the equivalence point is at pH 
7; in a weak aCid-strong base titration, pH > 7, and in a weak 
base-strong acid titration ,  pH < 7.  

• The dissolution in water of  a slightly soluble ionic compound reaches 
an equilibrium characterized by a solubility-product constant, Ksp, 
that is much less than 1 . Addition of a common ion lowers such a 
compound's solubility. Lowering the pH (adding H30+) increases the 
solubility if the anion of the ionic compound is that of a weak acid. 

• A complex ion consists of a central metal ion bonded to molecules or 
anions called ligands. Complex ions form in a stepwise process 
characterized by a formation constant, Kf, that is much greater than 
1 . Adding a ligand increases the solubility of a slightly soluble ionic 
compound if the ligand forms a complex ion with the ionic 
compound's cation. 

19.1 Equilibria of Acid-Base Buffer Systems 
The Common-Ion Effect 

19.3 Equi l ibria of Slightly Soluble 
Ionic Compounds 

19.4 Equilibria Involving Complex Ions 
Formation of Complex Ions 
Complex Ions and Solubility The Henderson-Hasselbalch Equation 

Buffer Capacity and Range 
Preparing a Buffer 

19.2 Acid-Base Titration Curves 
Acid-Base Indicators 
Strong Acid-Strong Base Titrations 
Weak Acid-Strong Base Titrations 
Weak Base-Strong Acid Titrations 

The Solubility-Product Constant (Ksp) 
Calculations Involving Ksp 
The Effect of a Common Ion 
The Effect of pH 
asp vs. Ksp 
Ionic Equilibria and the Acid Rain Problem 

6 1 5  



6 1 6  

Concepts & Skil ls to Review 
Before You Study This Chapter 

• solubility rules for ionic compounds 
(Section 4.3) 

• effect of concentration on equilibrium 
position (Section 1 7.6) 

• conjugate acid-base pairs 
(Section 1 8.3) 

• calculations for weak-acid and weak­
base equilibria (Sections 1 8.4 and 1 8.5) 

• acid-base properties of salt solutions 
(Section 1 8.7) 

• Lewis acids and bases (Section 1 8.8) 

CHAPTER 1 9  Ionic Equilibria in Aqueous Systems 

Europa, one of Jupiter's moons, has an icy surface with hints of vast oceans of 
liquid water beneath. Is there life on Europa? If so, perhaps some Europan 

astronomer viewing Earth would be asking a similar question, because liquid water 
is essential for the aqueous systems that maintain life. Every astronaut has fel t  
awe at  seeing our "beautiful blue orb" from space. A biologist peering at  the 
fabulous watery world of a living cell probably feels the same way. A chemist i s  
awed by the principles of  equilibrium and their universal application to  aqueous 
solutions wherever they occur. 

Consider just a few cases of aqueous equilibria. The magnificent formations 
i n  limestone caves and the vast expanses of oceanic coral reefs result from sub­
tle shifts in carbonate solubility equilibria. Carbonates also influence soil pH and 
prevent acidification of lakes by acid rain. Equilibria involving carbon dioxide and 
phosphates help organisms maintain cellular pH within narrow limits. Equilibria 
involving clays in soils control the availability of ionic nutrients for plants. The 
principles of ionic equilibrium also govern how water is softened, how substances 
are purified by precipitation of unwanted ions, and even how the weak acids in 
wine and vinegar influence the delicate taste of a fine French sauce. In this chap­
ter, we explore three aqueous ionic equilibrium systems: acid-base buffers, slightly 
soluble salts, and complex ions. 

1 9. 1  EQUILIBRIA OF ACID-BASE BUFFER SYSTEMS 

Why do some lakes become acidic when showered by acid rain, while others 
remain unaffected? How does blood maintain a constant pH in contact with count­
less cellular acid-base reactions? How can a chemist sustain a nearly constant 
[H30+] in reactions that consume or produce H30+ or OH-?  The answer in each 
case depends on the action of a buffer. 

In everyday language, a buffer is something that lessens the impact of an 
external force. An acid-base buffer is a solution that lessens the impact on pH 
from the addition of acid or base. Figure 1 9 . 1  shows that a small amount of H30+ 

or OH- added to an unbuffered solution (or just water) changes the pH by sev­
eral units. Note that, because of the logarithmic nature of pH, this change is 
several orders of magnitude larger than the change that results from the same 
addition to a buffered solution, shown in Figure 1 9.2. To withstand the addition 
of strong acid or strong base without significantly changing its pH, a buffer must 
contain an acidic component that can react with the added OH- ion and a basic 
component that can react with added H30+ ion. However, these buffer compo­
nents cannot be just any acid and base because they would neutralize each other. 

Figure 1 9. 1  The effect of addition of acid or base to an unbuffered 
solution. A, A 1 00-mL sample of di lute HCI is adjusted to pH 5.00. 

B, After the addition of 1 mL of 1 M HCI (left) or of 1 M NaOH (right), the 
pH changes by several units. 
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Figure 1 9.2 The effect of addition of acid o r  base to a buffered 
solution_ A, A 1 OO-mL sample of a buffered solution, made by mix­
ing 1 M CH3COOH with 1 M CH3COONa, is adjusted to pH 5.00. 

B, After the addition of 1 mL of 1 M HCI (left) or of 1 M NaOH (right), the 
pH change is negligibly small. Compare these changes with those in 
Figure 1 9. 1 .  

Most commonly, the components of a buffer are the conjugate acid-base pair of 
a weak acid. The buffer used i n  Figure 1 9 .2, for example, is  a mixture of acetic 
acid (CH3COOH) and acetate ion (CH3COO-). 

How a Buffer Works: The Common-Ion Effect 
Buffers work through a phenomenon known as the common-ion effect. An exam­
ple of this effect occurs when acetic acid dissociates in water and some sodium 
acetate is added. As you know, acetic acid dissociates only slightly in water: 

CH3COOH(aq) + H20(l) � H30+(aq) + CH3COO-(aq) 
From Le Chatelier's principle (Section 17 .6), we know that if some CH3COO­
ion is  added (from the soluble sodium acetate), the equilibrium position shifts to 
the left; thus, [H30+] decreases, in effect lowering the extent of acid dissociation: 

• 
CH3COOH(aq) + H20(I) � H30+(aq) + CH3COO-(aq; added) 

Similarly, if we dissolve acetic acid in a sodium acetate solution, acetate ion and 
H30+ ion from the acid enter the solution. The acetate ion already present in the 
solution acts to suppress as much acid from dissociating, which lowers [H30+] . 
Thus, the effect again is to lower the acid dissociation. Acetate ion is called the 
common ion i n  this case because i t  i s  "common" to both the acetic acid and 
sodium acetate solutions ;  that is, acetate ion from the acid enters a solution in  
which i t  is already present. The common-ion effect occurs when a given ion is 

added to an equilibrium mixture that already contains that ion, and the position 
of equilibrium shifts away from forming more of it. 

Table 1 9 . 1  shows the percent dissociation and the pH of an acetic acid solu­
tion containing various concentrations of acetate ion (supplied from solid sodium 
acetate). Note that the common ion, CH3COO-, suppresses the dissociation of 

CH3COOH, which makes the solution less acidic (higher pH). 

ItMlpal The EHect of Added Acetate Ion on the Dissociation of Acetic Acid 
[CH3COOHhnit [CH3COO-ladded % Dissociation" pH 

0. 1 0  
0. 10  
0. 1 0  
0. 1 0  

0.00 
0.050 
0. 1 0  
0. 1 5  

* 0  . . .  - [CH3COOHldissoc X 1 00 Yo DIssociation - [CH3COOHlinit 

1 .3 
0.036 
O.O l S  
0.0 1 2  

2.S9 
4.44 
4.74 
4 .92 
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The Essential Feature of a Buffer In the previous example, we prepared a buffer 
by mixing a weak acid (CH3COOH) and its conjugate base (CH3COO-) .  How 
does this solution resist pH changes when H30+ or OH- is added? The essential 
feature of a buffer is that it consists of high concentrations of the acidic (HA) and 
basic (A -) components. When small amounts of H30+ or OH- ions are added 
to the buffer, they cause a small amount of one buffer component to convert into 
the other, which changes the relative concentrations of the two components. As 
long as the amount of H30+ or OH- added is much smaller than the amounts of 
HA and A- present originally, the added ions have little effect on the pH because 
they are consumed by one or the other buffer component: a large excess of A -
ions react with any added H30+ , and a large excess of HA molecules react with 
any added OH-. 

Consider what happens to a solution containing high [CH3COOH] and high 
[CH3COO-] when we add small amounts of strong acid or base. The expression 
for HA dissociation at equilibrium is 

[CH3COO-] [H30+] K = ---'-----"---a [CH3COOH] 

+ [CH3COOH] 
[H30 ] = Ka X [CH3COO ] 

Note that because Ka is constant, the [H30+ 1 of the solution depends directly on 

[CH3COOH] 
the buffer-component concentration ratio, 

[CH3COO ]
: 

• If the ratio [HA]/[A -] goes up, [H30+] goes up. 
• If the ratio [HA]/[A -] goes down, [H30+] goes down. 

When we add a small amount of strong acid, the increased amount of H30+ 

ion reacts with a stoichiometric amount of acetate ion from the buffer to form 
more acetic acid: 

H30+(aq; added) + CH3COO-(aq; from buffer) ---+ CH3COOH(aq) + H20(I) 
As a result, [CH3COO-] goes down by that amount and [CH3COOH] goes up by 
that amount, which increases the buffer-component concentration ratio, as you can 
see in Figure 1 9.3 .  The [H30+] also increases but only very slightly. 

Buffer after addition of H30+ 

, - - - - - - 1-

Buffer with equal 
concentrations of 

conjugate base and acid 

H30+ OH-

Buffer after addition of OH-

- - - - - - - - - - - , 

CH3COO- CH3COOH --- CH3COO- CH3COOH -- CHaCOQ- CH3COOH 

I H20 + CH3COOH -- H30+ + CH3COO- I I  CH3COOH + OH- -- CH3COO- + H20 

Figure 1 9.3 How a buffer works. A buffer consists of high concentrations of a conjugate acid­

base pair, in this case, acetic acid (CH3COOH) and acetate ion (CH3COO-). When a small amount 

of H30+ is added (left) , that same amount of CH3COO- combines with it, which increases the 

amount of CH3COOH slightly. Simi larly, when a small amount of OH- is added (right), that amount 

of CH3COOH combines with it, which increases the amount of CH3COO- sl ightly. In  both cases, 

the relative changes in amounts of the buffer components are small ,  so their concentration ratio, 

and therefore the pH, changes very little. 
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Adding a small amount of strong base produces the opposite result. It sup­
plies OH- ions, which react with a stoichiometric amount of CH3COOH from 
the buffer, forming that much more CH3COO- :  

CH3COOH(aq; from buffer) + OH-(aq; added) --+ CH3COO-(aq) + H20(l) 
The buffer-component concentration ratio decreases, which decreases [H30+ ] ,  but 
once again, the change is very slight. 

Thus, the buffer components consume virtually all the added H30+ or OH- .  
To reiterate, as long a s  the amount of added H30+ o r  OH- is small compared 
with the amounts of the buffer components, the conversion of one component into 

the other produces a small change in the buffer-component concentration ratio 
and, consequently, a small change in [H30+ 1 and in pH. Sample Problem 1 9 . 1  
demonstrates how small these p H  changes typically are. Note that the latter two 
parts of the problem combine a stoichiometry portion, like the problems in Chap­
ter 3, and a weak-acid dissociation portion, like those in Chapter 1 8 .  

SAMPLE P ROBLEM 1 9. 1  Calculating the Effect of Added H30+ or OW 
on Buffer pH 

Problem Calculate the pH: 
(a) Of a buffer solution consisting of 0.50 M CH3COOH and 0.50 M CH3COONa 
(b) After adding 0.020 mol of solid NaOH to 1 .0 L of the buffer solution in part (a) 
(c) After adding 0.020 mol of HCI to 1 .0 L of the buffer solution in part (a) 
Ka of CH3COOH = 1 .8 X  1 0-5 . (Assume the additions cause negligible volume changes.) 
Plan In each case, we know, or can find, [CH3COOH]init and [CH3COO-lnit and the Ka 
of CH3COOH ( 1 .8 X  10-5), and we need to find [H30+] at equiliblium and convert i t  to 
pH. In (a), we use the given concentrations of buffer components (each 0.50 M) as the 
initial values. As in earlier problems, we assume that x, the [CH3COOH] that dissociates, 
which equals [H30+], is so small relative to [CH3COOH]init that i t  can be neglected. We 
set up a reaction table, solve for x, and check the assumption. In (b) and (c), we assume 
that the added OH- or H30+ reacts completely with the buffer components to yield new 
[CH3COOH]init and [CH3COO-lnit, which then dissociate to an unknown extent. We set 
up two reaction tables. The first summarizes the stoichiometry of adding strong base 
(0.020 mol) or acid (0.020 mol). The second summarizes the dissociation of the new HA 
concentrations, so we proceed as in part (a) to find the new [H30+] .  
Solution (a) The original pH: [8:30+] in the original buffer. 
Setting up a reaction table with x = [CH3COOH]dissoc = [H30+] (as in Chapter 1 8, we 
assume that [H30+] from H20 is negligible and disregard it): 

Concentration (M) CH3COOH(aq) + H2O(l ) CH3COO-(aq) + Hp+(aq) 

Initial 0.50 0.50 0 
Change -x +x +x 

Equilibrium 0.50 - x 0.50 + x x 

Making the assumption and finding the equilibrium [CH3COOH) and [CH3COO-] :  With 
Ka small, x is small, so we assume 
[CH3COOH] = 0.50 M - x = 0.50 M and [CH3COO-] = 0.50 M + x = 0.50 M 

Solving for x ([H30+] at equilibrium): 

x = [H30+] = Ka X 
[CH3COOH] 

= ( 1 .8X l O-5) X 
0.50 

= 1 .8X l O-5 M 
[CH3COO-] 0.50 

Checking the assumption: 
1 . 8 X l O-5 M 

----- X 100 = 3 .6X IO-3% < 5% 
O.SO M 

The assumption is justified, and we will use tbe same assumption i n  parts (b) and (c) . 
Calculating pH: 
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(b) The pH after adding base (0.020 mol of NaOH to 1 .0 L of buffer). Finding [OH- ]added: 

0.020 mol OH-
[OH-Ldded = = 0.020 M OH-

I .O L soln 
Setting up a reaction table for the stoichiometry of adding OH- to CH3COOH: 

Concentration (M) CH3COOH(aq) + OH-(aq) ------+ CH3COO-(aq) + H20(aq) 

Before addition 
Addition 
After addition 

0.50 

0.48 
0.020 

o 

0.50 

0.52 

Setting up a reaction table for the acid dissociation, using these new initial concentrations. 
As in  part (a), x = [CH3COOH]dissoc = [H30+] : 

Concentration (M) CH3COOH(aq) + H20(/ ) 

Initial 
Change 
Equilibrium 

0.48 
-x 

0.48 - x 

Making the assumption that x is small, and solving for x: 

0.52 
+x 

0.52 + x 

o 
+x 
x 

[CH3COOH] = 0.48 M - x = 0.48 M and [CH3COO-] = 0.52 M + x = 0.52 M 

x = [H30+ ]  = Ka X 
[CH3COOH] 

= ( l . 8X lO-5) X 
0.48 

= 1 .7 X 10-5 M 
[CH3COO ] 0.52 

Calculating the pH: 
pH = -log [H30+] = -log ( 1 .7 X 1 0-5) = 4.77 

The addition of strong base increased the concentration of the basic buffer component at 
the expense of the acidic buffer component. Note especially that the pH increased only 
slightly, from 4.74 to 4.77. 
(c) The pH after adding acid (0.020 mol of HCl to 1 .0 L of buffer). Finding [H30+ladded: 

+ 
0.020 mol H30+ 

+ [H30 ladded = = 0.020 M H30 
1 .0 L soln 

Now we proceed as in  part (b), by first setting up a reaction table for the stoichiometry 
of adding H30+ to CH3COO- :  

Concentration (M) CH3COO-(aq) + Hp+(aq) ------+ CH3COOH(aq) + H20(l) 

Before addition 
Addition 
After addition 

0.50 

0.48 
0.020 

o 

0.50 

0.52 

The reaction table for the acid dissociation, with x = [CH3COOH]dissoc = [H30+] i s  

Concentration (M) CH3COOH(aq) + H2O(/ ) CH3COO-(aq) + Hp+(aq) 

Initial 0.52 0.48 0 
Change -x +x +x 
Equilibrium 0.52 - x 0.48 + x x 

Making the assumption that x is small, and solving for x: 

[CH3COOH] = 0.52 M - x = 0.52 M and [CH3COO-] = 0.48 M + x = 0.48 M 

+ 
[CH3COOH] 

-5 0.52 
-5 x = [H30 ] = Ka X 

[CH3COO ] 
= ( 1.8 X l O  ) X 

0.48 
= 2.0X l O M 

Calculating the pH: 

pH = -log [H30+] = -log (2.0X 10-5) = 4.70 
The addition of strong acid increased the concentration of the acidic buffer component at the 
expense of the basic buffer component and lowered the pH only slightly, from 4.74 to 4.70. 
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Check The changes in [CH3COOH] and [CH3COO-]  occur in opposite directions in parts 
(b) and (c), which makes sense. The additions were of equal amounts, so the pH increase 
in (b) should equal the pH decrease in (c), within rounding. 
Comment In part (a), we justified our assumption that x can be neglected. Therefore, i n  
parts (b) and (c), we could have used the "After addition" values from the last line of  the 
stoichiometry tables directly for the ratio of buffer components; that would have allowed 
us to dispense with a reaction table for the dissociation. In subsequent problems in this 
chapter, we will follow this simplified approach. 

FOLLOW- U P  PROBLEM 1 9 . 1  Calculate the pH of a buffer consisting of 0.50 M HF 
and 0.45 M F- (a) before and (b)  after addition of 0.40 g of NaOH to 1 .0 L of the buffer 
(Ka of HF = 6.8X l O-4) .  

The Henderson-Hasselbalch Equation 
For any weak acid, HA, the dissociation equation and Ka expression are 

K = 
[H30+] [A-] 

HA + H20 � H30+ + A- a 
[HA] 

The key variable that determines [H30+] is the concentration ratio of acid species 
to base species, so rearranging to isolate [H30+] gives 

[H 0+] = K X 
[HA] 

3 a 
[A-] 

Taking the negative common logarithm (base 1 0) of both sides gives 

- log [H30+ ] = - log Ka - log (���i) 
from which we obtain 

(Note the inversion of the buffer-component concentration ratio when the sign of the 
logarithm is changed.) A key point we' ll emphasize again later is that when [A -] = 

[RA], their ratio becomes 1 ;  the log term then becomes 0, and thus pH = pKa. 
Generalizing the previous equation for any conjugate acid-base pair gives the 

Henderson-Hasselbalch equation: ( [base] ) 
pH = pKa + log 

[acid] 
(19.1) 

This relationship is  very useful for two reasons. First, i t  allows us to solve directly 
for pH instead of having to calculate [H30+ ]  first. For instance, by applying the 
Henderson-Hasselbalch equation in part (b) of Sample Problem 1 9 . 1 ,  we could 
have found the pH of the buffer after the addition of NaOH as follows: 

pH = pKa + log 
( [CH3COO-] ) 

= 4.74 + log (0.52) = 4.77 
[CH3COOH] 0.48 

Second, as we' ll see shortly, it allows us to prepare a buffer of a desired pH just 
by mixing the appropriate amounts of A- and HA. 

Buffer Capacity and Buffer Range 
As you ' ve seen, a buffer resists a pH change as long as the concentrations of 
buffer components are large compared with the amount of strong acid or base 
added. Buffer capacity is a measure of this ability to resist pH change and 
depends on both the absolute and relative component concentrations. 
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Figure 1 9.4 The relation between buffer 
capacity and pH change. The four bars in 

the graph represent CH3COOH-CH3COO­

buffers with the same initial pH (4.74) but 

d ifferent component concentrations (la­

beled on or near each bar). When a given 

amount of strong base is added to each 

buffer, the pH increases. The length of the 

bar corresponds to the pH increase. Note 

that the more concentrated the buffer, the 

greater its capacity, and the smaller the 

pH change. 
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In absolute terms, the more concentrated the components of a buffer, the 
greater the buffer capacity. In other words, you must add more H30+ or OH- to 
a high-capacity (concentrated) buffer than to a low-capacity (dilute) buffer to 
obtain the same pH change. Conversely, adding the same amount of H30+ or 
OH- to buffers of different capacities produces a smaller pH change in the higher 
capacity buffer (Figure 1 9.4). It's important to realize that the pH of a buffer is 
distinct from its buffer capacity. A buffer made of equal volumes of 1 .0 M 
CH3COOH and 1 .0 M CH3COO- has the same pH (4.74) as a buffer made of 
equal volumes of 0. 1 0  M CH3COOH and 0. 1 0  M CH3COO-, but the more COD­
centrated buffer has a much larger capacity for resisting a pH change. 

Buffer capacity is also affected by the relative concentrations of the buffer 
components. As a buffer functions, the concentration of one component increases 
relative to the other. Because the ratio of these concentrations determines the 
pH, the less the ratio changes, the less the pH changes. For a given addition of 
acid or base, the buffer-component concentration ratio changes less when the 
concentrations are similar than when they are different. Suppose that a buffer has 
[HA] = [A -] = 1 .000 M. When we add 0.0 1 0  mol of OH- to 1 .00 L of buffer, 
[A - ]  becomes 1 .0 1 0  M and [HA] becomes 0.990 M: 

[A - l init � :��� : = 1 .000 
[HAl init 

[A - lfinal 
= 

1 .0 1 0  M 
= 1 .02 

[HAl final 0.990 M 
1 .02 - 1 .000 

Percent change = X 1 00 = 2% 
1 .000 

Now suppose that the component concentrations are [HA] = 0.250 M and 
[A -] = 1 .750 M. The same addition of 0.0 1 0  mol of OH- to 1 .00 L of buffer 
gives [HA] = 0.240 M and [A -] = 1 .760 M, so the ratios are 

[A -l init 
[HAlinit 

1 .750 M --- = 7.00 
0.250 M 

[A - lfinal 1 .760 M --- = 7.33 
[HAl final 0.240 M 

7.33 - 7.00 
Percent change = X l OO = 4.7% 

7 .00 

As you can see, the change in the buffer-component concentration ratio is much 
larger when the initial concentrations of the components are very different. 

It follows that a buffer has the highest capacity when the component con­
centrations are equal, that is, when [A -]/[HA] = 1 :  ( [A - l ) pH = pKa + log 

[HAl 
= pKa + log I = pKa + 0 = pKa 

Note this important result: for a given concentration, a buffer whose pH is equal 

to or near the pKa of its acid component has the highest buffer capacity. 
The buffer range is the pH range over which the buffer acts effectively, and 

it is related to the relative component concentrations. The further the buffer­
component concentration ratio is from 1 ,  the less effective the buffering action 
(that is, the lower the buffer capacity). In practice, if the [A -]/[HA] ratio is greater 
than 1 0  or less than O. l --that is ,  if one component concentration is more than 
1 0  times the other--buffering action is poor. Recalling that log 1 0  = + 1 and log 
0. 1 = - 1 , we find that buffers have a usable range within ± 1  pH unit of the pKa 
of the acid component: 

pH = pKa + log C
1
0) = pKa + 1 and pH = pKa + log C�) = pKa - I 
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Preparing a Buffer 
Chemical supply houses sell buffers having a variety of pH values and concen­
trations, but chemists or lab technicians often have to prepare a buffer solution 
for a specific environmental or biomedical application. Several steps are required 
to prepare a buffer: 

1 .  Decide on the conjugate acid-base pair. The choice is determined mostly by the 
desired pH. Remember that a buffer is most effective when the buffer-component 
concentration ratio is close to 1; in that case, the pH is close to the pKa of 
the acid. Convert pKa to Ka, choose the acid from a list, such as that in  
Appendix C, and use the sodium salt as  the conjugate base. 

2. Find the ratio of [A-]l[HA] that gives the desired pH, using the Henderson­
Hasselbalch equation. Note that, because HA is a weak acid, and thus disso­
ciates very little, the equilibrium concentrations are approximately equal to the 
initial concentrations; that is,  

H 1 ([A-]) ([A-]init) p = pKa + og -- = pKa + log ---
[HA] [HA]init 

Therefore, you can use the ratio directly in the next step. 
3. Choose the buffer concentration and calculate the amounts to mix. Remember 

that the higher the concentration, the greater the buffer capacity. For most lab­
oratory applications, concentrations from 0.05 M to 0.5 M are suitable. From 
a given amount (usually in the form of concentration and volume) of one com­
ponent, find the amount of the other component using the buffer-component 
concentration ratio. 

4. Mix the amounts together and adjust the buffer pH to the desired value. Add 
small amounts of strong acid or strong base, while monitoring the solution with 
a pH meter. 

The following sample problem goes through steps 2 and 3. 

SAMPLE PROBLEM 19.2 Preparing a Buffer 
Problem An environmental chemist needs a carbonate buffer of pH 10.00 to study the effects 
of the acid rain on limestone-rich soils. How many grams of Na2C03 must she add to 1.5 L 
of freshly prepared 0.20 M NaHC03 to make the buffer? Ka of HC03 - is 4.7XlO-Jl. 
Plan The conjugate pair is already chosen, HC03 - (acid) and CO/- (base), as are the 
volume (1.5 L) and concentration (0.20 M) of HC03 - ,  so we must find the buffer­
component concentration ratio that gives pH 10.00 and the mass of Na2C03 to dissolve. 
We find the amount (mol) of NaHC03 and use the ratio to find the amount (mol) of 
Na2C03' which we convert to mass (g) using the molar mass. 
Solution Solving for the buffer-component concentration ratio: 

_ ( [C032- ]  ) _ ([CO/- ]  ) 
pH - pKa + log 

[HC03 ] 
or 10.00 - 10.33 + log 

[HC03 _] 
lao ( [C032-] ) = -0.33 so 

[CO/-] = 0.47 
b [HC03 ] [HC03 -] 

Calculating the amount (mol) and mass (g) of Na2C03 that will give the needed 
0.47:1.0 ratio: 

0.20 M NaHC03 
Amount (mol) of NaHC03 = 1.5 L X = 0.30 mol NaHC03 

1.0 L soln 
0.47 mol Na2C03 

Amount (mol) of Na2C03 = 0.30 mol NaHC03 X 
1 mol NaHC03 

= 0.14 mol Na2C03 
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We dissolve 15 g of Na2C03 into approximately 1.3 L of 0.20 M NaHC03 and add 0.20 M 
NaHC03 to make 1.5 L. Using a pH meter, we adjust the pH to 10.00 with strong acid 
or base. 
Check For a useful buffer range, the concentration of the acidic component, [HC03 -] ,  
must be within a factor of 10 of the concentration of the basic component, [CO/-] .  We 
have 0.30 mol of HC03 - and 0.14 mol of CO/- ;  0.30:0.14 = 2.1, which seems fine. 
Make sure the relative amounts of components seem reasonable: we want a pH lower than 
the pKa of HC03 - (10.33), so it makes sense that we have more of the acidic than the 
basic species. 
Comment In the follow-up problem, we use an alternative calculation that does not rely 
on the Henderson-Hasselbalch equation. 

FOLLOW-UP PROBLEM 19.2 How would you prepare a benzoic acid-benzoate 
buffer with pH = 4.25, starting with 5.0 L of 0.050 M sodium benzoate (C6HsCOONa) 
solution and adding the acidic component? Ka of benzoic acid (C6HsCOOH) is 6.3X lO-

s
. 

Another way to prepare a buffer is to form one of the components during 
the final mixing step by partial neutralization of the other component. For exam­
ple, suppose you need a HCOOH-HCOO- buffer. You can prepare it by mixing 
appropriate amounts of HCOOH solution and NaOH solution. As the OH- ions 
react with the HCOOH molecules, neutralization of part of the total HCOOH pres­
ent produces the HCOO- needed: 

HCOOH (HA total) + OH- (amt added) --

HCOOH (RA total - OH- amt added) + HCOO- (OH- amt added) + H20 

This method is based on the same chemical process that occurs when a weak acid 
is titrated with a strong base, as you'll see in the next section. 

SECTION SUMMARY 
A buffered solution exhibits a much smaller change in pH when H30+ or OH- is added 
than does an unbuffered solution. A buffer consists of relatively high concentrations 
of the components of a conjugate weak acid-base pair. The buffer-component con­
centration ratio determines the pH, and the ratio and pH are related by the Henderson­
Hasselbalch equation. As H30+ or OH- is added, one buffer component reacts with 
it and is converted into the other component; therefore, the buffer-component con­
centration ratio, and consequently the [H30+] (and pH), changes only slightly. A 
concentrated buffer undergoes smaller changes in pH than a dilute buffer. When the 
buffer pH equals the pKa of the acid component, the buffer has its highest capacity. 
A buffer has an effective range of pKa ± 1 pH unit. To prepare a buffer, you choose 
the conjugate acid-base pair, calculate the ratio of buffer components, determine 
buffer concentration, and adjust the final solution to the desired pH. 

19.2 ACID-BASE TITRATION CURVES 

In Chapter 4, we discussed the acid-base titration as an analytical method. Let' s 
re-examine it, this time tracking the change in pH with an acid-base titration 
curve, a plot of pH vs. volume of titrant added. The behavior of an acid-base 
indicator and its role in the titration are described first. To better understand the 
titration process, we apply the principles of the acid-base behavior of salt solu­
tions (Section 18.7) and, later in the section, the principles of buffer action. 

Monitoring pH with Acid-Base Indica tors 
The two common devices for measuring pH in the laboratory are pH meters and 
acid-base indicators. (We discuss the operation of pH meters in Chapter 21.) An 
acid-base indicator is a weak organic acid (denoted here as HIn) that has a dif­
ferent color than its conjugate base (In -) , with the color change occurring over 
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pH 
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a specific and relatively narrow pH range. Typically, one or both of the forms are 
intensely colored, so only a tiny amount of indicator is needed, far too little to 
affect the pH of the solution being studied. 

Figure 1 9.5 shows the color changes and their pH ranges for some common 
acid-base indicators. Selecting an indicator requires that you know the approxi­
mate pH of the titration end point, which in turn requires that you know which 
ionic species are present. Because the indicator molecule is a weak acid, the ratio 
of the two forms is governed by the [H30+] of the test solution: 

[H30+][In - ] 
HIn(aq) + H20(l) � H30+(aq) + In-(aq) Ka of HIn = .::........:��� 

[HIn] 

Therefore, 
[HIn] = [H30+] 
[In-] Ka 

How we perceive colors has a major influence on the use of indicators. Typ­
ically, the experimenter will see the HIn color if the [HIn]/[In -] ratio is 1 0: 1 or 
greater and the In- color if the [HIn]/[In -] ratio is 1 : 1  0 or less. Between these 
extremes, the colors of the two forms merge into an intermediate hue. Therefore, 
an indicator has a color range that reflects a 100-fold range in the [HIn]/[ln] ratio, 
which means that an indicator changes color over a range of about 2 pH units. 

For example, as you can see in Figure 1 9.5, bromthymol blue has a pH range of 
about 6.0 to 7.6 and, as Figure 19.6 shows, it is yellow below that range, blue 
above it, and greenish in between. 

Figure 19.6 The color change of the in ­
dicator bromthymol blue. The acidic form 
of bromthymol blue is yellow (left) and the 
basic form is blue (right). Over the pH 
range in which the indicator is changing, 
both forms are present, so the mixture ap­
pears greenish (center). 

Figure 19.5 Colors and approximate pH 
range of some common acid-base indi­
cators_ Most have a range of about 2 pH 
units, in keeping with the useful buffer 
range of 2 pH units (pKa :t 1). (The pH 
range depends to some extent on the sol­
vent used to prepare the indicator.) 
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Figure 1 9.7 Curve for a strong acid­
strong base titration. A, Data obtained 
from the titration of 40.00 mL of 0.1000 M 
Hel with 0.1000 M NaOH. B, Acid-base 
titration curve from data in part A. The pH 
increases gradually at first. When the 
amount (mol) of OW added is sl ightly 
less than the amount (mol) of H30+ origi­
nally present, a large pH change 
accompanies a small addition of OH-. 
The equivalence point occurs when 
amount (mol) of OH- added = amount 
(mol) of H30+ originally present. Note 
that, for a strong acid-strong base titra­
tion, pH = 7.00 at the equivalence point. 
Added before the titration begins, either 
methyl red or phenolphthalein is a suit­
able indicator in  this case because each 
changes color on the steep portion of the 
curve, as shown by the color strips. Pho­
tos showing the color changes from 1-2 
drops of indicator appear nearby. Beyond 
this point, added OH- causes a gradual 
pH increase again. 
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Strong Acid-Strong Base Titration Curves 
A typical curve for the titration of a strong acid with a strong base appears i n  
Figure 1 9.7,  along with the data used to construct it. 

Features of the Curve There are three distinct regions of the curve, which cor­
respond to three major changes in slope: 

1 .  The pH starts out low, reflecting the high [H30+] of the strong acid, and 
increases slowly as acid is gradually neutralized by the added base. 

2. Suddenly, the pH rises steeply. This rise begins when the moles of OH- that 
have been added nearly equal the moles of H30+ originally present in the acid. 
An additional drop or two of base neutralizes the final tiny excess of acid and 
introduces a tiny excess of base, so the pH jumps 6 to 8 units. 

3. Beyond this steep portion, the pH increases slowly as more base is  added. 

The equivalence point, which occurs within the nearly vertical portion of the 
curve, is the point at which the number of moles of added OH- equals the num­

ber of moles of H30+ originally present. At the equivalence point of a strong 
acid-strong base titration, the solution consists of the anion of the strong acid 
and the cation of the strong base. Recall from Chapter 1 8  that these ions do not 

react with water, so the solution is neutral: pH = 7.00. The volume and con­
centration of base needed to reach the equivalence point allow us to calculate the 
amount of acid originally present (see Sample Problem 4.5). 

Before the titration begins, we add a few drops of an appropriate indicator to 
the acid solution to signal when we reach the equivalence point. The end point of 
the titration occurs when the indicator changes color. We choose an indicator with 

an end point close to the equivalence point, one that changes color in the pH range 
on the steep vertical portion of the curve. Figure 1 9.7 shows the color changes for 
two indicators that are suitable for a strong acid-strong base titration. Methyl red 
changes from red at pH 4.2 to yellow at pH 6.3,  whereas phenolphthalein changes 
from colorless at pH 8.3 to pink at pH 10.0. Even though neither color change 
occurs at the equivalence point (pH 7.00), both occur on the vertical portion of 
the curve, where a single drop of base causes a large pH change: when methyl red 
turns yellow, or when phenolphthalein turns pink, we know we are within a drop 
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or two of the equivalence point For example, in going from 39.90 to 39.99 mL, 
one to two drops, the pH changes one whole unit For all practical purposes, then, 
the visible change in color of the indicator (end point) signals the invisible point 
at wruch moles of added base equal the original moles of acid (equivalence point). 

Calculating the pH By knowing the chemical species present during the titration, 
we can calculate the pH at various points along the way : 

1. Original solution of strong HA . In Figure 1 9.7, 40.00 mL of 0. 1 000 M HCI 
is titrated with 0. 1 000 M NaOH. Because a strong acid is completely dissociated, 
[HCI] = [H30 +] = 0. 1 000 M. Therefore, the initial pH is* 

pH = - log [H30 +] = -log (0. 1000) = 1 .00 
2. Before the equivalence point. As soon as we start adding base, two changes 

occur that affect the pH calculations: ( 1 )  some acid is neutralized, and (2) the vol­
ume of solution increases. To find the pH at various points up to the equivalence 
point, we find the initial amount (mol) of H30+ present, subtract the amount 
reacted, which equals the amount (mol) of OH- added, and then use the change 
in volume to calculate the concentration, [H30+],  and convert to pH. For exam­
ple, after adding 20.00 mL of 0. 1 000 M NaOH: 
• Find the moles of H30+ remaining. Subtracting the number of moles of H30+ 

reacted from the number initially present gives the number remaining. Moles 
of H30+ reacted equals moles of OH- added, so 

Initial moles of H30+ = 0.04000 L X  0.1000 M = 0.004000 mol H30+ 
-Moles of OH- added = 0.02000 L X 0. 1 000 M = 0.002000 mol OH-

Moles of H30+ remaining = 0.002000 mol H30+ 
• Calculate [H30+}, taking the total volume into account. To find the ion con­

centrations, we use the total volume because the water of one solution dilutes 
the ions of the other: 

+ 
amount (mol) of H30+ remaining 

[H30 ] = . .  . angInal volume of aCId + volume of added base 
0.002000 mol H30+ = 0.03333 M pH = 1.48 

0.04000 L + 0.02000 L 

Given the moles of OH- added, we are halfway to the equivalence point; but we 
are still on the initial slow rise of the curve, so the pH is still very low. Similar 
calculations give values up to the equivalence point 

3. At the equivalence point. After 40.00 mL of 0.1000 M NaOH has been 
added, the equivalence point is reached. All the H30+ from the acid has been 
neut:ralized, and the solution contains Na + and CI-, neither of which reacts with 
water. Because of the autoionization of water, however, 

[H30+] = 1 .0 X lO-7 M pH = 7.00 
In this example, 0.004000 mol of OH- reacted with 0.004000 mol of H30+ to 
reach the equivalence point 

4. After the equivalence point. From the equivalence point on, the pH calcu­
lation is based on the moles of excess OH- present For example, after adding 
50.00 mL of NaOH, we have 

Total moles of OH- added = 0.05000 L X 0. 1000 M = 0.005000 mol OH­

-Moles of H30 + consumed = 0.04000 L X 0. 1 000 M = 0.004000 mol H30+ 

Moles of excess OH- = 0.00 I 000 mol OH-

- = 0.00 1000 mol OH- = 0.0 1 11 1  M [OH ] 0.04000 L + 0.05000 L 
pOH = 1 .95 

pH = pKw - pOH = 14.00 - 1 .95 = 12.05 

<In acid-base titrations volumes and concentrations are usually known to four significant figures, 
but pH is generally reported to no more than two digits to the right of the decimal point. 
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Figure 19.8 Curve for a weak acid­
strong base titration. The curve for 
the titration of 40.00 mL of 0.1000 M 
CH3CH2COOH (HPr) with 0.1000 M 
NaOH is compared with that for the 
strong acid HCI (dotted curve portion). 
Phenolphthalein (photo) is a suitable 
indicator here. 

CHAPTER 19 Ionic Equilibria in Aqueous Systems 

Weak Acid-Strong Base Ti tra tion Curves 
Now let's turn to the titration of a weak acid with a strong base. Figure 19.8 
shows the curve obtained when we use 0. 1000 M NaOH to titrate 40.00 mL of 
0. 1000 M propanoic acid, a weak organic acid (CH3CH2COOH; Ka = 1.3 X 10-5) .  
(We abbreviate the acid as  HPr and the conjugate base, CH3CH2COO-, as  Pr- .)  

Features of the Curve When we compare this weak acid-strong base titration 
curve with the strong acid-strong base titration curve (dotted curve portion in 
Figure 19.8 corresponds to bottom half of curve in  Figure 19.7), four key regions 
appear, and the first three differ from the strong acid case: 

1. The initial pH is higher. Because the weak acid (HPr) dissociates slightly, Jess 
H30+ is present than with the strong acid. 

2.  A gradually rising portion of the curve, called the buffer region, appears 

before the steep rise to the equivalence point. As HPr reacts with the strong 
base, more and more conjugate base (Pr-)  forms, which creates an HPr-Pr­
buffer. At the midpoint of the buffer region, half the original HPr has 
reacted, so [HPr] = [Pr-] ,  or [Pr-]/[HPr] = 1. Therefore, the pH equals 
the pKa: 

([pr-]) pH = pKa + log [HPr] = pKa + log 1 = pKa + 0 = pKa 

Observing the pH at the midpoint of the buffer region is a common method 
for estimating the pKa of an unknown acid. 

3. The pH at the equivalence point is greater than 7.00. The solution contains 
the strong-base cation Na +, which does not react with water, and the weak­
acid anion Pr -, which acts as a weak base to accept a proton from H20 and 
yield OH-. 

4. Beyond the equivalence point, the pH increases slowly as excess OH- is added. 

Our choice of indicator is more l imited here than for a strong acid-strong base 
titration because the steep rise occurs over a smaller pH range. Phenolphthalein is 
suitable because its color change lies within this range (Figure 19.8). However, 
the figure shows that methyl red, our other choice for the strong acid-strong base 
titration, changes color earlier and slowly over a large volume (�1O mL) of titrant, 
thereby giving a vague and false indication of the equivalence point. 
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Calculating the pH The calculation procedure for the weak acid-strong base titra­
tion is different from that for the strong acid-strong base titration because we 
have to consider the partial dissociation of the weak acid and the reaction of the 
conjugate base with water. There are four key regions of the titration curve, each 
of which requires a different type of calculation to find [H30+] :  

1 .  Solution of HA. Before base i s  added, the [H30+] is that of  a weak-acid 
solution, so we find [H30+] as in Section 1 8 .4: we set up a reaction table with 
x = [HPr]dissoc, assume [H30+] = [HPr]dissoc « [HPr]init, and solve for x: 

[H30+][Pr-] x2 
Ka = therefore, x = [H30+] = YKa x [HPr]init [HPr] [HPr]init 

2. Solution of HA and added base_ As soon as we add NaOH, it reacts with 
HPr to form Pr-. This means that up to the equivalence point, we have a mix­
ture of acid and conj ugate base, and an HPr-Pr- buffer solution exists over much 
of that interval. Therefore, we find [H30+] from the relationship 

[H 0+] = K 
x [HPr] 

3 a 
[Pr-] 

(Of course, we can find pH directly with the Henderson-Hasselbalch equation, 
which is just an alternative form of this relationship.) Note that in this calcula­
tion we do not have to consider the new total volume because the volumes cancel 

in the ratio of concentrations. That is ,  [HPr]/[Pr -] = moles of HPr/moles of Pr - ,  
s o  we need not calculate concentrations. 

3. Equivalent amounts of HA and added base. At the equivalence point, the 
original amount of HPr has reacted, so the flask contains a solution of Pr - ,  a 
weak base that reacts with water to form OH-: 

Pr-(aq) + H20(I) � HPr(aq) + OH-(aq) 

Therefore, as mentioned previously, in a weak acid-strong base titration, the solu­
tion at the equivalence point is slightly basic, pH > 7.00. We calculate [H30+] 
as in Section 1 8 .5 :  we first find Kb of Pr- from Ka of HPr, set up a reaction table 
(assume [Pr -] > > [Pr -]reacting), and solve for [OH-] .  We need a single concen­
tration, [Pr-], to solve for [OH-], so we do need the total volume. Then, we con­
vert to [H30+]. These two steps are 

(1) [OH-] � .  ' 1Kb X [Pr ], 
Kw - moles of HPrinit . = v where Kb = - and [Pr ] = ----...:.::::. 
Ka total volume 

2 H 0+ - Kw ( ) [ 3 ] -
[OH-] 

Combining them into one step gives 

H 0+ 
Kw [ 3 ] = 

Y Kb X [Pr 

4. Solution of excess added base. B eyond the equivalence point, we are just 
adding excess OH- ion, so the calculation is the same as for the strong 
acid-strong base titration:  

H O+ - �  [ 3  ] -
[OH-r 

moles of excess OH­
where [OH-] = ------­

total volume 

Sample Problem 1 9.3  shows the overall approach. 

SAMPLE PROBLEM 19.3 Finding the pH During a Weak Acid-Strong Base 
Titration 

Problem Calculate the pH during the titration of 40.00 mL of 0.1000 M propanoic acid 
(HPr; Ka = 1.3 X 10-5) after adding the following volumes of 0.1000 M NaOH: 
(a) 0.00 mL (b) 30.00 mL (c) 40.00 mL (d) 50.00 mL 
Plan (a) 0.00 mL: No base has been added yet, so this is a weak-acid solution. Thus, we 
calculate the pH as we did in Section 18.4. (b) 30.00 mL: A mixture of Pr- and HPr is 
present. We find the amount (mol) of each, substitute into the Ka expression to solve for 
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[H30+], and convert to pH. (c) 40.00 mL: The amount (mol) of NaOH added equals the 
initial amount (mol) of HPr, so a solution of Na + and the weak base Pr - exists. We cal­
culate the pH as we did in Section 18.5, except that we need total volume to find [Pr-]. 
(d) 50.00 mL: Excess NaOH is added, so we calculate the amount (mol) of excess OH­
in the total volume and convert to [H30+] and then pH. 
Solution (a) 0.00 mL of 0.1000 M NaOH added. Following the approach used in Sample 
Problem 18.7 and just described in the text, we obtain 

[H30+] = YKa X [HPr]init = Y(l .3XlO 5)(0.1000) = l . 1 XlO- 3 M 
pH = 2.96 

(b) 30.00 mL of 0.1000 M NaOH added. Calculating the ratio of moles of HPr to Pr-: 

Original moles of HPr = 0.04000 L X 0.1000 M = 0.004000 mol HPr 
Moles of NaOH added = 0.03000 L X 0.1000 M = 0.003000 mol OH-

For 1 mol of NaOH that reacts, 1 mol of Pr- forms, so we construct the following reac­
tion table for the stoichiometry: 

Amount (mol) 

Before addition 
Addition 
After addition 

HPr(aq) + 

0.004000 

0.001000 

OW(aq) 

0.003000 
o 

--+ + 

o 

0.003000 

The last line of this table shows the new initial amounts of HPr and Pr - that will react 
to attain a new equilibrium. However, with x very small, we assume that the [HPrll[Pr-] 
ratio at equilibrium is essentially equal to the ratio of these new initial amounts (see Com­
ment in Sample Problem 19.1). Thus, 

[HPr] 0.001000 mol 
[Pr -] 

= 
0.003000 mol 

= 0.3333 

[HPr] 
[H30+] = K" X 

[Pr-]  
= (1.3XlO-5)(0.3333) = 4.3xlO-6 M 

pH = 5.37 

(c) 40.00 mL of 0.1000 M NaOH added. Calculating [Pr-] after all HPr has reacted: 

_ 0.004000 mol 
[Pr ] = 

0.04000 L + 0.04000 L 
= 0.05000 M 

Kw 1.0XlO-14 -10 Kb = - = 
3 0 5 

= 7.7XlO 
Ka l .  Xl 

Solving for [H30+] as described in the text: 

H 0+ 
Kw 

[ 3  ] = YKb X [pr 
pH = 8.80 

1.0XlO-14 
----r===�=== = 1.6X 10-9 M 
Y(7.7XlO 10)(0.05000) 

(d) 50.00 mL of 0.1000 M NaOH added. 

Moles of excess OH- = (0.1000 M)(0.05000 L - 0.04000 L) = 0.001000 mol 

[OH-
moles of excess OH- 0.001000 mol 

] = = = 0.01111 M 
total volume 0.09000 L 

0
+ Kw 1 .0XlO- 14 

- 1 3 [H3 ] = 
[OH-] 

= 
0.01111 = 9.0X 10 M 

pH = 12.05 

Check As expected from the continuous addition of base, the pH increases through the 
four stages. Be sure to round off and check the arithmetic along the way. 

FOLLOW-UP PROBLEM 19.3 A chemist titrates 20.00 mL of 0.2000 M HBrO 
(Ka = 2.3XlO-9) with 0.1000 M NaOH. What is the pH (a) before any base is added; 
(b) when [HBrO] = [BrO-];  (c) at the equivalence point; (d) when the moles of OH­
added are twice the moles of HBrO originally present? (e) Sketch the titration curve. 
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Weak Base-Strong Acid Ti tra tion Curves 
In the previous case, we titrated a weak acid with a strong base. The opposite 
process is the titration of a weak base (NH3) with a strong acid (HC1), shown in 
Figure 1 9.9. Note that the curve has the same shape as the weak acid-strong base 
curve (Figure 1 9.8), but it is inverted. Thus, the regions of the curve have the 
same features, but the pH decreases throughout the process : 

1 .  The initial solution is that of a weak base, so the pH starts out above 7. 00. 
2. The pH decreases gradually in  the buffer region, where significant amounts of 

base (NH3) and conjugate acid (NH4 +) are present. At the midpoint of the buffer 
region, the pH equals the pKa of the ammonium ion. 

3 .  After the buffer region, the curve drops vertically to the equivalence point, at 
which all the NH3 has reacted and the solution contains only NH4 + and Cl- .  
Note that the p H  at the equivalence point is below 7.00 because Cl- does not 
react with water and NH4 + is  acidic: 

NH4 + (aq) + H20(l) � NH3(aq) + H30+(aq) 

4. Beyond the equivalence point, the pH decreases slowly as excess H30+ is added. 

For this titration also, we must be more careful in choosing the indicator than 
for a strong acid-strong base titration. Phenolphthalein changes color too soon 
and too slowly to indicate the equivalence point; on the other hand, methyl red 
lies on the steep portion of the curve and straddles the equivalence point, so it is 
a perfect choice. 
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S ECTION S UMMARY 
An acid-base (pH) indicator is a weak acid that has differently colored acidic and 
basic forms and changes color over about 2 pH units. In a strong acid-strong base 
titration, the pH starts out low, rises slowly, then shoots up near the equivalence 
point (pH = 7). In a weak acid-strong base titration, the pH starts out higher than 
in the strong acid titration, rises slowly in the buffer region (pH = pKa at the mid­
point), then rises more quickly near the equivalence point (pH > 7). A weak 
base-strong acid titration is the inverse of this, with the pH decreasing to the equiv­
alence point (pH < 7). 
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Figure 1 9.9 Curve for a weak 
base-strong acid titration. Titrating 
40.00 mL of 0.1000 M NH3 with a solution 
of 0.1000 M Hel leads to a curve whose 
shape is the same as that of the weak 
acid-strong base curve in Figure 19.8 but 
inverted. The midpoint of the buffer re­
g ion occurs when [NH3] = [NH4 +]; the 
pH at this point equals the pKa of NH4 +. 
Methyl red (photo) is a suitable 
ind icator here. 



632 CHAPTER 1 9  Ionic Equil ibria in Aqueous Systems 

19.3 EQUILIBRIA OF SLIGHTLY SOLUBLE IONIC COMPOUNDS 

In this section, we explore the aqueous equilibria of slightly soluble ionic com­
pounds, which up to now we've called "insoluble." In a saturated solution at a par­
ticular temperature, equilibrium exists between the undissolved and dissolved 
solute (Chapter 13). Slightly soluble ionic compounds have a relatively low solu­
bility, so they reach equilibrium with relatively little solute dissolved. At this point, 
it would be a good idea for you to review the solubility rules listed in Table 4. 1 .  

When a soluble ionic compound dissolves i n  water, i t  dissociates completely 
into ions. In this discussion, we will assume that the small amount of a slightly 
soluble ionic compound that does dissolve in water also dissociates completely into 
ions. In reality, however, this is not the case. Many slightly soluble salts, particu­
larly those of transition metals and heavy main-group metals, have metal­
nonmetal bonds with significant covalent character, and their solutions often 
contain other species that are partially dissociated or even undissociated. For exam­
ple, when lead(II) chloride is thoroughly stirred in water, a small amount dissolves, 
and the solution contains not only the Pb

2+(aq) and Cl-(aq) ions expected from 
complete dissociation, but also undissociated PbCh(aq) molecules and PbCI+(aq) 
ions. In solutions of some other salts, such as CaS04, there are no molecules, but 
pairs of ions exist, such as Ca

2
+ S0/- (aq) . These species increase the solubility 

above what we calculate assuming complete dissociation. For these reasons, it is 
best to treat the results of our calculations here as first approximations. 

The lon-Product Expression (Qsp) and the Solubility-Product 
Constant (Ksp) 
If we make the assumption that there is complete dissociation of a slightly solu­
ble ionic compound into its component ions, then equilibrium exists between solid 
solute and aqueous ions. Thus, for example, for a saturated solution of lead(II) 
sulfate in water, we have 

PbS04(s) � Pb2+ (aq) + SO/-(aq) 

As with all the other equilibrium systems we've looked at, this one can be 
expressed by a reaction quotient: 

[Pb2+] [S042-] 
Qc = [PbS04] 

As in  previous cases, we incorporate the constant concentration of the solid, 
[PbS04], into the value of Qe, which gives the ion-product expression, Qsp: 

Qsp = Qc[PbS04] = [Pb2+][SO/-] 

And, when solid PbS04 attains equilibrium with Pb
2+ and SO/- ions, that is ,  

when the solution reaches saturation, the numerical value of Qsp attains a con­
stant value, called the solubility-product constant, Ksp' The Ksp for PbS04 at 
25°C, for example, is 1.6x 10-8. 

As we've seen with other equilibrium constants, a given Ksp value depends 
only on the temperature, not on the individual ion concentrations. Suppose, for 
example, you add some lead(II) nitrate, a soluble lead salt, to increase the solu­
tion's [Pb

2+] .  The equilibrium position shifts to the left, and [SO/-] goes down 
as more PbS04 precipitates; so the Ksp value is maintained. 

The form of Qsp is identical to that of the other reaction quotients we have 
written: each ion concentration is raised to an exponent equal to the coefficient 
in the balanced equation, which in this case also equals the subscript of each ion 
in the compound's formula. Thus, in general, for a saturated solution of a slightly 
soluble ionic compound, MpXq, composed of the ions M"+ and XZ-, the equilib­
rium condition is 

(19.2) 
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At saturation, the concentration terms have their equilibrium values, so we can 
write the ion-product expression directly with the symbol Ksp. For example, the 
equation and ion-product expression that describe a saturated solution of 
Cu(OHh are 

Cu(OHh(s) � Cu2+(aq) + 20H-(aq) Ksp = [Cu2+][OH-f 

Insoluble metal sulfides present a slightly different case. The sulfide ion, S
2 
-, 

is so basic that it is not stable in water and reacts completely to form the hydro­
gen sulfide ion (HS-) and the hydroxide ion (OH-): 

S2-(aq) + H20(l) - HS-(aq) + OH-(aq) 

For instance, when manganese(II) sulfide is shaken with water, the solution con­
tains Mn2+, HS -, and OH- ions. Although the sulfide ion does not exist as such 
in water, you can imagine the dissolution process as the sum of two steps, with 
S2- occurring as an intermediate that is consumed immediately: 

MnS(s) � Mn2+(aq) + � 
� + H20(l) - HS-(aq) + OH-(aq) 
MnS(s) + H20(l) � Mn2+(aq) + HS-(aq) + OH-(aq) 

Therefore, the ion-product expression is 

Ksp = [Mn2+ ][HS-][OH-] 

SAMPLE PROBLEM 19.4 Writing lon-Product Expressions for Slightly 
Soluble Ionic Compounds 

Proble m Write the ion-product expression for each of the following compounds: 
(a) Magnesium carbonate (b) Iron(ll) hydroxide 
(c) Calcium phosphate (d) Silver sulfide 
Plan We write an equation that describes a saturated solution and then write the ion­
product expression, Ksp, according to Equation 1 9.2, noting the sulfide in part (d) . 
Solut ion (a) Magnesium carbonate: 

MgC03(s) � Mg2+(aq) + C032- (aq) Ksp = [Mg2+][C032-] 

(b) lron(TI) hydroxide: 

Fe(OHh(s) � Fe2+ (aq) + 20H-(aq) 

(c) Calcium phosphate: 

Ca3(P04h(S) � 3Ca2+(aq) + 2POl-(aq) Ksp = [Ca2+]
3
[POl-]2 

(d) Silver sulfide: 

AgzS(s) � 2Ag + (aq) + � 
� + H20(l) - HS-(aq) + OH-(aq) 
Ag2S(s) + H20(l) � 2Ag+(aq) + HS-(aq) + OH-(aq) Ksp = [Ag+f[HS-][OH-] 

Che ck Except for part (d), you can check by reversing the process to see if you obtain 
the formula of the compound from Ksp-
Comme nt In part (d), we include H20 as reactant to obtain a balanced equation. 

FOLLOW-UP PROBLEM 19.4 Write the ion-product expression for each of the fol-
lowing compounds: 
(a) Calcium sulfate 
(c) Magnesium hydroxide 

(b) Chromium(ITI) carbonate 
(d) Arsenic(ITI) sulfide 

The value of Ksp indicates how far to the right the dissolution proceeds at 
equilibrium (saturation). Table 1 9.2 presents some representative Ksp values. 
(Appendix C includes a much more extensive list.) Even though the values are 
all quite low, they range over many orders of magnitude. 
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e@I,·n So lub il ity-Prod uct 
Co nsta nts (Ksp) of Sele cted 
Io nic Compo unds at 25°C 

Name, Formula 

Aluminum hydroxide, 
AI(OHh 

Cobalt(II) carbonate, 
CoC03 

lron(TI) hydroxide, 
Fe(OH)z 

Lead(ll) fluoride, 
PbF2 

Lead(II) sulfate, 
PbS04 

Mercury(I) iodide, 
Hg2I2 

Silver sulfide, 
Ag2S 

Zinc iodate, 
Zn(I03h 

3 X 10-34 

l .OX 10-10 

4.IXlO-15 

3 .6X 10-8 

1 .6XlO-8 

4.7X 10-29 

8 X 10-48 

3 .9X 10-6 
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Calculations Involving the Solubility-Product Constant 
In Chapters 1 7  and 1 8, we described two types of equilibrium problems. In one 
type, we use concentrations to find K, and in the other, we use K to find con­
centrations. Here we encounter the same two types. 

Determining Ksp from Solubility The solubilities of ionic compounds are deter­
mined experimentally, and several chemical handbooks tabulate them. Most sol­
ubility values are given in units of grams of solute dissolved in 1 00 grams of 
H20. Because the mass of compound in solution is small, a negligible error is 
introduced if we assume that " 1 00 g of water" is equal to " 1 00 rnL of solution." 
We then convert the solubility from grams of solute per 1 00 mL of solution to 
molar solubility, the amount (mol) of solute dissolved per liter of solution (that 
is, the molarity of the solute). Next, we use the equation for the dissolution of 
the solute to find the molarity of each ion and substitute into the ion-product 
expression to find the value of Ksp-

SAMPLE PROBLEM 19.5 Determining Ksp from Solubility 
Problem (a) Lead(II) sulfate (PbS04) is a key component in lead-acid car batteries. Its 
solubility in water at 25°C is 4.25 X 10-3 g/1 00 mL solution. What is the Ksp of PbS04? 
(b) When lead(II) fluoride (PbF2) is shaken with pure water at 25°C, the solubility is found 
to be 0.64 gIL. Calculate the Ksp of PbF2. 
Plan We are given the solubilities in various units and must find Kspo For each compound, 
we write an equation for its dissolution to see the number of moles of each ion, and then 
write the ion-product expression. We convert the solubility to molar solubility, find the 
molarity of each ion, and substitute into the ion-product expression to calculate Kspo 
Solution (a) For PbS04. Writing the equation and ion-product (Ksp) expression: 

PbS04(s) � Pb2+(aq) + SO/-(aq) Ksp = [Pb2+] [S042-] 

Converting solubility to molar solubility: 

. . 0.00425 g PbS04 1000 mL 1 mol PbS04 Molar solubIlity of PbS04 = X X -----
100 mL soIn 1 L 303.3 g PbS04 

= 1.40 X 10-4 M PbS04 

Determining molarities of the ions: Because 1 mol of Pb2+ and 1 mol of SO/- form 
when 1 mol of PbS04 dissolves, [Pb2+] = [SO/-] = 1 .40 X 10-4 M. 
Calculating Ksp: 

Ksp = [Pb2+] [SO/-] = (1.40X 10-
4
)2 = 1 .96X 10-8 

(b) For PbF2• Writing the equation and Ksp expression: 

PbF2(s) � Pb2+(aq) + 2F-(aq) Ksp = [Pb2+] [F-f 
Converting solubility to molar solubility: 

. . 0.64 g PbF2 1 mol PbF2 3 Molar solubilIty of PbF2 = X = 2.6X 10- M PbF2 1 L soln 245.2 g PbF2 
Determining molarities of the ions: 1 mol of Pb2+ and 2 mol of F- form when 1 mol of 
PbF2 dissolves, so we have 

[Pb2+ ]  = 2.6X 10-3 M and [F- ] = 2(2.6X 10-3 M) = 5.2X 10-3 M 
Calculating Ksp: 

Ksp = [pb2+][F-f = (2.6x 1O-3)(5.2X 10-3)2 = 7.0X 10-8 
Check The low solubilities are consistent with Ksp values being small. In (a), the molar 

1 b'l' b '  
4X 10-2 giL 4 so u 1 lty seems a out nght: 2 = 1.3 X 10- M. Squaring this number 3XIO glmol 

gives 1.7XIO-8, close to the calculated Kspo In (b), we check the final step: 
-(3XlO-3)(5XlO-3)2 = 7.5XlO-8, close to the calculated Ksp-
Comment 1. In part (b), the formula PbF2 means that [F- ]  is twice [Pb2+]. Then we square 
this value of [F-] .  Always follow the ion-product expression explicitly. 
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2. The tabulated Ksp values for these compounds (Table 1 9.2) are lower than our calcu­
lated values. For PbFz, for instance, the tabulated value is 3 .6Xl O-8, but we calculated 
7.0X 10-8 from solubility data. The discrepancy arises because we assumed that the PbF2 in solution dissociates completely to Pb2+ and F-. Here is an example of the complex­
ity pointed out at the beginning of this section. Actually, about a third of the PbF2 dissolves as PbF+(aq) and a small amount as undissociated PbF2(aq) .  The solubility 
(0.64 giL) is determined experimentally and includes these other species, which we did 
not include in our simple calculation. This is why we treat such calculated Ksp values 
as approximations. 

FOLLOW·UP PROBLEM 19.5 When powdered fluorite (CaF2) is shaken with pure 
water at 1 8°C, 1 .5XlO-4 g dissolves for every 1 0.0 rnL of solution. Calculate the Ksp of 
CaF2 at 1 8°C. 

Determining Solubility from Ksp The reverse of the previous type of problem 
involves finding the solubility of a compound based on its formula and Ksp value. 
An approach similar to the one we used for weak acids in Sample Problem 1 8 .7 
is to define the unknown amount dissolved-molar solubility-as S. Then we 
define the ion concentrations in terms of this unknown in a reaction table, and 
solve for S. 

SAMPLE PROBLEM 19.6 Determining Solubility from Ksp 
Problem Calcium hydroxide (slaked lime) is a major component of mortar, plaster, and 
cement, and solutions of Ca(OH)z are used in industry as a cheap, strong base. Calculate 
the solubility of Ca(OH)z in water if the Ksp is 6.5 X 1 0-6. 
Plan We write the dissolution equation and the ion-product expression. We know Ksp 
(6.5 X 10-6); to find molar solubility (S), we set up a reaction table that expresses [Ca2+] 
and [OH-] in terms of S, substitute into the ion-product expression, and solve for S. 
Solution Writing the equation and ion-product expression: 

Ca(OHhCs) � Ca2+ (aq) + 20H- (aq) Ksp = [Ca2+][OH-f = 6.5 X 10-6 

Setting up a reaction table, with S = molar solubility: 

Concentration (M) 

Initial 
Change 
Equilibrium 

Ca(OHh(s) 

o 
+S 
S 

Substituting into the ion-product expression and solving for S: 

+ 

Ksp = [Ca2+ ][OH-f = (S)(2S)2 = (S)(4S2) = 4S3 = 6.5XIO-6 

3 !6.5XIO  6 
S = \j 4 

= 1 .2 X 1 0-2 M 

20W(aq) 

o 
+2S 
2S 

Check We expect a low solubility from a slightly soluble salt. If we reverse the 
calculation, we should obtain the given Ksp: 4( 1 . 2XIO-2)3 = 6.9XlO-6, close 
to 6.5Xl O-6. 
Comment 1. Note that we did not double and then square [OH-].  28 is the [OH-], so we 
just squared it, as the ion-product expression required. 
2. Once again, we assumed that the solid dissociates completely. Actually, the solubility 
is increased to about 2.0X 1 0-2 M by the presence of CaOH+(aq) formed in the reaction 
Ca(OHhCs) � CaOH+(aq) + OH-(aq). Our calculated answer is only approximate 
because we did not take this other species into account. 

FOLLOW·UP PROBLEM 19.6 A suspension of Mg(OHh in water is marketed as 
"milk of magnesia," which alleviates minor symptoms of indigestion by neutralizing stom­
ach acid. The [OH-] is too low to harm the mouth and throat, but the suspension 
dissolves in the acidic stomach juices. What is the molar solubility of Mg(OH)z 
(Ksp = 6.3XIO-10) in pure water? 
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Figure 1 9. 1  0 The effect of a common 
ion on solubility. When a common ion is 
added to a saturated solution of an ionic 
compound, the solubility is lowered and 
more of the compound precipitates. 
A, Lead( l I) chromate, a sl ightly soluble 
salt, forms a saturated aqueous solution. 
B, When Na2Cr04 solution is added, the 
amount of PbCr04(s) increases. Thus, 
PbCr04 is less soluble in the presence of 
the common ion CrO/- . 
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"'Mltl' Re lat ions hip Betwee n Ksp a nd Solubility at 25°C 
No. of Ions Formula Cation:Anion Ksp 

2 MgC03 1 : 1  3 .5 X lO-8 
2 PbS04 1 : 1  1 .6 X 1 0-8 
2 BaCr04 1 : 1  2. 1 X lO- 1 o  

3 Ca(OH)z 1 :2 6.5 X lO-6 
3 BaF2 1 :2 1 .5 X 1 0-6 
3 CaF2 1 :2 3 .2X lO- 1 1  
3 Ag2Cr04 2: 1 2.6x l O- 12 

Solubility (M) 

1 .9X 10-4 
1.3 X 10-4 
l .4X 10-5 

1 .2X  10-2 
7.2X l O-3 
2.0X l O-4 
8 .7 X l O-5  

Using Ksp Values to  Compare Solubilities The Ksp values provide a guide to 
relative solubility, as long as we compare compounds whose formulas contain 
the same total number of ions. In such cases, the higher the Ksp, the greater the 
solubility. Table 19 .3  shows this point for several compounds. Note that for 
compounds that form three ions, the relationship holds whether the cation:anion 
ratio is 1 :2 or 2: 1 ,  because the mathematical expression containing S is the same 
(4S3) in the calculation (see Sample Problem 19 .6). 

The Effect of a Common Ion on Solubility 
The presence of a common ion decreases the solubility of a slightly soluble ionic 
compound. As we saw in the case of acid-base systems, Le Chiitelier 's principle 
helps explain this effect. Let's examine the equilibrium condition for a saturated 
solution of lead(II) chromate: 

At a given temperature, Ksp depends on the product of the ion concentrations. If 
the concentration of either ion goes up, the other must go down to maintain Ksp­
Suppose we add Na2Cr04, a soluble salt, to the saturated PbCr04 solution. The 
concentration of the common ion, CrO/-, increases, and some of it combines 
with Pb2+ ion to form more solid PbCr04 (Figure 19 . 10) .  The overall effect is a 
shift in the position of equilibrium to the left: 

PbCr04(s) � Pb2+(aq) + CrO/-(aq; added) 
After the addition, [Cr042-] is higher, but [Pb2+] is lower. In this case, [Pb2+] 

represents the amount of PbCr04 dissolved; thus, in effect, the solubility of 
PbCr04 has decreased. The same result is obtained if we dissolve PbCr04 in a 
Na2Cr04 solution. We also obtain this result by adding a soluble !ead(II) salt, such 
as Pb(N03h. The added Pb2+ ion combines with some CrO/- (aq), thereby low­
ering the amount of dissolved PbCr04. 

A 

� 
PbCr04(s) � Pb2+(aq) + croi- (aq; added) 
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SAMPLE PROBLEM 19.7 Calculating the Effect of a Common Ion on Solubility 
Problem In Sample Problem 19.6, we calculated the solubility of Ca(OHh in water. What 
is its solubility in 0. 1 0  M Ca(N03h? Ksp of Ca(OHh is 6.5 x l O-6. 
Plan Addition of Ca2+, the common ion, should lower the solubility. We write the equa­
tion and ion-product expression and set up a reaction table, with [Ca2+]init corrung from 
Ca(N03h and S equal to [Ca2+Jrrom Ca(OH)2. To simplify the math, we assume that, because 
Ksp is low, S is so small relative to [Ca2+]init that it can be neglected. Then we solve for 
S and check the assumption. 
Solution Writing the equation and ion-product expression: 

Ca(OHhCs) � Ca2+(aq) + 20H-(aq) Ksp = [Ca2+][OH-f = 6.5XlO-6 

Setting up the reaction table, with S = [Ca2+ ]from Ca(OH)2: 

Concentration (M) Ca(OHh(s) Ca2+(aq) + 20W(aq) 

Initial 0. 1 0  0 
Change +S +2S 
Equilibrium 0.10 + S 2S 

Making the assumption: Ksp is small, so S « 0.10 M; thus, 0.10 M + S = 0.10 M. 
Substituting into the ion-product expression and solving for S: 

Therefore, 

Ksp = [Ca2+ ] [OH-]2 = 6.5XlO-6 = (0.1O)(2S)2 

2 6.5XlO-6 
4S = ---

0.10 
so 4.0XlO-3 M 

Checking the assumption: 

4.0XlO-3 M 
---- X 1 00 = 4.0% < 5% 

O. l O M  

Check In Sample Problem 19.6, the solubility of Ca(OHh was 0.012 M, but here, it is 
0.0040 M, so the solubility decreased in the presence of added Ca2+, the common ion, 
as expected. 

FOLLOW·UP PROBLEM 19.7 To improve the quality of x-ray images used in the 
diagnosis of intestinal disorders, the patient drinks an aqueous suspension of BaS04 before 
the x-ray procedure. The Ba2+ in the suspension is opaque to x-rays, but it is also toxic; thus, 
the Ba2+ concentration is lowered by the addition of dilute Na2S04. What is the solubility 
of BaS04 (Ksp = 1.1 X 10- 10) in (a) pure water and in (b) 0. l 0  M Na2S04? 

The Effect of pH on Solubility 
The hydronium ion concentration can have a profound effect on the solubility of 
an ionic compound. If the compound contains the anion of a weak acid, addition 
of H30+ (from a strong acid) increases its solubility. Once again, Le Chatelier's 
principle explains why. An especially interesting case occurs with calcium car­
bonate. In a saturated solution of CaC03, we have 

CaC03(s) � Ca2+(aq) + C032-(aq) 

Adding some strong acid introduces a large amount of H30+, which immediately 
reacts with C032- to form the weak acid HC03 - :  

CO/- (aq) + H30+(aq) - HC03 -(aq) + H20(l) 

Thus, more CaC03 dissolves. In this particular case, the effect is increased by gas 
formation. If enough H30+ is added, further reaction occurs to form carbonic 
acid, which decomposes immediately to H20 and CO2, and the gas escapes 
the container: 

HC03 -(aq) + H30+(aq) - H2C03(aq) + H20(l) - CO2(g) + 2H20(l) 
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Figure 19. 1 1 Test for the presence of a 
carbonate. When a mineral that contains 
carbonate ion is treated with strong acid ,  
the added H30+ shifts the equil ibrium po­
sition of the carbonate solubil ity. More 
carbonate dissolves, and the carbonic 
acid that is formed breaks down to water 
and gaseous CO2, 
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As this sequence of changes shows, the net effect of added H30+ is a shift in the 
equilibrium position to the right: 

CaC03(s) � 'Ca2+ + C032- H30+ , HC03 - H30+ , H2C03 -----+ 
CO2(g) + H20 + Ca2+ 

In fact, this example illustrates a qualitative field test for carbonate minerals 
because the CO2 bubbles vigorously (Figure 1 9. 1 1 ) . 

In contrast, adding H30+ to a saturated solution of a compound with a strong­
acid anion, such as silver chloride, has no effect on the equilibrium position: 

AgCl(s) � Ag+(aq) + Cl-(aq) 
Because CI - ion is the conjugate base of a strong acid (HCI), it can coexist in 
solution with high [H30+ ] .  The CI- does not leave the system, so the equilib­
rium position is not affected. 

SAMPLE PROBLEM 1 9.8 Predicting the Effect on Solubility of Adding 
Strong Acid 

Problem Write balanced equations to explain whether addition of H30+ from a strong 
acid affects the solubility of these ionic compounds: 
(a) Lead(II) bromide (b) Copper(II) hydroxide (c) Iron(ll) sulfide 
Plan We write the balanced dissolution equation and note the anion: Weak-acid anions 
react with H30+ and shift the eqUilibrium position toward more dissolution. Strong-acid 
anions do not react, so added H30+ has no effect. 
Solution (a) PbBr2(s) � Pb2+ (aq) + 2Br-(aq) 
No effect. Br - is the anion of HEr, a strong acid, so it does not react with H30+ .  

(b) Cu(OHhCs) � Cu2+(aq) + 20H-(aq) 
Increases solubility. OH- is the anion of H20, a very weak acid, so it reacts with the 
added H30+ : 

OH-(aq) + H30+ (aq) ---+ 2H20(l) 
(c) FeS(s) + H20(l) � Fe2+ (aq) + HS-(aq) + OH-(aq) 
Increases solubility. We noted earlier that the S2- ion reacts immediately with water to 
form HS- and OH-. The added H30+ reacts with both of these weak-acid anions: 

HS-(aq) + H30+(aq) ---+ H2S(aq) + H20(l) 
OH-(aq) + H30+(aq) ---+ 2H20(l) 

FOLLOW·UP PROBLEM 1 9.8 Write balanced equations to show how addition of 
HN03(aq) affects the solubility of these ionic compounds: 
(a) Calcium fluoride (b) Zinc sulfide (c) Silver iodide 

Predicting the Formation of a Precipitate: Qsp VS. Ksp 
In Chapter 1 7, we compared the values of Q and K to see if a reaction had reached 
equilibrium and, if not, in which net direction it would move until it did. In this 
discussion, we use the same approach to see if a precipitate will form and, if not, 
what changes in the concentrations of the component ions will cause it to do so. 
As you know, Qsp = Ksp when the solution is saturated. If Qsp is greater than Ksp, 
the solution is momentarily supersaturated, and some solid precipitates until the 
remaining solution becomes saturated (Qsp = Ksp) . If Qsp is less than Ksp' the 
solution is unsaturated, and no precipitate forms at that temperature (more solid 
can dissolve). To summarize, 

• Qsp = Ksp: solution is saturated and no change occurs. 
• Qsp > Ksp: precipitate forms until solution is saturated. 
• Qsp < Ksp: solution is unsaturated and no precipitate forms. 
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SAMPLE PROBLEM 1 9.9 Predicting Whether a Precipitate will Form 
Problem A common laboratory method for preparing a precipitate is to mix solutions con­
taining the component ions. Does a precipitate form when 0. 100 L of 0.30 M Ca(N03h 
is mixed with 0.200 L of 0.060 M NaF? 
Plan First, we must decide which slightly soluble salt could form and look up its Ksp value 
in Appendix C. To see whether mixing these solutions will form the precipitate, we find 
the ion concentrations by calculating the amount (mol) of each ion from its concentration 
and volume, and then dividing by the total volume because one solution dilutes the other. 
Finally, we write the ion-product expression, calculate Qsp' and compare Qsp with Ksp. 
Solution The ions present are Ca2+ , Na + ,  F-,  and N03 - .  All sodium and all nitrate salts 
are soluble (Table 4. 1 ), so the only possibility is CaFz (Ksp = 3.2X lO- 1 1 ) .  
Calculating the ion concentrations: 

Moles of Caz+ = 0.30 M Caz+ X 0. 100 L 

= 0.030 mol Caz+ 
0.030 mol Ca2+ 

0. 1 00 L + 0.200 L 

= 0. 1 0  M Ca2+ 
Moles of F- = 0.060 M F- X 0.200 L 

= 0.01 2  mol F-
0.0 1 2  mol F-

[F-] = 0. 1 00 L + 0.200 L 

= 0.040 M F-
Substituting into the ion-product expression and comparing Qsp with Ksp: 

Qsp = [Ca2+] [F-f = (0. 1 0)(0.040)2 = 1 .6X l O-4 

Because Qsp > Ksp, CaFz will precipitate until Qsp = 3.2x l O- 1 1 .  
Check Remember to round off and quickly check the math. For example, Qsp = 
( l X l O- 1 )(4X l O-2f = 1 .6X I0-4. With Ksp so low, CaF2 must have a low solubility, and 
given the sizable concentrations being mixed, we would expect CaF2 to precipitate. 

FOLLOW·UP PROBLEM 1 9.9 As a result of mineral erosion and biological activity, 
phosphate ion is common in natural waters, where it often precipitates as insoluble salts, 
such as Ca3(P04h. If [Caz+]  = [POl-] = l .OX 1 0-9 M in a given river, will Ca3(P04h 
precipitate? Ksp of Ca3(P04h is l .2 X  10-29. 

Applying Ionic Equilibria to the Acid-Rain Problem 
The effect of industrial society on the environment is especially apparent in the 
problem of acid rain; the underlying chemistry applies several principles of ionic 
equilibria. Acidic precipitation-rain, snow, fog, or dry deposits on particles-has 
been recorded in all parts of North America, the Amazon basin, Europe, includ­
ing Russia, much of Asia, and even at the North and South Poles. Three major 
substances are involved: 

1 .  Sulfurous acid. Sulfur dioxide (S02) from the burning of high-sulfur coal forms 
sulfurous acid in contact with water. Oxidizing air pollutants, such as hydro­
gen peroxide, convert sulfurous acid to sulfuric acid: 

H202(aq) + H2S03(aq) - HZS04(aq) + H20(l) 
2. Sulfuric acid. Sulfur trioxide (S03) forms through the atmospheric oxidation 

of S02 and becomes H2S04 in contact with water. 
3. Nitric acid. Nitrogen oxides (denoted NOx) form when N2 and O2 react. NO 

is produced during combustion in car engines and electric power plants, and 
then forms N02 and HN03. At night, NOx are converted to N20s, which 
hydrolyzes to RN03 in water. 
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802 and NOx in 
electric util ity 

emissions 

Figure 19. 12 Formation of acidic pre­
cipitation. A complex interplay of human 
activities, atmospheric chemistry, and en­
vironmental distribution leads to acidic 
precipitation and its harmful effects. Car 
exhaust and electrical util ity waste gases 
contain lower oxides of nitrogen and sul­
fur. These are oxidized in the atmosphere 
by O2 (or 03 , not shown) to higher oxides 
(N02, 803) .  which react with moisture to 
form acidic rain, snow, and fog. In con­
tact with acidic precipitation ,  many lakes 
become acidified, whereas l imestone­
bounded lakes form a carbonate buffer 
that prevents acidification. 
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Figure 1 9. 1 2  illustrates some of the main sources of the two strong acids. 
Unpolluted rainwater is weakly acidic (pH = 5 .6) because it contains dis­

solved CO2: 

CO2(g) + 2H20(l) � H30+(aq) + HC03 -(aq) 

In contrast, the average pH of rainfall in much of the United States was 4.2 as early 
as 1 984; rain with a pH of 2.7 (about the same as vinegar) has been observed 
in Sweden and with a pH of 1 .8  (between lemon juice and stomach acid) in West 
Virginia. 

These 1 0- to 1 O,000-fold excesses of [H30+] are very destructive to fish 
(many species die at a pH below 5) and to forests. The aluminosilicates that make 
up most soils are nearly insoluble. But contact with H30+ dissolves some of the 
bound AI

3
+,  which is extremely toxic to fish, and many ions that act as nutrients 

for plants and animals are dissolved and carried away. 
Acid rain also dissolves the calcium carbonate in the marble and limestone 

of buildings and monuments. Ironically, the same process that destroys these 
structures saves lakes in limestone-rich soil. As we discussed previously, added 
H30+ shifts the following equilibrium to the right to dissolve more l imestone and 
form more bicarbonate: 

C032-(aq) + H30+(aq) � HC03 -(aq) + H20(l) 

With time, limestone-bounded lakes become enormous HC03 -IC03 2- buffers that 
maintain a relatively stable pH as they absorb additional H30+ . Lakes in 
limestone-poor soils can be treated with limestone. Sweden spent tens of millions 
of dollars during the 1990s to add limestone to about 3000 lakes. This method pro­
vides only temporary improvement, however, and the lakes become re-acidified. 

More effective approaches reduce S02 and NOx at the source. S02 is removed 
from power-plant emissions with limestone or, in a newer method, it is partially 
reduced to H2S and then converted to sulfur: 

16H2S(g) + 8S02(g) ---+ 3Ss(s) + 1 6H20(l) 

Coal can also be converted into gaseous and liquid low-sulfur fuels. The catalytic 
converter in an automobile exhaust system reduces NOx to N2 and NH3, and in 
power plants, NOx is removed from the hot stack gases with ammonia: 

4NO(g) + 4NH3(g) + 02(g) ---+ 4N2(g) + 6H20(g) 

Amendments to the Clean Air Act to further curb NOx emissions and help states 
meet ozone standards will reduce HN03 in the process. 
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S ECTION S UMMARY 
As an approximation, the dissolved portion of a slightly soluble salt dissociates com­
pletely into ions. In a saturated solution, the ions are in equilibrium with the solid, and 
the product of the ion concentrations, each raised to the power of its subscript in the 
compound's formula, has a constant value (Osp = Ksp). The value of Ksp can be 
obtained from the solubility, and vice versa. Adding a common ion lowers an ionic 
compound's solubility. Adding H30+ (lowering the pH) increases a compound's solu­
bility if the anion of the compound is that of a weak acid . If Osp > Ksp for an ionic 
compound, a precipitate forms when two solutions, each containing one of the com­
pound's ions, are mixed. Lakes bounded by limestone-rich soils form buffer systems 
that prevent harmful acidification by acid rain . 

19.4 EQUILIBRIA INVOLVING COMPLEX IONS 

The final type of aqueous ionic equilibrium we consider involves a different kind 
of ion than we've examined up to now. A simple ion, such as Na + or SO/-, con­
sists of one or a few bound atoms, with an excess or deficit of electrons. A com­
plex ion consists of a central metal ion covalently bonded to two or more anions 
or molecules, called ligands. Hydroxide, chloride, and cyanide ions are some 
ionic ligands; water, carbon monoxide, and ammonia are some molecular ligands. 
In the complex ion Cr(NH3)6

3+ , for example, Cr
3+ is the central metal ion and 

six NH3 molecules are the ligands, giving an overall 3 +  charge (Figure 1 9. 1 3). 

Figure 1 9. 1 3  Cr(NH3)s 3+, a typical com­
plex ion. A complex ion consists of a cen­
tral metal ion, such as Cr3 + ,  covalently 
bonded to a specific number of l igands, 
such as NH3 . 

As we discussed in Section 1 8 .8 ,  all complex ions are Lewis adducts. The 
metal ion acts as a Lewis acid (accepts an electron pair) and the ligand acts as a 
Lewis base (donates an electron pair). The acidic hydrated metal ions that we dis­
cussed in Section 1 8.6 are complex ions with water molecules as ligands. In Chap­
ter 22, we discuss the transition metals and the structures and properties of the 
numerous complex ions they form. Our focus here is on equilibria of hydrated 
ions with ligands other than water. 

Formation of Complex Ions 
Whenever a metal ion enters water, a complex ion forms, with water as the 
ligand. In many cases, when we treat this hydrated cation with a solution of another 
ligand, the bound water molecules exchange for the other ligand. For example, a 
hydrated M2+ ion, M(H20)/+, forms M(NH3)/+ in aqueous NH3: 

M(H20)/+(aq) + 4NH3(aq) � M(NH3)/+(aq) + 4H20(l) 
At equilibrium, this system is expressed by a ratio of concentration terms whose 
form follows that of any other equilibrium expression: 

[M(NH3)42+] [H20]4 

Kc = [M(H20)/+][NH3t 
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+ NH3(aq) 
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Once again, because the concentration of water is essentially constant in aqueous 
reactions, we incorporate it into Kc and obtain the expression for a new equilib­
rium constant, the formation constant, Kr: 

Kc [M(NH3)/+] 
Kf = [H20t = [M(H20)/+] [NH3t 

At the molecular level (Figure 1 9 . 1 4), the actual process is stepwise, with 
ammonia molecules replacing water molecules one at a time to give a series of 
intermediate species, each with its own formation constant: 

M(H20)/+(aq) + NH3(aq) � M(H20hCNH3l+(aq) + H20(l) 

K 
_ [M(H20hCNH3)2+ ] 

fJ 
-

[M(H20)/+] [NH3] 

M(H20h(NH3)2+(aq) + NH3(aq) � M(H20h(NH3h2+(aq) + H20(l) 
[M(H20h(NH3h 2+] 

Kf2 = 2+ [M(H20)3(NH3) ] [NH3] 

M(H20h(NH3h2+(aq) + NH3(aq) � M(H20)(NH3)32+(aq) + H20(l) 
[M(H20)(NH3h 2+]  

Kf3 = 2+ [M(H20h(NH3h ] [NH3] 

M(H20)(NH3h2+(aq) + NH3(aq) � M(NH3)/+(aq) + H20(l) 

K 
_ [M(NH3)/+] 

f4 - [M(H20)(NH3h2+] [NH3] 

The sum of the equations gives the overall equation, so the product of the indi­
vidual formation constants gives the overall formation constant: 

Kr = Kfl X Kf2 X Kf3 X Kr4 
In this case, the Kr for each step is much larger than 1 because ammonia is a 
stronger Lewis base than water. Therefore, if we add excess ammonia to the 
M(H20)/+ solution, the H20 ligands are replaced and essentially all the M2+ 
ion exists as M(NH3)42+ .  

Appendix C shows the formation constants (Kf) of  several complex ions; note 
that all are 1 06 or greater, which means that the equilibria of the formation reac­
tions lie far to the right. 

3NH3 

3 more steps 

Figure 1 9. 1 4  The stepwise exchange of NH3 for H20 in M(H20)/+. 
The ligands of a complex ion can exchange for other ligands. When 
ammonia is added to a solution of the hydrated M

2+ ion, M(H20)/+, 

NH3 molecules replace the bound H20 molecules one at a time to form 
the M(NH3)/+ ion. The molecular-scale views show the first exchange 
and the fuJly ammoniated ion. 



1 9.4 Equilibria Involving Complex Ions 

Complex Ions and the Solubility of Precipitates 
In Section 1 9 .3, you saw that H30+ increases the solubility of a slightly soluble 
ionic compound if its anion is that of a weak acid. Similarly, a ligand increases 
the solubility of a slightly soluble ionic compound if it forms a complex ion with 
the cation. For example, zinc sulfide is very slightly soluble: 

ZnS(s) + H20(l) � Zn2+(aq) + HS -(aq) + OH-(aq) Ksp = 2.0X 10-22 
When we add some 1.0 M NaCN, the CN- ions act as ligands and react with the 
small amount of Zn2 + (aq) to form the complex ion Zn(CN)/- : 

Zn2+ (aq) + 4CN-(aq) � Zn(CN)/-(aq) Kf = 4.2X 10 1 9  
To see the effect of complex-ion formation on the solubility of ZnS, we add the 
equations and, therefore, multiply their equilibrium constants: 

ZnS(s) + 4CN-(aq) + H20(l) � Zn(CN)/-(aq) + HS-(aq) + OH-(aq) 
Koverall = Ksp x Kf = (2.0X 10-22)(4.2 X 1 0 1 9) = 8.4X 10-3 

The overall equilibrium constant increased by more than a factor of 1 0 1 9  in the 
presence of the ligand; this reflects the increased amount of ZnS in solution. 

SAMPLE PROBLEM 19. 10 Calculating the Effect o f  Complex-Ion Formation 
on Solubil ity 

Problem In black-and-white film developing, excess AgBr is removed from the film neg­
ative by "hypo," an aqueous solution of sodium thiosulfate (Na2S203), which forms the 
complex ion Ag(S203)23- .  Calculate the solubility of AgBr in (a) H20; (b) 1 .0 M hypo. Kf 
of Ag(S203h3- i s  4.7 x lO 1 3  and Ksp of AgBr is 5 .0x lO- 1 3 .  
Plan (a) After writing the equation and the ion-product expression, we use the given Ksp 
to solve for S, the molar solubility of AgBr. (b) In hypo, Ag + forms a complex ion with 
s20l-, which shifts the equilibrium and dissolves more AgBr. We write the complex-ion 
equation and add it to the equation for dissolving AgBr to obtain the overall equation for 
dissolving AgBr in hypo. We multiply Ksp by Kf to find Koverau.  To find the solubility of 
AgBr in hypo, we set up a reaction table, with S = [Ag(S203)23-] , substitute into the 
expression for Koverall > and solve for S. 
Solution (a) Solubility in water. Writing the equation for the saturated solution and the 
ion-product expression: 

AgBr(s) � Ag+(aq) + Br- (aq) Ksp = [Ag+][Br-] 
Solving for solubility (S) directly from the equation: We know that 

S = [AgBr]dissolved = [Ag +] = [Br-] 
Thus, Ksp = [Ag+] [Br-] = S2 = 5 .0x lO- 1 3  

so S =  7 . 1 x lO-7 M 

(b) Solubility in 1 .0 M hypo. Writing the overall equation: 
AgBr(s) � Ag+(aq) + Br- (aq) 

Ag+(aq) + 2S203
2-(aq) � Ag(S203)?3- (aq) 

Calculating Koverall : 

K 
[Ag(S203h3-] [Br-] 

= K x K = (5.0X lO- 1 3)(4.7 X lO1 3) = 24 overall = 
[S203

2 f . sp f 

Setting up a reaction table, with S = [AgBr]dissolved = [Ag(S203h3-] : 

Concentration (M) AgBr(s) + 252032-(aq) Ag(5203h
3
-(aq) + Br-(aq) 

Initial 1 .0 0 0 
Change -2S +S +S 
Equilibrium 1 .0 - 2S S S 
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Substituting the values into the expression for Koverall and solving for S: 
_ [Ag(S203h3- ] [Br-] S2 _ 

24 Koverall - [S2o/-f ( 1 .0 M - 2sl -

Taking the square root of both sides gives 

__ S __ = v24 = 4.9 
1 .0 M  - 2S 

Check (a) From the number of ions in the formula of AgBr, we know that S = VK;;" so 
the order of magnitude seems right: -� = 1 0-7. (b) The Koverall seems correct: the 
exponents cancel, and 5 X 5 = 25. Most importantly, the answer makes sense because 
the photographic process requires the remaining AgBr to be washed off the film and the 
large Koverall confirms that. We can check S by rounding and working backward to find 
Koverall : from the reaction table, we find that 

[(S203)2-] = 1 .0 M - 2S = 1 .0 M - 2(0.45 M) = 1 .0 M - 0.90 M = 0. 1 M 

so Koverau = (0.45)2/(0. l )2 = 20, within rounding of the calculated value. 

FOLLOW-UP PROBLEM 19. 10 How does the solubility of AgBr in 1 .0 M NH3 com­
pare with its solubility in hypo? Kf of Ag(NH3h + is 1 .7 X 1 07.  

SECT I ON SUMMA RY 
A complex ion consists of a central metal ion covalently bonded to two or more neg­
atively charged or neutral ligands. Its formation is described by a formation constant, 
Kf• A hydrated metal ion is a complex ion with water molecules as ligands. Other 
ligands can displace the water in a stepwise process. In most cases , the Kf value of 
each step is large , so the fully substituted complex ion forms almost completely in 
the presence of excess ligand. Adding a solution containing a ligand increases the 
solubility of an ionic precipitate if the cation forms a complex ion with the ligand. 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise. )  

Learning Obiectives 
To help you review these learning objectives, the numbers of 
related sections (§), sample problems (SP), and upcoming end-of­
chapter problems (EP) are l isted in parentheses. 

1 .  Explain how a common ion suppresses a reaction that forms it; 
describe buffer capacity and buffer range, and understand why the 
concentrations of buffer components must be high relative to the 
amount of added H30 + or OH-; calculate how to prepare a buffer 
(§ 1 9. 1 )  (SPs 19 . 1 ,  1 9 .2) (EPs 1 9. 1- 19 .24) 
2. Understand how an acid-base indicator works, how the equiva­
lence point and end point in an acid-base titration differ, and how 
strong acid-strong base, weak acid-strong base, and strong acid­
weak base titration curves differ; explain the significance of the 

Key Terms 
Section 19. 1 
acid-base buffer (6 1 6) 
common-ion effect (61 7) 
Henderson-Hasselbalch 

equation (62 1 )  
buffer capacity (62 1 )  
buffer range (622) 

Section 1 9.2 
acid-base titration curve (624) 
equivalence point (626) 
end point (626) 

pH at the midpoint of the buffer region; choose an appropriate 
indicator, and calculate the pH at any point in a titration (§ 19.2) 
(SP 1 9.3) (EPs 1 9.25-19.42) 
3 .  Describe the equilibrium of a slightly soluble ionic compound 
in water, and explain the meaning of Ksp; understand how a com­
mon ion and pH affect solubility and how to predict precipitate 
formation from the values of Qsp and Ksp (§ 1 9.3) (SPs 19.4-1 9.9) 
(EPs 1 9.43-1 9.62) 
4. Describe the stepwise formation of a complex ion, and explain 
the meaning of Kr; calculate the effect of complex-ion formation 
on solubility (§ 1 9.4) (SP 19 . 1 0) (EPs 1 9.63-1 9.7 1 )  

Section 1 9.3 
solubility-product constant 

(Ksp) (632) 
molar solubility (634) 

Section 19.4 
complex ion (64 1 )  
ligand (64 1 )  
formation constant (Kf) (642) 



Key Equations and Relationships 
19. 1  Finding the pH from known concentrations of a conjugate 
acid-base pair (Henderson-Hasselbalch equation) (62 1 ) :  

pH = pKa + log ( [ba�e] ) 
[acId] 

Brief Solutions to Follow-up Problems 
19.1 (a) Before addition: 
Assuming x is small enough to be neglected, 
[HF] = 0.50 M and [F-] = 0.45 M 

[H30+] = Ka X i��� = (6.8X 1 O-4) (�:!�) 
= 7 .6X 1 0-4 M 

pH = 3 . 1 2  
(b) After addition of 0.40 g of NaOH (0.Q l 0  mol of NaOH) to 
1 .0 L of buffer, 
[HF] = 0.49 M and [F-] = 0.46 M 

[H30+] = (6.8X 1 0-4)(0.49 ) 
= 7.2 X 1 0-4 M; pH = 3 . 1 4  

0.46 
19.2 [H30+] = lO-pH = 10-4.25 = 5 .6X 10-5 

[C6H5COOH] = 
[H30+] [C6H5COO-] 

Ka 

= 
(5 .6X 1 0-5)(0.050) = 0.044 M 

6.3 X IO 5 

0.044 mol C6H5COOH Mass (g) of C6H5COOH = 5 .0 L soln X 
I 1 L so n 

1 22 . 1 2  g C6H5COOH 
X ------"'-----"----=:..--

1 mol C6H5COOH 
= 27 g C6H5COOH 

Dissolve 27 g of C6H5COOH in 4.9 L of 0.050 M C6H5COONa 
and add solution to make 5 .0 L. Adjust pH to 4.25 with strong acid 
or base. 
19.3 (a) [H30+] = Y(2.3 X l O 9)(0.2000) = 2 . 1 X lO-5 M 

pH = 4.68 

(b) [H30+] = Ka X 
[HErO] 

= (2.3 X 10-9) ( l ) = 2 .3X lO-9 M , [BrO-] 
pH = 8 .64 

- _ moles of BrO- _ 0.004000 mol _ 
0 06667 M (c) [BrO ] - total volume - 0.06000 L 

- . 

Kb of BrO- = 
Kw = 4.3 x l O-6 

Ka of HBrO 
K 1 .0 X lO- 14  

[H 0 + ]  - w = �==:===::==.F==::=:=;� 3 - YKb X [BrO Y(4.3 X l O 6)(0.06667) 
= 1 .9X l O- 1 1  M 

pH = 1 0.72 
(d) Moles of OH- added = 0.008000 mol 
Volume (L) of OH- soln = 0.08000 L 

moles of OH- unreacted 
[OH-] = ---to-ta-l-v-ol-u-m-e--

= 
0.008000 mol - 0.004000 mol 

= 0.04000 M 
(0.02000 + 0.08000) L 

[H 0+] = � = 2.5 X l O- 1 3 3 [OH-] 
pH = 1 2.60 
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19.2 Defining the equilibrium condition for a saturated solution 
of a slightly soluble compound, MpXq, composed of Mil + and 
Xz- ions (632): 

(e) 1 4  

12 

10.72 
10 

8 
I 
a. 

6 

4.68 
4 

2 

0 
10 20 30 40 50 60 

Volume of added base (mL) 

19.4 (a) Ksp = [Ca2+] [SO/-] 
(b) Ksp = [Cr3+f[CO/-]3 

(c) Ksp = [Mg2+ ] [OH-f 
(d) Ksp = [As3+f[HS-f[OH-]3 

70 80 

_ 1 .5 X 1 0-4 g CaF2 X 
1 000 mL I mol CaF2 19.5 [CaF2] - 1 0.0 mL soln 1 L X 

78.08 g CaF2 
= 1 .9X  10-4 M 

CaF2(s) � Ca2+ (aq) + 2F-(aq) 
[Ca2+]  = 1 .9X  1 0-4 M and [F-] = 3 . 8X 10-4 M 
Ksp = [Ca2+ ] [F-f = ( 1 .9 X I O-4)(3.8 X lO-4)2 = 2.7 X lO- 1 1  
19.6 From the reaction table, [Mg2+] = S and [OH-] = 2S 
Ksp = [Mg2+ ] [OH-f = 4S3 = 6.3 X l O- lo; S = 5 .4X IO-4 M 

2+ ? ? I 10- 1 0 19.7 (a) In water: Ksp = [Ba ] [S04-l = S- = 1. X ; 
S = l .OX 10-5 
(b) In 0. 1 0  M Na2S04: [SO/-] = 0. 1 0  M 
Ksp = l . l X I O- l o = S X O. lO; S =  l . l X  10-9 M 
S decreases in presence of the common ion S04 2- .  
19.8 (a) Increases solubility. 

CaF2(s) � Ca2+ (aq) + 2F-(aq) 
F-(aq) + H30+(aq) - HF(aq) + H20(I) 
(b) Increases solubility. 

ZnS(s) + H20(l) � Zn2+ (aq) + HS-(aq) + OH-(aq) 
HS-(aq) + H30+(aq) - H2S(aq) + H20(l) 
OH-(aq) + H30+(aq) - 2H20(l) 
(c) No effect. I- (aq) is conjugate base of strong acid, HI. 
19.9 Ca3(P04h(S) � 3Ca2+(aq) + 2PO/-(aq) 
Qsp = [Ca2+f[p04

3-f = ( l .OX 1 0-9)5 = l .OX 1 0-45 
Qsp < Ksp, so Ca3(P04h will not precipitate. 
19. 1 0  AgBr(s) + 2NH3(aq) � Ag(NH3h+(aq) + Br-(aq) 

+ 1 0-6 
Koverall = Ksp of AgBr X Kr of Ag(NH3)2 = 8.5 X 
From the reaction table, 

S 
= Y8.5X  1 0  6 = 2 .9X  1 0-3 

1 .0 - 2S 

S = [Ag(NH3h +] = 2.9X 1 0-3 M 
Solubility is greater in 1 M hypo than in 1 M NH3· 
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Problems 
Problems with colored numbers are answered in Apfendix E. 
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are grouped in pairs 
( indicated by a short rule) that cover the same concept. Com­
prehensive Problems are based on material from any section or 
previous chapter. 

Note: Unless stated otherwise, al l  of the problems for this chapter 
refer to aqueous solutions at 298 K (25°C). 

Equilibria of Acid-Base Buffer Systems 
(Sample Problems 1 9. 1  and 1 9.2) 
1 9. 1  What is the purpose of an acid-base buffer? 
1 9.2 How do the acid and base components of a buffer func­

tion? Why are they often a conjugate acid-base pair of a weak 
acid? 

1 9.3 What is the common-ion effect? How is it related to 
Le Chiitelier's principle? Explain with equations that include HF 
and NaF. 

1 9.4 When a small amount of H30 + is added to a buffer, does the 
pH remain constant? Explain. 

1 9.5 What is the difference between buffers with high and low ca­
pacities? Will adding 0.01  mol of HCl produce a greater pH 
change in a buffer with a high or a low capacity? Explain. 

1 9.6 Which of these factors influence buffer capacity? How? 
(a) Conjugate acid-base pair (b) pH of the buffer 
(c) Concentration of buffer components (d) Buffer range 
(e) pKa of the acid component 

1 9.7 What is the relationship between the buffer range and the 
buffer-component concentration ratio? 

1 9.8 A chemist needs a pH 3 .5 buffer. Should she use NaOH with 
formic acid (K" = l .8 X  10-

4
) or with acetic acid (Ka = 

1 . 8 X  l O-s)? Why? What is the disadvantage of choosing the 
other acid? What is the role of the NaOH? 

[ 1 9.9 What are the [H30+] and the pH of a propanoic acid­
propanoate buffer that consists of 0.25 M CH3CH2COONa and 
0. 1 5  M CH3CH2COOH (K" of propanoic acid = 1 .3 X lO-s)? 

1 9. 1 0  What are the [H30+] and the pH of a benzoic acid-benzoate 
buffer that consists of 0.33 M C6HsCOOH and 0 .28 M 
C6HsCOONa (Ka of benzoic acid = 6.3 X 1 0-5)?  

1 9. 1 1 Find the pH of a buffer that consists of 1 .0 M sodium 
phenolate (C6HsONa) and l .2 M phenol (C6HsOH) (pKa of 
phenol = 1 0.00). 

1 9. 1 2  Find the pH of a buffer that consists of 0. 1 2  M boric acid 
(H3B03) and 0 .82 M sodium borate (NaH2B03) (pK" of boric 
acid = 9.24). 

1 9. 1 3  Find the pH of a buffer that consists of 0.20 M NH3 and 
0. 1 0  M NH4Cl (pKb of NH3 = 4.75). 

1 9. 1 4  Find the pH of a buffer that consists of 0.50 M methylamine 
(CH3NHz) and 0.60 M CH3NH3Cl (pKb of CH3NH2 = 3.35). 

1 9. 1 5  What is the buffer-component concentration ratio, 
[Pr- ]/[HPr], of a buffer that has a pH of 5 . 1 1 (Ka of HPr = 
l .3 X lO-s)? 

1 9. 1 6  What is the buffer-component concentration ratio, 
[NOz -]I[HN02], of a buffer that has a pH of 2.95 (Ka of 
HNOz = 7. 1 X 1 O-

4
) ?  

1 9. 17 A buffer containing 0.2000 M of acid, HA, and 0. 1 500 M of 
its conjugate base, A - ,  has a pH of 3 .35 .  What is the pH after 
0.00 15  mol of NaOH is added to 0.5000 L of this solution? 

1 9. 1 8  A buffer that contains 0.40 M base, B, and 0.25 M of its con­
jugate acid, B H+ , has a pH of 8 .88 .  What is the pH after 
0.0020 mol of HC] is added to 0.25 L of this solution? 

1 9. 1 9  A buffer is prepared by mixing 1 84 mL of 0.442 M HCl and 
0.500 L of 0.400 M sodium acetate. (See Appendix C.) 
(a) What is the pH? (b) How many grams of KOH must be added 
to 0.500 L of the buffer to change the pH by 0. 1 5  units? 

1 9.20 A buffer is prepared by mixing 50.0 mL of 0.050 M sodium 
bicarbonate and 1 0.7 mL of 0. 1 0  M NaOH. (See Appendix C.) 
(a) What i s  the pH? (b) How many grams of HCl must be added 
to 25.0 mL of the buffer to change the pH by 0.07 units? 

1 9.21  Choose specific acid-base conjugate pairs suitable for 
preparing the following buffers :  (a) pH = 4.0; (b) pH = 7.0. (See 
Appendix C.)  

1 9.22 Choose specific acid-base conjugate pairs suitable for 
preparing the following buffers: (a) [H30+] = 1 X 1 0-9 M; 

[ (b) [OH-] = 3 x lO-s M. (See Appendix C.)  

1 9.23 An industrial chemist studying the effect of pH on bleaching 
and sterilizing processes prepares several hypochlorite buffers. 
Calculate the pH of each of the following buffers: 
(a) 0. 1 00 M HClO and 0. 1 00 M NaCIO 
(b) 0. 1 00 M HClO and 0. 1 50 M NaClO 
(c) 0. 1 50 M HClO and 0. 1 00 M NaClO 
(d) One liter of the solution in part (a) after 0.0050 mol of NaOH 
has been added 

1 9.24 Oxoanions of phosphorus are buffer components in blood. 
For a KH2P04-Na2HP04 solution with pH = 7.40 (pH of normal 
arterial blood), what is the buffer-component concentration ratio? 

Acid-Base Titration Curves 
(Sample Problem 1 9.3) 
1 9.25 How can you estimate the pH range of an indicator's color 

change? Why do some indicators have two separate pH ranges? 
1 9.26 Why does the color change of an indicator take place over a 

range of about 2 pH units? 
1 9.27 Why doesn 't the addition of an acid-base indicator affect the 

pH of the test solution? 
1 9.28 What is the difference between the end point of a titration 

and the equivalence point? Is the equivalence point always 
reached first? Explain. 

1 9.29 Some automatic titrators measure the slope of a titration 
curve to determine the equivalence point. What happens to the 
slope that enables the instrument to recognize this point? 

1 9.30 Explain how strong acid-strong base, weak acid-strong 
base, and weak base-strong acid titrations using the same con­
centrations differ in terms of (a) the initial pH and (b) the pH at 
the equivalence point. (The component in italics is in the flask.) 

1 9.31 What species are in the buffer region of a weak acid-strong 
base titration? How are they different from the species at the 
equivalence point? How are they different from the species in the 
buffer region of a weak base-strong acid titration? 

1 9.32 Why is the center of the buffer region of a weak acid-strong 
base titration significant? 



1 1 9.33 The indicator cresol red has Ka = 5 .0X 1 0-9. Over what ap­
proximate pH range does it change color? 

1 9.34 The indicator thymolphthalein has Ka = 7 .9 X lO- l l . Over 
what approximate pH range does it change color? 

1 9.35 Use Figure 1 9.5 to find an indicator for these titrations: 
(a) 0. 10  M HCl with 0. 1 0  M NaOH 
(b) 0. 1 0  M HCOOH (Appendix C) with 0. 1 0  M NaOH 

1 9.36 Use Figure 1 9.5 to find an indicator for these titrations: 
(a) 0. 1 0  M CH3NH2 (Appendix C)  with 0. 1 0  M HCI 
(b) 0.50 M HI with 0. 1 0  M KOH 

1 9.37 Calculate the pH during the titration of 50.00 mL of 
0. 1 000 M HCI with 0. 1 000 M NaOH solution after the following 
additions of base: (a) 0 mL; (b) 25 .00 mL; (c) 49.00 mL; 
(d) 49.90 mL; (e) 50.00 mL; (f) 50. 1 0  mL; (g) 60.00 mL. 

1 9.38 Calculate the pH during the titration of 30.00 mL of 
0. 1000 M KOH with 0. 1000 M HBr solution after the following 
additions of acid:  (a) 0 mL; (b) 1 5 .00 mL; (c) 29.00 mL; 
(d) 29.90 mL; (e) 30.00 mL; (f) 30. 1 0  mL; (g) 40.00 mL. 

1 9.39 Find the pH during the titration of 20.00 mL of 0. 1 000 M 
butanoic acid, CH3CH2CH2COOH (Ka = 1 .5 4 X  1 0-5), with 
0. 1 000 M NaOH solution after the following additions of 
titrant: (a) 0 mL; (b) 10.00 mL; (c) 1 5 .00 mL; (d) 1 9 .00 mL; 
(e) 1 9 .95 mL; (f) 20.00 mL; (g) 20.05 mL; (h) 25 .00 mL. 

1 9.40 Find the pH during the titration of 20.00 mL of 0. 1 000 M tri­
ethylamine, (CH3CH2hN (Kb = 5 .2X 10-

4
), with 0. 1000 M HCl 

solution after the following additions of titrant: (a) 0 mL; 
(b) 1 0.00 mL; (c) 1 5 .00 mL; (d) 1 9 .00 mL; (e) 1 9 .95 mL; 
(f) 20.00 mL; (g) 20.05 mL; (h) 25 .00 mL. 

1 9.41 Find the pH and volume (mL) of 0.0372 M NaOH needed to 
reach the equivalence point in titrations of 
(a) 42.2 mL of 0.0520 M CH3COOH 
(b) 23.4 mL of 0.0390 M HN02 

1 9.42 Find the pH and the volume (mL) of 0 . 1 35 M HCl needed to 
reach the equivalence point(s) in titrations of the following: 
(a) 55 .5  mL of 0.234 M NH3 
(b) 1 7 . 8  mL of 1 . 1 1  M CH3NH2 

Equilibria of Slightly Soluble Ionic Compounds 
(Sample Problems 1 9.4 to 1 9 .9) 

1 9.43 The molar solubility of M2X is 5 X  10-5 M. What is the 
molarity of each ion? How do you set up the calculation to find 
Ksp? What assumption must you make about the dissociation of 
M2X into ions? Why is the calculated Ksp higher than the actual 
value? 

1 9.44 Why does pH affect the solubility of CaF2 but not of CaCl2? 
1 9.45 In a gaseous equilibrium, the reverse reaction occurs when 

Qc > Kc· What occurs in aqueous solution when Qsp > Ksp? 

1 1 9.46 Write the ion-product expressions for (a) silver carbonate; 
(b) barium fluoride; (c) copper(ll) sulfide. 

1 9.47 Write the ion-product expressions for (a) iron(IlI) 
hydroxide; (b) barium phosphate; (c) tin(ll) sulfide. 

1 9.48 The solubility of silver carbonate is 0.032 M at 20°C. Cal­
culate its Ksp-

1 9.49 The solubility of zinc oxalate is 7 .9X 1 0-
3 

M at 1 8°C. Cal­
culate its Ksp-

1 9.50 The solubility of silver dichromate at 1 5°C is 
8.3 X lO-3 g/l OO mL solution. Calculate its Ksp-
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1 9.5 1  The solubility of calcium sulfate at 30°C is 
0.209 g/ l OO mL solution. Calculate its Ksp-

1 9.52 Find the molar solubility of SrC03 (Ksp = 5 .4X 1 0- 1°) in 
(a) pure water and (b) 0. 1 3  M Sr(N03h. 

1 9.53 Find the molar solubility of BaCr04 (Ksp = 2. 1 X 10- 1 °) in 
(a) pure water and (b) 1 .5 X 1 0-

3 
M Na2Cr04' 

1 9.54 Calculate the molar solubility of Ca(I03h in (a) 0.060 M 
Ca(N03h and (b) 0.060 M NaJ03. (See Appendix C.)  

1 9.55 Calculate the molar solubility of Ag2S04 in (a)  0.22 M 
AgN03 and (b) 0.22 M Na2S04' (See Appendix C.)  

1 9.56 Which compound in each pair is more soluble in water? 
(a) Magnesium hydroxide or nickel(II) hydroxide 
(b) Lead(II) sulfide or copper(II) sulfide 
(c) Silver sulfate or magnesium fluoride 

1 9.57 Which compound in each pair is more soluble in water? 
(a) Strontium sulfate or barium chromate 
(b) Calcium carbonate or copper(II) carbonate 
(c) Barium iodate or silver chromate 

1 9.58 Write equations to show whether the solubility of either of 
the following is affected by pH: (a) AgCl;  (b) SrC03. 

1 9.59 Write equations to show whether the solubility of either of 
the following is affected by pH: (a) CuBr; (b) Ca3(P04)2' 

1 9.60 Does any solid Cu(OHh form when 0.075 g of KOH is dis­
solved in 1 .0 L of l .O X  1 0-

3 
M CU(N03)2? 

1 9.61 Does any solid PbCI2 form when 3.5 mg of NaCl is dis-
1 solved in 0.250 L of 0. 1 2 M Pb(N03h? 

1 9.62 When blood is  donated, sodium oxalate solution is used 
to precipitate Ca

2
+ ,  which triggers clotting. A 1 04-mL sample 

of blood contains 9 .7X 1 0-5 g Ca
2

+ imL. A technologist 
treats the sample with 1 00.0 mL of 0. 1 550 M Na2C204' Calcu­
late [Ca

2
+]  after the treatment. (See Appendix C for Ksp of 

CaC204·H20. ) 

Equilibria Involving Complex Ions 
(Sample Problem 1 9 . 1 0) 

1 9.63 How can a positive metal ion be at the center of a negative 
complex ion? 

1 9.64 Write equations to show the stepwise reaction of 
Cd(H20)l+ in an aqueous solution of KI to form CdJl-.  Show 
that Kf(overall) = Kfl X Kf2 X Kf3 X Kf4. 

1 9.65 Consider the dissolution of PbS in water: 
PbS(s) + H20(l) � Pb

2
+ (aq) + HS-(aq) + OH-(aq) 

Adding aqueous NaOH causes more PbS to dissolve. Does this 
violate Le Chatelier's principle? Explain. 

1 1 9.66 Write a balanced equation for the reaction of Hg(H20)l+ 
in aqueous KCN. 

1 9.67 Write a balanced equation for the reaction of Zn(H20)l+ 
in aqueous NaCN. 

1 9.68 Write a balanced equation for the reaction of Ag(H20)2 + 
in aqueous Na2S203' 

1 9.69 Write a balanced equation for the reaction of AI(H20)6
3
+ 

in aqueous KF. 

1 9.70 Find the solubility of AgI in 2.5 M NH3 [Ksp of Agi = 
8 .3 X 10- 1 7 ; Kr of Ag(NH3h + = 1 .7 X 1 07] .  

1 9.71 Find the solubility of  Cr(OHh in  a buffer of  pH 1 3 .0 
1 [Ksp of Cr(OHh = 6.3 X 1 0-

3 1 ; Kr of Cr(OH)4 - = 8.0X 10
29] . 
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Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

1 9.72 A microbiologist is preparing a medium on which to culture 
E. coli bacteria. She buffers the medium at pH 7.00 to minimize 
the effect of acid-producing fermentation. What volumes of 
equimolar aqueous solutions of K2HP04 and KH2P04 must she 
combine to make 1 00. mL of the pH 7.00 buffer? 

1 9.73 Tris(hydroxymethyl)aminomethane [(HOCH2)3CNH2, 
known as TRIS or THAM] is  a weak base widely used in 
biochemical experiments to make buffer solutions in the 
pH range of 7 to 9. A certain TRIS buffer has a pH of 8. 1 0  at 
25°C and a pH of 7 .80 at 37°C. Why does the pH change with 
temperature? 

1 9.74 Gout is caused by an error in nucleic acid metabolism that 
leads to a buildup of uric acid in body fluids, which is deposited 
as slightly soluble sodium urate (C5H3N403Na) in the soft tis­
sues of joints. If the extracellular [Na + ] is 0. 1 5  M and the solu­
bility in water of sodium urate is 0.085 g11 00. mL, what is the 
minimum urate ion concentration (abbreviated [Ur -] )  that will 
cause a deposit of sodium urate? 

1 9.75 Cadmium ion in solution is analyzed by being precipitated 
as the sulfide, a yellow compound used as a pigment in every­
thing from artists' oil paints to glass and rubber. Calculate the 
molar solubility of cadmium sulfide at 25°e. 

1 9.76 The solubility of KCI is  3.7 M at 20°e. Two beakers contain 
1 00. mL of saturated KCI solution: 100. mL of 6.0 M HCI is 
added to the first beaker and 1 00. mL of 1 2  M HCI to the second. 
(a) Find the ion-product constant of KCI at 20°e. (b) What mass, 
if any, of KCI will precipitate from each beaker? 

1 9.77 Manganese(Il) sulfide is one of the compounds found in the 
nodules on the ocean floor that may eventually be a primary 
source of many transition metals. The solubility of MnS is 
4.7X 1 0-

4 
gl 1 00 mL solution. Estimate the Ksp of MnS. 

1 9.78 The normal pH of blood is 7.40 ± 0.05 and is controlled in 
part by the H2COrHC03 - buffer system. 
(a) Assuming that the Ka value for carbonic acid at 25°C ap­
pi les to blood, what is the [H2C03]/[HC03 -] ratio in normal 
blood? 
(b) In a condition called acidosis, the blood is too acidic. What is 
the [H2C03]/[HC03 -] ratio in a patient whose blood pH is 7.20 
(severe acidosis)? 

1 9.79 Tooth enamel consists of hydroxyapatite, Ca5(P04hOH 
(Ksp = 6.8X 1 0-

37) . Fluoride ion added to drinking water reacts 
with Ca5(P04hOH to form the more tooth decay-resistant fluor­
apatite, Ca5(P04)3F (Ksp = l .O x  1 0-6°) .  Fluoridated water has 
dramatically decreased cavities among children. Calculate the 
solubility of Ca5(P04)30H and of Ca5(P04)3F in water. 

1 9.80 The acid-base indicator ethyl orange turns from red to 
yellow over the pH range 3 .4 to 4 .8 .  Estimate Ka for ethyl 
orange. 

* 1 9.81 Instrumental acid-base titrations use a pH meter to monitor 
the changes in pH and volume. The equivalence point is found 
from the volume at which the curve has the steepest slope. 
(a) Use Figure 1 9 .7  to calculate the slope 6.pH/6.V for all 
pairs

. 
of adjacent points and the average volume ( Vavg) for 

each II1terval. 

(b) Plot 6.pH/6. V vs. Vavg to find the steepest slope, and thus the 
volume at the equivalence point. (For example, the first pair of 
points gives 6.pH = 0.22, 6. V = 1 0.00 mL; hence, 6.pH/6. V = 
0.022 mL - I ,  and Vavg = 5.00 mL.) 

1 9.82 What is the pH of a solution of 6.5 X 1 0-9 mol of Ca(OH)? 
in 1 0.0 L of water [Ksp of Ca(OH)2 = 6.5 X 1 O-6] ?  

-

1 9.83 A student wants to dissolve the maximum amount of CaF? 
(Ksp = 3.2X 1 0 - 1 1 ) to make 1 L of aqueous solution. 

-

(a) Into which of the following should she dissolve the salt? 
(I) Pure water (II) 0.0 1 M HF (III) 0.01 M NaOH 
(IV) 0.0 1 M HCI (V) 0.0 1 M Ca(OHh 
(b) Which would dissolve the least amount of salt? 

1 9.84 The Henderson-Hasselbalch equation gives a relationship 
for obtaining the pH of a buffer solution consisting of HA and 
A -. Derive an analogous relationship for obtaining the pOH of a 
buffer solution consisting of B and BH+ . 

1 9.85 Calculate the molar solubility of Hg2C204 (K = 
1 .75 X 1 0 - 1 3) in 0. 1 3  M Hg2(N03h. 

sp 

1 9.86 The well water in an area is "hard" because it is in equilib­
rium with CaC03 in the surrounding rocks. What is the concen­
tration of Ca

2+ in the well water (assuming the water's pH is 
such that the C03

2
- ion is not hydrolyzed)? (See Appendix C for 

Ksp of CaC03·) 
19.87 An environmental technician collects a sample of rainwater. 

A light on her portable pH meter indicates low battery power, so 
she uses indicator solutions to estimate the pH. A piece of litmus 
paper turns red, indicating acidity, so she divides the sample into 
thirds and obtains the following results: thymol blue turns yel­
low; bromphenol blue turns green; and methyl red turns red. Es­
timate the pH of the rainwater. 

* 1 9.88 Quantitative analysis of Cl- ion is often performed by a 
titration with silver nitrate, using sodium chromate as an indica­
tor. As standardized AgN03 is  added, both white AgCl and red 
Ag2Cr04 precipitate, but so long as some Cl- remains, the 
Ag2Cr04 redissolves as the mixture is stirred. When the red 
color is permanent, the equivalence point has been reached. 
(a) Calculate the equilibrium constant for the reaction 

2AgCI(s) + CrO/- (aq) � Ag2Cr04(S) + 2Cl-(aq) 
(b) Explain why the silver chromate redissolves. 

1 9.89 Some kidney stones form by the precipitation of calcium 
oxalate monohydrate (CaC204' H20, Ksp = 2.3X 10-9). The pH 
of urine varies from 5.5 to 7.0, and the average [Ca

2+] in urine is 
2.6X 10-

3 
M. 

(a) If the concentration of oxalic acid in urine is 3 .0X 1 0- 1 3 M 
will kidney stones form at pH = 5.5? 

' 

(b) At pH = 7.0? 
(c) Vegetarians have a urine pH above 7 .  Are they more or less 
likely to form kidney stones? 

1 9.90 A 35 .00-mL solution of 0.2500 M HF is titrated with a stan­
dardized 0. 1 532 M solution of NaOH at 25°C. 
(a) What is the pH of the HF solution before titrant is added? 
(b) How many mill iliters of titrant are required to reach the 
equivalence point? 
(c) What is the pH at 0.50 mL before the equivalence point? 
(d) What is the pH at the equivalence point? 
(e) What is the pH at 0.50 mL after the equivalence point? 



* 1 9.91 Because of the toxicity of mercury compounds, mercury(I) 
chloride is used in antibacterial salves. The mercury(I) ion 
(Hg/+) consists of two bound Hg+ ions. 
(a) What is the empirical formula of mercury(I) chloride? 
(b) Calculate [Hg

2
2+]  in a saturated solution of mercury(I) chlo­

ride (Ksp = 1 .5 X l O- ' 8) .  
(c) A seawater sample contains 0.20 Ib of NaCI per gallon. Find 
[Hg

2
2+]  if the seawater is saturated with mercury(I) chloride. 

(d) How many grams of mercury(I) chloride are needed to satu­
rate 4900 km

3 
of water (the volume of Lake Michigan)? 

(e) How many grams of mercury(I) chloride are needed to satu­
rate 4900 km

3 
of seawater? 

* 1 9.92 A lake that has a surface area of 1 0.0 acres ( 1  acre = 
4.840X 1 0

3 
yd2) receives l .00 in.  of rain of pH 4.20. (Assume 

the acidity of the rain is due to a strong, monoprotic acid.) 
(a) How many moles of H30+ are in the rain falling on the lake? 
(b) If the lake is unbuffered (pH = 7 .00) and its average depth is 
1 0.0 ft before the rain, find the pH after the rain has been mixed 
with lake water. (Ignore runoff from the surrounding land.) 
(c) If the lake contains hydrogen carbonate ions (HC03 -), what 
mass of HC03 - would neutralize the acid in the rain? 

1 9.93 Sodium chloride is purified for use as table salt by adding 
HCI to a saturated solution of NaCI (3 1 7  gIL). When 25.5 mL of 
7.85 M HCI is added to 0. 1 00 L of saturated solution, how many 
grams of purified NaCI precipitate? 

1 9.94 Calcium ion present in water supplies is easily precipitated 
as calcite (CaC03): 

Ca2+(aq) + CO/-(aq) � CaC03(s) 
Because the Ksp decreases with temperature, heating hard water 
forms a calcite "scale," which clogs pipes and water heaters. 
Find the solubil i ty of calcite in water (a) at 1 0°C (Ksp = 
4.4X I 0-9) and (b) at 30°C (Ksp = 3 . 1 XlO-9). 

1 9.95 Scenes A to D represent tiny portions of 0. 1 0  M aqueous so­
lutions of a weak acid HA (Ka = 4.5 X 1 0-5), its conj ugate base 
A -, or a mixture of the two (only these species are shown): 

Problems 

(a) Which scene(s) show(s) a buffer? 
(b) What is the pH of each solution? 
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(c) Arrange the scenes in sequence, assuming that they represent 
stages in a weak acid-strong base titration. 
(d) Which scene represents the titration at its equivalence point? 

1 9.96 Scenes A to C represent aqueous solutions of the slightly 
soluble salt MZ (only the ions of this salt are shown): 

MZ(s) � M2+(aq) + Z2-(aq) 

B c 

(a) Which scene represents the solution just after solid MZ is 
stirred thoroughly in distilled water? 
(b) If each sphere represents 2.5 X 1 0-6 M of ions, what is the 
Ksp of MZ? 
(c) Which scene represents the solution after Na

2
Z(aq) is added? 

(d) If Z2- is CO/-,  which scene represents the solution after 
the pH has been lowered? 



CHAPTE R TWE NTY 

Thermodynamics : 
Entropy, Free Energy, 
and the Di rection of 
Chemica l  Reactions 

Key Principles 
• A process, such as a rock falling or a fuel burning, is called spontaneous 

because, once started, it continues by itself. A nonspontaneous 

process requires a continuous input of energy to occur. A reaction 

proceeding toward equilibrium is a spontaneous process. 

• The total kinetic energy of a system is the sum of the translational, 
rotational, and vibrational energies of its particles, each of which is 
quantized. A microstate of the system is any specific combination of 
the quantized energy states of all the particles. The entropy of a 
system is directly related to the number of microstates over which 
the system disperses its energy, which is closely associated with the 
freedom of motion of the particles. A substance has more entropy in 
its gaseous state than in its liquid state, and more in its liquid state 
than in its solid state. 

• We predict the direction of a spontaneous change from the second 

law of thermodynamics: a spontaneous change occurs in the 
direction that increases the entropy of the universe (system plus 
surroundings). In other words, a change occurs spontaneously if the 
energy of the universe becomes more dispersed. 

Outl ine 

Down's Easier'than Up After an initial push, a sled goes down a hill by itself, but you 
must continually pull it up. In the same sense, as you'll learn in this chapter, some 
reactions occur by themselves once started, while others occur only through a 
continual input of energy. 

• The third law of thermodynamics-the entropy of a perfect crystal 
is zero at 0 K-allows us to calculate absolute entropies. The 
standard molar entropy (SO) of a substance is influenced by 
temperature, physical state, dissolution, and atomic size or 
molecular complexity. 

• Gases have such high entropy that if a reaction yields a net increase in 
moles of gas, the standard entropy change of the reaction is positive 
(e.S:'xn > 0); if there is a net decrease in moles of gas, e.S:'xn < O. 

• For a spontaneous process, e.Suniv > O. Thus, the only way the entropy 
of the system can decrease is if the entropy of the surroundings 
increases even more. 

• The free energy change (e.G) of a process is a measure of its spontaneity. 
The free energy of a system decreases in a spontaneous process; that 
is, if e.Suniv > 0, e.Gsys < O. In a coupling of reactions, a spontaneous 
step with a larger negative e.G drives a nonspontaneous step with a 
smaller positive e.G. 

• e.G is that portion of the total energy change available to do work. In any 
real process, however, some of the free energy is always lost as heat. 

20.1 The Second Law of Thermodynamics: 
Predicting Spontaneous Change 
Limitations of the First Law 

20.2 Calculating the Change in Entropy 
of a Reaction 

20.3 Entropy, Free Energy, and Work 
Free Energy Change and Reaction 

650 

The Sign of e.H and Spontaneous Change 
Freedom of Motion and Dispersal of Energy 
Entropy and the Number of Microstates 
Entropy and the Second Law 
Standard Molar Entropies and the Third Law 

The Standard Entropy of Reaction 
Entropy Changes in the Surroundings 
Entropy Change and the Equilibrium State 
Spontaneous Exothermic and Endothermic 

Reactions 

Spontaneity 
Standard Free Energy Changes 
e.G and Work 
Temperature and Reaction Spontaneity 
Coupling of Reactions 

20.4 Free Energy, Equilibrium, and 
Reaction Direction 



20. 1 The Second Low of Thermodynomics: Predicting Spontoneous Change 

I n the last few chapters, we' ve posed and answered some essential questions 
about chemical and physical change: How fast does the change occur, and how 

is this rate affected by concentration and temperature? How much product will 
be present when the net change ceases, and how is this yield affected by con­
centration and temperature? 

Now it's time to stand back and ask the most profound question of all : why 
does a change occur in the first place? From everyday experience, it seems that 
some changes happen by themselves-that is, spontaneously-almost as if a force 
were driving them in one direction and not the other. Tum on a gas stove, for 
example, and the methane mixes with oxygen and bums immediately to yield car­
bon dioxide and water vapor. But those products will not remake methane and 
oxygen no matter how long they mix. A shiny steel shovel left outside slowly 
rusts, but put a rusty one outside and it won 't become shiny. A cube of sugar dis­
solves in a cup of coffee after a few seconds of stirring, but stir for another cen­
tury and the dissolved sugar won' t  reappear as a cube. In this chapter, we discuss 
the nature of such spontaneous changes. The principles of thermodynamics that 
we cover here apply, as far as we know, to every system in the universe ! 

20. 1 THE SECOND LAW OF THERMODYNAMICS: 
PREDICTING SPONTANEOUS CHANGE 

In a formal sense, a spontaneous change of a system, whether a chemical or 
physical change or just a change in location, is one that occurs by itself under 
specified conditions, without an ongoing input of energy from outside the system. 
The freezing of water, for example, is spontaneous at I atm and - soc. A spon­
taneous process such as burning or fall ing may need a little "push" to get 
started-a spark to ignite gasoline, a shove to knock a book off your desk-but 
once the process begins, it keeps going without the need for any external input 
of energy. 

In contrast, for a nonspontaneous change to occur, the surroundings must sup­
ply the system with a continuous input of energy. A book falls spontaneously, but 
it rises only if something else, such as a human hand (or a hurricane-force wind), 
supplies energy in the form of work. Under a given set of conditions, if a change 
is spontaneous in one direction, it is not spontaneous in the othe!: 

Note that the term spontaneous does not mean instantaneous and has noth­
ing to do with how long a process takes to occur; it means that, given enough 
time, the process will happen by itself. Many processes are spontaneous but 
slow-ripening, rusting, and (happily ! )  aging. 

A chemical reaction proceeding toward equilibrium is an example of a spon­
taneous change. As you learned in  Chapter 1 7 ,  we can predict the net direction 
of the reaction-its spontaneous direction-by comparing the reaction quotient 
(Q) with the equilibrium constant (K) . But why is there a drive to attain equilib­
rium? And what determines the value of the equilibrium constant? Can we tell 
the direction of a spontaneous change in cases that are not as obvious as burning 
gasoline or falling books? Because energy changes seem to be involved, let's 
begin by reviewing the idea of conservation of energy to see whether it can help 
uncover the criterion for spontaneity. 

limitations of the First Law of Thermodynamics 
In Chapter 6, we discussed the first law of thermodynamics (the law of conser­
vation of energy). It states that the internal energy (E) of a system, the sum of 
the kinetic and potential energy of all its particles, changes when heat (q) and/or 
work (w) are added or removed: 

I:lE = q + w 

Concepts & Ski l l s to Review 
Before You Study This Chapter 

• internal energy, heat, and work 
(Section 6.1) 

• state functions (Section 6 .1) and 
standard states (Section 6.6) 

• enthalpy, tlH, and Hess's law 
(Sections 6.2 and 6.5) 

• entropy and solution formation 
(Section 13.2) 

• comparing Q and K to find reaction 
direction (Section 17.4) 
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Whatever is not part of the system (sys) is part of the surroundings (sun), so the 
system and surroundings together constitute the universe (univ): 

Euniv = Esys + Esurr 

Heat and/or work gained by the system is lost by the surroundings, and vice versa: 

(q + w)sys = -(q + w)surr 

It follows from these ideas that the total energy of the universe is constant: * 

!:!.Esys = -!:!.Esurr therefore !:!.Esys + !:!.Esurr = 0 = !:!.Euniv 

Is the first law sufficient to explain why a natural process takes place as it 
does? It certainly accounts for the energy involved. When gasoline burns in your 
car's  engine, the first law states that the potential energy difference between the 
chemical bonds in the fuel rnixture and those in the exhaust gases is converted to 
the kinetic energy of the moving car and its parts plus the heat released to the 
environment. If you could measure the work and heat involved, you would find 
that energy is conserved as it is converted from one form to another. 

However, the first law does not help us make sense of the direction of the 
change. Why doesn't the heat released in the car engine convert exhaust fumes 
back into gasoline and oxygen? This change would not violate the first law­
energy would still be conserved-but it would never happen. The first law by 
itself tells nothing about the direction of a spontaneous change, so we must look 
elsewhere for a way to predict that direction. 

The Sign of AH Cannot Predict Spontaneous Change 
In the mid- 1 9

th century, some thought that the sign of the enthalpy change (I:J.H), 
the heat added or removed at constant pressure (qp), was the criterion for spon­
taneity. They thought that exothermic processes (I:J.H < 0) were spontaneous and 
endothermic ones (I:J.H > 0) were nonspontaneous. This hypothesis had a lot of sup­
port from observation; after all, many spontaneous processes are exothermic. All 
combustion reactions, such as methane burning, are spontaneous and exothermic: 

CH4(g) + 202(g) ---+ CO2(g) + 2H20(g) !:!.H�xn = - 802 kJ 

Iron metal oxidizes spontaneously and exothermically: 

2Fe(s) + �02(g) ---+ Fe203(S) !:!.H�xn = - 826 kJ 

Ionic compounds, such as NaCI, form spontaneously and exothermically from 
their elements: 

Na(s) + �CI2(g) ---+ NaCl(s) !:!.H�xn = -41 1 kJ 

However, in many other cases, the sign of I:J.H is no help. An exothermic 
process occurs spontaneously under certain conditions, whereas the opposite, 
endothermic, process occurs spontaneously under other conditions. Consider the 
following examples of phase changes, dissolving salts, and chemical changes. 

At ordinary pressure, water freezes below OCC but melts above oce. Both 
changes are spontaneous, but the first is exothermic and the second endothermic: 

H20(l) ---+ H20(s) !:!.H�xn = - 6 .02 kJ (exothermic; spontaneous at T < o°c) 
H20(s) ---+ H20(l) !:!.H�xn = +6 .02 kJ (endothermic; spontaneous at T > O°C) 

At ordinary pressure and room temperature, liquid water vaporizes spontaneously 
in dry air, another endothermic change: 

H20(l) ---+ H20(g) !:!.H�xn = +44.0 kJ 

In fact, all melting and vaporizing are endothermic changes that are spontaneous 
under proper conditions. 

*Any modern statement of conservation of energy must take into account mass-energy equiv­
alence and the processes in stars, which convert enormous amounts of matter into energy. These 
can be included by stating that the total mass-energy of the universe is constant. 



20. 1 The Second Law of Thermodynamics: Predicting Spontaneous Change 

Recall from Chapter 1 3  that most water-soluble salts have a positive tlH�oln 
yet dissolve spontaneously: 

NaCl(s) � Na+(aq) + Cl-(aq) !:J.H�oln = +3.9 kJ 
N 

° HoO + -
H4N 3(S) � NH4 (aq) + N03 (aq) !:J.H�oln = +25.7 kJ 

Some endothermic chemical changes are also spontaneous: 

N20S(s) -- 2N02(g) + �02(g) !:J.H�xn = + 109.5 kJ 
Ba(OHh'8H20(s) + 2NH4N03(s) --

8a2+(aq) + 2N03 -(aq) + 2NH3(aq) + 10H20(I) !:J.H�xn = +62.3 kJ 

Freedom of Particle Motion and Dispersal of Particle Energy 
What features common to the previous endothermic processes can help us see 
why they occur spontaneously? In each case, the particles that make up the mat­
ter have more freedom of motion after the change occurs. And this means that 
their energy of motion becomes more dispersed. As we'll see below, "dispersed" 
means spread over more quantized energy levels. 

Phase changes lead from a solid, in which particle motion is restricted, to a 
liquid, in which the particles have more freedom to move around each other, to 
a gas, with its much greater freedom of particle motion. Along with this greater 
freedom of motion, the energy of the particles becomes dispersed over more lev­
els. Dissolving a salt leads from a crystalline solid and pure liquid to ions and 
solvent molecules moving and interacting throughout the solution; their energy of 
motion, therefore, is much more dispersed. In the chemical reactions shown, fewer 
moles of crystalline solids produce more moles of gases and/or solvated ions. In 
these cases, there is not only more freedom of motion, but more particles to dis­
perse their energy over more levels. 

Thus, in each process, the particles have more freedom of motion and, there­
fore, their energy of motion has more levels over which to be dispersed: 

Phase change: 

less freedom of particle motion -- more freedom of particle motion 

localized energy of motion -- dispersed energy of motion 

Dissolving of salt: 

solid -- liquid -- gas 

crystalline solid + liquid -- ions in solution 

Chemical change: crystalline solids -- gases + ions in solution 

In thermodynamic terms, a change in the freedom of motion of particles in a sys­
tem and in the dispersal of their energy of motion is a key factor determining the 
direction of a spontaneous process. 

Entropy and the Number of Microstates 
Let's see how freedom of motion and dispersal of energy relate to spontaneous 
change. Picture a system of, say, 1 mol of N2 gas and focus on one molecule. At 
any instant, it is moving through space (translating) at a certain speed, it is rotat­
ing at a certain frequency, and its atoms are vibrating at a certain frequency. In 
the next instant, the molecule collides with another, and these motional (kinetic) 
energy states change. In our brief discussion of IR spectroscopy (Section 9.3), we 
mentioned that, just as the electronic energy states of molecules are quantized, so 
are their vibrational energy states. The complete quantum state of the molecule 
at any instant is given by a combination of its particular electronic, translational, 
rotational, and vibrational states. Clearly, many such combinations are possible 
for this single molecule, and the number of quantized energy states pos�\ble for 
the system of a mole of molecules is  staggering-on the order of 1 0 1 0  . Each 
quantized state of the system is called a microstate, and every microstate has the 
same total energy at a given set of conditions. With each microstate equally pos­
sible for the system, the laws of probability say that, over time, all microstates 
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are equally occupied. If we focus only on microstates associated with thermal 
energy, the number of microstates (W) of a system is the number of ways it can 
disperse its thermal energy among the various modes of motion of all its molecules. 

In 1 877, the Austrian mathematician and physicist Ludwig Boltzmann defined 
the entropy (S) of a system in terms of W :  

S = k in W (20.1) 
where k, the Boltzmann constant, is  the universal gas constant (R) divided by Avo­
gadro's number (N A) ' or R/N A, and equals 1 .3 8 X  1 0-

23 
J/K. Because W is just a 

number of microstates and has no units, S has units of jouleslkelvin (J/K). From 
this relationship, we conclude that 

• A system with fewer microstates (smaller W )  among which to spread its energy 
has lower entropy (lower S). 

• A system with more microstates (larger W )  among which to spread its energy 
has higher entropy (higher S). 

Thus, for our earlier examples, 

lower entropy (fewer microstates) - higher entropy (more microstates ) 

Phase change: solid - liquid - gas 

Dissolving of salt: crystalline solid + liquid - ions in solution 

Chemical change: crystalline solids - gases + ions in solution 

(In Chapter 1 3 , we used some of these ideas to explain solution behavior.) 

Changes in Entropy If the number of microstates increases during a physical or 
chemical change, there are more ways for the energy of the system to be dis­
persed among them. Thus, the entropy increases: 

Smore microstates > Sfewer microstates 

If the number of microstates decreases, the entropy decreases. 
Like internal energy (E) and enthalpy (H), entropy is a thermodynamic state 

function, which means it depends only on the present state of the system, not on the 
path it took to an·ive at that state (Chapter 6). Therefore, the change in entropy of 
the system (LlSsys) depends only on the difference between its final and initial values: 

I:!.Ssys = Sfinal - Sinitial 

Like any state function, LlSsys > 0 when its value increases during a change. 
For example, when dry ice sublimes to gaseous carbon dioxide, we have 

CO2(s) - CO2(g) I:!.Ssys = Sgascous cO2 - Ssolid COz > 0 

Similarly, LlSsys < 0 when the entropy decreases during a change, as when water 
vapor condenses: 

I:!.Ssys = Sliquid H20 - Sgascous HzO < 0 

Or consider the decomposition of dinitrogen tetraoxide (written as 02N-N02) :  

02N-N02(g) - 2N02(g) 

When the N -N bond in 1 mol of dinitrogen tetraoxide molecules breaks, the 
2 mol of N02 molecules have much more freedom of motion; thus, their energy 
is spread over more microstates: 

I:!.Ssys = I:!.Srxn = SAnal - Sinitial = Sproducts - Sreactants = 2SNoz - SNZ04 > 0 

Quantitative Meaning of the Entropy Change Two approaches for quantifying 
an entropy change look different but give the same result. The first is  a statisti­
cal approach based on the number of microstates possible for the particles in a 
system. The second is based on the heat absorbed (or released) by a system. We' ll 
explore both in a simple case of 1 mol of an ideal gas, say neon, expanding from 
10  L to 20 L at 298 K: 

1 mol neon (initial: 1 0  L and 298 K) - 1 mol neon (final: 20 L and 298 K) 



A 1 mol 

20. 1 The Second Law of Thermodynamics: Predicting Spontaneous Change 

Evacuated B 0.5 mol 

open 

0.5 mol 

We use a statistical approach to find t::..SSYS by applying the definition of 
entropy expressed by Equation 20. 1 .  Figure 20. 1 A  shows a container consisting of 
two identical flasks connected by a stopcock, with 1 mol of neon in the left flask 
and an evacuated right flask. We know from experience that when we open the 
stopcock, the gas will expand to fill both flasks with 0.5 mol each-but why? 

Let's start with one neon atom and think through what happens as we add 
more atoms and open the stopcock (Figure 20.2). One atom has some number of 
microstates (W) possible for it in the left flask and the same number possible in 
the right flask. Opening the stopcock increases the volume, which increases the 
number of possible particle locations and, thus, translational energy levels. As a 
result, the system has 2 1 , or 2, times as many microstates possible when the atom 
moves through both flasks (final state, Wfinal) as when it is confined to one flask 
(initial state, Winit ia l) . 

With more atoms, different combinations of atoms can occupy various energy 
levels, and each combination represents a microstate. With 2 atoms, A and B ,  
moving through both flasks, there are 2

2
, o r  4 ,  times as many microstates a s  when 

they are confined initially to one flask-some number of microstates with A and 
B in the left, the same number with A in the left and B in the right, that number 
with B in the left and A in the right, and that number with A and B in the right. 
Add another atom and there are 2

3
, or 8, times as many microstates when the 

RELATIVE NUMBER OF MICROSTATES, W 
w CLOSED OPEN 

1 atom 

2 atoms 

.... .... 

t 
23 = 8 

3 atoms .... .... 

.... .... 

10 atoms 21 0  = 1024 

6x1023 atoms 2NA 
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Figure 20. 1 Spontaneous expansion 
of a gas The container consists of two 
identical flasks connected by a stopcock. 
A, With the stopcock closed, 1 mol of 
neon gas occupies one flask, and the 
other is evacuated. B, Open the stopcock, 
and the gas expands spontaneously until 
each flask contains 0.5 mol. 

Figure 20.2 Expansion of a gas and the 
increase in number of microstates. 
When a gas confined to one flask is al­
lowed to spread through two flasks, the 
energy of the particles is dispersed over 
more microstates, and so the entropy is 
higher. Each combination of particles in 
the available volume represents a differ­
ent microstate. The increase in the number 
of possible microstates that occurs when 
the volume increases is given by 2n, where 
n is the number of particles. 
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stopcock is open-some number with all three in the left, that number with A and 
B in the left and C in the right, that number with A and C in the left and B in 
the right, and so on. With 1 0  neon atoms, there are 2 10, or 1 024, times as many 
microstates for the gas in both flasks. Finally, with 1 mol (N A) of neon atoms, 
there are 2NA times as many microstates possible for the atoms in both flasks (Wfna,) 
as in one flask (Winitia')' In other words, for 1 mol, we have 

Wfinal/Winitial = 2NA 
Now let's find !J.Ssys through the Boltzmann equation, S = k In W. From 

Appendix A, we know that In A - In B = In A/ B .  Thus, 

6.Ssys = Sfinal - Sinitial = k in Wfina1 - k in Winitial = k in (Wfinal/Winilial) 
Also from Appendix A, In AY = y In A; with k = R/NA, we have 

6.SSYS = R/NA In 2NA = (R/NA)NA In 2 = R In 2 = (8.3 1 4  J/mol ·K)(O.693) 
= 5 .76 J/mol·K 

or, for 1 mol, 6.SSYS = 5 .76 J/K 

The second approach for finding !J.Ssys is based on heat changes and relates 
closely to 1 9th-century attempts to understand the work done by steam engines. 
In such a process, the entropy change is  defined by 

!J.S = qrev 
sys 

T 
(20.2) 

where T is the temperature at which the heat change occurs and q is the heat 
absorbed. The subscript "rev" refers to a reversible process, one that occurs slowly 
enough for equilibrium to be maintained continuously, so that the direction of the 
change can be reversed by an infinitesimal reversal of conditions. 

A truly reversible expansion of an ideal gas can only be imagined, but we can 
approximate it by placing the 10-L neon sample in a piston-cylinder assembly sur­
rounded by a heat reservoir maintained at 298 K, with a beaker of sand on 
the piston exerting the pressure. We remove one grain of sand (an "infinitesimal" 
change in pressure) with a pair of tweezers, and the gas expands a tiny amount, 
raising the piston and doing work on the surroundings, - w. If the neon behaves 
ideally, it absorbs from the reservoir a tiny increment of heat q, equivalent to - w .  

We remove another grain of sand, and the gas expands a tiny bit more and absorbs 
another tiny increment of heat. This expansion is very close to being reversible 
because we can reverse it  at any point by putting a grain of sand back into the 
beaker, which causes a tiny compression of the gas and a tiny release of heat into 
the reservoir. If we continue this expansion process to 20 L and apply calculus to 
add together all the tiny increments of heat, we find qrev is 1 7 1 8  J. Thus, apply­
ing Equation 20.2, the entropy change is  

6.Ssys = qrev/T = 1 7 1 8  J/298 K = 5.76 J/K 

This is the same result we obtained by the statistical approach. That approach 
helps us visualize entropy changes i n  terms of the number of microstates over 
which the energy is dispersed, but the calculations are limited to simple systems 
like ideal gases. This approach, which involves incremental heat changes, is less 
easy to visualize but can be applied to liquids, solids, and solutions, as well as gases. 

Entropy and the Second Law of Thermodynamics 
Now back to our earlier question: what criterion determines the direction of a spon­
taneous change? The change in entropy is essential, but to evaluate it correctly, we 
have to consider more than just the system. After all, some changes, such as ice 
melting or a crystal dissolving, occur spontaneously and end up with higher 
entropy, whereas others, such as water freezing or a crystal forming, occur spon­
taneously and end up with lower entropy. If we consider changes in both the 
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system and its surroundings, however, we find that all real processes occur 
spontaneously in the direction that increases the entropy of the universe (system 
plus surroundings). This is one way to state the second law of thermodynamics. 

Notice that the second law places no limitations on the entropy change of the 
system or the surroundings: either may be negative; that is, either system or sur­
roundings may have lower entropy after the process. The law does state, however, 
that for a spontaneous process, the sum of the entropy changes must be positive. 
If the entropy of the system decreases, the entropy of the surroundings increases 
even more to offset the system's decrease, and so the entropy of the universe (sys­
tem plus surroundings) increases. A quantitative statement of the second law is 
that, for any real spontaneous process, 

(20.3) 

Standard Molar Entropies and the Third Law 
Both entropy and enthalpy are state functions, but the nature of their values dif­
fers in a fundamental way. Recall that we cannot determine absolute enthalpies 
because we have no easily measurable starting point, no baseline value for the 
enthalpy of a substance. Therefore, we measure only enthalpy changes. 

In contrast, we can determine the absolute entropy of a substance. To do so 
requires application of the third law of thermodynamics, which states that a per­

fect crystal has zero entropy at a temperature of absolute zero: Ssys = 0 at 0 K. 
"Perfect" means that all the particles are aligned flawlessly in the crystal struc­
ture, with no defects of any kind. At absolute zero, all particles in the crystal have 
the minimum energy, and there is only one way it can be dispersed: thus, in Equa­
tion 20. 1 ,  W = 1 ,  so S = k In 1 = O. When we warm the crystal, its total energy 
increases, so the particles' energy can be dispersed over more microstates (Fig­
ure 20.3). Thus, W >  1 ,  In W >  0, and S > O. 

To obtain a value for S at a given temperature, we first cool a crystalline sam­
ple of the substance as close to 0 K as possible. Then we heat it in small increments, 
dividing q by T to get the increase in S for each increment, and add up all the entropy 
increases to the temperature of interest, usually 298 K. The entropy of a substance 
at a given temperature is therefore an absolute value that is equal to the entropy 
increase obtained when the substance is heated from 0 K to that temperature. 

As with other thermodynamic variables, we usually compare entropy values 
for substances in their standard states at the temperature of interest: 1 atm for 

gases, 1 M for solutions, and the pure substance in its most stable form for solids 
or liquids. Because entropy is  an extensive property, that is, one that depends on 
the amount of substance, we are interested in the standard molar entropy (SO) 
in units of J/mol ·K (or J · mol- 1 · K- 1 ) .  The So values at 298 K for many elements, 
compounds, and ions appear, with other thermodynamic variables, in Appendix B .  

Predicting Relative S° Values of a System Based on an understanding of systems 
at the molecular level and the effects of heat absorbed, we can often predict how 
the entropy of a substance is affected by temperature, physical state, dissolution, 
and atomic or molecular complexity. (All So values in the following discussion 
have units of J/mol· K and, unless stated otherwise, refer to the system at 298 K.) 

1. Temperature changes. For a given substance, So increases as the temper­
ature rises. Consider these typical values for copper metal : 

T (K): 273 295 298 
So: 3 l .0 32.9 33.2 

The temperature increases as heat is  absorbed (q > 0), which represents an increase 
in the average kinetic energy of the particles. Recall from Figure 5 . 12 that the kinetic 
energies of gas particles in a sample are distributed over a range, which becomes 
wider as the temperature rises. The same general behavior occurs for liquids and 
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Figure 20.3 Random motion in a crys­
tal. This computer simulation shows the 
paths of the particle centers in a crys­
talline solid. At any temperature greater 
than 0 K, each particle moves about its 
lattice position. The higher the tempera­
ture, the more vigorous the movement. 
Adding thermal energy increases the 
total energy, and the particle energies can 
be distributed over more microstates; 
thus, the entropy increases. 
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Figure 20.5 The entropy change ac­
companying the dissolution of a salt. 
When a crystall ine salt and pure l iquid 
water form a solution, the entropy change 
has two contributions: a positive contri­
bution as the crystal separates into ions 
and the pure l iquid disperses them, and a 
negative contribution as water molecules 
become organized around each ion. The 
relative magnitudes of these contributions 
determine the overall entropy change. 
The entropy of a salt solution is usually 
greater than that of the solid and water. 
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Melting 
point 

Temperature 

Entropy of 
vaporization 

Boiling 
point 

Figure 20.4 The increase in entropy from solid to liquid to gas. A plot of entropy vs. tempera­
ture shows the gradual increase in entropy within a phase and the abrupt increase with a phase 
change. The molecular-scale views depict the increase in freedom of motion of the particles as the 
solid melts and, even more so, as the liquid vaporizes. 

solids. With more microstates in which the energy can be dispersed, the entropy of 
the substance goes up. In other words, raising the temperature populates more 
microstates. Thus, So increases for a substance as it is heated. 

2 .  Physical states and phase changes. For a phase change such as melting or 
vaporizing, heat is absorbed (q > 0). The particles have more freedom of motion 
and their energy is more dispersed, so the entropy change is positive. Thus, So 
increases for a substance as it changes from a solid to a liquid to a gas: 

SO(s or I): 
SO(g) :  

Na 

5 l.4(s) 
1 53.6 

69.9(1) 
1 88.7 

C(graphite) 

5.7(5) 
1 58.0 

Figure 20.4 shows the entropy of a typical substance as it is heated and under­
goes a phase change. Note the gradual increase within a phase as the temperature 
rises and the large, sudden increase at the phase change. The solid has the least 
energy dispersed within it and, thus, the lowest entropy. Its particles vibrate about 
their positions but, on average, remain fixed. As the temperature rises, the entropy 
gradually increases with the increase in the particles' kinetic energy. When the 
solid melts, the particles move much more freely between and around each other, 
so there is an abrupt increase in entropy. Further heating increases the speed of 
the particles in the liquid, and the entropy increases gradually. Finally, freed from 
intermolecular forces, the particles undergo another abrupt entropy increase and 
move chaotically as a gas. Note that the increase in entropy from liquid to gas is 
much larger than that from solid to liquid: �S�ap > > �Sfus' 

3. Dissolving a solid or liquid. The entropy of a dissolved solid or liquid is 
usually greater than the entropy of the pure solute, but the nature of solute and 

solvent and the dissolving process affect the overall entropy change (Figure 20.5): 

SO(s or I): 
SO(aq): 

NaCI 

72. 1 (s) 
1 1 5 . 1  

167(5) 
- 1 48 

127(1) 
1 32 
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A Ethanol B Water C Solution of water 
and ethanol 

Figure 20.6 The small increase in entropy when ethanol dissolves in water. Pure ethanol 
(A) and pure water (8) have many intermolecular H bonds. C, In  a solution of these two sub­
stances, the molecules form H bonds to one another, so their freedom of motion does not change 
significantly. Thus, the entropy increase is relatively small and is due solely to random mixing. 

When an ionic solid dissolves in water, the crystal breaks down, and the ions 
experience a great increase in freedom of motion as they become hydrated and 
separate, with their energy dispersed over more microstates. We expect the entropy 
of the ions themselves to be greater in the solution than in the crystal. However, 
some of the water molecules become organized around the ions, their motions 
restricted (see Figure 1 3 .2),  which makes a negative contribution to the overall 
entropy change. In fact, for small, multiply charged ions, the solvent becomes so 
attracted to the ions, making its energy localized rather than dispersed, that this 
negative contribution can dominate and lead to negative So values for the ions in 
solution. For example, the Al

3+ (aq) ion has such a negative So value (- 3 1 3  J/mol· K) 
that when Alel3 dissolves in water, even though So of Cl -(aq) is positive, the 
overall entropy of aqueous Alel3 is lower than that of solid Alel3 . * 

For molecular solutes, the increase in entropy upon dissolving is typically 
much smaller than for ionic solutes. For a solid such as glucose, there is no sep­
aration into ions, and for a liquid such as ethanol, the breakdown of a crystal 
structure is absent as well. Furthermore, in pure ethanol and in pure water, the 
molecules form many H bonds, so there is relatively little change in their free­
dom of motion when they are mixed (Figure 20.6). The small increase in the 
entropy of dissolved ethanol arises from the random mixing of the molecules. 

4. Dissolving a gas. The particles in a gas already have so much freedom of 
motion and such highly dispersed energy that they always lose freedom when they 
dissolve in a liquid or solid. Therefore, the entropy of a solution of a gas in a liq­
uid or a solid is always less than the entropy of the gas. For instance, when 
gaseous O2 [SO(g) = 205 .0 J/mol'K] dissolves in water, its entropy decreases dra­
matically [SO(aq) = 1 10.9 J/mol · K] (Figure 20.7). When a gas dissolves in another 
gas, however, the entropy increases from the mixing of the molecules. 

5. Atomic size or molecular complexity. In general, differences in entropy val­
ues for substances in the same phase are based on atomic size and molecular com­
plexity. For elements within a periodic group, energy levels (microstates) become 
closer together for heavier atoms, so entropy increases down the group: 

Atomic radius (pm): 

Molar mass (g/mol) :  

SO(s): 

Li 

1 52 
6.941 
29. 1 

Na 

1 86 
22.99 
5 1 .4 

K 

227 
39. 1 0  
64.7 

Rb 

248 
85 .47 
69.5 

Cs 

265 
1 32.9 
85.2 

'An So value for a hydrated ion can be negative because i t  is relative to the So value for the 
hydrated proton,  H+(aq), which is assigned a value of O. In other words, AI3+(aq) has a lower 
entropy than H+(aq). 
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Figure 20.7 The large decrease in 
entropy of a gas when it dissolves in 
a liquid. The chaotic movement and high 
entropy of molecules of O2 are reduced 
greatly when the gas dissolves in water. 
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The same trend of increasing entropy down a group holds for similar compounds: 

Molar mass (g/mol): 

SO(g): 

H F  

20.01 
173.7 

Hel 

36.46 
1 86.8 

HBr 

80.9 1 
198.6 

HI  

127.9 
206.3 

For an element that occurs in different forms (allotropes), the entropy is 
higher in the form that allows the atoms more freedom of motion, which dis­
perses their energy over more microstates. For example, the So of graphite is 
5 .69 J/mol ·  K, whereas the So of diamond is 2.44 J/mol· K. In diamond, covalent 
bonds extend in three dimensions, allowing the atoms little movement; in graphite, 
covalent bonds extend only within a two-dimensional sheet, and motion of the 
sheets relative to each other is relatively easy. 

For compounds, entropy increases with chemical complexity, that is ,  with 
the number of atoms in a formula unit  or molecule of the compound. This 
trend holds for both ionic and covalent substances, as long as they are in the 
same phase: 

NaCl NO 

72. 1 167 229 
2 1 1 240 304 

The trend is based on the types of movement, and thus number of microstates, 
possible for the atoms (or ions) in each compound. For example, as Figure 20.8 
shows, among the nitrogen oxides listed above, the two atoms of NO can vibrate 
only toward and away from each other. The three atoms of N02 have more vibra­
tional motions, and the six atoms of N204 have even more. 

For larger molecules, we also consider how one part of a molecule moves 
relative to other parts. A long hydrocarbon chain can rotate and vibrate in more 
ways than a short one, so entropy i ncreases with chain length. A ring com­
pound, such as cyclopentane (CSH 1 O) ,  has lower entropy than the correspond­
ing chain compound, pentene (CsH 1 0) ,  because the ring structure restricts 
freedom of motion: 

1 86 230 270 3 10  348 293 1 6 1  

Remember, these trends hold only for substances i n  the same physical 
state. Gaseous methane (CH4) has a greater entropy than l iquid ethanol 
(C2HsOH), even though ethanol molecules are more complex. When gases are 
compared with liquids, the effect of physical state usually dominates that of 

molecular complexity. 

NO 

Figure 20.8 Entropy and vibrational motion. A diatomic molecule, such as NO, can vibrate in 
only one way. N02 can vibrate in more ways, and N204 in even more. Thus, as the number of atoms 
increases, a molecule can disperse its vibrational energy over more microstates, and so has higher 
entropy. 



20.2 Calculating the Change in Entropy of a Reaction 

SAMPLE P ROBLEM 20. 1 Predicting Relative Entropy Values 
Problem Choose the member with the higher entropy in each of the following pairs, and 
justify your choice [assume constant temperature, except in part (e) ] :  
(a) 1 mol of S02(g) or 1 mol of S03(g) (b) 1 mol of CO2(s) or 1 mol of CO2(g) 
(c) 3 mol of 02(g) or 2 mol of 03(g) (d) 1 mol of KBr(s) or 1 mol of KBr(aq) 
(e) Seawater at 2°C or at 23°C (f) 1 mol of CF4(g) or 1 mol of CCI4(g) 
Plan In general, we know that particles with more freedom of motion or more dispersed 
energy have higher entropy and that raising the temperature increases entropy. We apply 
the general categories described in the text to choose the member with the higher entropy. 
Solution (a) l mol of S03(g). For equal numbers of moles of substances with the same 
types of atoms in the same physical state, the more atoms in the molecule, the more types 
of motion available, and thus the higher the entropy. 
(b) 1 mol of CO2(g). For a given substance, entropy increases in the sequence s < l < g. 
(c) 3 mol of 02(g). The two samples contain the same number of oxygen atoms but dif­
ferent numbers of molecules. Despite the greater complexity of °3, the greater number of 
molecules dominates in this case because there are many more microstates possible for 
three moles of particles than for two moles. 
(d) 1 mol of KBr(aq). The two samples have the same number of ions, but their motion 
is more limited and their energy less dispersed in the solid than in the solution. 
(e) Seawater at 23°C. Entropy increases with rising temperature. 
(f) 1 mol of CCI4(g). for simi.iar compounds, entropy increases with molar mass. 

FOLLOW-UP P ROBLEM 20. 1 For 1 mol of substance at a given temperature, select 
the member in each pair with the higher entropy, and give the reason for your choice: 
(a) PCI3(g) or PCls(g) (b) CaF2(s) or BaCI2(s) (c) Br2(g) or Br2(l) 

S E C T I O N  S U M MARY 
A change is spontaneous if it occurs in a given direction under specified conditions 
without a continuous input of energy. Neither the first law of thermodynamics nor the 
sign of t::.H predicts the direction .  All spontaneous processes involve an increase in 
the dispersion of energy. Entropy is a state function that measures the extent of energy 
dispersal over the number of microstates possible for a system, which is related to 
the freedom of motion of its particles. The second law of thermodynamics states that, 
in a spontaneous process, the entropy of the universe (system plus surroundings) 
increases. Absolute entropy values can be found because perfect crystals have zero 
entropy at 0 K (third law). Standard molar entropy So (J/mol·K) is affected by tem­
perature, phase changes, dissolution, and atomic size or molecular complexity. 

20.2 CALCULATING THE CHANGE IN ENTROPY 
OF A REACTION 

In addition to understanding trends in So values for different substances or for the 
same substance in different phases, chemists are especially interested in learning 
how to predict the sign and calculate the value of the change in entropy as a reac­
tion occurs. 

Entropy Changes in the System: Standard Entropy 
of Reaction (�S�xn) 
Based on the ideas we just discussed, we can often predict the sign of the 
standard entropy of reaction, aS�xm the entropy change that occurs when 
all reactants and products are in their standard states. A deciding event is usu­
ally a change in the number of moles of gas. Because gases have such great 
freedom of motion and thus high molar entropies, if the number of moles of 
gas increases, �S�xn is usually positive; if the number decreases, �S�xn is usu­
ally negative. 
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For example, when H2(g) and I2(s) form HI(g), the total number of moles of 
substance stays the same, but we predict that the entropy increases because the 
number of moles of gas increases: 

H2(g) + I2(s) ->- 2HI(g) LlS�xn = S�rodllcls - S�caclanls > 0 

When ammonia forms from its elements, 4 mol of gas produces 2 mol of gas, so 
we predict that the entropy decreases: 

N2(g) + 3H2(g) � 2NH3(g) LlS�xn = S�roducts - S�eactants < 0 

In general we cannot predict the sign of the entropy change unless the reaction 
involves a change in number of moles of gas. 

Recall that by applying Hess's law (Chapter 6), we can combine LlH� values 
to find the standard heat of reaction, !1H�xn. Similarly, we combine So values to 
find the standard entropy of reaction, !1S�xn: 

LlS�xn = �mS�roducls - �nS�eactants (20.4) 

where m and n are the amounts (mol) of the individual species, given by their 
coefficients in the balanced equation. For the formation of ammonia, we have 

LlS�xn = [(2 mol NH3)(SO of NH3)] - [(1 mol N2)(SO of N2) + (3 mol H2)(SO of Hz)] 

From Appendix B, we find the appropriate So values: 

LlS�xn = [(2 mol)( l93 J/mol·K)] - [(1 mol)(191.5 J/mol'K) + (3 mol)(130.6 Ilmol·K)] 
= - 197 11K 

As we predicted from the decrease in number of moles of gas, !1S�xn < o. 

SAMPLE P ROBLEM 20. 2 Calculating the Standard Entropy of Reaction, �S�xn 

Problem Calculate LlS�xn for the combustion of 1 mol of propane at 25°C: 

C3HS(g) + 50z(g) ->- 3COz(g) + 4Hz°(l) 

Plan To determine LlS�xn' we apply Equation 20A. We predict the sign of LlS�xn from the 
change in the number of moles of gas: 6 mol of gas yields 3 mol of gas, so the entropy 
will probably decrease (�S�xn < 0). 
Solution Calculating LlS�xl1" Using Appendix B values, 

LlS�xn = [(3 mol COz)(SO of COz) + (4 mol HzO)(SO of H20)] 

- [(1 mol C3Hs)(SO of C3HS) + (5 mol 02)(SO of 02)] 
= [(3 mol)(2 1 3.7 Ilmol'K) + (4 mol)(69.9 Ilmol'K)] 

- [(1 mol)(269.9 Ilmol·K) + (5 mol)(205.0 J/mol·K)] 
= -374 11K 

Check LlSO < 0, so our prediction is correct. Rounding gives [3(200) + 4(70)] -
[270 + 5(200)] = 880 - 1270 = -390, close to the calculated value. 
Comment Remember that when there is no change in the amount (mol) of gas, you can­
not confidently predict the sign of LlS�xn. 

F OLLOW-UP PROBLEM 20. 2 Balance the following equations, prectict the sign of 
LlS�xn if possible, and calculate its value at 25°C: 
(a) NaOH(s) + CO2(g) ->- Na2C03(S) + HzO(I) 
(b) Fe(s) + H20(g) ->- Fe203(s) + H2(g) 

Entropy Changes in the Surroundings: The Other Part of the Total 
In many spontaneous reactions, such as the synthesis of ammonia and the com­
bustion of propane, we see that the entropy of the reacting system decreases 
(!1S�xn < 0). The second law dictates that decreases in the entropy of the system 
can occur only if increases in the entropy of the surroundings outweigh them. 
Let's examine the influence of the surroundings-in particular, the addition (or 
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removal) of heat and the temperature at which this heat change occurs-on the 
total entropy change. 

The essential role of the surroundings is to either add heat to the system or 
remove heat from it. In essence, the surroundings function as an enormous heat 
source or heat sink, one so large that its temperature remains constant, even 
though its entropy changes through the loss or gain of heat. The surroundings par­
tic ipate in the two possible types of enthalpy changes as follows: 

I .  Exothermic change. Heat lost by the system is gained by the surroundings. This 
heat gain increases the freedom of motion of particles in the surroundings, 
which disperses their energy; so the entropy of the surroundings increases :  

For an exothermic change: qsys < 0, qsurr > 0, and Cl.Ssurr > 0 

2. Endothermic change. Heat gained by the system is lost by the surroundings. 
This heat loss reduces the freedom of motion of particles in the surroundings, 
which localizes their energy; so the entropy of the surroundings decreases: 

For an endothermic change: qsys > 0, qsurr < 0, and Cl.Ssurr < 0 

The temperature of the surroundings at which the heat is transferred also 
affects �Ssurr- Consider the effect of an exothermic reaction at a low and at a 
high temperature. At a low temperature, such as 20 K, there is very l i ttle ran­
dom motion in the surroundings, that i s ,  relatively little energy is dispersed 
there. Therefore, transferring heat to the surroundings has a large effect on how 
much energy is dispersed. At a higher temperature, such as 298 K, the sur­
roundings already have a relatively large quantity of energy dispersed, so trans­
felTing the same amount of heat has a smal ler effect on the total energy 
di spersed. In other words, the change in entropy of the surroundings is greater 
when heat is added at a lower temperature. Therefore, the change in entropy 
of the surroundings is directly related to an opposite change in the heat of 
the system and inversely related to the temperature at which the heat is trans­
ferred. Combining these relationships g ives an equation that is  closely related 
to Equation 20.2:  

Recall that for a process at constant pressure, the heat (qp) is �H, so 

�S = _ Cl.Hsys 
SUIT T 

(20.5) 

This means that we can calculate �Ssllrr by measuring �Hsys and the temperature 
T at which the change takes place. 

To restate the central point, if a spontaneous reaction has a negative �SSys 
(energy dispersed over fewer microstates) ,  �Ssurr must be positive enough (energy 
dispersed over many more microstates) for �Suniv to be positive (energy dispersed 
over more microstates). Sample Problem 20.3 illustrates this situation for one of 
the reactions we considered earlier. 

SAMPLE P ROBLEM 20.3 Determining Reaction Spontaneity 
Problem At 298 K, the formation of ammonia bas a negative Cl.S�ys: 

N2(g) + 3H2(g) ->- 2NH3(g) Cl.S�ys = - 1 97 J/K 
Calculate Cl.SlIniv, and state wbether the reaction occurs spontaneously at tbis temperature. 
Plan For the reaction to occur spontaneously, Cl.Suniv > 0, and so Cl.Ssurr must be greater 
tban + 1 97 J/K. To find Cl.Ssum we need Cl.H�ys' which is the same as Cl.H�xn' We use Cl.H'f 
values from Appendix B to find b.H�xn' Then, we use Cl.H�xn and the given T (298 K) to 
find Cl.SSUIT' To find Cl.Suniv, we add the calculated Cl.SSUIT to the given Cl.S�ys (- 197 J/K). 
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Solution Calculating /)'H�ys: 

/)'H�ys = D.H�xn 
= [(2 mol NH3)( -45.9 kl/mol)] - [(3 mol Hz)(O kl/mol) + ( l  mol N2)(0 kl/mol)] 
= -9 1 .8  kJ 

Calculating /).Ssurr: 
1 000 J 

-91.8 kJ x --

/).S = 
_ /).mys = SUIT T 298 K 

1 kJ 
= 308 J/K 

Determining /).Suniv: 
/).Suniv = /)'S�ys + /).SSUIT = - 197 J/K + 308 J/K = III J/K 

/).Suniv > 0, so the reaction occurs spontaneously at 298 K (see figure in margin). 
Check Rounding to check the math, we have 

/).H':xn = 2(-45 kJ) = - 90 kl 
/).Ssurr = -(-90,000 J)/300 K = 300 11K 
/).Suniv = -200 11K + 300 11K = 100 11K 

Given the negative /)'H�xm Le Chfitelier's principle predicts that low temperature should 
favor NH3 formation, and so the answer is reasonable. 
Comments 1 .  Note that /).Ho has units of kl, whereas /).S has units of 11K. Don 't forget 
to convert kJ to 1, or you'll introduce a large error. 
2. This example highlights the distinction between thermodynamic and kinetic considera­
tions. Even though NH3 forms spontaneously, it does so slowly; in the industrial produc­
tion of ammonia by the Haber process (Section 17.6), a catalyst is used to form NH3 at 
a practical rate. 

F OLLOW·UP PROBLEM 20.3 Does the oxidation of FeO(s) to FeZ03(S) occur spon­
taneously at 298 K? 

The Entropy Change and the Equilibrium State 
For a process spontaneously approaching equilibrium, LlSuniv > O. When the 
process reaches equilibrium, there is no longer any force driving it to proceed fur­
ther and, thus, no net change in either direction; that is ,  LlSuniv = O. At that point, 
any entropy change in the system is exactly balanced by an opposite entropy 
change in the surroundings: 

At equilibrium: /).Suniv = /).Ssys + /).SslIrr = 0 or /).Ssys = -/).Ssllrr 
For example, let's calculate LlSuniv for a phase change. For the vaporization­

condensation of 1 mol of water at 1000e (373 K), 

Hz0(l; 373 K) � H20(g; 373 K) 

First, we find LlSuniv for the forward change (vaporization) by calculating LlS�ys: 
/)'S�ys = lmS�roducts - lnS�eactants = SO of H20(g; 373 K) - So of Hz0(l; 373 K) 

= 1 95 .911K - 86.8 11K = 109. 1 11K 

As we expect, the entropy of the system 
absorbs heat and changes to a gas. 

increases (LlS�ys > 0) as the l iquid 

For LlSsurn we have 

where LlH�ys = LlH�ap at 373 K = 40.7 kllmol = 40. 7 X  103 limo!. For 1 mol of 
water, we have 

/).S = _ /)'H�ap 
= surr T 

40.7X1 0
3
1 

373 K 
= - 10911K 
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The surroundings lose heat, and the negative sign means that the entropy of the 
surroundings decreases. The two entropy changes have the same magnitude but 
opposite signs, so they cancel: 

�Suniv = 109 11K + (- 1 09 11K) = a 
For the reverse change (condensation), �Suniv also equals zero, but �S�yS and 

�Ssllrr have signs opposite those for vaporization. A similar treatment of a chem­
ical change shows the same result: the entropy change of the forward reaction is 
equal in magnitude but opposite in sign to the entropy change of the reverse reac­
tion. Thus, when a system reaches equilibrium, neither the forward nor the reverse 
reaction is spontaneous, and so there is no net reaction in either direction. 

Spontaneous Exothermic and Endothermic Reactions: A Summary 
We can now see why exothermic and endothermic spontaneous reactions occur. 
No matter what its enthalpy change, a reaction occurs because the total entropy 
of the reacting system and its surroundings increases. The two possibilities are 

1 .  For an exothermic reaction (�Hsys < 0), heat is released by the system, 
which increases the freedom of motion and energy dispersed and, thus, the entropy 
of the surroundings (�Ssurr > 0). 
• If the reacting system yields products whose entropy is greater than that of the 

reactants (�SSyS > 0), the total entropy change (�Ssys + �Ssurr) will be posi­
tive (Figure 20.9A). 

• If, on the other hand, the entropy of the system decreases as the reaction oc­
curs (�SSys < 0), the entropy of the surroundings must increase even more 
(�Ssurr > > 0) to make the total �S positive (Figure 20.9B). 

2 .  For an endothermic reaction (�Hsys > 0), the heat lost by the surround­
ings decreases molecular freedom of motion and dispersal of energy and, thus, 
decreases the entropy of the surroundings (�Ssurr < 0). Therefore, the only way 
an endothermic reaction can occur spontaneously is if �SSyS is positive and large 
enough (�Ssys > > 0) to outweigh the negative �Ssurr (Figure 20.9C). 

S E C T I O N  S U M M ARY 
The standard entropy of reaction, �S�xn, is calculated from So values. When the 
amount (mol) of gas (�ngas) increases in  a reaction, usually �S�n > O. The value of 
�Ssurr is related directly to �H�ys and inversely to the T at which the change occurs. 
In a spontaneous change, the entropy of the system can decrease only if the entropy 
of the surroundings increases even more. For a system at equilibrium, �Suniv = O. 

l1Hsys< 0 l1H sys< 0 

t l1Suniv t 
S r l1SSYS-1 111Ssurr I 5 

I 0 I 0 

A B C 
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Figure 20.9 Components of l1Suniv for spontaneous reactions. For 
a reaction to occur spontaneously, Ll.Suniv must be positive. A, An 
exothermic reaction in which Ll.SSys increases; the size of Ll.Ssurr is not 

important. B, An exothermic reaction in which Ll.Ssys decreases; Ll.Ssurr 
must be larger than Ll.Ssys. C, An endothermic reaction in which Ll.Ssys 
increases; Ll.Ssurr must be smaller than Ll.SSys' 
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20.3 ENTROPY, FREE ENERGY, AND WORK 

By making two separate measurements, !::..Ssys and !::..Ssum we can predict whether 
a reaction will be spontaneous at a particular temperature. It would be useful, 
however, to have one criterion for spontaneity that we can find by examining the 
system only. The Gibbs free energy, or simply free energy (G), is a function that 
combines the system's enthalpy and entropy: 

G = H - TS 
Named for Josiah Willard Gibbs (1839-1 903), the physicist who proposed it and 
laid much of the foundation for chemical thermodynamics, this function provides 
the criterion for spontaneity we've been seeking. 

Free Energy Change and Reaction Spontaneity 
The free energy change (!::..G) is a measure of the spontaneity of a process and of 
the useful energy available from it. Let's see how the free energy change is derived 
from the second law of thermodynamics. Recall that by definition, the entropy 
change of the universe is the sum of the entropy changes of the system and 
the surroundings : 

At constant pressure, 

_ i::J.Hsys 
i::J.Sslirr - - -T-

Substituting for !::..Ssurr gives a relationship that lets us focus solely on the system: 

_ i::J.Hsys 
i::J.Suniv - i::J.Ssys - -T-

Multiplying both sides by -T gives 

- Ti::J.Suniv = i::J.Hsys - Ti::J.Ssys 
Now we can introduce the new free energy quantity to replace the 

enthalpy and entropy terms. From G = H - TS, the Gibbs equation shows us 
the change in the free energy of the system (!::..GSys) at constant temperature 
and pressure: 

i::J.Gsys = i::J.Hsys - Ti::J.Ssys 

Combining this equation with the previous one shows that 

- Ti::J.Suniv = i::J.HSYS - Ti::J.Ssys = i::J.Gsys 

(20.6) 

The sign of!::..G tells if a reaction is spontaneous. The second law dictates 

• !::..Suniv > 0 for a spontaneous process 
• !::..Suniv < 0 for a nonspontaneous process 
• !::..Suniv = 0 for a process at equilibrium 

Of course, absolute temperature is always positive, so 

Ti::J.SlIniv > 0 or -Ti::J.Suniv < 0 for a spontaneous process 

Because !::..G = - T!::..Suniv, we know that 

• !::..G < 0 for a spontaneous process 
• !::..G > 0 for a nonspontaneous process 
• !::..G = 0 for a process at equilibrium 

An important point to keep in mind is that if a process is nonsjJontaneous in one 
direction (!::..G > 0), it is spontaneous in the opposite direction (!::..G < 0). By 
using !::..G, we have not incorporated any new ideas, but we can predict reaction 
spontaneity from one variable (!::..Gsys) rather than two (!::..SsyS and !::..Ssurr)' 
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Calculating Standard Free Energy Changes 
Because free energy (G) combines three state functions, H, S, and T, it is also a 
state function. As with enthalpy, we focus on the free energy change (tlG). 

The Standard Free Energy Change As we did with the other thermodynamic 
variables, to compare the free energy changes of different reactions we calculate 
the standard free energy change (dGO), which occurs when all components 
of the system are in their standard states. Adapting the Gibbs equation (20.6), 
we have 

(20.7) 

This important relationship is used frequently to find any one of these three cen­
tral thermodynamic variables, given the other two, as in this sample problem. 

SAMPLE P ROBLEM 20.4 Calculating �G�xn from Enthalpy and Entropy Values 
Problem Potassium chlorate, a common ox:idizing agent in fireworks and matchheads, 
undergoes a solid-state disproportionation reaction when heated: 

a 
4KCI03(s) - 3KCI04(s) + KCI(s) 

Use DH� and So values to calculate tlG�yS (tlG�xn) at 25°C for this reaction. 
Plan To solve for tlGo, we need values from Appendix B. We use tlH'f values to 
calculate tlH�xn (tlH�ys), use So values to calcu late tlS�xn (tlS�ys), and then apply 
Equation 20.7 .  
Solution Calculating tlH�ys from DH'f values (with Equation 6.8): 

tlH�ys = tlH�xn = 2.mtlH'f(prodllCIS) - 2.nf1H'f(reac,ants) 
= [(3 mol KCI04)(tlHr of KCI04) + ( 1  mol KCl)(tlHf of KCI)] 

- [(4 mol KCI03)(f1H'f of KCI03)] 
= [(3 mol)( -432.8 kJ/mol) + (1 mol) ( -436.7 kJ/mol)] 

- [(4 mol)(- 397.7 kJ/mol)] 
= - 144 kJ 

Calculating tlS�ys from So values (with Equation 20A): 

f1S�ys = tlS�xn = [(3 mol KCI04)(SO of KC104) + (1 mol KC1)CSO of KCI)] 
- [(4 mol KCI03)(SO of KCI03)] 

= [(3 mol)( l 5 1 .0 J/mol ·K) + (1 mol)(82.6 J/mol·K)] 
- [(4 mol)(143. 1  J/mol ·K)] 

= -36.8 J/K 

Calculating tlG�ys at 298 K :  

f1G�ys = tlH�ys - nS�ys = - 144 kJ - [(298 K)( -36.8 J/K) ( 
1
�

0
� 

J
)] = -133 kJ 

Check Rounding to check the math: 

f1W = [3(-433 kJ) + (-440 kJ)] - [4(-400 kJ)] = -1740 kJ + 1600 kJ = -140 kJ 
tlSo = [3(150 J/K) + 85 JIK] - [4( 1 45 J/K)] = 535 J/K - 580 JIK = -45 J/K 
f1Go = - 140 kJ - 300 K( -0.04 kJ/K) = - 140 kJ + 12 kJ = -128 kJ 

All values are close to the calculated ones. 
Comments 1. For a spontaneous reaction under any conditions, the free energy change, 
tlG, is negative. Under standard-state conditions, a spontaneous reaction has a negative 
standard free energy change; that is, tlGo < O. 
2. This reaction is spontaneous, but the rate is very low in the solid. When KCI03 is heated 
slightly above its melting point, the ions are free to move and the reaction occurs readily. 

FOLLOW·UP PROBLEM 20.4 Determine the standard free energy change at 298 K 
for the reaction 2NO(g) + 02(g) - 2N02(g). 
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The Standard Free Energy of Formation Another way to calculatel::lG�xn is with 
values for the standard free energy of formation (I::lGf) of the components; I::lG� 
is the free energy change that occurs when 1 mol of compound is made from its 
elements, with all components in their standard states. Because free energy is a 
state function, we can combine I::lGj! values of reactants and products to calculate 
I::lG�xn no matter how the reaction takes place: 

L1G�xn = lmL1G�(prOductS) - lnL1Gf(reactants) 

I::lG'f values have properties similar to I::lH'f values: 

• I::lG� of an element in its standard state is zero. 
• An equation coefficient (m or n above) multiplies I::lGe by that number. 
• Reversing a reaction changes the sign of I::lG'f. 

Many I::lGe values appear along with those for I::lH'f and So in Appendix B .  

SAMPLE P RO BLEM 20.5 Calculating L1G�xn from ilGf Values 

(20.8) 

Problem Use L1G� values to calculate L1G�xn for the reaction i n  Sample Problem 20.4: 

4KCl03(s) --- 3KCI04(s) + KCI(s) 

Plan We apply Equation 20.8 to calculate L1G�xn. 
Solution L1G�xn = lmL1Gf(proctucts) - lnL1Gf(reactants) 

= [(3 mol KCl04)(L1Gf of KCl04) + ( 1  mol KCl)(L1Gf of KCl)] 
- [(4 mol KCl03)(L1Gf of KCl03)] 

= [(3 mol)( - 303.2 kJ/mol) + (1 mol)( -409.2 kJ/mol)] 
- [(4 mol)( -296.3 kJ/mol)] 

= - 1 34 kJ 

Check Rounding to check the math: 

L1G�xn = [3(-300 kJ) + 1 (-400 kJ)] - 4(-300 kJ) 
= - 1300 kJ + 1 200 kJ = - 100 kJ 

Comment The slight discrepancy between this answer and that obtained in Sample Prob­
lem 20.4 is within experimental error. As you can see, when L1Gf values are available for 
a reaction taking place at 25°C, this method is simpler than that i n  Sample Problem 20.4. 

FOLLOW- UP PROBLEM 20.5 Use L1Gf values to calculate the free energy change 
at 25°C for each of the following reactions: 
(a) 2NO(g) + 02(g) --- 2N02(g) (from Follow-up Problem 20.4) 
(b) 2C(graphite) + 02(g) --- 2CO(g) 

aG and the Work a System Can Do 
The science of thermodynamics was born soon after the invention of the steam 
engine, and one of its most practical ideas relates the free energy change and the 
work a system can do: 

• For a spontaneous process (I::lG < 0) at constant T and P, I::lG is the maximum 
useful work obtainable from the system (- w) as the process takes place: 

L1G = -Wmax (20.9) 

• For a nonspontaneous process (I::lG > 0) at constant T and P, I::lG is the min­
imum work that must be done to the system to make the process take place. 

The free energy change is the maximum work a system can possibly do. But 
the work the system actually does depends on how the free energy is released. 
Suppose an expanding gas does work by lifting an object. The gas can do nearly 
the maximum work if the weight of the object can be adjusted in tiny increments 
and lifted in many small steps. An example would be the gas lifting a container 
of sand whose weight can be adjusted grain by grain (as described in Section 20. 1 
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for calculating I:!..S). In this way, the gas lifts the object in a very high number of 
steps. The maximum work could be done only in an infinite number of steps; that 
is, the maximum work is done by a spontaneous process only if it is carried out 
reversibly. In any real process, work is done irreversibly-in a finite number of 
steps-so we can never obtain the maximum work. The free energy not used for 
work is lost as heat. 

Consider the work done by a battery, a packaged spontaneous redox reaction 
that releases free energy to the surroundings (flashlight, radio, motor, or other 
device). If we connect the battery terminals to each other through a short piece 
of wire, I:!..G sys is released all at once but does no work-it j ust heats the wire and 
battery and outside air, which increases the freedom of motion of the particles in 
the universe. If we connect the battery terminals to a motor, I:!..G SYS is released 
more slowly, and much of it runs the motor; however, some is still lost as heat. 
Only if a battery could discharge infinitely slowly could we obtain the maximum 
work. This is the compromise that all engineers must face-no real process uses 
all the available free energy to do work because some is always changed to heat. 

The Effect of Temperature on Reaction Spontaneity 
In most cases, the enthalpy contribution (I:!..H) to the free energy change (I:!..G) is 
much larger than the entropy contribution ( TI:!..S). For this reason, most exother­
mic reactions are spontaneous :  the negative I:!..H helps make I:!..G negative. How­
ever, the temperature of a reaction influences the magnitude of the TI:!..S term, so, 
for many reactions, the overall spontaneity depends on the temperature. 

By scrutinizing the signs of I:!..H and I:!..S, we can predict the effect of tem­
perature on the sign of I:!..G. The values for the thermodynamic variables in this 
discussion are based on standard state values from Appendix B, but we show them 
without the degree sign to emphasize that the relationships among I:!..G, I:!..H, and 
I:!..S are valid at any conditions. Also, we assume that I:!..H and I:!..S change little 
with temperature, which is true as long as no phase changes occur. 

Let's examine the four combinations of positive and negative I:!..H and I:!..S ;  
two are independent of temperature and two are dependent on temperature: 

• Temperature -independent cases. When I:!..H and I:!..S have opposite signs, the 
reaction occurs spontaneously either at all temperatures or at none. 
1 .  Reaction is spontaneous at all temperatures: I:!..H < 0, I:!..S > 0. Both 

contributions favor the spontaneity of the reaction. I:!..H is negative and I:!..S is 
positive, so - TI:!..S is negative; thus, I:!..G is always negative. Most combus­
tion reactions are in this category. The decomposition of hydrogen perox­
ide, a common disinfectant, is also spontaneous at all temperatures: 

2H202(l) --+ 2H20(l) + 02(g) I1H = -196 kI and 115 = 1 25 11K 

2. Reaction is nonspontaneous at all temperatures: I:!..H > 0, I:!..S < 0. Both 
contributions oppose the spontaneity of the reaction. I:!..H is positive and I:!..S 
is negative, so - TI:!..S is positive; thus, I:!..G is always positive. The forma­
tion of ozone from oxygen is not spontaneous at any temperature: 

302(g) --+ 203(g) I1H = 286 kJ and 115 = - 1 37  11K 

• Temperature -dependent cases. When I:!..H and I:!..S have the same sign, the rel­
ative magnitudes of the -TI:!..S and I:!..H terms determine the sign of I:!..G. In 
these cases, the magnitude of T is crucial to reaction spontaneity. 
3. Reaction is spontaneous at higher temperatures: I:!..H >  ° and I:!..S > 0. Here, 

I:!..S favors spontaneity (-TI:!..S < 0), but I:!..H does not. For example, 

2N20(g) + 02(g) --+ 4NO(g) I1H = 1 97. 1 kI and 115 = 198.2 11K 

With a positive I:!..H, the reaction will occur spontaneously only when -TI:!..S 
is large enough to make I:!..G negative, which will happen at higher temper­
atures. The oxidation of N20 occurs spontaneously at T > 994 K. 
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4. Reaction is spont aneous at lower temperatures: IlH < 0 and IlS < O. Now, 
IlH favors spontaneity, but IlS does not (-TIlS > 0). For example, 

4Fe(s) + 302(g) - 2Fe203(S) t:..H = - 1651 kJ and t:..S = -549.4 J/ K 

With a negative IlH, the reaction will occur spontaneously only if the -TIlS 
term is smaller than the IlH term, and this happens at lower temperatures. 
The production of iron(III) oxide occurs spontaneously at any T < 3005 K. 

Table 20. 1 summarizes these four possible combinations of IlH and IlS. 

fl'MI+11 Reaction Spontaneity and the Signs of aH, as, and aG 
llH llS - TllS llG Description 

+ Spontaneous at all T 
+ + + Nonspontaneous at all T 
+ + +or - Spontaneous at higher T; 

nonspontaneous at lower T 
+ + or - Spontaneous at lower T; 

nonspontaneous at higher T 

As you saw in Sample Problem 2004, one way to calculate IlG is from 
enthalpy and entropy changes. Because IlH and IlS usually change little with tem­
perature if no phase changes occur, we can use their values at 298 K to examine 
the effect of temperature on IlG and, thus, on reaction spontaneity. 

SAMPLE PROB LEM 20.6 Determining the Effect of Temperature on 6.G 

Problem A key step i.n the production of sulfuric acid is the oxidation of S02(g) to S03(g): 

2S02(g) + 02(g) - 2S03(g) 

At 298 K, t:..G = -141.6 kJ; t:..H = -198.4 kJ; and /1S = -187.9 J/ K. 
(a) Use the data to decide if this reaction i s  spontaneous at 25°C, and predict how t:..G 
will change with increasing T. 
(b) Assuming that /1H and /1S are constant with T, is the reaction spontaneous at 900.oC? 
Plan (a) We note the sign of /1G to see if the reaction is  spontaneous and the signs of 
/1H and /1S to see the effect of T. (b) We use Equation 20.6 to calculate /1G from the 
given /1H and /1S at the higher T (in K). 
Solution (a) /1G < 0, so the reaction is spontaneous at 298 K: S02 and O2 will form S03 
spontaneously. With t:..S < 0, the term - Tt:..S > 0, and this term will become more pos­
itive at higher T. Therefore, 
/1G will become less negative, and the reaction less spontaneous, with increasing T 

(b) Calculating t:..G at 900.oC (T = 273 + 900. = 1173 K): 

t:..G = /1H - T!1S = -198.4 kJ - [(1173 K)(-187.9 J/ K)(l kJ/ l OOO J)] = 22.0 kJ 

/1G > 0, so the reaction is nonspontaneous at the higher T 
Check The answer in part (b) seems reasonable based on our prediction in part (a). The 
arithmetic seems correct, given considerable rounding: 

/1G = -200 kJ - [(1200 K)( -200 J/ K)11000 J] = +40 kJ 

F OLLOW- UP P ROBLEM 20.6 A reaction is  nonspontaneous at room temperature but 
is spontaneous at -40°C. What can you say about the signs and relative magnitudes of 
t:..H, t:..S, and -T!1S? 

The Temperature at Which a Reaction Becomes Spontaneous As you have just 
seen, when the signs of IlH and IlS are the same, some reactions that are non­
spontaneous at one temperature become spontaneous at another, and vice versa. 
It would certainly be useful to know the temperature at which a reaction becomes 
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spontaneous. This is the temperature at which a positive !::..G switches to a nega­
tive !::..G because of the changing magnitude of the -T!::..S term. We find this 
crossover temperature by setting !::..G equal to zero and solving for T: 

Therefore, 

6.G = 6.H - ns = 0 

6.H = ns and 6.H 
T = -

6.S 
(20.10) 

Consider the reaction of copper(I) oxide with carbon, which does not occur 
at lower temperatures but is used at higher temperatures in a step during the 
extraction of copper metal from its ore: 

CU20(S) + C(s) --+ 2Cu(s) + CO(g) 

We predict this reaction has a positive entropy change because the number of 
moles of gas increases ;  in fact, !::..S = ] 65 J/K. Furthermore, because the reaction � 
is nonspontaneous at lower temperatures, it must have a positive !::..H (58 . 1 kJ). 
As the -T!::..S term becomes more negative at higher temperatures, it will even­
tually outweigh the positive !::..H term, and the reaction will occur spontaneously. 

Let's calculate!::"G for this reaction at 25°C and then find the temperature 
above which the reaction is spontaneous. At 25°C (298 K), 

6.G = 6.H - ns = 58.1 kJ - (298 K x 165 J/ K x 
1
�

0
� 

J
) = 8.9 kJ 

Because !::..G is positive, the reaction will not proceed on its own at 25°C. At the 
crossover temperature, !::..G = 0, so 

1000 J 
6.H 

58.1 kJ x 1kJ 
T = - = = 352 K 

6.S 165 J/ K 

At any temperature above 352 K (79°C), a moderate one for recovering a metal from 
its ore, the reaction occurs spontaneously. Figure 20. 10  depicts this result. The line 
for T!::..S increases steadily (and thus the -T!::..S term becomes more negative) with 
rising temperature. This line crosses the relatively constant !::..H line at 352 K. At any 
higher temperature, the -T!::..S term is greater than the !::..H term, so !::..G is negative. 

Coupling of Reactions to Drive a Nonspontaneou5 Change 
When studying a multistep reaction, chemists often find that a nonspontaneous 
step is driven by a spontaneous step in a coupling of reactions. One step supplies 
enough free energy for the other to occur, as when the combustion of gasoline 
(spontaneous) supplies enough free energy to move a car (nonspontaneous). 

Look again at the reaction of copper(I) oxide with carbon. Previously, 
we found that the overall reaction becomes spontaneous above 352 K. Dividing 
the reaction into two steps, we find that, even at the slightly higher temperature 
of 375 K, decomposition of copper(I) oxide to its elements is not spontaneous: 

CU20(S) --+ 2Cu(s) + !02(g) 6.G375 = 140.0 kJ 

But the oxidation of carbon to CO is :  

C(s) + !02(g) --+ CO(g) 6.G375 = -143.8 kJ 

Coupling these reactions allows the reaction with the larger negative !::..G to 
"drive" the one with the smaller positive !::..G. Adding the reactions together gives 

Cu20(s) + C(s) --+ 2Cu(s) + CO(g) 6.G375 = -3.8 kJ 

Many biochemical processes-including the syntheses of proteins, nucleic 
acids, and fatty acids, the maintenance of ion balance, and the breakdown of 
nutrients-have nonspontaneous steps. Coupling these steps to spontaneous ones 
is a life-sustaining strategy that is common to all organisms. A key spontaneous 

t::.H = Tt::.S 
t::.G = 0 
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Crossover T 
= 352 K 

Temperature 

Figure 20. 1 0  The effect of temperature 
on reaction spontaneity. The two terms 
that make up t::.G are plotted against T. 
The figure shows a relatively constant t::.H 
and a steadily increasing Tt::.S (and thus 
more negative - Tt::.S) for the reaction be­
tween CU20 and C. At low T, the reaction 
is nonspontaneous (IlG > 0) because the 
positive t::.H term has a greater magnitude 
than the negative Tt::.S term. At 352 K, 
t::.H = Tt::.S, so t::.G = O. At any higher T, the 
reaction becomes spontaneous (t::.G < 0) 
because the - Tt::.S term dominates. 

::r: <l 
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Figure 20. 1 1 The cycling of metabolic 
free energy through ATP. Processes 
that release free energy are coupled to 
the formation of ATP from ADP, whereas 
those that require free energy are coupled 
to the hydrolysis of ATP to ADP. 

CHAPTER 20 Thermodynamics: Entropy, Free Energy, and the Direction of Chemical Reactions 

biochemical reaction is the hydrolysis of a high-energy molecule called adeno­
sine triphosphate (ATP) to adenosine diphosphate (ADP): 

ATp4- + H20 � ADp3- + HPO/- + H+ t:.Go' = -30.S kJ 

(For biochemical systems, the standard-state concentration of H+ is 1 0-7 M, not the 
usual 1 M, and the standard free energy change has the symbol tl.Go,.) In the meta­
bolic breakdown of glucose, for example, the initial step, which is nonspontaneous, 
is the addition of a phosphate group to a glucose molecule: 

Glucose + HPO/- + H+ � [glucose phosphatej- + H20 t:.Go' = 1 3.8 kJ 

Coupling this reaction to ATP hydrolysis makes the overall process spontaneous. If 
we add the two reactions, HPO/-, H+,  and H20 cancel, and we obtain 

Glucose + ATp4- � [glucose phosphater + ADp3- t:.Go' = -16.7 kJ 

Coupling of the two reactions is accomplished through an enzyme (Section 
16.8) that simultaneously binds glucose and ATP and catalyzes the transfer of the 
phosphate group. The ADP is combined with phosphate to regenerate ATP in reac­
tions catalyzed by other enzymes. Thus, there is a continuous cycling of ATP to 
ADP and back to ATP again to supply energy to cells (Figure 20.11) .  

z 

5 
o 
::.:: <{ w a: (IJ 

C02+H20 free energy 
convert ADP 

to ATP 

S E C T I O N  S U M M ARY 

ATP utilizes 
free energy, 
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(f) ii5 w I f­Z >­(f) 
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free energy Simple 

convert ATP molecules 
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The sign of the free energy change, t:.G = t:.H - Tt:.S, is directly related to reaction 
spontaneity: a negative t:.G corresponds to a positive t:.Suniv' We use the standard 
free energy change (t:.GO) to evaluate a reaction's spontaneity, and we use the stan­
dard free energy of formation (t:.Gf) to calculate t:.G�n at 25°C. The maximum work 
a system can do is never obtained from a real (irreversible) process because some 
free energy is always converted to heat. The magnitude of T influences the spon­
taneity of temperature-dependent reactions (same signs of t:.H and t:.S) by affecting 
the size of Tt:.S. For such reactions, the T at which the reaction becomes sponta­
neous can be estimated by setting t:.G = O. A nonspontaneous reaction (t:.G > 0) can 
be coupled to a more spontaneous one (t:.G < < 0) to make it occur. In organisms, 
the hydrolysis of ATP drives many reactions with a positive t:.G. 

20.4 FREE ENERGY, EQUILIBRIUM, AND REACTION DIRECTION 

The sign of tl.G allows us to predict reaction direction, but you already know that it 
is not the only way to do so. In Chapter 1 7, we predicted direction by comparing 
the values of the reaction quotient (Q) and the equilibrium constant (K). Recall that 

• If Q < K (Q/ K < 1), the reaction as written proceeds to the right. 
• If Q > K (Q/ K > 1), the reaction as written proceeds to the left. 
• If Q = K (Q/ K = 1), the reaction has reached equilibrium, and there is no net 

reaction in either direction. 
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As you might expect, these two ways of predicting reaction spontaneity-the 
sign of t::.G and the magnitude of Q/ K -are related. Their relationship emerges 
when we compare the signs of In Q/ K with t::.G: 
• If Q/ K < 1 ,  then In Q/ K < 0: reaction proceeds to the right (t::.G < 0). 
• If Q/ K > 1 ,  then In Q/ K > 0: reaction proceeds to the left (t::.G > 0). 
• If Q/ K = 1 ,  then In Q/ K = 0: reaction is at equilibrium (t::.G = 0) . 
Note that the signs of t::.G and In Q/ K are identical for a given reaction direction. 
In fact, t::.G and In Q/ K are proportional to each other and made equal through 
the constant RT: 

Q 
t::.G = RT In K = RT 10 Q - RT In K (20.11) 

What does this central relationship mean? As you know, Q represents the con­
centrations (or pressures) of a system's components at any time during the reac­
tion, whereas K represents them when the reaction has reached equilibrium. 
Therefore, Equation 20. 1 1  says that t::.G depends on how different the ratio of 
concentrations, Q, is from the equilibrium ratio, K. 

The last term in Equation 20.11 is very important. By choosing standard-state 
values for Q, we obtain the standard free energy change (t::.GO). When all con­
centrations are 1 M (or all pressures 1 atm), t::.G equals t::.Go and Q equals 1: 

t!.GO = RT ln 1 - RT ln K 
We know that In 1 = 0, so the RT In Q term drops out, and we have 

t!.GO = -RT In K (20.12) 

This relationship allows us to calculate the standard free energy change of a reac­
tion (t::.GO) from its equilibrium constant, or vice versa. Because t::.Go is related 
logarithmically to K, even a small change in the value of t::.Go has a large effect 
on the value of K. Table 20.2 shows the K values that correspond to a range of 
t::.Go values. Note that as t::.Go becomes more positive, K becomes smaller, which 
means the reaction reaches equilibrium with less product and more reactant. Sim­
ilarly, as t::.Go becomes more negative, K becomes larger. For example, if t::.Go = 
+ 10  kJ, K = 0.02, which means that the product terms are about 510 those of the 
reactant terms; whereas, if t::.Go = -10 kJ, they are 50 times larger. 

Of course, reactions do not usually begin with all components in their stan­
dard states. By substituting the relationship between t::.Go and K (Equation 20. 1 2) 
into the expression for t::.G (Equation 20.1 1 ), we obtain a relationship that applies 
to any starting concentrations: 

t!.G = t!.GO + RT In Q (20.13) 

Sample Problem 20.7 illustrates how Equations 20.12 and 20.13 are applied. 

RWja." The Relationship Between .lGo and Kat 298 K 
IlGo (kJ) K Significance 

200 9X  10-36 { EssentiallY no forward reaction; 

100 3XlO-18 reverse reaction goes to completion 

50 2 X  10-9 

10 2 X  10-2 

1 7 X  10-1 { Forward and reverse reactions proceed a 1 to same extent 
-1 1.5 

-10 5X I OI 

-50 6X I 08 

-100 3X1017 { Forward reaction goes to completion; 
-200 1 X 1035 

essentially no reverse reaction 

." 0 ::0 
== > ::0 m c 
::0 ::0 m m 

g 
> 
0 -I 

Q 0 
z 
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SAMPLE P ROBLEM 20. 7 Calculating L\G at Nonstandard Conditions 
Problem The oxidation of S02, which we considered in Sample Problem 20.6, 

2S02(g) + 02(g) - 2S03(g) 

is too slow at 298 K to be useful in the manufacture of sulfuric acid. To overcome this 
low rate, the process is conducted at an elevated temperature. 
(a) Calculate K at 298 K and at 973 K. (L\G�98 = -141 . 6  kl/ mol for reaction as written; 
using t:.Ho and t:.So values at 973 K, t:.G973 = -12.12 kJ/ mol for reaction as written.) 
(b) In experiments to determine the effect of temperature on reaction spontaneity, two 
sealed containers are filled with 0.500 atm of S02, 0.0100 atm of 02, and 0.100 atm of 
S03 and kept at 25°C and at 700.oC. In which direction, if any, will the reaction proceed 
to reach equilibrium at each temperature? 
(c) Calculate t:.G for the system in part (b) at each temperature. 
Plan (a) We know t:.Go, T, and R, so we can calculate the K's from Equation 20. 1 2. 
(b) To determine if a net reaction will occur at the given pressures, we calculate Q with 
the given partial pressures and compare it with each K from part (a). (c) Because these 
are not standard-state pressures, we calculate t:.G at each T from Equation 20.13 with the 
values of t:.Go (given) and Q [found in part (b)] .  
Solution (a) Calculating K at the two temperatures: 

L\Go = -RT In K so K = e-(t:.Go/RT) 

At 298 K, the exponent is ( -14 1 .6 kJ/ mol X 1000 J ) 
1 kJ 

-(t:.Go/RT) = - = 57.2 
8.314 J/ mol·K  X 298 K 

So K = e-(t:.GOjRT) = eS7.2 = 7 X 1024 

At 973 K,  the exponent is ( 1000 J ) -12. 1 2:  kJ/ m01 X --
1 kl 

-(t:.Go /RT) = - = 1 50 
8.3 1 4  J/ mol· K X 973 K 

. 

So K = e-(6GOjRT) = e l .so = 4.5 

(b) Calculating the value of Q: 
? 

_ PS03 
Q -

p2 X P S02 O2 
0.100

2 

-0-.5-00�2-X-0.-O l-0-0 
= 4.00 

Because Q < K at both temperatures, the denominator will decrease and the numerator 
increase-more S03 will form-until Q equals K. However, the reaction will go 
far to the right at 298 K while approaching equilibrium, whereas it will move only 
slightly to the right at 973 K. 

(c) Calculating L\G, the nonstandard free energy change, at 298 K :  

t:.G298 = L\Go + RT In  Q 

= -141.6 kl/ mol + 8.314 Jlmol ·K  X -- X 298 K X In 4.00 ( l kl ) 1000 J 
= -138.2 kJ/ mol 

Calculating L\G at 973 K: 

L\G973 = t:.Go + RT In Q 

= -12.12 kJ/ mol + (8.3 1 4 J/ m01 ' K X 
I
�

O
k;

J 
X 973 K X In 4.00) 

= -0.9 kl/ mol 

Check Note that in parts (a) and (c) we made the energy units in free energy changes (kJ) 
consistent with those in R (J). Based on the rules for significant figures in addition and 
subtraction, we retain one digit to the right of the decimal place in part (c). 
Comment For these starting gas pressures at 973 K, the process is barely spontaneous 
(t:.G = -0.9 kJ/ mol), so why use a higher temperature? Like the synthesis of NH3 (Sec­
tion 1 7.6), this process is carried out at a higher temperature with a catalyst to attain a 
higher rate, even though the yield is greater at a lower temperature. 
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FOLLOW·U P  P ROBLEM 20. 7 At 298 K, hypobromous acid (HErO) dissociates in 
water with a Ka of 2.3X l O-9. 
(a) Calculate t:.Go for the dissociation of HBrO. 
(b) Calculate t:.G if [H30+] = 6.0x lO-4 M, [BrO-] = 0.10 M, and [HErO] = 0.20 M. 

Another Look at the Meaning of Spontaneity At this point, let's consider some 
terminology related to, but distinct from, the terms spontaneous and nonsponta­
neous. Consider the general reaction A � B, for which K = [B]/ [A] > 1; there­
fore, the reaction proceeds largely from left to right (Figure 20. 1 2A). From pure 
A to the equilibrium point, Q < K and the curved green arrow indicates the reac­
tion is spontaneous (LlG < 0). From there on, the curved red arrow shows the 
reaction is nonspontaneous (LlG > 0). From pure B to the equilibrium point, 
Q > K and the reaction is  also spontaneous (LlG < 0), but not thereafter. In either 
case, the free energy decreases as the reaction proceeds, until it reaches a mini­
mum at the equilibrium mixture: Q = K and LlG = O. For the overall reaction 
A � B (starting with all components in their standard states), Gil is smaller 
than GA, so LlGo is negative, which corresponds to K > l .  We call this a product­
favored reaction because the final state of the system contains mostly product. 

Now consider the opposite situation, a general reaction C � D, for which 
K = [D]/[C] < 1 :  the reaction proceeds only slightly from left to right (Figure 
20. 1 2B). Here, too, whether we start with pure C or pure D, the reaction is spon­
taneous (LlG < 0) until the equilibrium point. But here, the equilibrium mixture 
contains mostly C (the reactant), so we say the reaction is reactant favored. In 
this case, Go is larger than G'C, so LlGo is positive, which corresponds to K < l .  
The point i s  that spontaneous refers to that portion of a reaction in which the free 
energy is  decreasing, that is ,  from some starting mixture to the equilibrium 
mixture, whereas product-favored refers to a reaction that goes predominantly, but 
not necessarily completely, to product (see Table 20.2). 

S E C T I O N  S U M M ARY 
Two ways of predicting reaction direction are from the value of t:.G and from the rela­
tion of Q to K. These variables represent different aspects of the same phenomenon 
and are related to each other by t:.G = RT In Q/K. When Q = K, the system can 
release no more free energy. Beginn ing with Q at the standard state, the free energy 
change is t:.Go, and it is related to the equil ibri um constant by t:.Go = -RT In K. For 
nonstandard conditions, t:.G has two components: t:.Go and RT In Q. Any nonequi­
l ibrium mixture of reactants and products moves spontaneously (t:.G < 0) toward the 
equi l ibrium mixture. A product-favored reaction has K > 1 and, thus, t:.Go < O. 

u; >-<f> � 
E Q) u; >-CJ) 
0 
>-t? Q) c Q) 
Q) Q) u:: 

GO A - - - - - - - - - - - - - - - - - - - - - - - - - - - - -

GO B 
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Figure 20. 1 2  The relation between free 
energy and the extent of reaction. The 
free energy of the system is plotted against 
the extent of reaction. Each reaction pro­
ceeds spontaneously (0 "* K and t>G < 0; 
curved green arrows) from either pure re­
actants (A or C) or pure products (8 or D) 
to the equilibrium mixture, at which point 
t>G = O. The reaction from the equilibrium 
mixture to either pure reactants or prod­
ucts is nonspontaneous (t>G > 0; curved 
red arrows). A, For the product-favored 
reaction A � 8, Gft. > G'B, so t>Go < 0 
and K > 1 .  B, For the reactant-favored re­
action C � D, Go > Ge, so t>Go > 0 
and K < 1 .  

>-t? Q) c Q) 
Q) Q) u:: 

(il.G = 0, Q = K) Equilibrium Equilibrium (Il-G = 0, Q = K) 
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Extent of reaction 
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For Review and Reference (Numbers i n  parentheses refer to pages, u nless noted otherwise.) 

Learning Objectives 
To help you review these learning objectives, the numbers of re­
lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems ( EP) are l isted in parentheses. 

1 .  Discuss the meaning of a spontaneous change, and explain 
why the first law or the sign of tlHo cannot predict its direction 
(§ 20. 1 )  (EPs 20. 1 -20.3, 20.8, 20.9) 
2. Understand the meaning of entropy (S) in terms of the number 
of microstates over which a system's energy is dispersed; describe 
how the second law provides the criterion for spontaneity, how the 
third law allows us to find absolute values of standard molar en­
tropies (SO), and how conditions and properties of substances in­
fluence So (§ 20. 1 )  (SP 20.1) (EPs 2004-20.7, 20.10-20.23) 
3. Calculate tlS�xn from So of reactants and products, understand 
the influence of tlS�lIrr on tlS�xn> and describe the relationships be-

Key Terms 
Section 20. 1 
spontaneous change (65 1 )  
entropy (S) (654) 
second law of 

thermodynamics (657) 
third law of 

thermodynamics (657) 

standard molar entropy 
(SO) (657) 

Section 20.2 
standard entropy of reaction 

(tlS�xn) (66 1 )  

Key Equations and Relationships 
20.1 Defining entropy in terms of the number of microstates (W) 
over which the energy of a system can be distributed (654): 

S = k in W 
20.2 Quantifying the entropy change in terms of heat absorbed 
(or released) in a reversible process (656): 

tlS = qrev 
sys T 

20.3 Stating the second law of thermodynamics, for a sponta­
neous process (657): 

tlSulliv = tlSsys + tlSslirr > 0 
20.4 Calculating the standard entropy of reaction from the stan­
dard molar entropies of reactants and products (662): 

tlS�xll = LmS�roducts - LnS�eactal1ts 
20.5 Relating the entropy change in the surroundings to the en­
thalpy change of the system and the temperature (663): 

_ tlHsys tlSsllrr - - --T 
20.6 Expressing the free energy change of the system in terms 
of its component enthalpy and entropy changes (Gibbs 
equation) (666): 

tween tlSsurr and tlHsys and between tlSlIniv and K (§ 20.2) (SPs 
20.2, 20.3) (EPs 20.24-20.34) 
4. Derive the free energy change (tlG) from the second law, and 
explain how tlG is related to work; explain why temperature (T) 
affects the spontaneity of some reactions but not others; describe 
how a spontaneous change drives a nonspontaneous one; calculate 
tlG�XIl from /:::"H� and So values or from tlG'f values and quantify 
the effect of T on tlGo; obtain the T at which a reaction becomes 
spontaneous (§ 20.3) (SPs 2004-20.6) (EPs 20.35-20.50) 
5. Know the relationships of tlG to Q/ K, tlGo to K, and tlG to 
tlGo and Q, and understand why tlG decreases as a reaction 
moves toward equilibrium (§ 2004) (SP 20.7) (EPs 20.51-20.65) 

Section 20.3 
free energy (G) (666) 
standard free energy change 

(tlGO) (667) 
standard free energy of 

formation (tlGn (668) 

coupling of reactions (67 1 )  
adenosine triphosphate 

(ATP) (672) 

20.7 Calculating the standard free energy change from standard 
enthalpy and entropy changes (667): 

tlG�ys = tlH�ys - nS�ys 
20.8 Calculating the standard free energy change from the stan­
dard free energies of formation (668): 

tlG�XIl = LmtlGf(prOductS) - LntlGf(reactants) 
20.9 Relating the free energy change to the maximum work a 
process can perform (668): 

tlG = -Wmax 
20.10 Finding the temperature at which a reaction becomes 
spontaneous (67 1 ) : 

tlH 
T = -

t!.S 
20.1 1 Expressing the free energy change in terms of Q 
and K (673): 

tlG = RT in 
Q 

= RT in Q - RT in K K 
20.12  Expressing the free energy change when Q is evaluated at 
the standard state (673): 

tlGo = -RT ln K 
20. 13  Expressing the free energy change for nonstandard initial 
conditions (673): 

tlG = tlGo + RT In Q 



Brief Solutions to Follow-up Problems 
20.1 (a) PCIs(g): higher molar mass and more complex molecule; 
(b) BaCI2(s): higher molar mass; (c) Br2(g): gases have more free­
dom of motion and dispersal of energy than liquids. 
20.2 (a) 2NaOH(s) + CO2(g) - Na2C03(S) + H20(l) 
�ngas = -1, so �S�XIl < 0 
�S�xn = [(1 mol H20)(69.9 J/ mol·K) 

+ ( 1  mol Na2C03)( l 39 J/ mol·K)]  
- [( 1 mol CO2)(2 1 3.7 J/ mol' K) 
+ (2 mol NaOH)(64.5 J/ mol ·K)]  

= - 1 34 J/ K  
(b) 2Fe(s) + 3H20(g) - Fe203(S) + 3H2(g) 
�ngas = 0, so cannot predict sign of �S�xn 
�S�xn = [( 1 mol Fe203)(87. 4  J/ mol ·K) 

+ (3 mol H2) ( 1 30.6 J/ mol'K)]  
- [(2 mol Fe)(27.3 J/ mol' K) 
+ (3 mol H20)( l 88.7 J/ mol ·K)]  

= -14 1 .5 J/ K 
20.3 2FeO(s) + �02(g) - Fe203(S) 
�S�ys = ( 1  mol Fe203)(87.4 J/ mol ·K) 

- [(2 mol FeO)(60.75 J/ mol ·K) 
+ (� mol 02)(205.0 J/ mol 'K)]  

= - 136.6 J/ K 
�H�ys = ( 1  mol Fe203)( - 825.5 kJ/ mol) 

- [(2 mol FeO)( -272.0 kJ/ mol) 
+ (� mol O2)(0 kJ/ mol)] 

= -281.5 kJ 
_ _  �mys _ 

�SSlIlT - T -

Problems 

(-28 1 .5 kJ X 1000 J/ kJ) = +945 J/ K 
298 K 

Problems with colored numbers are answered in Appendix E. 
Sections match the text and provide the numbers of relevant sam­
ple problems. Bracketed problems are grouped in pairs ( indicated 
by a short rule) that cover the same concept. Comprehensive prob­
lems are based on material from any section or previous chapter. 
Note: Unless stated otherwise, problems refer to �stems at 298 K 
(25°C). Solving these problems may require values trom Appendix B. 

The Second Law of Thermodynamics: Predicting 
Spontaneous Change 
(Sample Problem 20. 1) 

20. 1 Distinguish between the terms spontaneous and instanta­
neous. Give an example of a process that is spontaneous but very 
slow, and one that is very fast but not spontaneous. 

20.2 Distinguish between the terms spontaneous and nonsponta­
neous. Can a nonspontaneous process occur? Explain. 

20.3 State the first law of thermodynamics in terms of (a) the en­
ergy of the universe; (b) the creation or destruction of energy; 
(c) the energy change of system and surroundings. Does the first 
law reveal the direction of spontaneous change? Explain. 

20.4 State qualitatively the relationship between entropy and free­
dom of particle motion. Use this idea to explain why you will 
probably never (a) be suffocated because all the air near you has 
moved to the other side of the room; (b) see half the water in 
your cup of tea freeze while the other half boils. 

20.5 Why is �Svap of a substance always larger than �Sfus? 

Problems 

�Suniv = �S�ys + �Ssurr = - 1 36.6 J/ K + 945 J/ K 
= 808 J/ K; reaction is spontaneous at 298 K. 

20.4 Using �Hf and So values from Appendix B, 
�H�xn = - 1 1 4.2 kJ and �S�XIl = - 1 46.5 J/ K 
�G�XIl = �H�xll - T�S�xn = - 1 1 4.2 kJ 

- [(298 K)( - 1 46.5 J/ K)(1 kJ/ 1 000 J)] 
= -70.5 kJ 

20.5 (a) �G�xn = (2 mol N02)(51 kJ/ mo!) 
- [(2 mol NO)(86.60 kJ/ mol) 
+ ( 1  mol O2)(0 kJ/ mol)] 

= - 7 1  kJ 
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(b) �G�xn = (2 mol CO)( - 1 37.2 kJ/ mol) - [(2 mol C)(O kJ/ mol) 
+ ( 1  mol O2)(0 kJ/ mol)] 

= -274.4 kJ 
20.6 �G becomes negative at lower T, so �H < 0, �S < 0, and 
- T�S > O. At lower T, the negative �H value becomes larger 
than the positive - T�S value. 

1 kJ 20.7 (a) �Go = -RT ln K = - 8.3 1 4  J/ mol·K  X -- X 298 K 
X In (2.3X lO-9) 1 000 J 

= 49 kJ/ mol 
[H30+] [BrO-] (6.0X 1 0-

4)(0. 1 0) 
-4 (b) Q = = = 3.0X lO 

[HBrO] 0.20 
�G = �Go + RT In Q 

= 49 kJ/ mol 

+ [8 .3 1 4  J/ mol·K X 
I
�

O
k�

J 
X 298 K X ln (3.0X lO-4)] 

= 29 kJ/ mol 

20.6 How does the entropy of the sun·oundings change during an 
exothennic reaction? An endothennic reaction? Other than the ex­
amples cited in text, describe a spontaneous endothennic process. 

20.7 (a) What is the entropy of a perfect crystal at 0 K? 
(b) Does entropy increase or decrease as the temperature rises? 
(c) Why is �Hf = 0 but So > 0 for an element? 
(d) Why does Appendix B list �Hf values but not �Sf values? 

120.8 Which of these processes are spontaneous: (a) water evaporat­
ing from a puddle in summer; (b) a lion chasing an antelope; (c) an 
unstable isotope undergoing radioactive disintegration? 

20.9 Which of these processes are nonspontaneous: (a) methane 
burning in air; (b) a teaspoonful of sugar dissolving in a cup of 
hot coffee; (c) a soft-boiled egg becoming raw? 

20. 1 0  Predict the sign of �Ssys for each process: (a) a piece of wax 
melting; (b) silver chloride precipitating from solution; (c) dew 
forming. 

20. 1 1 Predict the sign of �Ssys for each process: (a) alcohol evap­
orating; (b) a solid explosive converting to a gas; (c) perfume va­
pors diffusing through a room. 

20. 1 2  Without using Appendix B, predict the sign of �So for 
(a) 2K(s) + F2(g) - 2KF(s) 
(b) NH3(g) + HBr(g) - NH4Br(s) 
(c) NaCI03(s) - Na+(aq) + CI03 -(aq) 

20. 1 3  Without using Appendix B, predict the sign of �So for 
(a) H2S(g) + �02(g) - iSs(s) + H20(g) 
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(b) HCl(aq) + NaOH(aq) - NaCl(aq) + H20(l) 
(c) 2N02(g) - N204(g) 

20. 1 4  Without using Appendix B, predict the sign of !J.So for 
(a) CaC03(s) + 2HCl(aq) - CaCI2(aq) + H20(l) + cO2 (g) 
(b) 2NO(g) + 02(g) - 2N02(g) 
(c) 2KC103(s) - 2KCI(s) + 302(g) 

20. 1 5  Without using Appendix B, predict the sign of !J.So for 
(a) Ag+(aq) + Cl-(aq) - AgCl(s) 
(b) KEr(s) - KBr(aq) 

CH2 / \  
(c) CH3CH= CH2(g) -- H2C-CH2(g) 

20. 1 6  Predict the sign of !J.S for each process: 
(a) C2HsOH(g) (3S0 K and SOO torr) -

C2HsOH(g) (3S0 K and 2S0 tOlT) 
(b) N2(g) (298 K and I atm) - N2(aq) (298 K and I atm) 
(c) 02(aq) (303 K and I atm) - 02(g) (303 K and I atm) 

20. 1 7  Predict the sign of !J.S for each process: 
(a) 02(g) ( l .0 L at I atm) - 02(g) (0.10 L at 10 atm) 
(b) Cu(s) (3S0°C and 2.S atm) - Cu(s) (4S0°C and 2.S atm) 
(c) Cl2(g) ( l OO°C and I atm) - CI2(g) ( l O°C and 1 atm) 

20. 1 8  Predict which substance has greater molar entropy. Explain. 
(a) Butane CH3CH2CH2CH3(g) or 2-butene CH3CH=CHCH3(g) 
(b) Ne(g) or Xe(g) (c) CH4(g) or CCI4(l) 

20. 1 9  Predict which substance has greater molar entropy. Explain. 
(a) CH30H(l) or C2HsOH(l) (b) KCI03(s) or KCI03(aq) 
(c) Na(s) or K(s) 

20.20 Without consulting Appendix B, arrange each group in or­
der of increasing standard molar entropy (SO). Explain. 
(a) Graphite, diamond, charcoal 
(b) Ice, water vapor, liquid water (c) 02, 03, ° atoms 

20.2 1 Without consulting Appendix B, arrange each group in or­
der of increasing standard molar entropy (SO). Explain. 
(a) Glucose (C6H I206), sucrose (C I 2H220 1 1 ) ,  ribose (CSH I OOS) 
(b) CaC03, Ca + C + �02' CaO + CO2 
(c) SF6(g), SF4(g), S2F lO(g) 

20.22 Without consulting Appendix B, arrange each group in or­
der of decreasing standard molar entropy (SO). Explain. 
(a) CI04 - (aq), Cl02 -(aq), Cl03 - (aq) 
(b) N02(g), NO(g), N2(g) (c) Fe203(S), AI203(s), Fe304(S) 

20.23 Without consulting Appendix B, arrange each group in or­
der of decreasing standard molar entropy (SO). Explain. 
(a) Mg metal, Ca metal, Ba metal 
(b) Hexane (C6H I4) , benzene (C6H6), cyclohexane (C6Hd 
(c) PF2CI3(g), PFs(g), PF3(g) 

Calculating the Change in Entropy of a Reaction 
(Sample Problems 20.2 and 20.3) 

20.24 What property of entropy allows Hess's law to be used in 
the calculation of entropy changes? 

20.25 Describe the equilibrium condition in terms of the entropy 
changes of a system and its surroundings. What does this de­
scription mean about the entropy change of the universe? 

20.26 For the reaction H20(g) + CI20(g) - 2HClO(g), you 
know !J.S�xn and So of HCIO(g) and of H20(g). Write an expres­
sion to determine So of CI20(g). 

120.27 For each reaction, predict the sign and find the value of !J.So: 
(a) 3NO(g) - N20(g) + N02(g) 

(b) 3H2(g) + Fe203(S) - 2Fe(s) + 3H20(g) 
(c) P4(s) + S02(g) - P40 10(S) 

20.28 For each reaction, predict the sign and find the value of !J.So: 
(a) 3N02(g) + H20(l) - 2HN03(l) + NO(g) 
(b) N2(g) + 3F2(g) - 2NF3(g) 
(c) C6H I206(S) + 602(g) - 6C02(g) + 6H20(g) 

20.29 Find !J.So for the combustion of ethane (C2H6) to carbon 
dioxide and gaseous water. Is the sign of !J.So as expected? 

20.30 Find !J.So for the reaction of nitric oxide with hydrogen to 
form ammonia and water vapor. Is the sign of !J.So as expected? 

20.3 1 Find !J.So for the formation of CU20(S) from its elements. 
120.32 Find !J.So for the formation of CH30H(l) from its elements. 

20.33 Sulfur dioxide is released in the combustion of coal. Scrub-
bers use aqueous slurries of calcium hydroxide to remove the 
S02 from flue gases. Write a balanced equation for this reaction 
and calculate !J.So at 298 K [SO of CaS03(S) = 101.4 J/ mol· K]. 

20.34 Oxyacetylene welding is used to repair metal structures, in­
cluding bridges, buildings, and even the Statue of Liberty. Cal­
culate !J.So for the combustion of 1 mol of acetylene (C2H2). 

Entropy, Free Energy, and Work 
(Sample Problems 20.4 to 20.6) 

20.35 What is the advantage of calculating free energy changes 
rather than entropy changes to determine reaction spontaneity? 

20.36 Given that !J.Gsys = - T!J.Suniv, explain how the sign of 
!J.Gsys correlates with reaction spontaneity. 

20.37 Is an endothermic reaction more likely to be spontaneous at 
higher temperatures or lower temperatures? Explain. 

20.38 With its components in their standard states, a certain reac­
tion is spontaneous only at high T. What do you know about the 
signs of !J.Ho and !J.SO? Describe a process for which this is true. 

120.39 Calculate !J.Go for each reaction using !J.G� values: 
(a) 2Mg(s) + 02(g) - 2MgO(s) 
(b) 2CH30H(g) + 30ig) - 2C02(g) + 4H20(g) 
(c) BaO(s) + CO2(g) - BaC03(s) 

20.40 Calculate !J.Go for each reaction using !J.G� values: 
(a) H2(g) + 12(s) - 2HI(g) 
(b) Mn02(s) + 2CO(g) - Mn(s) + 2C02(g) 
(c) NH4Cl(s) - NH3(g) + HCI(g) 

20.41 Find !J.Go for the reactions in Problem 20.39 using !J.H� and 
So values. 

20.42 Find !J.Go for the reactions in Problem 20.40 using !J.H� and 
So values. 

20.43 Consider the oxidation of carbon monoxide: 
CO(g) + �Oig) - CO2(g) 

(a) Predict the signs of !J.So and !J.Ho. Explain. 
(b) Calculate !J.Go by two different methods. 

20.44 Consider the combustion of butane gas: 
C4H 1 0(g) + ¥02(g) - 4C02(g) + SH20(g) 

(a) Predict the signs of !J.So and !J.Ho. Explain. 
(b) Calculate !J.Go by two different methods. 

20.45 One reaction used to produce small quantities of pure H2 is 
CH30H(g) � CO(g) + 2H2(g) 

(a) Determine !J.Ho and !J.So for the reaction at 298 K. 
(b) Assuming that these values are relatively independent of tem­
perature, calculate !1Go at 38°C, 138°C, and 238°C. 
(c) What is the significance of the different values of !J.GO? 



20.46 A reaction that occurs in the internal combustion engine is 
N2(g) + 02(g) � 2NO(g) 

(a) Determine i:lHo and i:lSo for the reaction at 298 K. 
(b) Assuming that these values are relatively independent of tem­
perature, calculate i:lGo at 100.oC, 2560.oC, and 3540.°C.  
(c)  What is the significance of the different values of i:lGO? 

20.47 Use i:lHo and i:lSo values for the following process at 1 atm 
to find the normal boiling point of Br2 : Br2(l) � Br2(g) 

20.48 Use i:lHo and i:lSo values to find the temperature at which 
these sulfur allotropes reach equilibrium at 1 atm: 

S(rhombic) � S(monoclinic) '--------
20.49 As a fuel, H2(g) produces only nonpolluting H20(g) when it 

burns. Moreover, it combines with 02(g) in a fuel cell (Chapter 21) 
to provide electrical energy. 
(a) Calculate i:lHo, i:lSo, and i:lGo per mol of H2 at 298 K. 
(b) Is the spontaneity of this reaction dependent on T? Explain. 
(c) At what temperature does the reaction become spontaneous? 

20.50 The United States requires a renewable component in auto­
mobile fuels. The fermentation of glucose from corn produces 
ethanol, which is added to gasoline to fulfill this requirement: 

C6H 1 206(S) ----->- 2C2H50H(l) + 2C02(g) 
Calculate i:lHo, i:lSo, and !:::'Go for the reaction at 25°C. Is the 
spontaneity of this reaction dependent on T? Explain. 

Free Energy, Equilibrium, and Reaction Direction 
(Sample Problem 20.7) 

20.5 1 (a) If K < < 1 for a reaction, what do you know about the 
sign and magnitude of i:lGO? (b) If i:lGo < < 0 for a reaction, 
what do you know about the magnitude of K? Of Q? 

20.52 How is the free energy change of a process related to the 
work that can be obtained from the process ?  Is this quantity of 
work obtainable in practice? Explain. 

20.53 What is the difference between i:lGo and i:lG? Under what 
circumstances does i:lG = i:lGO? 

120.54 Calculate K at 298 K for each reaction: 
(a) NO(g) + �02(g) � N02(g) 
(b) 2HCI(g) � H2(g) + CI2(g) 
(c) 2C(graphite) + 02(g) � 2CO(g) 

20.55 Calculate K at 298 K for each reaction: 
(a) 2H2S(g) + 302(g) � 2H20(g) + 2S02(g) 
(b) H2S04(l) � H20(I) + S03(g) 
(c) HCN(aq) + NaOH(aq) � NaCN(aq) + H20(l) 

20.56 Use Appendix B to determine the Ksp of Ag2S. 
20.57 Use Appendix B to determine the Ksp of CaF2· 

20.58 For the reaction I2(g) + CI2(g) � 2IC1(g), calculate Kp 
at 25°C [i:lGr of IC1(g) = -6.075 kIlmol]. 

20.59 For the reaction CaC03(s) � CaO(s) + CO2(g), calcu­
late the equil ibrium Peo2 at 25°C. 

20.60 The Ksp of PbCI2 is l .7 X 1 0-5 at 25°C. What is i:lGO? Is it 
possible to prepare a solution that contains Pb2+ (aq) and 
Cl-(aq), at their standard-state concentrations? 

20.61 The Ksp of ZnF2 is 3.0X 10-2 at 25°C. What is i:lGO? Is it 
possible to prepare a solution that contains Zn2+ (aq) and F-(aq) 
at their standard-state concentrations? 

20.62 The equilibrium constant for the reaction 
2Fe

3
+(aq) + Hg/+(aq) � 2Fe2

+(aq) + 2Hg2
+(aq) 

is Kc = 9. 1 X 10-6 at 298 K. 

Problems 679 

(a) What is i:lGo at this temperature? 
(b) If standard-state concentrations of the reactants and products 
are mixed, in which direction does the reaction proceed? 
(c) Calculate i:lG when [Fe

3
+ ]  = 0.20 M, [Hg2

2+]  = 0.010 M, 
[Fe2+] = 0.0 1 0  M, and [Hg2+]  = 0.025 M. In which direction 
will the reaction proceed to achieve equilibrium? 

20.63 The formation constant for the reaction 
Ni2+ (aq) + 6NH3(aq) � Ni(NH3)62+ (aq) 

is Kr = 5.6X 108 at 25°C. 
(a) What is i:lGo at this temperature? 
(b) If standard-state concentrations of the reactants and products 
are mixed, in which direction does the reaction proceed? 
(c) Determine i:lG when [Ni(NH3)62+ ]  = 0.010 M, [Ni2+] = 
0.00 10  M, and [NH3] = 0.0050 M. In which direction will the 
reaction proceed to achieve equilibrium? 

20.64 High levels of ozone (03) cause rubber to deteriorate, green 
plants to turn brown, and many people to have difficulty breathing. 
(a) Is the formation of 03 from O2 favored at all T, no T, high T, 
or low T? 
(b) Calculate i:lGo for this reaction at 298 K. 
(c) Calculate i:lG at 298 K for this reaction in urban smog where 
[02] = 0.21 atm and [03] = 5X 10-7 atm. 

20.65 A BaS04 slurry is ingested before the gastrointestinal tract is 
x-rayed because it is opaque to x-rays and defines the contours of 
the tract. Ba2+ ion is  toxic, but the compound is nearly insoluble. 
If i:lGo at 37°C (body temperature) is 59.1 kJ/mol for the process 

BaSOis) � Ba2+ (aq) + SO/-(aq) 
what is [Ba2+ ]  in the intestinal tract? (Assume that the only 
source of SO/- is the ingested slurry.) 

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

20.66 According to the advertisement, "a diamond is forever." 
(a) Calculate i:lHo, i:lSo, and i:lGo at 298 K for the phase change 

Diamond ----->- graphite 
(b) Given the conditions under which diamond jewelry is nor­
mally kept, argue for and against the statement in the ad. 
(c) Given the answers in part (a) , what would need to be done to 
make synthetic diamonds from graphite? 
(d) Assuming i:lHo and i:lSo do not change with temperature, can 
graphite be converted to diamond spontaneously at 1 atm? 

20.67 Replace each question mark with the correct information: 

.:lSrxn 

(a) + 
(b) ? 
(c) 
(d) 0 
(e) ? 
(f) + 

.:lHrxn 

0 
+ 
? 
0 
+ 

Comment 

? 
Spontaneous 

? Not spontaneous 
Spontaneous 

+ ? 
? ns > i:lH 

20.68 What is the change in entropy when 0.200 mol of potassium 
freezes at 63.7°C (i:lHfus = 2.39 kI/mol)? 

* 20.69 Hemoglobin carries O2 from the lungs to tissue cells, where 
the O2 is released. The protein is  represented as Hb in its unoxy­
genated form and as Hb·02 in its oxygenated form. One reason 
CO is toxic is that it competes with O2 in binding to Hb: 

Hb·02(aq) + CO(g) � Hb·CO(aq) + 02(g) 
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(a) If I1Go = -14 kJ at 37°C (body temperature), what is the ra­
tio of [Hb'CO] to [Hb·02] at 37°C with [02] = [CO]? 
(b) How is Le Chiitelier's  principle used to treat CO poisoning? 

20.70 Magnesia (MgO) is used for fire brick, crucibles, and fur­
nace linings because of its high melting point. It is produced by 
decomposing magnesite (MgC03) at around 1 200°C. 
(a) Write a balanced equation for magnesite decomposition. 
(b) Use I1Ho and So values to find I1Go at 298 K. 
(c) Assuming I1Ho and So do not change with temperature, find 
the minimum temperature at which the reaction is spontaneous. 
(d) Calculate the equilibrium Peo, above MgC03 at 298 K. 
(e) Calculate the equilibrium Peo� above MgC03 at 1200 K. 

20.71 Methanol, a major industrial feedstock, is made by several 
catalyzed reactions, such as CO(g) + 2H2(g) -- CH30H(l). 
(a) Show that this reaction is thermodynamically feasible. 
(b) Is it favored at low or at high temperatures? 
(c) One concern about using CH30H as an auto fuel is  its oxida­
tion in air to yield formaldehyde, CH20(g), which poses a health 
hazard. Calculate I1Go at 100.oC for this oxidation. 

20.72 (a) Write a balanced equation for the gaseous reaction be­
tween N20S and F2 to form NF3 and O2, (b) Determine I1G�xn­
(c) Find I1Grxn at 298 K if PN20S = PF2 = 0.20 atm, PNF3 = 
0.25 atm, and P02 = 0.50 atm. 

20.73 Consider the following reaction: 
2NOBr(g) � 2NO(g) + Br2(g) K = 0.42 at 373 K 

Given that So of NOBr(g) = 272.6 llmol '  K and that I1S�xn and 
I1H�xn are constant with temperature, find 
(a) I1S�xn at 298 K (b) I1G�xn at 373 K 
(c) I1H�xn at 373 K (d) 11m of NOBr at 298 K 
(e) I1G�xn at 298 K (f) I1G'f of NOBr at 298 K 

20.74 Calculate the equilibrium constants for decomposition of 
the hydrogen halides at 298 K: 2HX(g) � H2(g) + X2(g) 
What do these values indicate about the extent of decomposition 
of HX at 298 K? Suggest a reason for this trend. 

20.75 The key process in a blast furnace during the production of 
iron is the reaction of Fe203 and carbon to yield Fe and CO2, 
(a) Calculate I1Ho and I1So. [Assume C(graphite).] 
(b) Is the reaction spontaneous at low or at high T? Explain. 
(c) Is the reaction spontaneous at 298 K? 
(d) At what temperature does the reaction become spontaneous? 

20.76 Bromine monochloride is formed from the elements: 
CI2(g) + Br2(g) -- 2BrCI(g) 

I1H�xn = -1.35 kllmol I1G'f = - 0.88 kJ/ mol 
Calculate (a) I1H'f and (b) So of BrCI(g). 

20.77 Solid N20S reacts with water to form liquid HN03. Con­
sider the reaction with all substances in their standard states. 
(a) Is the reaction spontaneous at 25°C? 
(b) The solid decomposes to N02 and O2 at 25°C. Is the decom­
position spontaneous at 25°C? At what T is it spontaneous? 
(c) At what T does gaseous N20S decompose spontaneously? 
Explain the difference between this T and that in part (b). 

20.78 Find K for (a) the hydrolysis of ATP, (b) the reaction of glu­
cose with HPO/- to form glucose phosphate, and (c) the cou­
pled reaction between ATP and glucose. (d) How does each K 
change when T changes from 25°C to 37°C? 

* 20.79 Energy from ATP hydrolysis drives many nonspontaneous 
cell reactions: 
ATp4-(aq) + H20(l) � 

ADp
3
-(aq) + HPO/-(aq) + H+(aq) I1Go' = -30.5 kl 

Energy for the reverse process comes ultimately from glucose 
metabolism: 

C6HI 206(S) + 602(g) -- 6C02(g) + 6H20(l) 
(a) Find I1G��n for metabolism of 1 mol of glucose. (b) How 
many moles of ATP can be produced by metabolism of 1 mol of 
glucose? (c) If 36 mol of ATP is formed, what is the actual yield? 

20.80 A chemical reaction, such as HI forming from its elements, 
can reach equilibrium at many temperatures. In contrast, a phase 
change, such as ice melting, is in equilibrium at a given pressure 
only at the melting point. (a) Which graph depicts how Gsys 
changes for the formation of HI? Explain. (b) Which graph de­
picts how Gsys changes as ice melts at 1 °C and 1 atm? Explain. 

A Extent af change B Extent of change 

c Extent af change D Extent of change 

* 20.8 1 Consider the formation of ammonia: 
N2(g) + 3H2(g) � 2NH3(g) 

(a) Assuming that I1Ho and I1So are constant with temperature, find 
the temperature at which Kp = 1.00. (b) Find Kp at 400.oC, a typi­
cal temperature for NH3 production. (c) Given the lower Kp at the 
higher temperature, why are these conditions used industrially? 

* 20.82 Kyanite, sillimanite, and andalusite all have the formula 
AI2SiOs. Each is stable under different conditions: 

Temperature 

At the point where the three phases intersect: 
(a) Which mineral, if any, has the lowest free energy? 
(b) Which mineral, if any, has the lowest enthalpy? 
(c) Which mineral, if any, has the highest entropy? 
(d) Which mineral, if any, has the lowest density? 



Plating It On Electroplating chromium onto this 1 936 Packard hood ornament, 
both for beauty and protection against corrosion, requires energy. The other face of 
electrochemistry is represented by batteries, which supply energy. This chapter will 
reveal both faces. 

Key Principles 
• Oxidation-reduction (redox) reactions involve the movement of 

electrons. The half-reaction method of balancing a redox reaction 
separates the overall reaction into two half-reactions. This reflects 
the actual separation of the two half-cells in an electrochemical cell. 

• In a voltaic cell, a spontaneous redox reaction (t.G < 0) is separated 
into an oxidation half-reaction (anode half-cell) and a reduction half­
reaction (cathode half-cell). Electrons flow from anode to cathode 
through an external circuit, releasing electrical energy, and ions flow 
through a salt bridge to complete the circuit and balance the charge 
within the cell. 

• The anode has a greater ability to give up electrons than the cathode, 
and the cell potential, or voltage (Ecell) ,  is related to this difference. A 
negative t.G correlates with a positive Ecell ' Under standard-state 
conditions, each half-reaction is associated with a standard electrode 

potential (E�"f-cell) ' 
• The standard free energy change (t.GO) , the standard cell potential 

(E�ell) ' and the equilibrium constant (K) are interrelated. 

• Cell potential (Ecell) changes during operation of the cell. The Nemst 
equation shows that Ecell depends on E�ell and a term for the potential 
at nonstandard-state concentrations. During the operation of a typical 
voltaic cell, reactant concentration starts out higher than product 
concentration, gradually becomes equal to it, and then less than it, 
until Q = K and the cell can do no more work. 

Outl i ne 

E lectroc em i stf:y:----=� 
Chem ica l Change 
and E lectrica l Work 

• I n  a concentration cell, each half-cell houses the same half-reaction, 
but the concentrations of reactants are different. During operation, 
the solution in the anode half-cell spontaneously becomes more 
concentrated and that in the cathode half-cell becomes less 
concentrated until their concentrations are equal. 

• A battery is a group of voltaic cells arranged in series. In a primary 
battery, reactants become products until equilibrium is reached, ·at 
which point the battery is discarded. A secondary battery can be 
recharged by using an external energy source to convert the products 
back into reactants. In a fuel cell, reactants enter and products leave 
continually. 

• The process of corrosion is a spontaneous electrochemical 
phenomenon similar to the operation of a voltaic cell. It is a major 
economic problem because the anode is typically a useful metal tool 
(e. g . ,  shovel) or structure (e.g . ,  bridge) that is harmed. 

• In an electrolytic cell, an external energy source makes a 
nonspontaneous redox reaction (t.G > 0) occur. In electrolysis of a 
molten binary ionic compound (salt), the cation is reduced to the 
metal and the anion is oxidized to the nonmetal. For an aqueous salt 
solution, the products depend on whether water or one of the ions 
of the salt requires less energy to be reduced or oxidized . 
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Concepts & Ski l ls to Review 
Before You Study This Chapter 

• redox terminology (Section 4.5) 
• activity series of the metals 

(Section 4.6) 
• free energy, work, and equilibrium 

(Sections 20.3 and 20.4) 
• Q vs. K (Section 1 7.4) and �G vs. �Go 

(Section 20.4) 

CHAPTER 21 Electrochemistry: Chemical Change and Electrical Work 

I f you think thermodynamics relates mostly to expanding gases inside steam 
engines and has few practical, everyday applications, just look around. Some 

applications are probably within your reach right now, in the form of battery­
operated devices-laptop computer, palm organizer, DVD remote, and, of course, 
wristwatch and calculator-or in the form of metal-plated jewelry or silverware. 
The operation and creation of these objects, and the many similar ones you use 
daily, involve the principles we cover in this chapter. 

Electrochemistry, certainly one of the most important areas of applied ther­
modynamics, is the study of the relationship between chemical change and elec­
trical work. It is typically investigated through the use of electrochemical cells, 
systems that incorporate a redox reaction to produce or utilize electrical energy. 

2 1 . 1  REDOX REACTIONS AND ELECTROCHEMICAL CELLS 

Whether an electrochemical process releases or absorbs free energy, it always 
involves the movement of electrons from one chemical species to another in an 
oxidation-reduction (redox) reaction. In this section, we review the redox process 
and describe the half-reaction method of balancing redox reactions. Then we see 
how such reactions are used in electrochemical cells. 

A Quick Review of Oxidation-Reduction Concepts 
In electrochemical reactions, as in any redox process, oxidation is the loss of elec­
trons, and reduction is the gain of electrons. An oxidizing agent is the species that 
does the oxidizing, taking electrons from the substance being oxidized. A reduc­
ing agent is the species that does the reducing, giving electrons to the substance 
being reduced. After the reaction, the oxidized substance has a higher (more pos­
itive or less negative) oxidation number (O.N.), and the reduced substance has a 
lower (less positive or more negative) one. Keep in mind three key points: 

• Oxidation (electron loss) always accompanies reduction (electron gain). 
• The oxidizing agent is reduced, and the reducing agent is oxidized. 
• The total number of electrons gained by the atoms/ions of the oxidizing agent 

always equals the total number lost by the atoms/ions of the reducing agent. 

Figure 2 1 . 1  presents these ideas for the aqueous reaction between zinc metal 
and a strong acid. Be sure you can identify the oxidation and reduction parts of 
a redox process. If you ' re having trouble, see the full discussion in Chapter 4. 

PROCESS 
OXIDATION 
• ()ne reactarnt loses electrons. Zinc loses electrons. 
• Reducing agent is oxidized. ZinG is the reduciRg agent and 

becomes oxidized. 
• OxidatioR number irncreases. The oxidation number of Zn 

increases fram 0 to +2. 

REDUCTION 
• Other reactant gains electrons. Hydrogen ion gains electrons. 
• Oxidizing agent is reduced. Hydrogen ion is the oxidizing 

agent and becomes reduced. 
• Oxidation number decreases. The oxidation number of H 

decreases from +1 to O. 

Figure 2 1 . 1  A summary of redox terminology. In  the reaction between zinc and hydrogen ion, 
Zn is oxidized and H+ is reduced. 
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Half-Reaction Method for Balancing Redox Reactions 
The half-reaction method for balancing redox reactions divides the overall redox 
reaction into oxidation and reduction half-reactions. Each half-reaction i s  
balanced for atoms and charge. Then, one or  both are multiplied by  some integer 
to make electrons gained equal electrons lost, and the half-reactions are recom­
bined to give the balanced redox equation . The half-reaction method is commonly 
used for studying electrochemistry because 

• It separates the oxidation and reduction steps, which reflects their actual phys­
ical separation in electrochemical cells. 

• It is readily applied to redox reactions that take place in acidic or basic solu­
tion, which is common in these cells .  

• It (usually) does not require assigning O.N.s. (In cases where the half-reactions 
are not obvious, we assign O.N.s to determine which atoms undergo a change 
and write half-reactions with the species that contain those atoms .)  

In general, we begin with a "skeleton" ionic reaction, which shows only the 
species that are oxidized and reduced. If the oxidized form of a species is on the 
left side of the skeleton reaction, the reduced form of that species must be on the 
right, and vice versa. Unless H20, H+, and OH- are being oxidized or reduced, 
they do not appear in the skeleton reaction. The following steps are used in bal­
ancing a redox reaction by the half-reaction method: 

Step 1. Divide the skeleton reaction into two half-reactions, each of which 
contains the oxidized and reduced forms of one of the species. (Which half­
reaction is the oxidation and which is the reduction will become clear in the 
next step.) 

Step 2. Balance the atoms and charges in each half-reaction. 
• Atoms are balanced in order: atoms other than 0 and H, then 0, and then H. 
• Charge is  balanced by adding electrons (e -). They are added to the left in the 

reduction half-reaction because the reactant gains them; they are added to the 
right in the oxidation half-reaction because the reactant loses them. 

Step 3. If necessary, multiply one or both half-reactions by an integer to make 
the number of e - gained in the reduction equal the number lost in the oxidation. 

Step 4. Add the balanced half-reactions, and include states of matter. 
Step 5. Check that the atoms and charges are balanced. 

We'll balance a redox reaction that occurs in acidic solution first and then go 
through Sample Problem 2 1 . 1  to balance one in basic solution. 

Balancing Redox Reactions in Acidic Solution When a redox reaction occurs in 
acidic solution, H20 molecules and H+ ions are available for balancing. Even 
though we' ve usually used H30 + to indicate the proton in water, we use H+ in 
this chapter because it makes the balanced equations less complex. 

Let's balance the redox reaction between dichromate ion and iodide ion 
to form chromium(III) ion and solid iodine, which occurs in acidic solution 
(Figure 2 1.2) . The skeleton ionic reaction shows only the oxidized and 
reduced species: 

Cr20/-(aq) + 1-(aq) -- Cr3+ (aq) + 12(s) [acidic solution] 

Step 1. Divide the reaction into half-reactions, each of which contains the 
oxidized and reduced forms of one species. The two chromium species make up 
one half-reaction, and the two iodine species make up the other: 

Cr20/- __ Cr3+ 
1- -- 12 
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Figure 2 1 .2 The redox reaction between 
dichromate ion and iodide ion. When 
Cr20/- (left) and 1- (center) are mixed in 
acid solution, they react to form c,-3+ and 
12 (right). 
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Step 2. Balance atoms and charges in each half-reaction. We use H20 to bal­
ance 0 atoms, H+ to balance H atoms, and e - to balance positive charges. 
• For the Cr20/-/Cr3+ half-reaction: 

a. Balance atoms other than 0 and H. We balance the two Cr on the left with 
a coefficient 2 on the right: 

Cr20/- - 2Cr3+ 

b. Balance 0 atoms by adding H20 molecules. Each H20 has one 0 atom, so 
we add seven H20 on the right to balance the seven 0 in Cr20/- :  

Cr207
2- _ 2Cr3+ + 7H20 

c. Balance H atoms by adding H+ ions. Each H20 contains two H, and we 
added seven H20, so we add 14 H+ ions on the left: 

14H+ + Cr20/- - 2Cr3+ + 7H20 

d. Balance charge by adding electrons. Each H+ ion has a 1 + charge, and 14 
H+ plus Cr20/- gives 1 2+ on the left. Two Cr3+ give 6+ on the right. There 
is an excess of 6 + on the left, so we add six e - on the left: 

6e- + 14H+ + Cr20/- - 2Cr3+ + 7H20 

This half-reaction is balanced, and we see it is the reduction because electrons 
appear on the left, as reactants: the reactant Cr20/- gains electrons (is 
reduced), so Cr2072- is the oxidizing agent. (Note that the O.N. of Cr decreases 
from + 6 on the left to + 3 on the right.) 

• For the 1-/12 half-reaction: 
a. Balance atoms other than 0 and H. Two I atoms on the right require a coef­
ficient 2 on the left: 

21- - 12 

b. Balance 0 atoms with H20. Not needed; there are no 0 atoms. 
c. Balance H atoms with H+. Not needed; there are no H atoms. 
d. Balance charge with e -. To balance the 2 - on the left, we add two e - on 
the right: 

21- - 12 + 2e-

This half-reaction is balanced, and it is the oxidation because electrons appear 
on the right, as products: the reactant 1- loses electrons (is oxidized), so 1- is 
the reducing agent. (Note that the O.N. of I increases from - 1  to 0.) 

Step 3. Multiply each half-reaction, if necessary, by an integer so that the num­
ber of e - lost in the oxidation equals the number of e - gained in the reduction. 
Two e - are lost in the oxidation and six e - are gained in the reduction, so we 
multiply the oxidation by 3 :  

3(21- - 12 + 2e-) 
61- - 312 + 6e-

Step 4. Add the half-reactions together, canceling substances that appear on 
both sides, and include states of matter. In this example, only the electrons cancel: 

6e= + 14H+ + Cr20/- - 2Cr3+ + 7H20 
61- - 312 + 6e= 

61-(aq) + 14H+(aq) + Cr20/-(aq) - 312(s) + 7H20(l) + 2Cr3+(aq) 

Step 5. Check that atoms and charges balance: 

Reactants (61, 14H, 2Cr, 70; 6+ )  - products (61, 1 4H, 2Cr, 70; 6+ )  

Balancing Redox Reactions in Basic Solution A s  you just saw, i n  acidic solu­
tion, H20 molecules and H+ ions are available for balancing. As Sample Prob­
lem 21 . 1  shows, in basic solution, H20 molecules and OH- ions are available. 
Only one additional step is needed to balance a redox equation that takes place 
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in basic solution. It appears after both half-reactions have first been balanced as 
if they took place in acidic solution (steps 1 and 2), the e - lost have been made 
equal to the e - gained (step 3), and the half-reactions have been combined (step 
4). At this point, we add one OH- ion to both sides of the equation for every 
H+ ion present. (We label this step "4 Basic.") The H+ ions on one side are com­
bined with the added OH- ions to form H20, and OH- ions appear on the other 
side of the equation. Exces s  H20 molecules are canceled, and states of matter are 
identified. Finally, we check that atoms and charges balance (step 5).  

SAMPLE PROBLEM 2 1 . 1  Balancing Redox Reactions by the Half-Reaction Method 
Problem Permanganate ion is a strong oxidizing agent, and its deep purple color makes 
it useful as an indicator in redox titrations. It reacts in basic solution with the oxalate ion 
to form carbonate ion and solid manganese dioxide. Balance the skeleton ionic equation 
for the reaction between NaMn04 and Na2C204 in basic solution: 

Mn04 -(aq) + C20/-(aq) ----+ Mn02(S) + CO/-(aq) [basic solution] 

Plan We proceed through step 4 as if this took place in acidic solution. Then, we add the 
appropriate number of OH- ions and cancel excess H20 molecules (step 4 Basic). 
Solution 
1. Divide into half-reactions. 

Mn04 - ----+ Mn02 
2. Balance. 

a. Atoms other than 0 and H,  
Not needed 

b. 0 atoms with H20, 
Mn04 - -- Mn02 + 2H20 

c. H atoms with H +, 

a. Atoms other than 0 and H, 
C20/- -- 2CO/-

b. 0 atoms with H20, 
2H20 + C20/- -- 2CO/-

c. H atoms with H+,  
4H+ + Mn04 - ----+ Mn02 + 2H20 2H20 + C2042- -- 2CO/- + 4H+ 

d. Charge with e - ,  d .  Charge with e -, 
3e - + 4H+ + Mn04 - ----+ Mn02 + 2H20 

[reduction] 
2H20 + c20l- ----+ 2C03

2- + 4H+ + 2e-

3. Multiply each half-reaction, if necessary, by some i nteger to make e - lost equal e - gained. 

2(3e - + 4H+ + Mn04 - -- Mn02 + 2H20) 3(2H20 + c20l- -- 2CO/-
6e- + 8H+ + 2Mn04 - ----+ 2Mn02 + 4H20 6H20 + 3c20l- -- 6C03

2-

4. Add half-reactions, and cancel substances appearing on both sides. 
The six e - cancel, eight H+ cancel to leave four H+ on the right, and four H20 cancel 
to leave two H20 on the left: 

ee=- + &lJ±. + 2Mn04 - ----+ 2Mn02 + 4HzG 
2 eH20 + 3c20l- ----+ 6CO/- + 4 h!H+ + .ee=-

2Mn04 - + 2H20 + 3c20l- -- 2Mn02 + 6C03
2
- + 4H+ 

4 Basic. Add OH- to both sides to neutralize H+ ,  and cancel H20. 
Adding four OH- to both sides forms four H20 on the right, two of which cancel the 
two H20 on the left, leaving two H20 on the right: 

2Mn04 - + 2H20 + 3C20/- + 40H- ----+ 2Mn02 + 6C03
2- + [4H+ + 40H-]  

2Mn04 - + � + 3C204
2- + 40H- ----+ 2Mn02 + 6CO/- + 2 4H20 

Including states of matter gives the final balanced equation: 

2Mn04 - (aq) + 3C20l-(aq) + 40H -(aq) -- 2Mn02(S) + 6CO/-(aq) + 2H20(I) 

5. Check that atoms and charges balance. 

(2Mn, 240, 6C, 4H; 1 2- )  -- (2Mn, 240, 6C, 4H; 12- )  

Comment As a final step, we can obtain the balanced molecular equation for this reaction 
by noting the number of moles of each anion in the balanced ionic equation and adding the 
correct number of moles of spectator ions (in this case, Na +) to obtain neutral compounds. 

[oxidation] 

+ 4H+ + 2e-) 
+ 1 2H+ + 6e-
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Thus, for instance, balancing the charge of 2 mol of Mn04 - requires 2 mol of Na +, so we 
have 2NaMn04' The balanced molecular equation is 

2NaMn04(aq) + 3Na2C204(aq) + 4NaOH(aq) -

2Mn02(S) + 6Na2C03(aq) + 2H20(l) 

FOLLOW· UP PROBLEM 2 1 . 1  Write a balanced molecular equation for the reaction 
between KMn04 and KT in basic solution. The skeleton ionic reaction is  

Mn04 -(aq) + I-(aq) - MnO/-(aq) + 103 -(aq) [basic solution] 

The half-reaction method reveals a great deal about redox processes and is 
essential to understanding electrochemical cells. The major points are 
• Any redox reaction can be treated as the sum of a reduction and an oxidation 

half-reaction. 
• Atoms and charge are conserved in each half-reaction. 
• Electrons lost in one half-reaction are gained in the other. 
• Although the half-reactions are treated separately, electron loss and electron 

gain occur simultaneously. 

An Overview of Electrochemical Cells 
We distinguish two types of electrochemical cells based on the general thermo­
dynamic nature of the reaction: 

1 .  A voltaic cell (or galvanic cell) uses a spontaneous reaction (�G < 0) to gen­
erate electrical energy. In the cell reaction, the difference in chemical potential 
energy between higher energy reactants and lower energy products is converted 
into electrical energy. This energy is used to operate the load-flashlight bulb, 
CD player, car starter motor, or other electrical device. In other words, the sys­
tem does work on the surroundings. All batteries contain voltaic cells. 

2. An electrolytic cell uses electrical energy to drive a nonspontaneous reaction 
(�G > 0). In the cell reaction, electrical energy from an external power sup­
ply converts lower energy reactants into higher energy products. Thus, the sur­
roundings do work on the system. Electroplating and recovering metals from 
ores involve electrolytic cells. 

The two types of cell have certain design features in common (Figure 21 .3). 
Two electrodes, which conduct the electricity between cell and surroundings, are 
dipped into an electrolyte, a mixture of ions (usually in aqueous solution) that 
are involved in the reaction or that carry the charge. An electrode is identified as 
either anode or cathode depending on the half-reaction that takes place there: 
• The oxidation half-reaction occurs at the anode. Electrons are lost by the sub­

stance being oxidized (reducing agent) and leave the cell at the anode. 
• The reduction half-reaction occurs at the cathode. Electrons are gained by the 

substance being reduced (oxidizing agent) and enter the cell at the cathode. 

As shown in Figure 21 .3,  the relative charges of the electrodes are opposite in 
the two types of cell. As you ' ll see in the following sections, these opposite 
charges result from the different phenomena that cause the electrons to flow. 

Here are some memory aids to help you remember which half-reaction occurs at 
which electrode: 

1 .  The words anode and oxidation start with vowels; the words cathode and 
reduction start with consonants. 

2. Alphabetically, the A in anode comes before the C in cathode, and the 0 in oxi­
dation comes before the R in reduction. 

3. Look at the first syllables and use your imagination: 

ANode, OXidation; REDuction, CAThode =? AN OX and a RED CAT 
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VOLTAIC CELL 
Energy is released from 

spontaneous redox reaction 

System does work on 
surroundings 

Electrolyte X+ 

Oxidation half-reaction 
X - X+ + e-

Electrolyte Y+ 

Reduction half-reaction 

e- + Y+ - Y  

Overall (cell) reaction 

X + Y+ - X+ + Y; L'.G < 0 
8 

ELECTROLYTIC CELL 
Energy is absorbed to drive 

nonspontaneous redox reaction 

Surroundings (power supply) 
do work on system (eell) 

Anode supply Cathode If -" '11 (oxidation) � (reduction) 

L
__ Energy r'- ' - � 

� L 
--' 

... 
(+) (-) 

� 
Electrolyte 

with A- and 8+ 

� 

Oxidation half-reaction 
A- - A + e-

Reduction half-reaction 

e- + 8+ - 8 

Overall (cell) reaction  

A- + 8+ - A + 8;  L'.G > 0 

687 

A L�================�� 
Figure 2 1 .3 General characteristics of voltaic and electrolytic cells_ 
A voltaic cell (A) generates energy from a spontaneous reaction 
(L'.G < 0), whereas an electrolytic cell (8) requires energy to drive a non­
spontaneous reaction (�G > 0). In both types of cell, two electrodes dip 

into electrolyte solutions, and an external circuit provides the means for 
electrons to flow between them. Most important, notice that oxidation 
takes place at the anode and reduction takes place at the cathode, but 
the relative electrode charges are opposite in the two cells. 

S E C T I O N  S U M M ARY 
An oxidation-reduction (redox) reaction involves the transfer of electrons from a reduc­
ing agent to an oxidizing agent. The half-reaction method of balancing divides the 
overal l reaction into half-reactions that are balanced separately and then recombined. 
Both types of electrochemical cells are based on redox reactions. In a voltaic cel l ,  a 
spontaneous reaction generates electricity and does work on the surroundings; in an 
electrolytic cel l ,  the surroundings supply electricity that does work to drive a non­
spontaneous reaction. I n  both types, two electrodes dip into electrolyte solutions; oxi­
dation occurs at the anode, and reduction occurs at the cathode. 

2 1 .2 VOLTAIC CELLS: USING SPONTANEOUS REACTIONS 
TO GENERATE ELECTRICAL ENERGY 

If you put a strip of zinc metal in a solution of Cu2+ ion, the blue color of the 
solution fades as a brown-black crust of Cu metal forms on the Zn strip (Figure 
2 1 .4) . Judging from what we see, the reaction involves the reduction of 
Cu2+ ion to Cu metal, which must be accompanied by the oxidation of Zn metal 
to Zn2+ ion. The overall reaction consists of two half-reactions: 

Cu2+(aq) + 2e- -- Cu(s) [reduction] 
Zn(s) -- Zn2+(aq) + 2e- loxidationJ 

Zn(s) + Cu2+(aq) -- Zn2+(aq) + Cu(s) [overall reaction] 

In the remainder of this section, we examine this spontaneous reaction as the basis 
of a voltaic (galvanic) cell. 
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Construction and Operation of a Voltaic Cell 
Electrons are being transferred in the Zn/Cu2+ reaction (Figure 2 1 .4), but the sys­
tem does not generate electrical energy because the oxidizing agent (Cu2+) and 
the reducing agent (Zn) are in the same beaker. If, however, the half-reactions are 
physically separated and connected by an external circuit, the electrons are trans­
ferred by traveling through the circuit and an electric current is produced. 

This separation of half-reactions is the essential idea behind a voltaic cell 
(Figure 2 1.5A). The components of each half-reaction are placed in a separate 
container, or half-cell, which consists of one electrode dipping into an electrolyte 
solution. The two half-cell s  are joined by the circuit, which consists of a wire and 
a salt bridge (the inverted U tube in the figure). In order to measure the voltage 
generated by the cell, a voltmeter is inserted in the path of the wire connecting 
the electrodes. A switch (not shown) closes (completes) or opens (breaks) the cir­
cuit. By convention, the oxidation half-cell (anode compartment) is shown on the 
left and the reduction half-cell (cathode compartment) on the right. Here are the 
key points about the Zn/Cu2+ voltaic cell: 

1 .  The oxidation half-cell. In this case, the anode compartment consists of a 
zinc bar (the anode) immersed in a Zn2+ electrolyte (such as a solution of zinc 
sulfate, ZnS04). The zinc bar is the reactant in the oxidation half-reaction, and it 
conducts the released electrons out of its half-cell. 

2. The reduction half-cell. In this case, the cathode compartment consists of 
a copper bar (the cathode) immersed in a Cu2+ electrolyte [such as a solution of 
copper(II) sulfate, CUS04] . Copper metal is the product in the reduction half­
reaction, and the bar conducts electrons into its half-cell. 

Zn(s) ----_� Zn2+(aq) + Cu(s) 

Figure 2 1 .4 The spontaneous reaction between zinc and copper(lI) ion. When a strip of zinc 
metal is placed in a solution of Cu2+ ion, a redox reaction begins (left), in which the zinc is oxidized 
to Zn2+ and the Cu2+ is reduced to copper metal. As the reaction proceeds (right), the deep blue 
color of the solution of hydrated Cu2+ ion lightens, and the Cu "plates out" on the Zn and falls off 
in chunks. (The Cu appears black because it is very finely divided.) At the atomic scale, each Zn 
atom loses two electrons, which are gained by a Cu2+ ion. The process is summarized with sym­
bols in the balanced equation. 
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Voltmeter 

Salt bridge 

Oxidation half-reaction 
Zn(s) ---- Zn2+(aq) + 2e-

Reduction half-reaction 
Cu2+(aq) + 2e- ---- Cu(s) 

Overall (cell) reaction 
Zn(s) + Cu2+(aq) - Zn2+(aq) + Cu(s) 

3. Relative charges on the electrodes. The electrode charges are determined 
by the source of electrons and the direction of electron flow through the circuit. 
In this cell, zinc atoms are oxidized at the anode to Zn2+ ions and electrons. The 
Zn2+ ions enter the solution, while the electrons enter the bar and then the wire. 
The electrons flow left to right through the wire to the cathode, where Cu2+ ions 
in the solution accept them and are reduced to Cu atoms. As the cell operates, 
electrons are continuously generated at the anode and consumed at the cathode. 
Therefore, the anode has an excess of electrons and a negative charge relative to 
the cathode. In any voltaic cell, the anode is negative and the cathode is positive. 

4. The purpose of the salt bridge. The cell cannot operate unless the cir­
cuit is complete. The oxidation half-cell originally contains a neutral solution 
of Zn2+ and SO/- ions, but as Zn atoms in the bar lose electrons, the solu­
tion would develop a net positive charge from the Zn2+ ions entering. S imi­
larly, in the reduction half-cell, the neutral solution of Cu2+ and SO/- ions 
would develop a net negative charge as Cu2+ ions leave the solution to form 
Cu atoms. A charge imbalance would arise and stop cell operation. To avoid 
this situation and enable the cell to operate, the two half-cells are joined by a 
salt bridge, which acts as a "liquid wire," allowing ions to flow through both 
compartments and complete the circuit. The salt bridge shown in Figure 2 1 .SA 
is  an inverted U tube containing a solution of the nonreacting ions Na + and 
SO/- in a gel. The solution cannot pour out, but ions can diffuse through it 
into or out of the half-cells .  
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Figure 2 1 .5 A voltaic cell based on the 
zinc-copper reaction. A, The anode half­
cell (oxidation) consists of a Zn electrode 
dipping into a Zn2+ solution. The two 
electrons generated in the oxidation of 
each Zn atom move through the Zn bar 
and the wire, and into the Cu electrode, 
which dips into a Cu2+ solution in the 
cathode half-cell (reduction). There, the 
electrons reduce Cu2+ ions. Thus, elec­
trons flow left to right through electrodes 
and wire. A salt bridge contains unreac­
tive Na+ and SO/- ions that maintain 
neutral charge in the electrolyte solutions: 
anions in the salt bridge flow to the left, 
and cations flow to the right. The volt­
meter registers the electrical output of 
the cel l .  B, After the cell runs for several 
hours, the Zn anode weighs less because 
Zn atoms have been oxidized to aqueous 
Zn2+ ions, and the Cu cathode weighs 
more because aqueous Cu2+ ions have 
been reduced to Cu metal. 
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Oxidation half-reaction 

2qaq) ----- 12(5) + 2e-

Reduction half-reaction 

Mn04-(aq) + 8W(aq) + 5e- -----
Mn2+(aq) + 4H20(l) 

Overall (cell) reaction 
2Mn04-(aq) + 1 6W(aq) + 1 0I-(aq) -----

2Mn2+(aq) + 512(5) + 8H20(l) 

Figure 2 1 .6 A voltaic cell using inactive 
electrodes. The reaction between 1- and 
Mn04 - in acidic solution does not have 
species that can be used as electrodes, so 
inactive graphite (C) electrodes are used. 

CHAPTER 21 Electrochemistry: Chemical Change and Electrical Work 

To maintain neutrality in the reduction half-cell (right; cathode compartment) 
as Cu2+ ions change to Cu atoms, Na + ions move from the salt bridge into the 
solution (and some SO/- ions move from the solution into the salt bridge). Sim­
ilarly, to maintain neutrality in the oxidation half-cell (left; anode compartment) 
as Zn atoms change to Zn2+ ions, S042- ions move from the salt bridge into that 
solution (and some Zn2+ ions move from the solution into the salt bridge). Thus, 
as Figure 2 1 .5A shows, the circuit is completed as electrons move left to right 
through the wire, while anions move right to left and cations move left to right 
through the salt bridge. 

5 .  Active vs. inactive electrodes. The electrodes in the Zn/Cu2+ cell are 
active because the metal bars themselves are components of the half-reactions. 
As the cell operates, the mass of the zinc electrode gradually decreases, and the 
[Zn2+ ]  in the anode half-cell increases. At the same time, the mass of the cop­
per electrode increases, and the [Cu2+]  in the cathode half-cell decreases; we 
say that the Cu2+ "plates out" on the electrode. Look at Figure 2 1 .SB to see 
how the electrodes look, removed from their half-cells ,  after several hours 
of operation. 

For many redox reactions, there are no reactants or products capable of serv­
ing as electrodes, so inactive electrodes are used. Most commonly, inactive elec­
trodes are rods of graphite or platinum: they conduct electrons into or out of 
the half-cells but cannot take part in the half-reactions. In a voltaic cell based 
on the fOllowing half-reactions, for instance, the reacting species cannot act 
as electrodes:  

2I-(aq) --->- 12(s) + 2e - [anode; oxidation) 
Mn04 -(aq) + 8H+(aq) + 5e- --->- Mn2+(aq) + 4H20(l) [cathode; reduction) 

Therefore, each half-cell consists of inactive electrodes immersed in an electrolyte 
solution that contains all the reactant species involved in that half-reaction (Fig­
ure 2 1 .6). In the anode half-cell, 1- ions are oxidized to solid 12 , The electrons 
that are released flow into the graphite anode, through the wire, and into the 
graphite cathode. From there, the electrons are consumed by Mn04 - ions, which 
are reduced to Mn2+ ions. (A KN03 salt bridge is used.) 

Notation for a Voltaic Cell 
A useful shorthand notation describes the components of a voltaic cell. For exam­
ple, the notation for the Zn/Cu2+ cell is  

Zn(s) I Zn2+ (aq) II Cu2+ (aq) I Cu(s) 

Key parts of the notation are 

• The components of the anode compartment (oxidation half-cell) are written to 
the left of the components of the cathode compartment (reduction half-cell). 

• A single vertical line represents a phase boundary. For example, Zn(s) I 
Zn2+ (aq) indicates that the solid Zn is a different phase from the aqueous Zn2+ .  
A comma separates the half-cell components that are in the same phase. 
For example, the notation for the voltaic cell housing the reaction between l­
and Mn04 - shown in Figure 2 1 .6 is 

graphite I I-(aq) I 12(s) I I  H+(aq), Mn04 -(aq), Mn2+(aq) I graphite 
That is, in the cathode compartment, H+ ,  Mn04 - ,  and Mn2+ ions are all in 
aqueous solution with solid graphite immersed in  it. Often, we specify the con­
centrations of dissolved components; for example, if the concentrations of 
Zn2+ and Cu2+ are 1 M, we write 

Zn(s) I Zn2+ ( l  M) II Cu2+ ( l  M) I Cu(s) 
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• Half-cell components usually appear in the same order as in the half-reaction, 
and electrodes appear at the far left and far right of the notation. 

• A double vertical line indicates the separated half-cells and represents the phase 
boundary on either side of the salt bridge (the ions in the salt bridge are omit­
ted because they are not part of the reaction). 

SAMPLE P ROBLEM 2 1 . 2 Describing a Voltaic Cell with Diagram and Notation 
Problem Draw a diagram, show balanced equations, and write the notation for a voltaic 
cell that consists of one half-cell with a Cr bar in a Cr(N03h solution, another half-cell 
with an Ag bar in an AgN03 solution, and a KN03 salt bridge. Measurement indicates 
that the Cr electrode is negative relative to the Ag electrode. 
Plan From the given contents of the half-cells, we can write the half-reactions. We must 
determine which is the anode compartment (oxidation) and which is the cathode (reduc­
tion). To do so, we must find the direction of the spontaneous redox reaction, which is  
given by the relative electrode charges. Electrons are released into the anode during oxi­
dation, so it has a negative charge. We are told that Cr is  negative, so it must be the anode; 
and, therefore, Ag is the cathode. 
Solution Writing the balanced half-reactions. The Ag electrode is positive, so the half­
reaction consumes e - :  

[reduction; cathode] 

The Cr electrode is negative, so the half-reaction releases e - :  

Cr(s) -- Cr
3
+ (aq) + 3 e  - [oxidation; anode] 

Writing the balanced overall cell reaction. We triple the reduction half-reaction to balance 
e - and then combine the half-reactions to obtain the overall reaction: 

Cr(s) + 3Ag+(aq) -- Cr
3
+(aq) + 3Ag(s) 

Determining direction of electron and ion flow. The released e - in the Cr electrode (neg­
ative) flow through the external circuit to the Ag electrode (positive). As Cr

3
+ ions enter 

the anode electrolyte, N03 - ions enter from the salt bridge to maintain neutrality. As Ag + 
ions leave the cathode electrolyte and plate out on the Ag electrode, K+ ions enter from 
the salt bridge to maintain neutrality. The diagram of this cell is shown in the margin. 
Writing the cell notation: 

Cr(s) I Cr
3+ (aq) II Ag+(aq) I Ag(s) 

Check Always be sure that the half-reactions and cell reaction are balanced, the half-cells 
contain all components of the half-reactions, and the electron and ion flow are shown. You 
should be able to write the half-reactions from the cell notation as a check. 
Comment The key to diagramming a voltaic cell is to use the direction of the sponta­
neous reaction to identify the oxidation (anode; negative) and reduction (cathode; positive) 
half-reactions. 

FOLLOW·U P  PROBLEM 2 1 .2 In one compartment of a voltaic cell, a graphite rod 
dips into an acidic solution of K2Cr207 and Cr(N03)3; in the other compartment, a tin bar 
dips into a Sn(N03h solution. A KN03 salt bridge joins them. The tin electrode is nega­
tive relative to the graphite. Draw a diagram of the cell, show the balanced equations, and 
write the cell notation. 

S E C T I O N  S U M M A RY 
A voltaic cell consists of oxidation (anode) and reduction (cathode) half-cells, con­
nected by a wire to conduct electrons and a salt bridge to maintain charge neutral­
ity as the cell operates. Electrons move from anode (left) to cathode (right), while 
cations move from the salt bridge into the cathode half-cell and anions from the salt 
bridge into the anode half-cel l .  The cell notation shows the species and their phases 
in each half-cell , as well as the direction of current flow. 

Oxidation half-reaction 

Cr(s) - Cr3+(aq) + 3e-
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Reduction half-reaction 
Ag+(aq) + e- - Ag(s) 

Overall (cell) reaction 
Cr(s) + 3Ag+(aq) - Cr3+(aq) + 3Ag(s) 
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2 1 .3 CELL POTENTIAL: OUTPUT OF  A VOLTAIC CELL 

The purpose of a voltaic cell is to convert the free energy change of a spontaneous 
reaction into the kinetic energy of electrons moving through an external circuit 
(electrical energy) . This electrical energy is proportional to the difference in elec­
trical potential between the two electrodes, which is called the cell potential 
(Eeen), also the voltage of the cell or the electromotive force (emf). 

Electrons flow spontaneously from the negative to the positive electrode, that 
is, toward the electrode with the more positive electrical potential. Thus, when 
the cell operates spontaneously, there is a positive cell potential: 

Ecell > 0 for a spontaneous process (21.1) 

The more positive Ecel l  is, the more work the cell can do, and the farther the reac­
tion proceeds to the right as written. A negative cell potential, on the other hand, 
is associated with a nonspontaneous cell reaction. If Ecel l  = 0, the reaction has 
reached equilibrium and the cell can do no more work. 

How are the units of cell potential related to those of energy available to do 
work? As you' ve seen, work is done when charge moves between electrode com­
partments that differ in electrical potential. The SI unit of electrical potential is 
the volt (V), and the SI unit of electrical charge is the coulomb (C). By defini­
tion, for two electrodes that differ by 1 volt of electrical potential, 1 joule of 
energy is  released (that is, I joule of work can be done) for each coulomb of 
charge that moves between the electrodes. Thus, 

1 V = 1 J/C (21.2) 

Table 2 1 . 1  lists the voltages of some commercial and natural voltaic cells. Next, 
we' ll see how to measure cell potential. 

eWE 8. Voltages of Some Voltaic Cells 
Voltaic Cell 
Common alkaline flashlight battery 
Lead-acid car battery (6 cells = 1 2  V) 
Calculator battery (mercury) 
Lithium-ion laptop battery 
Electric eel (�5000 cells i n  6-ft eel = 750 V) 
Nerve of giant squid (across cell membrane) 

Standard Cel l  Potentials 

Voltage (V) 
1 .5 
2.0 
1 .3 
3 .7 
0. 1 5  
0.070 

The measured potential of a voltaic cell is affected by changes in concentration 
as the reaction proceeds and by energy losses due to heating of the cell and the 
external circuit. Therefore, in order to compare the output of different cells, we 
obtain a standard cell potential (E�en), the potential measured at a specified tem­
perature (usually 298 K) with no current flowing* and all components in their 
standard states: 1 atm for gases, 1 M for solutions, the pure solid for electrodes. 
When the zinc-copper cell that we diagrammed in Figure 2 1 .5 begins operating 

*The current required to operate modern digital voltmeters makes a negligible difference in the 
value of E�ell . 
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under standard state conditions, that is, when [Zn2+] = [Cu2+] = I M, the cell 
produces 1 . 1 0 V at 298 K (Figure 2 1 .7): 

Zn(s) + Cu
2
+(aq; 1 M) - Zn

2
+(aq; 1 M) + Cu(s) E�el l  = l .l 0  V 

Standard Electrode (Half-Cell) Potentials Just as each half-reaction makes up part 
of the overall reaction, the potential of each half-cell makes up a part of the over­
all cell potential. The standard electrode potential (E�alf-cell) is the potential 
associated with a given half-reaction (electrode compartment) when all the com­
ponents are in their standard states. 

By convention, a standard electrode potential always refers to the half­
reaction written as a reduction. For the zinc-copper reaction, for example, the 
standard electrode potentials for the zinc half-reaction (E�inc' anode compartment) 
and for the copper half-reaction (E�oppen cathode compartment) refer to the 
processes written as reductions: 

Zn2+ (aq) + 2e - - Zn(s) E�inc (E�node) [reduction] 
Cu

2+ (aq) + 2e - - Cu(s) E�opper (E�alhode) [reduction] 

The overall cell reaction involves the oxidation of zinc at the anode, not the reduc­
tion of Zn

2+ , so we reverse the zinc half-reaction: 

Zn(s) - Zn
2
+(aq) + 2e- [oxidationl 

Cu
2
+(aq) + 2e- - Cu(s) [reduction] 

The overall redox reaction is the sum of these half-reactions: 

Zn(s) + Cu
2
+(aq) - Zn

2
+(aq) + Cu(s) 

Because electrons flow spontaneously toward the copper electrode (cathode), it 
must have a more positive E�alf-cell than the zinc electrode (anode). Therefore, to 
obtain a positive E�elb we subtract E�inc from E�opper: 

E�ell = E�opper - E�inc 

We can generalize this result for any voltaic cell: the standard cell potential is 
the difference between the standard electrode potential of the cathode (reduction) 
half-cell and the standard electrode potential of the anode (oxidation) half-cell: 

E�eU = E�athode (reduction) - E�node (oxidation) (21.3) 

For a spontaneous reaction at standard conditions, E�el l  > o. 

Determining Ehalf-ceU: The Standard Hydrogen Electrode What portion of E�ell 
for the zinc-copper reaction is contributed by the anode half-cell (oxidation of Zn) 
and what portion by the cathode half-cell (reduction of Cu

2+)? That is, how can 
we know half-cell potentials if we can only measure the potential of the complete 
cell? Half-cell potentials, such as E�inc and E�oppep are not absolute quantities, 
but rather are values relative to that of a standard. This standard reference half­
cell has its standard electrode potential defined as zero (E�eferellce == 0.00 V). 
The standard reference half-cell is a standard hydrogen electrode, which con­
sists of a specially prepared platinum electrode immersed in a I M aqueous solu­
tion of a strong acid, H+ (aq) [or H30+ (aq)] ,  through which H2 gas at I atm is 
bubbled. Thus, the reference half-reaction is 

2H+ (aq; 1 M) + 2e - � H2(g; 1 atm) E�eference = 0.00 V 

Now we can construct a voltaic cell consisting of this reference half-cell and 
another half-cell whose potential we want to determine. With E�eference defined as 
zero, the overall E�ell allows us to find the unknown standard electrode potential, 
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(anode; oxidation) 

Figure 2 1 .7 Measurement of a stan­
dard cell potential. The zinc-copper cell, 
operating at 298 K under standard-state 
conditions, produces a voltage of 1 . 1 0  V. 

� Animation: Galvanic Cell � Online Learning Center 
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E�nknown. When H2 is oxidized, the reference half-cell is the anode, and so reduc­
tion occurs at the unknown half-cel l :  

E�ell = E�alhode - E�node = E�nknown - E�eference = E�nkno\Vn - 0.00 V = E�nkno\Vn 

When H+ is reduced, the reference half-cell is the cathode, and so oxidation 
occurs at the unknown half-cell: 

E�el l  = E�alhode - E�node = E�efcrence - E�nknowl1 = 0.00 V - E�nkno\Vn = -E�nknown 
Figure 2 1 .8 shows a voltaic cell that has the Zn/Zn2+ half-reaction in one 

compartment and the H+ iH2 (or H30+ iH2) half-reaction in the other. The zinc 
electrode is negative relative to the hydrogen electrode, so we know that the zinc 
is being oxidized and is the anode. The measured E�ell is + 0.76 V, and we use 
this value to find the unknown standard electrode potential, E�inc: 

2H+(aq) + 2e- - H2(g) E�eference = 0.00 V [cathode; reduction] 
Zn(s) - Zn2+(aq) + 2e - E�inc = ? V [anode; oxidat ion ] 

Zn(s) + 2H+(aq) - Zn2+ (aq) + H2(g) E�el l  = 0.76 V 

E�ell = E�athode - E�node = E�eference - E�inc 
E�inc = E�eference - E�ell = 0.00 V - 0.76 V = -0.76 V 

Now let's return to the zinc-copper cell and use the measured value of E�el l 
( 1 . 1 0 V )  and the value we just found for E�inc to calculate E�opper: 

E�ell = E�alhode - E�node = E�opper - E�inc 
E�opper = E�ell + E�inc = 1 . 10 V + (-0.76 V) = 0.34 V 

By continuing this process of constructing cells with one known and one unknown 
electrode potential, we can find many other standard electrode potentials. 

1 M Zn2+ 

Oxidation half-reaction 
Zn(s) -- Zn2+(aq) + 2e-

Reduction half-reaction 
2H30+ (aq) + 2e- -- H2(g) + 2H20(l) 

Overall (cell) reaction 

Zn(s) + 2H30+ (aq) -- Zn2+(aq) + H2(g) + 2H20(l) 

Figure 2 1 .8 Determining an unknown Ehalf-cell with the standard 
reference (hydrogen) electrode. A voltaic cell has the Zn half­
reaction in one half-cell and the hydrogen reference half-reaction in the 
other. The magnified view of the hydrogen half-reaction shows two 
H30+ ions being reduced to two H20 molecules and an H2 molecule, 

which enters the H2 bubble. The Zn/Zn2+ half-cell potential is negative 
(anode), and the cell potential is 0.76 V. The potential of the standard 
reference electrode is defined as 0.00 V, so the cell potential equals the 
negative of the anode potential; that is, 

0.76 V = 0.00 V - E�inc so E�inc = -0.76 V 
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SAMPLE PROBLEM 2 1 .3 Calculating an Unknown Ehalf-cell from E�ell 
Problem A voltaic cell houses the reaction between aqueous bromine and zinc metal: 

Br2(aq) + Zn(s) ----+ Zn2+(aq) + 2Br-(aq) E�ell = 1 .83 Y 

Calculate Ebromine, given E�inc = -0_76 V. 
Plan E�ell is positive, so the reaction is spontaneous as written. By dividing the reaction 
into half-reactions, we see that Br2 is reduced and Zn is oxidized; thus, the zinc half-cell 
contains the anode. We use Equation 2 1.3 to find E�nknown (Ebromine)' 
Solution Dividing the reaction into half-reactions: 

Br2(aq) + 2e - ----+ 2Br -(aq) 
:Zn(s) ----+ Zn2+(aq) + 2e-

Calculating Ebromine: 

E�nknown = Ebromine = ? Y 

E�inc = -0.76 Y 

E�ell = E�alhode - E�node = Ebromine - E�inc 
Ebromine = E�ell + E�inc = 1 .83 Y + (-0_76 Y) 

= 1 .07 Y 

Check A good check is to make sure that calculating Ebromine - E�inc gives E�eu :  
1 .07 Y - (-0.76 Y)  = 1 .83 V. 
Comment Keep in mind that, whichever is the unknown half-cell ,  reduction is the cath­
ode half-reaction and oxidation is the anode half-reaction. Always subtract E�node from 
E�athode to get E�eu-

FOLLOW· U P  PROBLEM 2 1 .3 A voltaic cell based on the reaction between aqueous 
Br2 and vanadium(III) ions has E�el l  = 1 .39 Y: 

Br2(aq) + 2y3+(aq) + 2H20(l) ----+ 2Y02+(aq) + 4H+(aq) + 2Br-(aq) 

What is EZanadium, the standard electrode potential for the reduction of Y02+ to y3+ ?  

Relative Strengths of Oxidizing and Reducing Agents 
One of the things we can learn from measuring potentials of voltaic cells is the 
relative strengths of the oxidizing and reducing agents involved_ Three oxidizing 
agents present in the voltaic cell just discussed are Cu2+ , H+ , and Zn2+ _ We can 
rank their relative oxidizing strengths by writing each half-reaction as a gain of 
electrons (reduction), with its corresponding standard electrode potential: 

Cu2+ (aq) + 2e - ----+ Cu(s) EO = 0.34 V 
2H+(aq) + 2e- ----+ H2(g) EO = 0.00 V 
Zn2+ (aq) + 2e - ----+ Zn(s) eo = -0.76 V 

The more positive the EO value, the more readily the reaction (as written) occurs; 
thus, Cu2+ gains two electrons more readily than H+, which gains them more 
readily than Zn

2+ _ In terms of strength as an oxidizing agent, therefore, Cu2+ > 
H+ > Zn2+ _ Moreover, this listing also ranks the strengths of the reducing agents: 
Zn > H2 > Cu. Notice that this list of half-reactions in order of decreasing half­
cell potential shows, from top to bottom, the oxidizing agents (reactants) decreas­
ing in strength and the reducing agents (products) increasing in strength; that is, 
Cu

2+ (top left) is the strongest oxidizing agent, and Zn (bottom right) is the 
strongest reducing agent. 

By combining many pairs of half-cells into voltaic cells, we can create a list 
of reduction half-reactions and arrange them in decreasing order of standard elec­
trode potential (from most positive to most negative) . Such a list, called an emf 
series or a table of standard electrode potentials, appears in Appendix D, with a 
few examples in Table 2 1 _2 on the next page. 
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CNM" Selected Standard Electrode Potentials (298 K) 

Half-Reaction Ehalf-cell (V) 
F2(g) + 2e- � 2F-(aq) 

CI2(g) + 2e- � 2Cl-(aq) 
Mn02(S) + 4H+(aq) + 2e- � Mn2+ (aq) + 2H20(I) 

N03 -(aq) + 4H+(aq) + 3e- � NO(g) + 2H20(l) 
Ag+(aq) + e- � Ag(s) 
Fe3+ (aq) + e- � Fe2+ (aq) 

02(g) + 2H20(I) + 4e- � 40H-(aq) 
Cu2+(aq) + 2e- � Cu(s) 
2H+(aq) + 2e- � H2(g) 

N2(g) + SH+(aq) + 4e- � N2HS + (aq) 
Fe2+(aq) + 2e- � Fe(s) 
Zn2+ (aq) + 2e- � Zn(s) 

2H20(I) + 2e- � H2(g) + 20H-(aq) 
Na+(aq) + e- � Na(s) 
Li+ (aq) + e- � Li(s) 

There are several key points to keep in mind: 

!a ., (1) ::s (C 
:r 
a 
iil Co c n 5' (C 
III (C (1) ::s .. 

• All values are relative to the standard hydrogen (reference) electrode: 

2H+ (aq; 1 M) + 2e - � H2(g; 1 atm) E�eference = 0.00 V 

+2.87 
+ 1 .36 
+ l .23 
+0.96 
+0.80 
+0.77 
+0.40 
+0.34 

0.00 
-0.23 
-0.44 
-0.76 
-0.83 
-2.7 1 
-3 .0S 

• By convention, the half-reactions are written as reductions, which means that 
only reactants are oxidizing agents and only products are reducing agents. 

• The more positive the Ehalf-celb the more readily the half-reaction occurs. 
• Half-reactions are shown with an equilibrium arrow because each can occur as 

a reduction or an oxidation (that is, take place at the cathode or anode, respec­
tively), depending on the Ehalf-cell of the other half-reaction. 

• As Appendix D (and Table 21 .2) is arranged, the strength of the oxidizing agent 
(reactant) increases going up (bottom to top), and the strength of the reducing 
agent (product) increases going down (top to bottom). 

Thus, F2(g) is the strongest oxidizing agent (has the largest positive EO), which means 
F- (aq) is the weakest reducing agent. Similarly, Li + (aq) is the weakest oxidizing 
agent (has the most negative EO), which means Li(s) is the strongest reducing agent. 

Writing Spontaneous Redox Reactions Appendix D can be used to write spon­
taneous redox reactions, which is useful for constructing voltaic cells. 

Every redox reaction is the sum of two half-reactions, so there is a reducing 
agent and an oxidizing agent on each side. In the zinc-copper reaction, for 
instance, Zn and Cu are the reducing agents, and Cu

2 + and Zn
2+ are the oxidiz­

ing agents. The stronger oxidizing and reducing agents react spontaneously to 
form the weaker oxidizing and reducing agents: 

Zn(s) + Cu2+(aq) -- Zn2+(aq) + Cu(s) 
stronger 

reducing agent 
stronger 

oxidizing agent 
weaker weaker 

oxidizing agent reducing agent 

Based on the order of the EO values in Appendix D, the stronger oxidizing 
agent (species on the left) has a half-reaction with a larger (more positive or less 
negative) EO value, and the stronger reducing agent (species on the right) has a 
half-reaction with a smaller (less positive or more negative) EO value. Therefore, 
a spontaneous reaction (E�ell > 0) will occur between an oxidizing agent and any 
reducing agent that lies below it in the list. For instance, Zn (right) lies below 
Cu2 + (left), and Cu

2+ and Zn react spontaneously. In other words, for a sponta­
neous reaction to occur, the half-reaction higher in the list proceeds at the cathode 
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as written, and the half-reaction lower in the list proceeds at the anode in reverse. 
This pairing ensures that the stronger oxidizing agent (higher on the left) and 
stronger reducing agent (lower on the right) will be the reactants. 

However, if we know the electrode potentials, we can write a spontaneous 
redox reaction even if Appendix D is not available. Let's choose a pair of half­
reactions from the appendix and, without referring to their relative positions in 
the list, use them to write a spontaneous redox reaction: 

Ag+(aq) + e- ->- Ag(s) E�ilver = 0.80 V 
Sn

2
+(aq) + 2e- ->- Sn(s) E�in = -0. 1 4  V 

There are two steps involved: 

l .  Reverse one of the half-reactions into an oxidation step such that the differ­
ence of the electrode potentials (cathode minus anode) gives a positive E�el l . 
Note that when we reverse the half-reaction, we need not reverse the sign of 

Ehalf-cell because the minus sign in Equation 2 1 .3 (E�ell = E�athode - E�node) 
will do that. 

2. Add the rearranged half-reactions to obtain a balanced overall equation. Be 
sure to multiply by coefficients so that e - lost equals e - gained and to cancel 
species common to both sides. 

(You may be tempted in this particular case to add the two half-reactions as writ­
ten, because you obtain a positive E�ell' but you would then have two oxidizing 
agents forming two reducing agents, which cannot occur.) 

We want to pair the stronger oxidizing and reducing agents as reactants. The 
larger (more positive) EO value for the silver half-reaction means that Ag + is a 
stronger oxidizing agent (gains electrons more readily) than Sn2+ , and the smaller 
(more negative) EO value for the tin half-reaction means that Sn is a stronger 
reducing agent (loses electrons more readily) than Ag. Therefore, we reverse the 
tin half-reaction (but not the sign of E�in) : 

E�in = -0. 1 4  V 

Subtracting Ehalf-cel l  of the tin half-reaction (anode, oxidation) from Ehalf-cel l  
of the silver half-reaction (cathode, reduction) gives a positive E�el l ; that is ,  
0.80 V - ( -0. 1 4  V) = 0.94 V. 

With the half-reactions written in the correct direction, we must next make sure 
that the number of electrons lost in the oxidation equals the number gained in the 
reduction. In this case, we double the silver (reduction) half-reaction. Adding 
the half-reactions and applying Equation 2 1 .3 gives the balanced equation and Eceu : 

2Ag + (aq) + 2e - ->- 2Ag(s) E�ilver = 0.80 V [reduction] 
Sn(s) ->- Sn2+(aq) + 2e- E�in = -0. 1 4 V [oxidation] 

Sn(s) + 2Ag+(aq) ->- Sn2+(aq) + 2Ag(s) E�ell = E�i1ver - E�in = 0.94 V 
With the reaction spontaneous as written, the stronger oxidizing and reducing 
agents are reactants, which confirms that Sn is a stronger reducing agent than Ag, 
and Ag + is a stronger oxidizing agent than Sn2+ .  

A very important point to  note is  that, when we doubled the coefficients of 
the silver half-reaction to balance the number of electrons, we did not double its 
EO value-it remained 0.80 V. That is, changing the balancing coefficients of a 
half-reaction does not change the EO value. The reason is that a standard electrode 
potential is an intensive property, one that does not depend on the amount of sub­
stance present. The potential is the ratio of energy to charge. When we change 
the coefficients, thus changing the amount of substance, the energy and the charge 
change proportionately, so their ratio stays the same. (Recall that density, which 
is also an intensive property, does not change with the amount of substance 
because the mass and the volume change proportionately.) 
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SAMPLE PROBLEM 2 1 .4 Writing Spontaneous Redox Reactions 
Problem Combine the following three half-reactions into three balanced equations (A, B,  
and C)  for spontaneous reactions, and calculate E�ell for each. 

( 1 )  N03 -(aq) + 4H+(aq) + 3e- � NO(g) + 2H20(l) EO = 0.96 V 
(2) N2(g) + SH+(aq) + 4e- � N2HS +(aq) EO = -0.23 V 
(3) Mn02(S) + 4H+(aq) + 2e- � Mn2+(aq) + 2H20(I) EO = 1 .23 V 

Plan To write the redox equations, we combine the possible pairs of half-reactions: ( 1 ) 
and (2), ( 1 )  and (3), and (2) and (3).  They are all written as reductions, so the oxictizing 
agents appear as reactants and the reducing agents appear as products. In each pair, we 
reverse the reduction half-reaction that has the smaller (less positive or more negative) EO 
value to an oxidation to obtain a positive E�eIl' We make e - lost equal e - gained, with­
out changing the magnitude of the EO value, add the half-reactions together, and then apply 
Equation 2 1 .3 to find E�eIl ' 
Solution Combining half-reactions ( 1 )  and (2) gives equation (A). The EO value for half­
reaction ( 1 )  is larger (more positive) than that for (2), so we reverse (2) to obtain a pos­
itive E�eI l :  

( 1 )  N03 -(aq) + 4H+(aq) + 3e- � NO(g) + 2H20(l) 
(rev 2) N2Hs +(aq) � N2(g) + SH+(aq) + 4e-

EO = 0.96 V 

EO = -0.23 V 

To make e - lost equal e - gained, we multiply ( 1 )  by four and the 'reversed (2) by three; 
then add half-reactions and cancel appropriate numbers of common species (H+ and e -) :  

4N03-(aq) + 1 6H+(aq) + 1 2e- � 4NO(g) + SH20(l) EO = 0.96 V 
3N2Hs +(aq) � 3Nig) + I SH+(aq) + 1 2e- EO = -0.23 V 

(A) 3N2Hs +(aq) + 4N03 -(aq) + H+(aq) � 3N2(g) + 4NO(g) + SH20(I) 

E�eIl = 0.96 V - ( - 0.23 V) = 1 . 19 V 

Combining half-reactions ( 1 ) and (3) gives equation (B). Half-reaction ( 1 )  must be reversed: 

(rev 1 )  NO(g) + 2H20(l) � N03 -(aq) + 4H+(aq) + 3e- EO = 0.96 V 
(3) Mn02(s) + 4H+(aq) + 2e- � Mn2+(aq) + 2H20(l) EO = 1 .23 V 

We multiply reversed ( 1 )  by two and (3) by three, then add and cancel: 

2NO(g) + 4H20(l) � 2N03 -(aq) + SH+(aq) + 6e- EO = 0.96 V 
3Mn02(s) + 1 2H+(aq) + 6e- � 3Mn2+(aq) + 6H20(l) EO = 1 .23 V 

(B) 3Mn02(S) + 4H+(aq) + 2NO(g) � 3Mn2+(aq) + 2H20(l) + 2N03 -(aq) 

E�eIl = 1 .23 V - 0.96 V = 0.27 V 

Combining half-reactions (2) and (3) gives equation (C). Half-reaction (2) must be reversed: 

(rev 2) N2HS +(aq) � N2(g) + SH+(aq) + 4e- EO = -0.23 V 
(3) Mn02(S) + 4H+(aq) + 2e- � Mn2+ (aq) + 2H20(I) EO = 1 .23 V 

We multiply reaction (3) by two, add the half-reactions, and ' cancel: 

N2HS +(aq) � N2(g) + SH+(aq) + 4e- EO = - 0.23 V 
2Mn02(S) + SH+(aq) + 4e- � 2Mn2+(aq) + 4HzO(l) EO = 1 .23 V 

(C) N2HS +(aq) + 2MnOz(s) + 3H+(aq) � N2(g) + 2Mn2+(aq) + 4H20(l) 

E�eIl = 1 .23 V - ( -0.23 V) = 1 .46 V 

Check As always, check that atoms and charge balance on each side of the equation. A 
good way to check that the reactions are spontaneous is to list the given half-reactions in 
order of decreasing EO value: 

MnOz(s) + 4H+(aq) + 2e- � Mn2+ (aq) + 2H20(l) 
N03 -(aq) + 4H+(aq) + 3e- � NO(g) + 2H20(l) 

Nz(g) + SH+ (aq) + 4e- � N2HS +(aq) 

EO = 1 .23 V 

EO = 0.96 V 

EO = -0.23 V 



2 1 .3 Cell Potential: Output of a Voltaic Cell 

Then the oxidizing agents (reactants) decrease in strength going down the list, so the reduc­
ing agents (products) decrease in strength going up. Each of the three spontaneous reac­
tions (A, B, and C) should combine a reactant with a product that is lower down on 
this list. 

FOLLOW·UP P RO B LEM 2 1 .4 Is the following reaction spontaneous as written? 

3Fe
2+ (aq) -----+ Fe(s) + 2Fe3+ (aq) 

If not, write the equation for the spontaneous reaction, calculate E�elJ ,  and rank the three 
species of iron in order of decreasing reducing strength. 

Relative Reactivities of Metals In Chapter 4, we discussed the activity series of 
the metals (see Figure 4. 14), which ranks metals by their ability to "displace" one 
another from aqueous solution. Now you' ll see why this displacement occurs, as 
well as why many, but not all, metals react with acid to form H2, and why a few 
metals form H2 even in water. 

1 .  Metals that can displace H2 from acid. The standard hydrogen half­
reaction represents the reduction of H +  ions from an acid to H2: 

2H+ (aq) + 2e - -----+ H2(g) EO = 0.00 V 

To see which metals reduce H +  (referred to as "displacing H2") from acids, 
choose a metal, write its half-reaction as an oxidation, combine this half-reaction 
with the hydrogen half-reaction, and see if E�ell is positive. What you find is that 
the metals Li through Pb, those that lie below the standard hydrogen (reference) 
half-reaction in Appendix D, give a positive E�eI J  when reducing H + .  Iron, for 
example, reduces H+ from an acid to H2: 

Fe(s) -----+ Fe2
+ (aq) + 2e-

2H+(aq) + 2e- -----+ H2(g) 
EO = -0.44 V [anode; oxidation] 
EO = 0.00 V [cathode ; reduction] 

E�ell = 0.00 V - ( -0.44 V) = 0.44 V 

The lower the metal in the list, the stronger it is as a reducing agent; therefore, 
the more positive its half-cell potential when the half-reaction is reversed, and the 
higher the E�eJJ for its reduction of H+ to H2. If E�ell for the reduction of H+ is 
more positive for metal A than it is for metal B, metal A is a stronger reducing 
agent than metal B and a more active metal. 

2. Metals that cannot displace H2 from acid. Metals that are above the 
standard hydrogen (reference) half-reaction cannot reduce H + from acids .  
When we reverse the metal half-reaction, the E�eJJ is negative, so the reaction 
does not occur. For example, the coinage metals-copper, silver, and gold, 
which are in Group I B ( 1 l ) -are not strong enough reducing agents to reduce 
H+ from acids : 

Ag(s) -----+ Ag+ (aq) + e-
2H+(aq) + 2e- -----+ H2(g) 

EO = 0.80 V [anode; oxidation] 
eo = 0.00 V [cathode; reduction] 

E�ell = 0.00 V - 0.80 V = - 0.80 V 

The higher the metal in the list, the more negative is its E�ell for the reduction of 
H+ to H2, the lower is its reducing strength, and the less active it is. Thus, gold 
is less active than silver, which is less active than copper. 

3 .  Metals that can displace H2 from water. Metals active enough to reduce 
H20 lie below that half-reaction: 

2H20(l) + 2e - -----+ Hig) + 20H- (aq) E = -0.42 V 

(The value shown here is the nonstandard electrode potential because, in pure 
water, [OH-]  is L O X  1 0 -7 M, not the standard-state value of 1 M.) For example, 
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Reduction half-reaction 

2H20(1) + 2e- - H2(g) + 20W(aq) 

Overall (cel l) reaction 

Ca(s) + 2H20(1) - Ca(OH)2(aq) + H2(g) 

Figure 2 1 .9 The reaction of calcium in 
water. Calcium is one of the metals active 
enough to displace H2 from H20. 

CHAPTER 2 1  Electrochemistry: Chemicol Change and Electrical Work 

consider the reaction of sodium in water (with the Na half-reaction reversed 
and doubled): 

2Na(s) -- 2Na+(aq) + 2e- EO = - 2.7 1 V [anode; oxidation] 
2H20(l) + 2e - -- H2(g) + 20H-(aq) E = -0.42 V [cathode; reduction] 

2Na(s) + 2H20(l) -- 2Na+(aq) + H2(g) + 20H-(aq) 
Ecel l  = -0.42 V - ( - 2.7 1 V) = 2.29 V 

The alkali metals [Group l AO )] and the larger alkaline earth metals [Group 
2A(2)] can reduce water, or "displace" H2 from H20 (Figure 2 1 .9). 

4. Metals that can displace other metals from solution. We can also predict 
whether one metal can reduce the aqueous ion of another metal. Any metal that 
is lower in the list in Appendix D can reduce the ion of a metal that is higher up, 
and thus displace that metal from solution. For example, zinc can displace iron 
from solution: 

Zn(s) -- Zn2+(aq) + 2e­
Fe2+(aq) + 2e- -- Fe(s) 

Zn(s) + Fe2+(aq) -- Zn2+(aq) + Fe(s) 

EO = -0 .76 V [anode; oxidation] 
EO = -0.44 V [cathode; reduction] 

E�ell = -0.44 V - ( - 0.76 V) = 0.32 V 

This particular reaction has tremendous economic importance in protecting iron 
from rusting, as you'll see shortly. 

S E C T I O N  S U M M ARY 
The output of a cell is called the cell potential (Ecell) and is measured in volts 
(1 V = 1 JIG). When all substances are in their standard states, the output is the 
standard cell potential (E�ell) '  E�ell > 0 for a spontaneous reaction at standard-state 
conditions. By convention, a standard electrode potential (Ehalf-cell) refers to the reduc­
tion half-reaction. E�ell equals Ehalf-cell of the cathode minus Ehalf-cell of the anode. 
Using a standard hydrogen (reference) electrode, other Ehalf-cell values can be mea­
sured and used to rank oxidizing (or reducing) agents (see Appendix 0). Spontaneous 
redox reactions combine stronger oxidizing and reducing agents to form weaker ones. 
A metal can reduce another species (H+, H20, or an ion of another metal) if E�ell for 
the reaction is positive. 

2 1 .4 FREE ENERGY AND ELECTRICAL WORK 

I n  Chapter 20, w e  discussed the relationship of useful work, free energy, and the 
equilibrium constant. In this section, we examine this relationship in the context 
of electrochemical cells and see the effect of concentration on cell potential. 

Standard Cell Potential and the Equilibrium Constant 
As you know from Section 20.3,  a spontaneous reaction has a negative free energy 
change (LlG < 0), and you' ve just seen that a spontaneous electrochemical reac­
tion has a positive cell potential (Ecell > 0). Note that the signs of LlG and Ecell 
are opposite for a spontaneous reaction. These two indications of spontaneity are 
proportional to each other: 

I1G ex -Ecell 

Let's determine this proportionality constant by focusing on the electrical work 
done (w, in joules), which is the product of the potential (Ecel" in volts) and the 
amount of charge that flows (in coulombs) : 

w = Ecell x charge 

The value used for Ecell is measured with no cun-ent flowing and, therefore, no 
energy lost to heating the cell .  Thus, Ecell is the maximum voltage the cell can 
generate, that is, the maximum work the system can do on the surroundings. 
Recall from Chapter 20 that only a reversible process can do maximum work. For 
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no current to flow and the process to be reversible, Ecell must be opposed by an 
equal potential in the measuring circuit. (In this case, a reversible process means 
that, if the opposing potential is infinitesimally smaller, the cell reaction goes for­
ward; if it is infinitesimally larger, the reaction goes backward.) Equation 20.9 
shows that the maximum work done on the surroundings is - !::"G: 

Wmax = Ecell x charge = - b..G or b..G = - Ecell X charge 
The charge that flows through the cell equals the number of moles of electrons 
(n) transferred times the charge of 1 mol of electrons (symbol F): 

charge 
Charge = moles of e - X --­

mol e-
or charge = nF 

The charge of 1 mol of electrons is the Faraday constant (F), named in honor 
of Michael Faraday, the 1 9th -century British scientist who pioneered the study 
of electrochemistry: 

Because 1 V 

96,485 C 
F = --'-­

mol e-

1 IIC, we have 1 C = 1 IN, and 

F = 9.65 X 1 04 __ J __ 
V'mol e 

(3 sf) (21 .4) 

Substituting for charge, the proportionality constant is nF: 

b..G = -nFEcell (21.5)  

When al l  of the components are in their standard states, we have 

(21 .6) 

Using this relationship, we can relate the standard cell potential to the equi­
librium constant of the redox reaction. Recall from Equation 20. 1 2  that 

b..Go = -RT ln K 

Substituting for !::"Go from Equation 2 1 .6 gives 

Solving for E�el l  gives 

-nFE�ell = -RT ln K 

RT 
E�ell = - ln K  

nF 
(21 .7) 

Figure 2 1 . 1 0 summarizes the interconnections among the standard free energy 
change, the equilibrium constant, and the standard cell potential. The procedures 

E�ell K 

A 
E�ell = �; In K 

Reaction at 
standard-state �Go K E�ell conditions 

B 

<0 >1 >0 Spontaneous 

0 1 0 At equilibrium 

>0 <1 <0 Nonspontaneous 

Figure 2 1 . 1 0  The interrelationship 
of �Go, Egel!> and K. A, Any one of 
these three central thermodynamic 
parameters can be used to find the 
other two. S, The signs of t!.Go and 
E�ell determine the reaction direction 
at standard-state conditions. 
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presented in Chapter 20 for determining K required that we know !1Go, either 
from !1Ho and !1So values or from !1G'f values. For redox reactions, we now have 
a direct experimental method for determinjng K and !1Go: measure E�ell ' 

It is common practice to simphfy Equation 2 1.7 in calculations by 

• Substituting the known value of 8 .3 1 4  l/(mol rxn '  K) for the constant R 
• Substituting the known value of 9.65 X I0

4 
l/(V'mol e-)  for the constant F 

• Substituting the standard temperature of 298 . 1 5  K for T, but keeping in mind 
that the cell can run at other temperatures. 

• Multiplying by 2 .303 to convert from natural to common (base- l 0) logarithms. 
This conversion shows that a 1 0-fold change in K makes E�ell change by 1 .  

Thus, when n moles of e - are transferred per mole of reaction i n  the bal­
anced equation, this simplified relation between E�ell and K gives 

J 
8.3 1 4  X 298 . 1 5  K 

RT RT fOOI....Brn·K 
E�ell = - In K = 2.303 - log K = 2.303 X 

( 
) log K 

nF nF n �  4 J 
9.65 X I O  fOOI....Brn V '� 

And, we have 

0.0592 V 
E�eu = log K 

n 
or 

nE�ell 
log K = 0.0592 V (at 298. 1 5  K) (21.8) 

SAMPLE P ROBLEM 2 1 .5 Calculating K and D.GO from E�ell 
Problem Lead can displace silver from solution: 

Pb(s) + 2Ag+(aq) -- Pb2+ (aq) + 2Ag(s) 

As a consequence, silver is a valuable by-product in the industrial extraction of lead from 
its ore. Calculate K and D.Go at 298. 1 5  K for this reaction. 
Plan We divide the spontaneous redox equation into the half-reactions and use values from 
Appendix D to calculate E�el l '  Then, we substitute this result into Equation 2 1 .8 to find K 
and into Equation 2 1 .6 to find D.Go. 
Solution Writing the half-reactions and their EO values: 

( 1 )  Ag+ (aq) + e- -- Ag(s) EO = 0.80 V 
(2) Pb2+ (aq) + 2e- -- Pb(s) EO = - 0. 1 3  V 

Calculating E�ell :  We double ( 1 ), reverse (2), add the half-reactions, and subtract E1ead 
from E�ilver: 

2Ag+ (aq) + 2e- -- 2Ag(s) EO = 0.80 V 
Pb(s) -- Pb2+(aq) + 2e- EO = - 0. 1 3  V 

Pb(s) + 2Ag+ (aq) -- Pb2+ (aq) + 2Ag(s) 

Calculating K with Equations 2 1 .7 and 2 1 .8 :  
E�ell = 0.80 V - ( - 0. 1 3  V) = 0.93 V 

° RT . RT 
Eceu = - in K = 2.303 - log K 

nF nF 

The adjusted half-reactions show that 2 mol of e- are transferred per mole of reaction as 
written, so n = 2. Then, performing the substitutions for R and F that we just discussed 
with the cell running at 25°C (298. 1 5  K), we have 

So, 

0.0592 V 
E�ell = 

2 
log K = 0.93 V 

0.93 V X 2 
log K = 

0.0592 V 
= 3 1 .42 and K = 2.6X 1 03 1 

Calculating D.Go (Equation 2 1 .6): 

2 mol e­
mol rxn 

96.5 kl 
X X 0.93 V = - 1 .8 X  1 02 kllmol rxn 

V'mol e 
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Check The three variables are consistent with the reaction being spontaneous at standard­
state conditions: E�ell > 0, !1Go < 0, and K > l .  Be sure to round and check the order 
of magnitude: in the !1Go calculation, for instance, !1Go = -2 X 1 00 X 1 = -200, so 
the overall math seems right. Another check would be to obtain !1Go directly from its rela­
tion with K: 

!1Go = -RT In K = - 8.3 1 4  J/mol rxn· K  X 298. 1 5  K X In (2.6 X 1 03 1 ) 
= - 1 . 8 X  1 05 J/mol rxn = - 1 . 8 X  1 02 kJ/mol rxn 

FOLLOW- U P  P R O B L E M  2 1 . 5 When cadmium metal reduces Cu2+ in solution, Cd2+ 
forms in addition to copper metal. Given that !1Go = - 143 kJ, calculate K at 25°C. What 
is E�ell of a voltaic cell that uses this reaction? 

The Effect of Concentration on Cell Potential 
So far, we' ve considered cells with all components in their standard states. 
But most cells don' t  start at those conditions, and even if they did, the concen­
trations change after a few moments of operation. Moreover, in all practical 
voltaic cells, such as batteries, reactant concentrations are far from standard-state 
values. Clearly, we must be able to determine Ecel" the cell potential under non­
standard conditions. 

To do so, let's derive an expression for the relation between cell potential and 
concentration based on the relation between free energy and concentration. Recall 
from Chapter 20 (Equation 20. 1 3) that fl.G equals fl.Go (the free energy change 
when the system moves from standard-state concentrations to equilibrium) plus 
RT In Q (the free energy change when the system moves from nonstandard-state 
to standard-state concentrations) : 

!1G = !1Go + RT ln Q 

fl.G is related to Ecel l  and fl.Go to E�ell (Equations 2 1 .5 and 2 1 .6), so we substi­
tute for them and get 

-nFEcell = - nFE�ell + RT ln Q 

Dividing both sides by - nF, we obtain the Nernst equation, developed by the 
German chemist Walther Hermann Nernst in 1 889: 

RT 
Ecell = E�ell - - In Q 

nF 
(21.9) 

The Nernst equation says that a cell potential under any conditions depends on 
the potential at standard-state concentrations and a term for the potential at 
nonstandard-state concentrations. How do changes in Q affect cell potential? 
From Equation 2 1 .9, we see that 

• When Q < 1 and thus [reactant] > 
• When Q = 1 and thus [reactant] 
• When Q > 1 and thus [reactant] < 

[product] , In Q < 0, so Ecel l > E�el l '  
[product] , In Q = 0, so Ecel l = E�el l '  
[product] , In Q > 0, so Ecell < E�ell '  

As before, to  obtain a simplified form of the Nernst equation for use in cal­
culations, let's substitute known values of R and F, operate the cell at 298. 1 5  K, 
and convert to common (base- l O) logarithms: 

RT RT 
Ecell = E�ell - - In Q = E�ell - 2.303 - log Q 

nF nF 
J 

8.3 1 4  X 298. 1 5 K 
�'K 

= E�ell - 2.303 X ----(---------,-) log Q 
n � 9.65 X 1 04 .J ffieJ...Brn V '� 
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And we obtain: 

0.0592 V 
Eceu = E�ell - log Q (at 298. 1 5  K) 

n 
(21.10) 

Remember that the expression for Q contains only those species with con­
centrations (and/or pressures) that can vary; thus, solids do not appear, even when 
they are the electrodes. For example, in the reaction between cadmium and sil­
ver ion, the Cd and Ag electrodes do not appear in the expression for Q: 

[Cd2+] 
Cd(s) + 2Ag+(aq) ----+ Cd2+(aq) + 2Ag(s) Q = 

[Ag+f 

SAMPLE P ROBLEM 2 1 .6 Using the Nernst Equation to Calculate Eeell 
Problem In a test of a new reference electrode, a chemist constructs a voltaic cell con­
sisting of a Zn/Zn2+ half-cell and an H2/H+ half-cell under the following conditions: 

[Zn2+] = 0.01 0  M [H+] = 2.5 M PH2 = 0.30 atm 
Calculate Ecell at 298. 1 5  K. 
Plan To apply the Nernst equation and determine Ece'" we must know E�ell and Q. We 
write the spontaneous reaction, calculate E�ell from standard electrode potentials (Appen­
dix D), and use the given pressure and concentrations to find Q. (Recall that the ideal gas 
law allows us to use P at constant T as another way of writing concentration, n/V.) Then 
we substitute into Equation 2 1 . 1 0. 
Solution Determining the cell reaction and E�ell : 

2H+(aq) + 2e- ----+ H2(g) EO = 0.00 V 
Zn(s) ----+ Zn2+(aq) + 2e- EO = - 0.76 V 

2H+(aq) + Zn(s) ----+ H2(g) + Zn2+(aq) E�ell = 0.00 V - ( - 0.76 V) = 0.76 V 

Calculating Q: 

_ PH2 X [Zn2+]  0.30 X 0.0 1 0  4 Q - [H+f 
= 

2.52 = 4.8 X I O-

Solving for Ecell at 25°C (298. 1 5  K), with n = 2: 

RT 0.0592 V 
Ecell = E�ell - 2.303 - log Q = E�ell - log Q 

nF n 

= 0.76 V - [0.05�2 V 
log (4.8 X  1 0-4)] = 0.76 V - (-0.0982 V) = 0.86 V 

Check After you check the arithmetic, reason through the · answer: Ecel l > E�el l  
(0.86 > 0.76) because the log Q term was negative, which is consistent with Q < 1 ;  that 
is, the amounts of products, PH2 and [Zn2+] ,  are smaller than the amount of reactant, [H+] .  

FOLLOW- UP PROBLEM 2 1 .6 Consider a voltaic cell based on  the following reac­
tion: Fe(s) + Cu2+(aq) � Fe2+(aq) + Cu(s). If [Cu2+ ]  = 0.30 M, what must [Fe2+]  
be  to  increase Ecell by 0.25 V above E�ell at 25°C? 

Changes in Potential During Cell Operation 
The potential of the zinc-copper cell changes as concentrations change during 
cell operation. The only concentrations that change are [reactant] = [Cu2+] and 
[product] = [Zn2+] :  

Zn(s) + Cu2+(aq) � Zn2+(aq) + Cu(s) 

The positive E�ell value ( 1 . 10 V) means that this reaction proceeds spontaneously 
from the standard-state conditions, at which [Zn

2+] = [Cu
2 +] = 1 M (Q = 1 ) ,  

to  some point at  which [Zn2+] > [Cu
2+ ] (Q > 1 ) .  If we start the cell when 
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1 .30 

Changes in Ecell and Concentration 

1 .20 Stage in 

� 1 . 1 0  

E�ell = 1 . 1 0  V cell 
operation 

a; Lli 1 .  E > P 

1 .00 2. E =  EO 

3. E <  EO 

0.90 f--,...--,...--,...--,...--+--,...--.---.------,...J 4. E =  0 

A 1 0-5 1 0-4 1 0-3 1 0-2 1 0-1 B 

[Zn2+] < [Cu2+] (Q < 1 ), then the cell potential is higher than the standard cell 
potential . 

As the cell operates, [Zn2+] increases (as the Zn electrode deteriorates) and 
[Cu2+ ] decreases (as Cu plates out on the Cu electrode). Although the changes 
during this process occur smoothly, we can identify four general stages of oper­
ation. Figure 2 1 . 1 1 A  shows the first three. The main point to note is as the cell 
operates, its potential decreases: 

Stage 1. Ecell > E�ell when Q < 1 :  When the cell begins operation, [Cu2+] > 
[Zn2+] ,  so Ecell > E�el l ' 

As cell operation continues, [Zn2+] increases and [Cu2+ ] decreases; thus, Q 
becomes larger, and Ecell decreases. 

Stage 2. Ecell = E�el l when Q = 1 :  At the point when [Cu2+] = [Zn2+ ], Q = 1 ,  

so Ecell = E�el l ' 
Stage 3. Ecell < E�el l  when Q > 1 :  As [Cu2+] falls  below [Zn2+],  Ecell < E�ell '  
Stage 4 .  Ecell = 0 when Q = K:  Eventually, Ecell is zero. This occurs when the 

system reaches equilibrium: no more free energy is released, so the cell 
can do no more work. At this point, we say that a battery is "dead." 

Figure 2 1 . 1 1 B  summarizes these four key stages in the operation of a voltaic cell .  
Let's find K for the zinc-copper cell .  At equilibrium, Equation 2 1 . 1 0 becomes 

_ 0 (0.0592 V) . . 0 _ 0.0592 V 
° - Ecell - log K, which rearranges to Ecell - log K 

n n 

Note that this result is identical to Equation 2 1 .8 ,  which we obtained from D..Go. 
Solving for K of the zinc-copper cell (E�ell = 1 . 1 0 V), 

2 x E�elI log K = 0.0592 V ' 
so K = 10(2 X I .  10 V)/0.0592 V = 1037. 16 = l AX 1 037 

Thus, the zinc-copper cell does work until the [Zn2+]/[Cu2+] ratio is very high. 

Concentration Cells 
If you mix a concentrated solution of a salt with a dilute solution of the salt, the 
final concentration equals some intermediate value. A concentration cell employs 
this phenomenon to generate electrical energy. The two solutions are in separate 
half-cells, so they do not mix; rather, their concentrations become equal as the 
cell operates. 

How a Concentration Cell Works Suppose that both compartments of a voltaic 
cell house the Cu/Cu2+ half-reaction. The cell reaction is the sum of identical 
half-reactions, written in opposite directions, so the standard half-cell potentials 

0.0592 V 
I Q Relative 

Q [PI and [R] --n- 09 
<1 [P) < [R] <0 

=1 [PI = [R] =0 

> 1  [PI > [R] >0 

=K [P] » [R] =Eo 

Figure 2 1 . 1 1 The relation between Ecell 
and log Q for the zinc-copper cell. 
A, A plot of Ecell vs. Q (on a logarithmic 
scale) for the zinc-copper cell shows a 
linear decrease. When Q < 1 (left), 
[reactant) is relatively high, and the cell 
can do relatively more work. When Q = 1 ,  
Ecell = E�ell' When Q > 1 (right), [product] 
is relatively high, and the cell can do rela­
tively less work. B, A summary of the 
changes in Ecell as the cell operates, in­
cluding the changes in [Zn2+),  denoted 
[PI for [product), and [Cu2+),  denoted [R) 
for [reactant). 
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cancel (E�opper - E�opper) and E�ell is zero. This occurs because standard elec­
trode potentials are based on concentrations of 1 M. In a concentration cell, how­
ever, the half-reactions are the same but the concentrations are different. As a 
result, even though E�ell equals zero, the nonstandard cell potential, Ecelb does 
not equal zero because it depends on the ratio of concentrations. 

In Figure 2 1 . 1 2A, a concentration cell has 0. 10  M Cu2 + in the anode half­
cell and 1 .0 M Cu2+,  a l O-fold higher concentration, in the cathode half-cell :  

Cu(s) � Cu2+(aq; 0. 1 0  M) + 2e- [anode; oxidation] 
Cu2+(aq; 1 .0 M) + 2e - � Cu(s) [cathode; reduction] 

The overall cell reaction is the sum of the half-reactions: 

Cu2+ (aq; 1 .0 M) � Cu2+(aq; 0. 1 0  M) Eeell = ? 

The cell potential at the initial concentrations of 0. 1 0  M (dilute) and 1 .0 M (con­
centrated), with n = 2, is obtained from the Nernst equation: 

0.0592 V [CU2+]dil (0.0592 V 0. 10 M) 
Eeell = E�ell - log 2 +  = 0 V - log ---2 [Cu ]eone 2 1 . 0  M 

[0.0592 V ] 
= 0 V - 2 ( - 1 .00) = 0.0296 V 

As you can see, because E�ell for a concentration cell equals zero, Ecell for non­
standard conditions depends entirely on the [(0.0592 Yin) log Q] term. 

What is actually going on as this cell operates? In the half-cell with dilute 
electrolyte (anode), the Cu atoms in the electrode give up electrons and become 
Cu2+ ions, which enter the solution and make it more concentrated. The electrons 
released at the anode flow to the cathode compartment. There, Cu2+ ions in the 
concentrated solution pick up the electrons and become Cu atoms, which plate 
out on the electrode, so that solution becomes less concentrated. As in any voltaic 
cell, Ecel l decreases until equilibrium is attained, which happens when [Cu2+] is 
the same in both half-cells (Figure 2 1 . 1 2B) .  The same final concentration would 
result if we mixed the two solutions, but no electrical work would be done. 

A 

0 . 10 M Cu 2+ 1 .0 M Cu2+ 

Oxidation half-reaction 

Cuts) -- Cu2+(aq; 0 . 10  M) + 2e-

Reduction half-reaction 
Cu2+(aq; 1 .0 M) + 2e- __ Cuts) 

Overall (cell) reaction 
Cu2+(aq; 1 .0 M) __ Cu2+(aq; 0. 1 0  M) 

0.55 M Cu 2+ 0.55 M Cu 2+ 
B 

Figure 2 1 . 1 2  A concentration cell based on the 
Cu/Cu2+ half-reaction. A, The half-reactions are 
the same, so E�ell = O. The cell operates because 
the half-cell concentrations are different, which 
makes E cell > 0 in this case. S, The cell operates 
until the half-cell concentrations are equal. Note 
the change in electrodes (exaggerated here for 
clarity) and the identical color of the solutions. 
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SAMPLE PROBLEM 2 1 . 7 Calculating the Potential of a Concentration Cell 
Problem A concentration cell consists of two Ag/ Ag + half-cells. In half-cell A, electrode 
A dips into 0.010 M AgN03; in half-cell B, electrode B dips into 4.0X 10-4 M AgN03 . 
What is the cell potential at 298 . 1 5  K? Which electrode has a positive charge? 
Plan The standard half-cell reactions are identical, so E�ell is zero, and we calculate 
Ecell from the Nernst equation. Because half-cell A has a higher [Ag +] ,  Ag + ions will 
be reduced and plate out on electrode A. In half-cell B, Ag will be oxidized and Ag + ions 
will enter the solution. As in all voltaic cells, reduction occurs at the cathode, which 
is positive. 
Solution Writing the spontaneous reaction: The [Ag +] decreases in half-cell A and 
increases in half-cell B, so the spontaneous reaction is 

Ag+(aq; 0.010  M) [half-cell A] � Ag+(aq; 4.0X lO-4 M) [half-cell B] 

Calculating Ecelb with n = I :  

_ 0 0.0592 V [Ag + ]dil _ ( 4.0X 10-4) 
EcelJ - Ecell -

1 
log 

[Ag + ]conc 
- 0 V - 0.0592 V log 

0.0 1 0  
= 0.0828 V 

Reduction occurs at the cathode, electrode A: Ag+(aq; 0.01 0  M) + e- � Ag(s). Thus, 
electrode A has a positive charge due to a relative electron deficiency. 

FOLLOW- U P  PROBLEM 2 1 . 7 A concentration cell is built using two Au/Au3 + half­
cells. In half-cell A, [Au3 +]  = 7 .0 X lO-4 M, and in half-cell B, [Au3+]  = 2.5 X lO-2 

M. 
What is Ecelb and which electrode is negative? 

Applications of Concentration Cells Chemists, biologists, and environmental sci­
entists apply the principle of a concentration cell in a host of applications. The 
most important is the measurement of unknown ion concentrations in materials 
from various sources, such as blood, soil, natural waters, and industrial waste 
water. The most common laboratory application is measurement of [H+] to deter­
mine pH. Suppose we construct a concentration cell based on the H21H+ half­
reaction, in which the cathode compartment houses the standard hydrogen 
electrode and the anode compartment has the same apparatus dipping into an 
unknown [H+] in solution. The half-reactions and overall reaction are 

H2(g; 1 atm) � 2H+ (aq; unknown) + 2e-
2H+ (aq; 1 M) + 2e - ---.. H2(g; 1 atrn) 

[anode; oxidation] 
[cathode; reduction] 

2H+ (aq; 1 M) � 2H+ (aq; unknown) Ecell = ? 

As for the Cu/Cu
2+ concentration cell ,  E�el l  is zero; however, the half-cells differ 

in [H+] ,  so Ecel l  is not zero. From the Nemst equation, with n = 2, we obtain 

0.0592 V [H+]�nknown 
Ecell = E�ell - log 

+ 
2 

2 [H ] standard 
Substituting 1 M for [H+] standard and 0 V for E�ell gives 

_ 0 _ 0.0592 V [H+]�nknown 0.0592 V 
[H+]2 

Ecell - V log ? log unknown 2 1 - 2 
Because log x

2 
= 2 log x (see Appendix A), we obtain [0.0592 V + J + Ecell = - 2 (2 log [H Junknown) = - 0.0592 V x log [H ]unknown 

Substituting - log [H+] = pH, we have 

Ecell = 0.0592 V x pH 
Thus, by measuring Ecelb we can find the pH. 

In the routine measurement of pH, a concentration cell incorporating two 
hydrogen electrodes is too bulky and difficult to maintain. Instead, as was pointed 
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Glass 
electrode 

Reference 
Ptl 

II (calomel) 
l electrode 

�KCI 
1" 11 solution 

Porous 
ceramic plug B 

Figure 2 1 . 1 3  The laboratory measurement of pH. A, The glass electrode (left) is a self-contained 
Ag/AgCI half-cell immersed in an HCI solution of known concentration and enclosed by a thin glass 
membrane. It monitors the external [H+] in the solution relative to its fixed internal [H+]. The saturated 
calomel electrode (right) acts as a reference. B, Most modern laboratories use a combination elec­
trode, which houses both the glass and reference electrodes in one tube. 

out in Chapter 1 8, a pH meter is used. As shown in Figure 2 1 . 1 3A, two separate 
electrodes dip into the solution being tested. One of them is a glass electrode, 
which consists of an Ag/AgCI half-reaction immersed in an HCI solution of fixed 
concentration (usually 1 .000 M) and enclosed by a thin (�0.05 mm) membrane 
made of a special glass that is highly sensitive to the presence of H+ ions. The 
other electrode is a reference electrode, typically a saturated calomel electrode. 
It consists of a platinum wire immersed in a paste of Hg2Ch (calomel), liquid 
Hg, and saturated KCI solution. The glass electrode monitors the solution's [H+] 
relative to its own fixed internal [H+] ,  and the instrument converts the potential 
difference between the glass and reference electrodes into a measure of pH. In 
modern instruments, a combination electrode is used, which houses both elec­
trodes in one tube (Figure 2 1 . 1 3B) .  

S E C T I O N  S U M M A RY 
A spontaneous process is indicated by a negative tlG or a positive Ecel! >  which are 
related: tlG = -nFEceli' The tlG of the cell reaction represents the maximum amount 
of electrical work the cell can do. Because the standard free energy change, tlGo, is 
related to E�ell and to K, we can use E�ell to determine K. At nonstandard conditions, 
the Nernst equation shows that Ecell depends on E�ell and a correction term based 
on Q. Ecell is high when Q is small (high [reactant]), and it decreases as the cell oper­
ates. At equil ibrium, tlG and Ecell are zero, which means that Q = K. Concentration 
cells have identical half-reactions, but solutions of differing concentration; thus they 
generate electrical energy as the concentrations become equal. The pH electrode 
measures the concentration of H + ions. 

2 1 .5 ELECTROCHEMICAL PROCESSES IN BATTERIES 

B atteries are ingeniously engineered devices that house rather unusual half­
reactions and half-cells, but they operate through the same electrochemical prin­
ciples we've been discussing. Strictly speaking, a battery is a self-contained 
group of voltaic cells arranged in series (plus-to-minus-to-plus, and so on), so that 
their individual voltages are added together. In everyday speech, however, the term 
may also be applied to a single voltaic cell . In this section, we examine the three 
categories of batteries-primary, secondary, and fuel cells-and note important 
examples, including some newer designs, of each. 
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Positive button 
Steel case 

Mn02 in KOH paste 

Zn (anode) 

Graphite rod (cathode) 

AbsorbenVseparator 

Negative end cap 

Primary (Nonrechargeable) Batteries 
A primary battery cannot be recharged, so it is discarded when the components 
have reached their equilibrium concentrations, that is, when the cell is "dead." We' ll 
discuss the alkaline battery and the mercury and silver "button" batteries. 

Alkaline Battery Today's  ubiquitous alkaline battery has a zinc anode case that 
houses a mixture of Mn02 and an alkaline paste of KOH and water. The cathode 
is an inactive graphite rod (Figure 2 1 . 14). The half-reactions are 

Anode (oxidation): Zn(s) + 20H- (aq) ->- ZnO(s) + H20(l) + 2e-

Cathode (reduction): Mn02(S) + 2H20(l) + 2e- ->- Mn(OHMs) + 20H- (aq) 

Overall (cell) reaction: 

Zn(s) + Mn02(s) + H20(l) ->- ZnO(s) + Mn(OHMs) Ece\l = 1 .5 V 
The alkaline battery powers portable radios, toys, flashlights, and so on, is safe, 
has a long shelf life, and comes in many sizes. 

Mercury and Silver (Button) Batteries Mercury and silver batteries are quite sim­
ilar. Both use a zinc container as the anode (reducing agent) in a basic medium. 
The mercury battery employs HgO as the oxidizing agent, the silver uses Ag20, 
and both use a steel can around the cathode. The solid reactants are compacted 
with KOH and separated with moist paper. The half-reactions are 

Anode (oxidation): Zn(s) + 20H- (aq) ->- ZnO(s) + H20(l) + 2e-

Cathode (reduction) (mercury): HgO(s) + H20(l) + 2e- ->- Hg(l) + 20H- (aq) 

Cathode (reduction) (silver): Ag20(s) + H20(l) + 2e - ->- 2Ag(s) + 20H- (aq) 

Overall (cell) reaction (mercury): 

Zn(s) + HgO(s) ->- ZnO(s) + Hg(l) 

Overall (cell) reaction (silver): 

Zn(s) + Ag20(s) ->- ZnO(s) + 2Ag(s) 

Ecell = 1 .3 V 

Ecell = 1 .6 V 
Both cells are manufactured as small button-sized batteries. The mercury cell i s  
used in calculators (Figure 2 1 . 1 5) .  Because of its very steady output, the silver 
cell is used in watches, cameras, heart pacemakers, and hearing aids. Their major 
disadvantages are toxicity of discarded mercury and high cost of silver cells .  

-----:���;::__-- Anode cap 

- Cathode can 

·.p"',-"��=-- Zn in KOH gel 
(anode) (-) 

lii�iiiiii-- Gasket 
\!==============01, ����=-- Separator 

�.i#ii�"--- Pellet of Ag20 
in graphite 
(cathode) (+) 
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Figure 2 1 .  1 4  Alkaline battery. 

Figure 2 1 . 1 5  Silver button battery. 
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H2S04 electrolyte 

Figure 2 1 . 1 6  Lead-acid battery. 
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Secondary ( Rechargeable) Batteries 
In contrast to primary batteries, a secondary, or rechargeable, battery is recharged 
when it runs down by supplying electrical energy to reverse the cell reaction and 
re-form reactant. In other words, in this type of battery, the voltaic cells are peri­
odically converted to electrolytic cells to restore nonequilibrium concentrations of 
the cell components. By far the most widely used secondary battery is the com­
mon car battery. Two newer types are the nickel-metal hydride battery and the 
lithium-ion battery. 

Lead-Acid BaHery A typical lead-acid car battery has six cells connected in 
series, each of which delivers about 2 . 1 V for a total of about 12 V. Each cell 
contains two lead grids loaded with the electrode materials :  high-surface-area Pb 
in the anode and high-surface-area Pb02 in the cathode. The grids are immersed 
in an electrolyte solution of �4.5 M H2S04. Fiberglass sheets between the grids 
prevent shorting due to physical contact (Figure 2 1 . 1 6) .  When the cell discharges, 
it generates electrical energy as a voltaic cell :  

Anode (oxidation): Pb(s) + HS04 - (aq) -- PbS04(s) + H+(aq) + 2e-

Cathode (reduction): 

Pb02(s) + 3 H+ (aq) + HS04 - (aq) + 2e - -- PbS04(s) + 2H20(l) 

Notice that both half-reactions produce Pb
2+ ions, one through the oxidation of 

Pb, the other through the reduction of Pb02. The Pb
2 + forms PbSOis) at both 

electrodes by reacting with HS04 - .  

Overall (cell) reaction (discharge): 

Pb02(s) + Pb(s) + 2H2S04(aq) -- 2PbS04(s) + 2H20(l) Eccll = 2 . 1  V 
When the cell is recharged, it uses electrical energy as an electrolytic cell, and 
the half-cell and overall reactions are reversed. 

Overall (cell) reaction (recharge): 

2PbS04(s) + 2H20(l) -- Pb02(s) + Pb(s) + 2H2S04(aq) 

For more than a century, car and truck owners have relied on the lead-acid 
battery to provide the large burst of current to the starter motor needed to start 
the engine-and to do so for years in both hot and cold weather. Nevertheless, 
there are problems with the lead-acid battery, mainly loss of capacity and safety 
concerns. Loss of capacity arises from several factors, including corrosion of 
the positive (Pb) grid, detachment of active material as a result of normal 
mechanical bumping, and the formation of large crystals of PbS04, which make 
recharging more difficult. 

Most of the safety concerns have been remedied in modern batteries. Older 
batteries had a cap on each cell for monitoring electrolyte density and replac­
ing water lost on overcharging. During recharging, some water could be elec­
trolyzed to H2 and O2, which could explode if sparked, and splatter H2S04, 
Modern batteries are sealed, so they don ' t  require addition of water during nor­
mal operation, and they use flame attenuators to reduce the explosion hazard. 

Nickel-Metal Hydride (Ni-MH) BaHery Concerns about the toxicity of the nickel­
cadmium (nicad) battery are leading to its replacement by the nickel-metal 
hydride battery. The anode half-reaction oxidizes the hydrogen absorbed within a 
metal alloy (designated M; e .g . ,  LaNis) in  a basic (KOH) electrolyte, while 
nickel(III) in the form of NiO(OH) is reduced at the cathode (Figure 2 1 . l 7) :  

Anode (oxidation): MH(s) + OH-(aq) -- M(s) + H20(l) + e -

Cathode (reduction): NiO(OH)(s) + H20(l) + e - -- Ni(OHh(s) + OH-(aq) 

Overall (cell) reaction: MH(s) + NiO(OH)(s) -- M(s) + Ni(OHhCs) 

Eccll = 1 .4 V 
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(-) 

Figure 2 1 . 1 7  Nickel-metal hydride battery. 

The cell reaction is reversed during recharging. The Ni-MH battery is com­
mon in cordless razors, camera flash units, and power tools.  It is lightweight, 
has high power, and is nontoxic, but it may discharge excessively during long­
term storage. 

Lithium-Ion Battery The secondary lithium-ion battery has an anode of Li atoms 
that lie between sheets of graphite (designated LixC6). The cathode is a lithium 
metal oxide, such as LiMn204 or LiCo02, and a typical electrolyte is 1 M LiPF6 
in an organic solvent, such as a mixture of dimethyl carbonate and methylethyl 
carbonate . Electrons flow through the circuit, while solvated Li + ions flow from 
anode to cathode within the cell (Figure 2 1 . 1 8). The cell reactions are 

AI/ode (oxida/iol/): LixC6 - xLi + + xe - + C6(s) 
Cathode (reduction): Lil -xMn204(s) + xLi+ + xe- --- LiMnz04(s) 
Overall (cell) reaction: LixC6 + Lil-xMn204(s) - LiMn204(s) + C6(s) 

Ecell = 3.7 V 

The cell reaction is reversed during recharging. The lithium-ion battery powers 
countless laptop computers, cell phones, and camcorders. Its key drawbacks are 
expense and the flammability of the organic solvent. 

Figure 2 1 . 1 8  Lithium-ion battery. 

Fuel Cells 
In contrast to primary and secondary batteries, a fuel cell, sometimes called aflow 

battery, is not self-contained. The reactants (usually a combustible fuel and oxy­
gen) enter the cell, and the products leave, generating electricity through the con­
trolled oxidation of the fuel. In other words, fuel cells use combustion to produce 
electricity. The fuel does not burn because, as in other batteries, the half-reactions 

are separated, and the electrons are transfened through an external circuit. 

7 1 1 
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� 
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Figure 2 1 . 1 9  Hydrogen fuel cell. 

The most common fuel cell being developed for use in cars is the proton 
exchange membrane (PEM) cell, which uses H2 as the fuel and has an operating 
temperature of around 80°C (Figure 2 1 . 1 9). The cell reactions are 

Anode (oxidation): 2H2(g) - 4H+ (aq) + 4e-
Cathode (reduction): 02(g) + 4H+(aq) + 4e- - 2H20(g) 
Overall (cell) reaction: 2H2(g) + 02(g) - 2H20(g) Ecell = l.2 V 

The reactions in fuel cells have much lower rates than those in other batter­

ies, so they require an electrocatalyst to decrease the activation energy (Section 
1 6.8) .  The PEM cell electrodes are composites consisting of nanoparticles of a 
Pt-based catalyst deposited on graphite. These are embedded in a polymer elec­
trolyte membrane having a perfluoroethylene backbone (--iF2C-CF2Jn) with 
attached sulfonic acid groups (RS03 -) that play a key role in ferrying protons 
from anode to cathode. 

Hydrogen fuel cells have been used for years to provide electricity and pure 
water during space flights. In the very near future, similar ones will supply elec­
tric power for transportation, residential, and commercial needs. Already, every 
major car manufacturer has a fuel-cell prototype. By  themselves, these cells pro­
duce no pollutants, and they convert about 75% of the fuel's bond energy into 
useable power, in contrast to 40% for a coal-fired power plant and 25% for a 
gasoline-powered car engine. Of course, their overall environmental impact will 
depend on how the H2 is obtained; for example, electrolyzing water with solar 
power will have a positive impact, whereas electrolyzing it with electricity from 

a coal-fired plant will have a very negative one. Despite steady progress, current 
fuel-cell research remains focused on lowering costs by improving membrane 
conductivity and developing more efficient electrocatalysts. 

S E C T I O N  SUM M A RY 
Batteries contain several voltaic cells in series and are classified as primary (e.g., alka­
line, mercury, and silver), secondary (e.g., lead-acid, nickel-metal hydride, and lithium­
ion), or fuel cell. Supplying electricity to a rechargeable (secondary) battery reverses 
the redox reaction, forming more reactant for further use. Fuel cells generate a cur­
rent through the controlled oxidation of a fuel such as H2. 
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21.6 CORROSION: A CASE OF ENVIRONMENTAL 
ELECTROCHEMISTRY 

By now, you may be thinking that spontaneous electrochemical processes are al­
ways beneficial, but consider the problem of corrosion, the natural redox process 
that oxidizes metals to their oxides and sulfides. In chemical terms, cOlTosion is the 
reverse of isolating a metal from its oxide or sulfide ore; in electrochemical terms, 
the process shares many similarities with the operation of a voltaic cell. Damage 
from corrosion to cars, ships, buildings, and bridges runs into tens of billions of dol­
lars annually, so it is a major problem in much of the world. We focus here on the 

cOlTosion of iron, but many other metals, such as copper and silver, also con·ode. 

The Corrosion of Iron 
The most common and economically destructive form of corrosion is the rusting of 
iron. About 25% of the steel produced in the United States is made just to replace 
steel already in use that has cOlToded. Contrary to the simplified equation shown 
earlier in the text, rust is not a direct product of the reaction between iron and oxy­
gen but arises through a complex electrochemical process. Let's look at the facts of 
iron cOlTosion and then use the features of a voltaic cell to explain them: 

1 .  Iron does not rust in dry air: moisture must be present. 

2. Iron does not rust in air-free water: oxygen must be present. 
3. The loss of iron and the depositing of rust often occur at different places on 

the same object. 
4. Iron rusts more quickly at low pH (high [H+]) .  
5 .  Iron rusts more quickly in contact with ionic solutions. 
6. Iron rusts more quickly in contact with a less active metal (such as Cu) and 

more slowly in contact with a more active metal (such as Zn) . 

Picture the magnified surface of a piece of iron or steel (Figure 2 1.20). Strains, 
ridges, and dents in contact with water are typically the sites of iron loss (fact 1 ) .  
These sites are called anodic regions because the following half-reaction occurs 
there: 

Fe(s) - Fe2+ (aq) + 2e - [anodic region; oxidation] 
Once the iron atoms lose electrons, the damage to the object has been done, and 

a pit forms where the iron is lost. 

7 1 3  

Figure 21.20 The corrosion of iron. 

The freed electrons move through the external circuit-the piece of iron 
itself-until they reach a region of relatively high O2 concentration (fact 2), near 

the surface of a surrounding water droplet, for instance. At this cathodic region, 
the electrons released from the iron atoms reduce O2 molecules: 

02(g) + 4H+(aq) + 4e- - 2H20(l) [cathodic region; reduction] 

A, A close-up view of an iron surface. 
Corrosion usually occurs at a surface ir­
regularity. B, A schematic depiction of a 
small area of the surface, showing the 
steps in the corrosion process. 

A B 

@ The Fe2+ migrates through � - - - -I 
the drop and reacts with 1 1 02 : /- Water droplet 
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r � n H20 : 2H20� 
� � 2Fe2+ 1 1 - - - - - cathode reduce r-------I 

_::...;....;::.---=."'--.::;.. ....;;t;,""""" __ ..... i.;:i.;. ...... 'bl ;;;;4�Fl':J+ 02 : 02 to H20 

2Fe �� 4e- 1 (cathodic 
(anodic region) L - - - - - - � region) 

CD Oxidation of Fe forms a pit and yields 
electrons, which travel thmugh the metal 
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Notice that this overall redox process is complete; thus, the iron loss has occurred 
without any rust forming: 

2Fe(s) + 02(g) + 4H+(aq) ----+ 2Fe2+ (aq) + 2H20(l) 
Rust forms through another redox reaction in which the reactants make direct 

contact. The Fe
2+ ions formed originally at the anodic region disperse through 

the surrounding water and react with °2, often at some distance from the pit 
(fact 3) .  The overall reaction for this step is 

2Fe2+(aq) + �02(g) + (2+n)H20(l) ----+ Fe203'nH20(s) + 4H+(aq) 
[The inexact coefficient n for H20 in the above equation appears because rust, 
Fe203'nH20, is a form of iron(III) oxide with a variable number of waters of 
hydration.] The rust deposit is really incidental to the damage caused by loss of 

iron-a chemical insult added to the original injury. 

Adding the previous two equations together shows the overall equation for 
the rusting of iron: 

2Fe(s) + �02(g) + nH20(I) + 4H+(ttq) ----+ Fe203'nH20(s) + 4H+(ttq) 
The canceled H+ ions are shown to emphasize that they act as a catalyst; that is, 
they speed the process as they are used up in one step of the overall reaction and 
created in another. As a result of this action, rusting is faster at low pH (high 
[H+] )  (fact 4). Ionic solutions speed rusting by improving the conductivity of the 

aqueous medium near the anodic and cathodic regions (fact 5). The effect of ions 
is especially evident on ocean-going vessels and on the underbodies and around 
the wheel wells of cars driven in cold climates, where salts are used to melt ice 
on slippery roads. 

The components of the corrosion process resemble those of a voltaic cell :  

• Anodic and cathodic regions are separated in space. 
• The regions are connected via an external circuit through which the elec­

trons travel. 
• In the anodic region, iron behaves like an active electrode, whereas in the 

cathodic region, it is inactive. 
• The moisture surrounding the pit functions somewhat like a salt bridge, a 

means for ions to ferry back and forth and keep the solution neutral. 

Protecting Against the Corrosion of Iron 
A common approach to preventing or limiting corrosion is to eliminate contact 
with the corrosive factors. The simple act of washing off road salt removes the 

ionic solution from auto bodies. Iron objects are frequently painted to keep out 

O2 and moisture, but if the paint layer chips, rusting proceeds. More permanent 
coatings include chromium plated on plumbing fixtures .  

The only fact regarding corrosion that we have not yet addressed concerns 
the relative activity of other metals in contact with iron (fact 6), which leads to 
the most effective way to prevent corrosion. The essential idea is that iron func­
tions as both anode and cathode in the rusting process, but it is lost only at the 
anode. Therefore, anything that makes iron behave more like the anode increases 
corrosion. As you can see in Figure 2 1 .2 1 A, when iron is in contact with a less 
active metal (weaker reducing agent), such as copper, its anodic function is 
enhanced. As a result, when iron plumbing is  connected directly to copper plumb­
ing, the iron pipe corrodes rapidly. 

On the other hand, anything that makes iron behave more like the cathode 
prevents corrosion. In cathodic protection, iron makes contact with a more active 
metal (stronger reducing agent), such as zinc. The iron becomes cathodic and 
remains intact, while the zinc acts as the anode and loses electrons (Figure 
2 1 .2IB). Coating steel with a "sacrificial" layer of zinc is the basis of the 
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G) Fe gives up electrons 
to Cu cathode 

® Electrons from Zn 
2H20 reduce 02 to H20 

2Zn2+ �-------I "-.) 1 4H+ 0 1 
1 2 1 

2Zn I 1 
(anode)� 1 :; _ 1 , ______ ,!e __ 1 

G) Zn gives up 
electrons to 
Fe cathode 

Fe 
(inactive cathode) 

A Enhanced corrosion 8 Cathodic protection 

Figure 2 1 .2 1  The effect of metal-metal contact on the corrosion of iron. A, When iron is in con­
tact with a less active metal, such as copper, the iron loses electrons more readily (is more anodic), 
so it corrodes faster. B, When iron is in contact with a more active metal, such as zinc, the zinc acts 
as the anode and loses electrons. Therefore, the iron is cathodic, so it does not corrode. The 
process is known as cathodic protection. 

galvanizing process. In addition to blocking physical contact with H20 and 02, 
the zinc is "sacrificed" (oxidized) instead of the iron. 

Sacrificial anodes are employed to protect iron and steel structures (pipes, 
tanks, oil rigs, and so on) in marine and moist underground environments. The 
metals most frequently used for this purpose are magnesium and aluminum 

because they are much more active than iron. As a result, they act as the anode 
while iron acts as the cathode (Figure 2 1.22). 

S E C T I O N  SUM M A RY 

Figure 2 1 .22 The use of sacrificial 
anodes to prevent iron corrosion. In 
cathodic protection, an active metal, such 
as magnesium or aluminum, is connected 
to underground iron pipes to prevent their 
corrosion. The active metal is sacrificed 
instead of the iron. 

Corrosion damages metal structures through a natural electrochemical change. Iron 
corrosion occurs in the presence of oxygen and moisture and is increased by high 
[H+], high [ion), or contact with a less active metal, such as Cu. Fe is oxidized and 
O2 is reduced in one redox reaction, while rust (hydrated form of Fe203) is formed in 
another reaction that often takes place at a different location. Because Fe functions 
as both anode and cathode in the process, an iron or steel object can be protected 
by physically covering its surface or joining it to a more active metal (such as Zn, Mg, 
or AI), which acts as the anode in place of the Fe. 

21.7 ELECTROLYTIC CELLS: USING ELECTRICAL ENERGY 
TO DRIVE NONSPONTANEOUS REACTIONS 

Up to now, we've been considering voltaic cells, those that generate electrical 
energy from a spontaneous redox reaction. The principle of an electrolytic cell is 

exactly the opposite: electrical energy from an external source drives a non­
spontaneous reaction. 

7 1 5  
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Construction and Operation of an Electrolytic Cell 
Let's examine the operation of an electrolytic cell by constructing one from a 
voltaic cell .  Consider the tin-copper voltaic cell in Figure 2 1 .23A. The Sn anode 
will gradually become oxidized to Sn

2+ ions, and the Cu
2+ ions will gradually 

be reduced and plate out on the Cu cathode because the cell reaction is sponta­
neous in that direction: 

For the voltaic cell 

Sn(s) -----+ Sn2+ (aq) + 2e - [anode; oxidation] 
Cu2+ (aq) + 2e - -----+ Cu(s) [cathode; reduction] 

Sn(s) + Cu2+(aq) -----+ Sn2+(aq) + Cu(s) E�ell = 0.48 V and i1Go = -93 kJ 
Therefore, the reverse cell reaction is nonspontaneous and never happens of its 
own accord, as the negative E�ell and positive !::.Go indicate: 

Cu(s) + Sn2+ (aq) -----+ Cu2+ (aq) + Sn(s) E�ell = -0.48 V and i1Go = 93 kJ 
However, we can make this process happen by supplying from an external source 
an electric potential greater than E�ell' In effect, we have converted the voltaic 
cell into an electrolytic cell and changed the nature of the electrodes-anode is 
now cathode, and cathode is now anode (Figure 2 1 .23B): 

For the electrolytic cell 

Cu(s) -----+ Cu2+(aq) + 2e­
Sn2+(aq) + 2e- -----+ Sn(s) 

Cu(s) + Sn2+(aq) -----+ Cu2+ (aq) + Sn(s) 

Oxidation half-reaction 
Sn(s) ----- Sn2+(aq) + 2e-

2+ 

Reduction half-reaction 
Cu2+(aq) + 2e- -- Cu(s) 

Overall (cell) reaction 
Sn(s) + Cu2+(aq) ----- Sn2+(aq) + Cu(s) 

[anode; oxidation] 
[cathode; reduction] 
[overall (cell) reaction] 

1 MSn2+ 1 MCu 2+ 

Oxidation half-reaction 
Cu(s) -- Cu2+(aq) + 2e-

Reduction half-reaction 
Sn2+(aq) + 2e- ----- Sn(s) 

Overall (cell) reaction 
Cu(s) + Sn2+(aq) -- Cu2+(aq) + Sn(s) 

A Voltaic cell B Electrolytic cell 

Figure 21.23 The tin-copper reaction as the basis of a voltaic and an electrolytic cell. A, At 
standard conditions, the spontaneous reaction between 8n and Cu2+ generates 0.48 V in a voltaic 
cell. B, If more than 0.48 V is supplied, the same apparatus and components become an electrolytic 
cell, and the nonspontaneous reaction between Cu and 8n2+ occurs. Note the changes in electrode 
charges and direction of electron flow. 
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Note that in an electrolytic cell, as in a voltaic cell, oxidation takes place at the 
anode and reduction takes place at the cathode, but the direction of electron flow 
and the signs of the electrodes are reversed. 

To understand these changes, keep in mind the cause of the electron flow: 

• In a voltaic cell, electrons are generated at the anode, so it is negative, and 
electrons are consumed at the cathode, so it is positive. 

• In an electrolytic cell, the electrons come from the external power source, 
which supplies them to the cathode, so it is negative, and removes them from 
the anode, so it is positive. 

Table 21.3 summarizes the processes and signs in the two types of electro­
chemical cells. 

e�1J11 Com�arison of Voltaic and Electrolytic Cells 

Electrode 

Cell Type dG Ecell Name Process Sign 

Voltaic <0 >0 Anode Oxidation 
Voltaic <0 >0 Cathode Reduction + 

Electrolytic >0 <0 Anode Oxidation + 
Electrolytic >0 <0 Cathode Reduction 

Predicting the Products of Electrolysis 
Electrolysis, the splitting (lysing) of a substance by the input of electrical energy, 
is often used to decompose a compound into its elements. Electrolytic cells are 
involved in key industrial production steps for some of the most commercially 
important elements, including chlorine, copper, and aluminum. The first labora­
tory electrolysis of H20 to H2 and O2 was performed in 1800, and the process is 
still used to produce these gases in ultrahigh purity. The electrolyte in an elec­
trolytic cell can be the pure compound (such as H20 or a molten salt), a mixture 
of molten salts, or an aqueous solution of a salt. The products obtained depend 
on several factors, so let 's  examine some actual cases. 

Electrolysis of Molten Salts and the Industrial Production of Sodium Many elec­
trolytic applications involve isolating a metal or nonmetal from a molten binary 

ionic compound (salt). Predicting the product at each electrode is simple if the 
salt is pure because the cation will be reduced and the anion oxidized. The elec­

trolyte is the molten salt itself, and the ions move through the cell because they 
are attracted by the oppositely charged electrodes. 

Consider the electrolysis of molten (fused) calcium chloride. The two species 
present are Ca

2+ and Cl - ,  so Ca
2+ ion is reduced and Cl- ion is oxidized: 

2Cl-(1) -- CI2(g) + 2e- [anode; oxidation] 
Ca2+(I) + 2e- -- Ca(s) [cathode; reduction] 

Ca2+(l) + 2CI-(1) -- Ca(s) + CI2(g) [overall] 
Metallic calcium is prepared industrially this way, as are several other active met­
als as well as the halogens Cl2 and Br2' 

Another important application is the industrial production of sodium, which 
involves electrolysis of molten NaCI. The sodium ore is halite (largely NaCl), 

which is obtained either by evaporation of concentrated salt solutions (brines) or 
by mining vast salt deposits formed from the evaporation of prehistoric seas. 

7 1 7 
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Oxidation half-reaction 
2H20(l) -- 02(g) + 4W(aq) + 4e-

Reduction half-reaction 

2H20(l) + 2e- -- H2(g) + 20W(aq) 

Overall (cell) reaction 
2H20(l) -- 2H2(g) + °2(g) 

Figure 21.25 The electrolysis of water. 
A certain volume of oxygen forms through 
the oxidation of H20 at the anode (right), 
and twice that volume of hydrogen forms 
through the reduction of H20 at the cath­
ode (left). 

CHAPTER 21 Electrochemistry: Chemical Change and Electrical Work 

Molten electrolyte 
(NaCI:CaCI2, 2:3) 

Molten Na 

Figure 21.24 The Downs cell for production of sodium. The mixture of solid NaCI and CaCI2 forms 
the molten electrolyte. Sodium and calcium are formed at the cathode and float, but an NaiCa alloy 
solidifies and falls back into the bath while liquid Na is separated. Chlorine gas forms at the anode. 

The dry solid is crushed and fused (melted) in an electrolytic apparatus called 
the Downs cell (Figure 21.24). To reduce heating costs, the NaCl (mp = 801°C) 
is mixed with 1� parts CaCI2 to form a mixture that melts at only 580°C. Reduc­
tion of the metal ions to Na and Ca takes place at a cylindrical steel cathode, with 
the molten metals floating on the denser molten salt mixture. As they rise through 
a short collecting pipe, the liquid Na is siphoned off, while a higher melting NaiCa 
alloy solidifies and falls back into the molten electrolyte. Chloride ions are oxi­
dized to Cl2 gas at a large anode within an inverted cone-shaped chamber. The 
cell design separates the metals from the Cl2 to prevent their explosive recombi­
nation. The CI2 gas is collected, purified, and sold as a valuable by-product. 

Electrolysis of Water and Nonstandard Half-Cell Potentials Before we can ana­
lyze the electrolysis products of aqueous salt solutions, we must examine the elec­
trolysis of water itself. Extremely pure water is difficult to electrolyze because 
very few ions are present to conduct a current. If we add a small amount of a salt 
that cannot be electrolyzed in water (such as Na2S04), however, electrolysis pro­
ceeds rapidly. A glass electrolytic cell with separated gas compartments is used 
to keep the H2 and O2 gases from mixing (Figure 21.25). At the anode, water is 
oxidized as the O.N. of 0 changes from -2 to 0: 

2H20(l) � 02(g) + 4H+(aq) + 4e- E = 0.82 V [anode; oxidation] 
At the cathode, water is reduced as the O.N. of H changes from + 1 to 0: 

2H20(l) + 2e - � H2(g) + 20H-(aq) E = -0.42 V [cathode; reduction] 

Adding the half-reactions (which involves combining the H+ and OH- into H20 
and canceling e - and excess H20), and calculating Ece')' the overall reaction is 

2H20(l) � 2H2(g) + 02(g) Ecell = -0.42 V - 0.82 V = - 1 .24 V [overall] 
Notice that these electrode potentials are not written with a degree sign 

because they are not standard electrode potentials. The [H+] and [OH-] are 
LOX 10-7 M rather than the standard-state value of 1 M. These E values are 
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obtained by applying the Nernst equation. For example, the calculation for the 
anode potential (with n = 4) is 

_ ° 0.0592 V + 4 Ecell - Ecell - log (Po, x [H ] ) 
4 -

The standard potential for the oxidation of water is - 1 .23 V (from Appendix D) 
and P O2 = 1 atm in the half-cell, so we have { 0.0592 V } Ecell = - 1 .23 V -

4 
x [log 1 + 4 log (I.OX 10-7)] = -0.82 V 

In aqueous ionic solutions, [H+] and [OH-] are approximately 10-7 M also, so 
we use these nonstandard Ecell values to predict electrode products. 

E lectrolysis of Aqueous Salt Solutions; Overvoltage and the ehlor-Alka li Process 
Aqueous salt solutions are mixtures of ions and water, so we compare electrode 
potentials to predict the products. When two half-reactions are possible, 

• The reduction with the less negative (more positive) electrode potential occurs. 
• The oxidation with the less positive (more negative) electrode potential occurs. 

What happens, for instance, when a solution of KI is electrolyzed? The pos­
sible oxidizing agents are K+ and H20, and their reduction half-reactions are 

K+(aq) + e- - K(s) EO = -2.93 V 
2H20(I) + 2e- - H2(g) + 20H-(aq) E = -0.42 V [reduction] 

The less negative electrode potential for water means that it is much easier to 
reduce than K+, so H2 forms at the cathode. The possible reducing agents are l­
and H20, and their oxidation half-reactions are 

21-(aq) - 12(s) + 2e- EO = 0.53 V 
2H20(I) - 02(g) + 4H+(aq) + 4e- E = 0.82 V 

[oxidation] 

The less positive electrode potential for 1- means that a lower potential is needed 
to oxidize it than to oxidize H20, and so 12 forms at the anode. 

Unfortunately, the products predicted from electrode potentials are not always 
the products that form. For gases such as H2(g) and OzCg) to form at metal elec­
trodes, an additional voltage is required. This increment above the expected 
required voltage is called the overvoltage. The phenomenon of overvoltage has 
major practical significance in the chlor-alkali process for the industrial produc­
tion of chlorine and several other chemicals, which is based on the electrolytic 
oxidation of Cl- ion from concentrated aqueous NaCI solutions. Chlorine ranks 
among the top 10 chemicals produced in the United States. 

Because of overvoltage, electrolysis of NaCI solutions does not yield both of 
the component elements. Water is easier to reduce than Na + , so H2 forms at the 
cathode, even with an overvoltage of 0.6 V: 

Na+(aq) + e- - Na(s) EO = -2.71 V 
2H20(I) + 2e- - H2(g) + 20H-(aq) E = -0.42 V (=- 1 V with overvoltage) 

[reduction] 
But Cl2 does form at the anode, even though a comparison of electrode potentials 
would lead us to predict that O2 should form: 

2H20(l) - 02(g) + 4H+(aq) + 4e- E = 0.82 V (� 1 .4 V with overvoltage) 
2Cl-(aq) - Cl2(g) + 2e- P = 1 .36 V [oxidation] 

An overvoltage of �0.6 V makes the potential for forming O2 slightly above that 
for C12. Therefore, the half-reactions for electrolysis of aqueous NaCI are 

2CI-(aq) - Clig) + 2e- EO= 1 1 .36 V [anode; oxidation] 
2H20(l) + 2e- - 20H-(aq) + H2(g) E = - 1 .0 V [cathode; reduction] 

7 1 9  



720 CHAPTER 2 1  E lectrochemistry: Chemical Change and Electrical Work 
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t 
Anode ( +) 
2CI- --- CI2 + 2e-
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Cathode (-) 
2H20 + 2e-___ 20W + H2 

Figure 2 1 .26 A diaphragm cell for the chlor-alkali process. This process uses concentrated 
aqueous NaCI to make NaOH, CI2, and H2 in an electrolytic cell. The difference in liquid level 
between compartments keeps a net movement of solution into the cathode compartment, which 
prevents reaction between OH- and C12. The cathode electrolyte is concentrated and fractionally 
crystallized to give industrial-grade NaOH. 

To obtain commercial amounts of C12, a voltage almost twice this value and a 
CUlTent in excess of 3 X 104 A are used. 

When we include the spectator ion Na +, the total ionic equation shows another 
important product: 

2Na+(aq) + 2C]-(aq) + 2H20(I) ----+ 2Na+(aq) + 20H-(aq) + H2(g) + CI2(g) 

As Figure 21.26 shows, the sodium salts in the cathode compartment exist as an 
aqueous mixture of NaCI and NaOH; the NaCI is removed by fractional crystal­
lization, which separates the compounds by differences in solubility. Thus, in this 
version of the chlor-alkali process, which uses an asbestos diaphragm to separate 
the anode and cathode compartments, the products are C12, H2, and industrial­
grade NaOH, an important base. 

Like other reactive products, H2 and Cl2 are kept apart to prevent explosive 
recombination. Note the higher liquid level in the anode compartment. This slight 
hydrostatic pressure difference minimizes backftow of NaOH, which prevents the 
disproportionation (self-oxidation-reduction) reactions of Cl2 that occur in the 
presence of OH-, such as 

CI2(g) + 20H-(aq) ----+ Cl-(aq) + ClO-(aq) + H20(l) 
A newer chlor-alkali membrane-cell process, in which the diaphragm is 

replaced by a polymeric membrane to separate the cell compartments, has been 
adopted in much of the industrialized world. The membrane allows only cations 
to move through it and only from anode to cathode compartments. Thus, as Cl­
ions are removed at the anode through oxidation to C12, Na + ions in the anode 
compartment move through the membrane to the cathode compartment and form 
an NaOH solution. In addition to forming purer NaOH than the older diaphragm­
cell method, the membrane-cell process uses less electricity. 

Based on many studies, we can determine which elements can be prepared 
electrolytically from aqueous solutions of their salts: 

1 .  Cations of less active metals are reduced to the metal, including gold, silver, 
copper, chromium, platinum, and cadmium. 
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2. Cations of more active metals are not reduced, including those in Groups I A(1) 
and 2A(2), and Al from 3A(13). Water is reduced to H2 and OH- instead. 

3. Anions that are oxidized, because of overvoltage from O2 formation, include 
the halides ([Cl-] must be high), except for F-. 4. Anions that are not oxidized include F- and common oxoanions, such as 
SO/-, CO/- , N03 - , and PO/-, because the central nonmetal in these 
oxoanions is already in its highest oxidation state. Water is oxidized to O2 and 
H+ instead. 

SAMPLE PROBLEM 21.8 Predicting the Electrolysis Products of Aqueous 
Ionic Solutions 

Problem What products form during electrolysis of aqueous solutions of the following 
salts: (a) KBr; (b) AgN03; (c) MgS04? 
Plan We identify the reacting ions and compare their electrode potentials with those of 
water, taking the 0.4 to 0.6 V overvoltage into consideration. The reduction half-reaction 
with the less negative electrode potential occurs at the cathode, and the oxidation half­
reaction with the less positive electrode potential occurs at the anode. 
Solution 

(a) K+(aq) + e- - K(s) EO = -2.93 V 
2H20(l) + 2e- - H2(g) + 20H-(aq) E = -0.42 V 

Despite the overvoltage, which makes E for the reduction of water between -0.8 and 
- 1 .0 V, H20 is still easier to reduce than K+, so H2(g) forms at the cathode. 

2Br-(aq) - Br2(l) + 2e- EO = 1 .07 V 
2H20(l) - 02(g) + 4H+(aq) + 4e- E = 0.82 V 

Because of the overvoltage, which makes E for the oxidation of water between 1 . 2  and 
1 .4 V, Br - is easier to oxidize than water, so Br2(l) forms at the anode (see photo). 
(b) Ag+(aq) + e- - Ag(s) EO = 0.80 V 

2H20(l) + 2e- - H2(g) + 20H-(aq) E = -0.42 V 
As the cation of an inactive metal, Ag + is a better oxidizing agent than H20, so 
Ag forms at the cathode. N03 - cannot be oxidized, because N is already in its highest 

( + 5) oxidation state. Thus, O2 forms at the anode: 
2H20(l) - 02(g) + 4H+(aq) + 4e-

(c) Mg2+(aq) + 2e- _ Mg(s) EO = -2.37 V 

Like K+ in part (a), Mg2+ cannot be reduced in the presence of water, so H2 forms at 
the cathode. The SO/- ion cannot be oxidized because S is in its highest (+6) oxida­

tion state. Thus, H20 is oxidized, and O2 forms at the anode: 
2H20(l) - 02(g) + 4H+ (aq) + 4e-

FOLLOW·UP PROBLEM 21.8 Write half-reactions showing the products you predict 
will form in the electrolysis of aqueous AuBr3' 

Industrial Electrochemistry: Purifying Copper 
and Isolating Aluminum 
In addition to the Downs cell for sodium production and the chlor-alkali process 
for chlorine manufacture, industrial methods based on voltaic and electrolytic cells 
are used commonly to obtain metals and nonmetals from their ores or to purify 
them for later use. Here we focus on two key electrochemical processes. 

The Electrorefining of Copper The most common copper ore is chalcopyrite, 
CuFeS2, a mixed sulfide of FeS and CuS. Most remaining deposits contain less 
than 0.5% Cu by mass. To "win" this small amount of copper from the ore 
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Cu2+ + 2e- �Cu 
Cathode (-) 

Cu �Cu2+ + 2e­

Anode (+) 

Pure Anode Acidified Impure 
copper mud CuS04(aq) copper 

A B 

Figure 2 1 .27 The electrorefining of copper. A, Copper is refined electrolytically, using impure 
slabs of copper as anodes and sheets of pure copper as cathodes. The Cu2+ ions released from 
the anode are reduced to Cu metal and plate out at the cathode. The "anode mud" contains valu­
able metal by-products. B, A small section of an industrial facility for electrorefining copper. 

requires several steps, including a final refining to achieve the purity needed for 
electrical wiring, copper's most important application. More than 2.5 billion 
pounds of copper is produced in the United States annually. 

After removing the iron(II) sulfide and reducing the copper(II) sulfide, the 
copper obtained is usable for plumbing, but it must be purified for electrical 
applications by removing unwanted impurities (Fe and Ni) as well as valuable 
ones (Ag, Au, and Pt). Purification is accomplished by electrorejining, which 
involves the oxidation of Cu to form Cu

2+ ions in solution, followed by 
their reduction and the plating out of Cu metal (Figure 21.27). To do this, 
impure copper is cast into plates to be used as anodes, and cathodes are made 
from already purified copper. The electrodes are immersed in acidified 
CUS04 solution, and a controlled voltage is applied that accomplishes two 
tasks simultaneously: 

1 . Copper and the more active impurities (Fe, Ni) are oxidized to their cations, 
while the less active ones (Ag, Au, Pt) are not. As the anode slabs react, these 
unoxidized metals fall off as a valuable "anode mud" and are purified sepa­
rately. Sale of the precious metals in the anode mud nearly offsets the cost of 
electricity to operate the cell, making Cu wire inexpensive. 2. Because Cu is much less active than the Fe and Ni impurities, Cu2+ ions are 
reduced at the cathode, but Fe

2+ and Ni
2+ ions remain in solution: 

C1I2+(aq) + 2e- --+ Cu(s) EO = 0.34 V 
Ni2+(aq) + 2e- --+ Ni(s) EO = -0.25 V 
Fe2+(aq) + 2e- --+ Fe(s) EO = -0.44 V 

The copper obtained by electrorefining is over 99.99% pure. 

The Isolation of Aluminum Aluminum, the most abundant metal in Earth's crust 
by mass, is found in numerous aluminosilicate minerals. Through eons of weath­
ering, certain of these became bauxite, a mixed oxide-hydroxide that is the major 
ore of aluminum. In general terms, the isolation of aluminum is a two-step process 
that combines several physical and chemical separations. In the first, the mineral 
oxide, A1203, is separated from bauxite; in the second, which we focus on here, 
the oxide is converted to the metal. 
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Aluminum is much too strong a reducing agent to be formed at the cathode 
from aqueous solution, so the oxide itself must be electrolyzed. However, the 
melting point of Al203 is very high (2030°C), so major energy (and cost) sav­
ings are realized by dissolving the oxide in molten cryolite (Na3AIF6) to give 
a mixture that is electrolyzed at -1 000°C. The electrolytic step, called the 
Hall-Heroult process, takes place in a graphite-lined furnace, with the lining itself 
acting as the cathode. Anodes of graphite dip into the molten A1203-Na3AlF6 mix­
ture (Figure 2 1 .28). The cell typically operates at a moderate voltage of 4.5 V, 
but with an enormous current flow of LOx 105 to 2.5 X 105 A. 

Because the process is complex and still not entirely known, the following 
reactions are chosen from among several other possibilities. Molten cryolite con­
tains several ions (including AIF6

3
-, AIF4 -, and F-), which react with Al203 to 

form fluoro-oxy ions (including AlOF/-, AI20F/-, and AI202F/-) that dis­
solve in the mixture. For example, 

2AI203(S) + 2AIF6
3-(l) -- 3AI202F/-(l) 

Al forms at the cathode (reduction), shown here with AIF63- as reactant: 

AIF6
3-(l) + 3e- -- Al(l) + 6F-(l) [cathode; reduction] 

The graphite anodes are oxidized and form carbon dioxide gas. Using one of the 
fluoro-oxy species as an example, the anode reaction is 
A1202F/-(l) + SF-(l) + C(graphite) -- 2AlF6

3- (l) + CO2(g) + 4e-
[anode; oxidation] 

The anodes are consumed in this half-reaction and must be replaced frequently. 
Combining the three previous equations gives the overall reaction: 

2A1203(in Na3AIF6) + 3C(graphite) -- 4Al(l) + 3C02(g) [overall (cell) reaction] 

Graphite rods 
Anodes (+): A1202Fi- + 8F- + C __ 2AIF63- + C02 + 4e-

AI203 dissolved in 
molten Na3AIF6 ---.. -

Bubbles of C02 

Molten AI ---= 

Graphite furnace lining 
Cathode (-) : AIF63- + 3e- __ AI + 6F-

Figure 2 1 .28 The electrolytic cell in aluminum manufacture. Purified AI203 is mixed with cryolite 
(Na3AIF6) and melted. Reduction at the graphite furnace lining (cathode) gives molten AI. Oxidation 
at the graphite rods (anodes) slowly converts them to CO2, so they must be replaced periodically. 
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Aluminum production accounts for more than 5% of total U.S. electrical 
usage! Recent estimates for the entire manufacturing process (including mining, 
maintaining operating conditions, and so forth) show that aluminum recycling 
requires less than 1 % as much energy as manufacturing it from the ore, which 
explains why recycling has become so widespread. 

The Stoichiometry of Electrolysis: The Relation Between Amounts 
of Charge and Product 
As you've seen, the charge flowing through an electrolytic cell yields products at 
the electrodes. In the electrolysis of molten NaCI, for example, the power source 
supplies electrons to the cathode, where Na + ions migrate to pick them up and 
become Na metal. At the same time, the power source pulls from the anode the 
electrons that CI- ions release as they become Cl2 gas. It follows that the more 
electrons picked up by Na + ions and released by Cl- ions, the greater the amounts 
of Na and Cl2 that form. This relationship was first determined experimentally by 
Michael Faraday and is referred to as Faraday's law of electrolysis: the amount 
of substance produced at each electrode is directly proportional to the quantity 
of charge flowing through the cell. 

Each balanced half-reaction shows the amounts (mol) of reactant, electrons, 
and product involved in the change, so it contains the information we need to 
answer such questions as "How much material will form as a result of a given 
quantity of charge?" or, conversely, "How much charge is needed to produce a 
given amount of material?" To apply Faraday's law, 

1. Balance the half-reaction to find the number of moles of electrons needed per 
mole of product. 2. Use the Faraday constant (F = 9.65 X 104 C/mol e -) to find the correspond­
ing charge. 

3. Use the molar mass to find the charge needed for a given mass of product. 

In practice, to supply the correct amount of electricity, we need some means 
of finding the charge flowing through the cell. We cannot measure charge directly, 
but we can measure current, the charge flowing per unit time. The SI unit of cur­
rent is the ampere (A), which is defined as a charge of 1 coulomb flowing through 
a conductor in 1 second: 

1 ampere = 1 coulomb/second or I A = 1 Cis 

Thus, the current multiplied by the time gives the charge: 

C 
Current X time = charge or A X s = - X s = C 

s 

(21.11) 

Therefore, we find the charge by measuring the current and the time during which 
the current flows. This, in turn, relates to the amount of product formed. Figure 21.29 summarizes these relationships. 

Problems based on Faraday's law often ask you to calculate current, mass of 
material, or time. The electrode half-reaction provides the key to solving these 
problems because it is related to the mass for a certain quantity of charge. 

AMOUNT (mol) 
of substance 

oxidized or 
reduced 

< > 
balanced 

half-reaction 

AMOUNT (mol) 
of electrons 
transferred Faraday 

constant 
(e/mol e-) 

CHARGE 
(C) 

¢::::> 
time (5) 

Figure 2 1 .29 A summary diagram for the stoichiometry of electrolysis. 



2 1 .7 Electrolytic Cells: Using Electrical Energy to Drive Nonspontaneous Reactions 

As an example, let's consider a typical problem in practical electrolysis: how 
long does it take to produce 3 .0 g of CI2(g) by electrolysis of aqueous NaCl using 
a power supply with a current of 12 A? The problem asks for the time needed to 
produce a certain mass, so let's first relate mass to number of moles of electrons 
to find the charge needed. Then, we'll relate the charge to the current to find 
the time. 

We know the mass of Cl2 produced, so we can find the amount (mol) of C12 . 
The half-reaction tells us that the loss of 2 mol of electrons produces 1 mol of 
chlorine gas : 

2CI-(aq) --+ CI2(g) + 2e-

We use this relationship as a conversion factor, and multiplying by the Faraday 
constant gives us the total charge: 

I mol CI2 2 mol e- 9.65 x I 04 C 
Charge (C) = 3.0 g CI2 X X X = 8.2X 1 03 C 

70.90 g CI2 1 mol CI2 1 mo l e 

Now we use the relationship between charge and current to find the time needed: 

charge (C) . I s 
Time (s) = = 8.2X 1 03 C X -- = 6.8X 1 02 s (- 1 1  min) 

current (A, or Cis) 1 2  C 

Note that the entire calculation follows Figure 2 1.29 until the last step: 

grams of Cl2 :::} moles of CI2 :::} moles of e - :::} coulombs :::} seconds 
Sample Problem 2 1.9 demonstrates the steps as they appear in Figure 2 1 .29. 

SAMPLE PROBLEM 21.9 Applying the Relationship Among Current, Time, 
and Amount of Substance 

Problem A technician is plating a faucet with 0.86 g of chromium from an electrolytic 
bath containing aqueous Cr2(S04)3' If 1 2.5 min is allowed for the plating, what current 
is needed? 
Plan To find the current, we divide the charge by the time; therefore, we need to find the 
charge. First we write the half-reaction for Cr3+ reduction. From it, we know the number 
of moles of e - required per mole of Cr. As the roadmap shows, to find the charge, we 
convert the mass of Cr needed (0.86 g) to amount (mol) of Cr. The balanced half­
reaction gives the amount (mol) of e - transferred. Then, we use the Faraday constant 
(9.65 X 1 04 C/mol e -) to find the charge and divide by the time ( 1 2.5 min, converted to 
seconds) to obtain the current. 
Solution Writing the balanced half-reaction: 

Cr3+(aq) + 3e- --+ Cr(s) 
Combining steps to find amount (mol) of e - transferred for mass of Cr needed: 

1 mol Cr 3 mol e - _ Moles of e - transferred = 0.86 g Cr X X = 0.050 mol e 
52.00 g Cr 1 mol Cr 

Calculating the charge: 
9.65 X 104 C 

Charge (C) = 0.050 mol e- X = 4.8 X 103 C 
1 mol e 

Calculating the current: 
charge (C) 

Current (A) = --=---'--'­
time (s) 

4 .8X 1 03 C 
X 

1 min = 6.4 Cis = 6.4 A 
1 2.5 min 60 s 

Check Rounding gives 
(-0.9 g)( l mol Cr/50 g)(3 mol e -1 1  mol Cr) = 5 X 1 0-2 mol e-

then 

and 
(5 X 1 03 CI 1 2  min)( l rnin/60 s) = 7 A 

725 

Mass (g) of Cr needed 

divide by At (g/mol) 

Amount (mol) of Cr needed 

3 mol e- = 1 mol Cr 

Amount (mol) of e- transferred 

1 mol e- = 9.65x 104 C 

Charge (C) 

divide by time (convert min to 5) 

Current (A) 
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Comment For the sake of introducing Faraday's law, the details of the electroplating 
process have been simplified here. Actually, electroplating chromium is only 30% to 40% 
efficient and must be run at a particular temperature range for the plate to appear bright. 
Nearly 1 0,000 metric tons (2X 1 08 mol) of chromium is used annually for electroplating. 

FOLLOW- UP PROBLEM 21.9 Using a current of 4.75 A, how many minutes does it 
take to plate onto a sculpture 1 .50 g of Cu from a CUS04 solution? 

S E C T I O N  S U M M A RY 
An electrolytic celi uses electrical energy to drive a nonspontaneous reaction. Oxidation 
occurs at the anode and reduction at the cathode, but the direction of electron flow and 
the charges of the electrodes are opposite those in voltaic celis. When two products can 
form at each electrode, the more easily oxidized substance reacts at the anode and 
the more easily reduced at the cathode. The reduction or oxidation of water takes place 
at nonstandard conditions. Overvoltage causes the actual voltage to be unexpectedly 
high and can affect the electrode product that forms. The industrial production of many 
elements, such as sodium, chlorine, copper, and aluminum, utilizes electrolytic celis. The 
amount of product that forms depends on the quantity of charge flowing through the 
celi, which is related to the magnitude of the current and the time it flows. 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise. )  

Learning Obiectives 
To help you review these learning objectives, the numbers of related 
sections (§), sample problems (SP), and upcoming end-of-chapter 
problems (EP) are l isted in parentheses. 

l .  Understand the meanings of oxidation, reduction, oxidizing 
agent, and reducing agent; balance redox reactions by the half­
reaction method; distinguish between voltaic and electrolytic cells 
in terms of the sign of t:.G (§ 2 1 . 1 )  (SP 2 1 . 1 )  (EPs 2 l . l-2 1 . 1 2) 
2. Describe the physical makeup of a voltaic cell ,  and explain the 
direction of electron flow; draw a diagram and write the notation 
for a voltaic cell (§ 2 1 .2) (SP 2 1 .2) (EPs 2 1. 1 3-2 1 .23) 
3 .  Describe how standard electrode potentials (Ehalf-cell values) 
are combined to give E�ell and how the standard reference elec­
trode is used to find an unknown Ehalf-cel l ;  explain how the reac­
tivity of a metal is related to its Ehalf-cel l ;  write spontaneous redox 
reactions using an emf series like that in Appendix D (§ 2 1 .3) (SPs 
2 1 .3, 2 1 .4) (EPs 2 1 .24-2 1.40) 
4. Understand how Ecell is related to t:.G and the charge flowing 
through the cell; use the intelTelationship of t:.Go, E�clJ, and K to 
calculate any one of these variables ; explain how Ecell changes as 

Key Terms 
electrochemistry (682) 
electrochemical cell (682) 
Section 2 1 .  1 
half-reaction method (683) 
voltaic (galvanic) cell (686) 
electrolytic cell (686) 
electrode (686) 
electrolyte (686) 
anode (686) 
cathode (686) 

Section 2 1 .2 
half-cell (688) 
salt bridge (689) 
Section 2 1 .3 
cell potential (Ecell) (692) 
voltage (692) 
electromotive force 

(emf) (692) 
volt (V) (692) 
coulomb (C) (692) 

the cell operates (Q changes), and use the Nernst equation to find 
Ecel l ;  describe how a concentration cell works and calculate its 
Ecel l  (§ 2 1 .4) (SPs 2 1 .5-2 1 .7)  (EPs 2 1 .4 1-2 1 .56) 
5. Understand how a battery operates, and describe the compo­
nents of primary and secondary batteries and fuel cells (§ 2 1 .5) 
(EPs 2 1.57-2 1 .59) 
6. Explain how corrosion occurs and is prevented (§ 2 1 .6) (EPs 
2 1 .60-2 1 .62) 
7. Understand the basis of an electrolytic cel l ;  describe the 
Downs cell for the production of Na, the chlor-alkali process and 
the importance of overvoltage for the production of CI2> the elec­
trorefining of Cu, and the use of cryolite in the production of AI; 
know how water influences the products at the electrodes during 
electrolysis of aqueous salt solutions (§ 2 l .7)  (SP 2 1 .8)  (EPs 
2 1 .63-2 1 .75, 2 1 .82) 
8. Understand the relationship between charge and amount of 
product, and calculate the current (or time) needed to produce a 
given amount of product or vice versa (§ 2 1 .7) (SP 2 1 .9) (EPs 
2 1 .76-2 1 .8 1 , 2 1 .83, 2 1 . 84) 

standard cell potential 
(E�ell) (692) 

standard electrode (half-cell) 
potential (Ehalf-cell) (693) 

standard reference half-cell 
(standard hydrogen 
electrode) (693) 

Section 2 1 .4 
Faraday constant (F) (70 1 )  
Nernst equation (703) 
concentration cell (705) 

Section 2 1 .5 
battery (708) 
fuel cell (7 1 1 )  
Section 2 1 .6 
corrosion (7 1 3) 
Section 2 1 .7 
electrolysis (7 1 7) 
Downs cell (7 1 8) 
over voltage (7 1 9) 
chlor-alkali process (7 1 9) 
ampere (A) (724) 



Key Equations and Relationships 
2 1 . 1  Relating a spontaneous process to the sign of the cell 
potential (692): 

EceJJ > 0 for a spontaneous process 
2 1 .2 Relating electric potential to energy and charge in SI 
units (692): 

Potential = energy/charge or 1 V = I J/C 
2 1 .3 Relating standard cell potential to standard electrode poten­
tials in a voltaic cell (693) :  

E�eII = E�athode (reduction) - E�node (oxidation) 
2 1 .4 Defining the Faraday constant (70 1 ) : 

F =  9.65 X I 04 --
J
-­

V'mol e 
(3 sf) 

2 1 .5 Relating the free energy change to electrical work and cell 
potential (70 1 ) : 

t:J.G = - Wmax = -nFEceII 
2 1 .6 Finding the standard free energy change from the standard 
cell potential (70 1 ) :  

t:J.GO = - nFE�eI I 

Brief Solutions to Follow-up Problems 
2 1 . 1  6KMn04(aq) + 6KOH(aq) + KI(aq) -->-

6K2Mn04(aq) + KI03(aq) + 3H20(l) 
2 1 .2 Sn(s) -->- Sn2+(aq) + 2e-

[anode; oxidation] 
6e- + 1 4H+(aq) + Cr2072- (aq) -->- 2Cr3+(aq) + 7H20(I) 

[cathode; reduction] 
3Sn(s) + Cr20/-(aq) + 1 4H+(aq) -->-

3Sn2+ (aq) + 2Cr3+ (aq) + 7H20(l) [overall] 
Cell notation : 
Sn(s) I Sn2+ (aq) II H+ (aq), Cr20l-(aq), Cr3+ (aq) I graphite 

2 1 .3 Br2(aq) + 2e- -->- 2Br-(aq) Ebromine = 1 .07 V 
[cathode] 

2V3+ (aq) + 2H20(l) -->- 2V02+ (aq) + 4H+ (aq) + 2e-
E�anadium = ? [anode] 

E�anadium = Ebromine - E�eJ J  = 1 .07 V - l .39 V = -0.32 V 
2 1 .4 Fe2+ (aq) + 2e- -->- Fe(s) eo = -0.44 V 

2 [Fe2+ (aq) -->- Fe3+(aq) + e-] EO = 0.77 V 
3Fe2+(aq) -->- 2Fe3+ (aq) + Fe(s) 

E�eJJ = -0.44 V - 0.77 V = - 1 .2 1  V 
The reaction is nonspontaneous. The spontaneous reaction is 
2Fe3+ (aq) + Fe(s) -->- 3Fe2+ (aq) E�eII = 1 .2 1  V 
Fe > Fe2+ > Fe3+ 

For Review ond Reference 

2 1 .7 Finding the equilibrium constant from the standard cell 
potential (70 1 ) : 

RT 
E�eJJ = - In K  

nF 

727 

2 1 .8 Substituting known values of R, F, and T into Equation 2 1 .7 
and converting to common logarithms (702): 

0.0592 V nE�eII 
�eII = 

n 
log K or log K = 0.0592 V (at 298 . 1 5  K) 

2 1 .9 Calculating the nonstandard cell potential (Nernst 
equation) (703) :  

RT 
EceJJ = E�eII - - In Q 

nF 
2 1 . 10  Substituting known values of R, F, and T into the Nernst 
equation and converting to common logarithms (704): 

0.0592 V 
EceII = E�eII - log Q (at 298. 1 5  K) n 

2 1 . 1 1 Relating current to charge and time (724): 
Current = charge/time or I A = 1 Cis 

2 1 .5 Cd(s) + Cu2+ (aq) -->- Cd2+ (aq) + Cu(s) 
t:J.Go = -RT ln K = - 8.3 1 4 J/mol · K  X 298 K X In K 

= - 143 kJ; K =  1 .2 X 1 025 
0.0592 V ?5 E�eII = 

2 
log ( 1 .2 X  10- ) = 0.742 V 

2 1 .6 Fe(s) -->- Fe2+ (aq) + 2e-
Cu2+ (aq) + 2e - -->- Cu(s) 

EO = -0.44 V 
EO = 0.34 V 

Fe(s) + Cu2+ (aq) -->- Fe2+ (aq) + Cu(s) E�eJ J  = 0.78 V 
So EceJJ = 0.78 V + 0.25 V = 1 .03 V 

0.0592 V [Fe2+]  
1 .03 V = 0 .78  V - log --?-+-

2 [Cu- ] 
[F ?+ ]  
_

e
_- _ = 3 .6X l O-9 

[Cu2+] 
[Fe2+]  = 3 .6x 1 0-9 X 0 .30 M = 1 . 1  X 1 0-9 M 
2 1 .7 Au3+(aq; 2.5 X 1 0-2 M) [B] -->-

Au3+(aq; 7 .0X 1 0-4 M) [A] (0.0592 V 7 .0X lO-4) 
EceJJ = 0 V - X log _? = 0.0306 V 

3 2 .5 X lO -
The electrode in A is negative, so it is the anode. 
2 1 .8 The reduction with the more positive electrode potential is 
Au3+ (aq) + 3e - -->- Au(s) ; EO = 1 .50 V 

[cathode; reduction] 
Because of overvoltage, O2 will not form at the anode, so Br2 
will form: 
2Br-(aq) -->- Br2(l) + 2e- ; EO = 1 .07 V 

2 1 .9 Cu2+(aq) + 2e- -->- Cu(s) ; therefore, 
2 mol e-/ l  mol Cu = 2 mol e-/63.55 g Cu 

2 mol e-
Time (min) = 1 .50 g Cu X ----

63.55 g Cu 

[anode; oxidation] 

9.65 X 104 C I s  1 min 
X X -- X -- = 1 6.0 min 

1 mol e - 4.75 C 60 s 



728 CHAPTER 2 1  Electrochemistry: Chemical Change and Electrical Work 

Problems 
Problems with colored numbers are answered in Aprendix E. 
Sections match the text and provide the numbers 0 relevant 
sample problems. Bracketed problems are g rouped in pai rs 
( i nd icated by a short rule) that cover the same concept. Compre­
hensive Problems are based on material from any section or pre­
vious chapter. 
Note: Unless stated otherwise, a l l  problems refer to systems at 
298 . 1 5  K (2SOC) . 

Redox Reactions and Electrochemical Cells 
(Sample Problem 2 1 . 1 )  
2 1 . 1  Define oxidation and reduction in terms of electron transfer 

and change i n  oxidation number. 
21 .2 Can one half-reaction in a redox process take place indepen­

dently of the other? Explain. 
2 1 .3 Which type of electrochemical cell has /::;'Gsys < O? Which 

type shows an increase in free energy? 
2 1 .4 Which statements are true? Correct any that are false. 

(a) In a voltaic cell, the anode is negative relative to the cathode. 
(b) Oxidation occurs at the anode of a voltaic or an elec­
trolytic cell. 
(c) Electrons flow into the cathode of an electrolytic cell. 
(d) In a voltaic cell, the surroundings do work on the system. 
(e) A metal that plates out of an electrolytic cell appears on 
the cathode. 
(f) The cell electrolyte provides a solution of mobile electrons. 

i2 1 .S Consider the following balanced redox reaction: 
l 6H+(aq) + 2Mn04 -(aq) + l OCl-(aq) --+ 

2Mn2+(aq) + SCI2(g) + 8H20(l) 
(a) Which species is being oxidized? 
(b) Which species is being reduced? 
(c) Which species is the oxidizing agent? 
(d) Which species is the reducing agent? 
(e) From which species to which does electron transfer occur? 
(f) Write the balanced molecular equation, with K+ and sol­
as the spectator ions. 

2 1 .6 Consider the following balanced redox reaction: 
2Cr02 - (aq) + 2H20(l) + 6CIO-(aq) --+ 

2Cr042-(aq) + 3Cl2(g) + 40H-(aq) 
(a) Which species is being oxidized? 
(b) Which species is being reduced? 
(c) Which species is the oxidizing agent? 
(d) Which species is the reducing agent? 
(e) From which species to which does electron transfer occur? 
(f) Write the balanced molecular equation, with Na + as the spec­
tator ion. 

2 1 .7 Balance the following skeleton reactions and identify the ox­
idizing and reducing agents: 
(a) CI03 -(aq) + I- (aq) --+ 12(s) + Cqaq) [acidic] 
(b) Mn04 -(aq) + S032-(aq) --+ 

Mn02(S) + SOl-(aq) [basic] 
(c) Mn04 -(aq) + H202(aq) --+ Mn2+ (aq) + 02(g) [acidic] 

2 1 .8 Balance the following skeleton reactions and identify the ox­
idizing and reducing agents: 
(a) 02(g) + NO(g) --+ N03 - (aq) [acidic] 

(b) CrO/-(aq) + Cu(s) --+ 
Cr(OHMs) + Cu(OHMs) [basic] 

(c) AsOl-(aq) + N02 - (aq) --+ 
As02 -(aq) + N03 - (aq) [basic] 

2 1 .9 Balance the following skeleton reactions and identify the ox­
idizing and reducing agents: 
(a) BH4 -(aq) + Cl03 -(aq) --+ 

H2B03 - (aq) + Cl-(aq) [basic] 
(b) CrO/-(aq) + N20(g) --+ Cr3+(aq) + NO(g) [acidic] 
(c) Brit) --+ Br03 -(aq) + Br-(aq) [basic] 

21 . 10  Balance the following skeleton reactions and identify the 
oxidizing and reducing agents: 
(a) Sb(s) + N03 - (aq) --+ Sb406(s) + NO(g) [acidic] 
(b) Mn2+(aq) + Bi03 -(aq) --+ 

Mn04-(aq) + Bi3+ (aq) [acidic] 
(c) Fe(OHMs) + Pb(OHh -(aq) --+ 

Fe(OHh(s) + Pb(s) [basic] 

2 1 . 1 1 In many residential water systems, the aqueous Fe3+ con­
centration is high enough to stain sinks and turn drinking water 
light brown. The iron content is analyzed by first reducing the 
Fe3+ to Fe2+ and then titrating with Mn04 - in acidic solution. 
Balance the skeleton reaction of the titration step: 

Fe2+(aq) + Mn04 - (aq) --+ Mn2+(aq) + Fe3+(aq) 
2 1 . 1 2  Aqua regia, a mixture of concentrated HN03 and HCl, was 

developed by alchemists as a means to "dissolve" gold. The 
process is actually a redox reaction with the following simplified 
skeleton reaction: 
Au(s) + N03 -(aq) + Cl-(aq) --+ AuCl4 - (aq) + N02(g) 

(a) Balance the reaction by the half-reaction method. 
(b) What are the oxidizing and reducing agents? 
(c) What is the function of HCI in aqua regia? 

Voltaic Cells: Using srontaneous Reactions 
to Generate Electrica Energy 
(Sample Problem 2 1 .2) 
2 1 . 1 3  Consider the following general voltaic cell :  

Identify the (a) anode, (b) cathode, (c)  salt bridge, (d) electrode 
at which e - leave the cell, (e) electrode with a positive charge, 
and (f) electrode that gains mass as the cell operates (assuming 
that a metal plates out). 

2 1 . 1 4  Why does a voltaic cell not operate unless the two compart­
ments are connected through an external circuit? 

2 1 . 1 5  What purpose does the salt bridge serve in a voltaic cell, and 
how does it accomplish this purpose? 



2 1 . 1 6  What is the difference between an active and an inactive 
electrode? Why are inactive electrodes used? Name two sub­
stances commonly used for inactive electrodes. 

2 1 . 1 7  When a piece of metal A is placed in a solution containing 
ions of metal B, metal B plates out on the piece of A. 
(a) Which metal is being oxidized? 
(b) Which metal is being displaced? 
(c) Which metal would you use as the anode in a voltaic cell in­
corporating these two metals? 
(d) If bubbles of H2 form when B is placed in acid, will they 
form if A is placed in acid? Explain. 

12 1 . 1 8  A voltaic cell i s  constructed with an Sn/Sn2+ half-cell and a 
Zn/Zn2+ half-cell .  The zinc electrode is negative. 
(a) Write balanced half-reactions and the overall reaction. 
(b) Draw a diagram of the cell, labeling electrodes with their 
charges and showing the directions of electron flow in the circuit 
and of cation and anion flow in the salt bridge. 

2 1 . 1 9  A voltaic cell is constructed with an Ag/ Ag + half-cell and a 
Pb/Pb2+ half-cell. The silver electrode is positive. 
(a) Write balanced half-reactions and the overall reaction. 
(b) Draw a diagram of the cell, labeling electrodes with their 
charges and showing the directions of electron flow in the circuit 
and of cation and anion flow in the salt bridge. 

2 1 .20 Consider the following voltaic cell: 

--------ill Voltmeter 11f---� 

(a) In which direction do electrons flow in the external circuit? 
(b) In which half-cell does oxidation occur? 
(c) In which half-cell do electrons enter the cell? 
(d) At which electrode are electrons consumed? 
(e) Which electrode is negatively charged? 
(f) Which electrode decreases in mass during cell operation? 
(g) Suggest a solution for the cathode electrolyte. 
(h) Suggest a pair of ions for the salt bridge. 
(i) For which electrode could you use an inactive material? 
(j) In which direction do anions within the salt bridge move to 
maintain charge neutrality? 
(k) Write balanced half-reactions and an overall cell reaction. 

2 1 .2 1  Consider the following voltaic cel l :  

( ; Voltm"" I I 
Salt bridge 

1 M Co2+ 

Problems 729 

(a) In which direction do electrons flow in the external circuit? 
(b) In which half-cell does reduction occur? 
(c) In which half-cell do electrons leave the cell? 
(d) At which electrode are electrons generated? 
(e) Which electrode is positively charged? 
(f) Which electrode increases in mass during cell operation? 
(g) Suggest a solution for the anode electrolyte. 
(h) Suggest a pair of ions for the salt bridge. 
(i) For which electrode could you use an inactive material? 
(j) In which direction do cations within the salt bridge move to 
maintain charge neutrality? 
(k) Write balanced half-reactions and an overall cell reaction. 

21 .22 Write the cell notation for the voltaic cell that incorporates 
each of the following redox reactions: 
(a) Al(s) + Cr3+ (aq) � AI3+(aq) + Cr(s) 
(b) Cu2+(aq) + S02(g) + 2H20(l) � 

Cu(s) + S042-(aq) + 4H+(aq) 
21 .23 Write a balanced equation from each cell notation: 

(a) Mn(s) I Mn2+ (aq) I I  Cd2+(aq) I Cd(s) 1 (b) Fe(s) I Fe2+(aq) I I N03 -(aq) I NO(g) I Pt(s) 

Cell Potential: Output of a Voltaic Cell 
(Sample Problems 2 1 .3 and 2 1 .4) 
2 1 .24 How is a standard reference electrode used to determine un­

known Ef,alf-cell values? 
2 1 .25 What does a negative E�el l  indicate about a redox reac­

tion? What does a negative E�ell indicate about the reverse 
reaction? 

2 1 .26 The standard cell potential is a thermodynamic state func­
tion. How are EO values treated similarly to I1Ho, I1Co, and So 
values? How are they treated differently? 

12 1 .27 In basic solution, Se2- and SO/- ions react spontaneously: 
2Se2-(aq) + 2S0/-(aq) + 3H20(l) � 

2Se(s) + 60H-(aq) + S203
2-(aq) E�ell = 0.35 V 

(a) Write balanced half-reactions for the process. 
(b) If E�lIlfile is -0.57 V, calculate E�elenilll11' 

2 1 .28 In acidic solution, 03 and Mn2+ ion react spontaneously: 
03(g) + Mn2+(aq) + H20(l) � 

OzCg) + Mn02(s) + 2H+(aq) E�el l = 0.84 V 
(a) Write the balanced half-reactions. 
(b) Using Appendix D to find E�zonc, calculate E�,anganese' 

2 1 .29 Use the emf series (Appendix D) to arrange the species. 
(a) In order of decreasing strength as oxidizing agents: Fe3+ ,  
Br2, Cu2+ 
(b) In order of increasing strength as oxidizing agents: Ca2+ ,  
Cr20/-, Ag+ 

21 .30 Use the emf series (Appendix D) to arrange the species. 
(a) In order of decreasing strength as reducing agents: S02, 
PbS04, Mn02 
(b) In order of increasing strength as reducing agents: Hg, Fe, Sn 

2 1 .3 1  Balance each skeleton reaction, calculate E�elb and state 
whether the reaction is spontaneous :  
(a)  Co(s) + H+(aq) � C02+ (aq) + H2(g) 
(b) Mn2+(aq) + Br2(l) � Mn04 -(aq) + Br-(aq) [acidic] 
(c) Hg22+ (aq) � Hg2+ (aq) + Hg(l) 
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2 1 .32 Balance each skeleton reaction, calculate E�elb and state 
whether the reaction is spontaneous :  
(a)  CI2(g) + Fe2+(aq) ------>- Cl-(aq) + Fe3+(aq) 
(b) Mn2+ (aq) + Co3+ (aq) ------>- Mn02(S) + C02+ (aq) [acidic] 
(c) AgCI(s) + NO(g) ------>-

Ag(s) + CI-(aq) + N03-(aq) [acidic] 

2 1 .33 Balance each skeleton reaction, calculate E�elb  and state 
whether the reaction is spontaneous :  
(a)  Ag(s) + Cu2+(aq) ------>- Ag + (aq) + Cu(s) 
(b) Cd(s) + Cr20/-(aq) ------>- Cd2+(aq) + Cr3+(aq) 
(c) N?+(aq) + Pb(s) ------>- Ni(s) + Pb2+ (aq) 

21 .34 Balance each skeleton reaction, calculate E�elb and state 
whether the reaction is spontaneous: 
(a) Cu+(aq) + Pb02(s) + SOl-(aq) ------>-

PbS04(s) + Cu2+ (aq) [acidic] 
(b) H202(aq) + Ni2+(aq) ------>- 02(g) + Ni(s) [acidic] 
(c) Mn02(S) + Ag+(aq) ------>- Mn04 - (aq) + Ag(s) [basic] 

2 1 .35 Use the following half-reactions to write three spontaneous 
reactions and calculate E�ell for each reaction: 
( I )  AJ3+(aq) + 3e- ------>- AI(s) EO = - 1 .66 V 
(2) N204(g) + 2e - ------>- 2N02 -(aq) EO = 0.867 V 
(3) SO/- (aq) + H20(l) + 2e - ------>- S03 

2- (aq) + 20H-(aq) 
EO = 0.93 V 

21 .36 Use the following half-reactions to write three spontaneous 
reactions and calculate E�ell for each reaction: 
( 1 )  Au + (aq) + e - ------>- Au(s) EO = 1 . 69 V 
(2) N20(g) + 2H+ (aq) + 2e - ------>- N2(g) + H20(l) 

(3) Cr3+ (aq) + 3e - ------>- Cr(s) EO = -0.74 V 
EO = 1 .77 V 

21 .37 Use the following half-reactions to write three spontaneous 
reactions and calculate E�el l  for each reaction: 
( 1 ) 2HCIO(aq) + 2H+ (aq) + 2e - ------>- CI2(g) + 2H20(l) 

EO = l .63 V 
(2) Pt2+(aq) + 2e- ------>- Pt(s) EO = 1 .20 V 
(3) PbS04(s) + 2e- ------>- Pb(s) + SO/-(aq) EO = -0.3 1 V 

21 .38 Use the following half-reactions to write three spontaneous 
reactions and calculate E�el l for each reaction: 
( 1 ) I2(s) + 2e- ------>- 2I-(aq) EO = 0.53 V 
(2) S20g2-(aq) + 2e- ------>- 2S0l-(aq) EO = 2.0 1 V 
(3) Cr2072-(aq) + 1 4H+(aq) + 6e- ------>-

2Cr3+ (aq) + 7H20(l) EO = 1 .33 V 

2 1 .39 When metal A is placed in a solution of a salt of metal B ,  
the surface o f  metal A changes color. When metal B i s  placed 
in acid solution, gas bubbles form on the surface of the metal. 
When metal A is placed in a solution of a salt of metal C, 
no change is observed in the solution or on the metal A sur­
face. Wi l l  metal C cause formation of H2 when placed in acid 
solution? Rank metals A, B ,  and C in order of decreasing 
reducing strength. 

2 1 .40 When a clean iron nail i s  placed in an aqueous solution of 
copper(II) sulfate, the nail becomes coated with a brownish 
black material. 
(a) What is the material coating the iron? 
(b) What are the oxidizing and reducing agents? 
(c) Can this reaction be made into a voltaic cell? 
(d) Write the balanced equation for the reaction. 
(e) Calculate E�el l for the process. 

Free Energy and Electrical Work 
(Sample Problems 2 1 .5 to 2 1 .7) 
2 1 .41 (a) How do the relati ve magnitudes of Q and K relate to the 

signs of !lG and Ecell? Explain. 
(b) Can a cell do work when Q/ K > 1 or Q/ K < I? Explain. 

21 .42 A voltaic cell consists of a metal AI A + electrode and a metal 
BIB + electrode, with the AI A + electrode negative. The initial 
[A + ]/[B +] is such that Ecell > E�el l '  
(a) How do [A +]  and [B+]  change as the cell operates? 
(b) How does Ecell change as the cell operates? 
(c) What is [A +]/[B+]  when Ecel l = E�ell ?  Explain. 
(d) Is it possible for Ecell to be less than E�ell? Explain. 

2 1 .43 Explain whether Ecell of a voltaic cell will increase or de­
crease with each of the following changes: 
(a) Decrease in cell temperature 
(b) Increase in [active ion] in the anode compartment 
(c) Increase in [active ion] in the cathode compartment 
(d) Increase in pressure of a gaseous reactant in the cathode 
compartment 

2 1 .44 In a concentration cell, is the more concentrated electrolyte 
in the cathode or the anode compartment? Explain. 

12 1 .45 What is the value of the equilibrium constant for the reac­
tion between each pair at 25°C? 
(a) Ni(s) and Ag + (aq) (b) Fe(s) and Cr3+ (aq) 

2 1 .46 What is the value of the equilibrium constant for the reac­
tion between each pair at 25°C? 
(a) Al(s) and Cd2+ (aq) (b) I2(s) and Br-(aq) 

21 .47 Calculate !lGo for each of the reactions in Problem 2 1 .45. 
21 .48 Calculate !lGo for each of the reactions in Problem 2 1 .46. 

21 .49 What are E�ell and !lGo of a redox reaction at 25°C for 
which n = 1 and K = 5 .0X 1 03? 

2 1 .50 What are E�ell and !lGo of a redox reaction at 25°C for 
which n = 2 and K = 0.075? 

2 1 .5 1  A voltaic cell consists of a standard hydrogen electrode in 
one half-cell and a Cu/Cu2+ half-cel l .  Calculate [Cu2+]  when 
Ecell is 0.25 V. 

2 1 .52 A voltaic cell consists of an Mn/Mn2+ half-cell and a 
Pb/Pb2+ half-cell .  Calculate [Pb2+]  when [Mn2+] is 1 .3 M and 
Ecell is 0.42 V. 

21 .53 A voltaic cell with NilNi2+ and CoICo2+ half-cells has the 
following initial concentrations: [Ni2+ ]  = 0.80 M; [C02+] = 
0.20 M. 
(a) What is the initial Ecell ? 
(b) What is [Ni2+ ]  when Ecell reaches 0.03 V? 
(c) What are the equilibrium concentrations of the ions? 

2 1 .54 A voltaic cell with MnlMn2+ and Cd/Cd2+ half-cells has the 
following initial concentrations: [Mn2+]  = 0.090 M; [Cd2+]  = 
0.060 M. 
(a) What is the initial Ecell? 
(b) What is Ecell when [Cd2+]  reaches 0.050 M? 
(c) What is [Mn2+]  when Ecell reaches 0.055 V? 
(d) What are the equilibrium concentrations of the ions? 

21 .55 A concentration cell consists of two H21H+ half-cells. Half­
cell A has H2 at 0.90 atm bubbling into 0. 1 0  M HCI. Half-cell B 
has H2 at 0.50 atm bubbling into 2.0 M HCI. Which half-cel l  
houses the anode? What is the voltage of the cell? 



21 .56 A concentration cell consists of two Sn/Sn2+ half-cel ls. The 
electrolyte in compartment A is 0. 1 3  M Sn(N03h. The elec­
trolyte in B is 0.87 M Sn(N03h. Which half-cell houses the cath­
ode? What is the voltage of the cell? 

Electrochemical Processes in Batteries 

21 .57 What is the direction of electron flow with respect to the an­
ode and the cathode in a battery? Explain. 

21 .58 Both a D-sized and an AAA-sized alkaline battery have an 
output of 1 .5 V. What property of the cell potential allows this to 
occur? What is different about these two batteries? 

21 .59 Many common electrical devices require the use of more 
than one battery. 
(a) How many alkaline batteries must be placed in series to light 
a flashlight with a 6.0-V bulb? 
(b) What is the voltage requirement of a camera that uses six sil­
ver batteries? 
(c) How many volts can a car battery deliver if two of its 
anode/cathode cells are shorted? 

Corrosion: A Case of Environmental Electrochemistry 

21 .60 During reconstruction of the Statue of Liberty, Teflon spac­
ers were placed between the iron skeleton and the copper plates 
that cover the statue. What purpose do these spacers serve? 

2 1 .61 Why do steel bridge-supports rust at the waterline but not 
above or below it? 

21 .62 Which of the following metals are suitable for use as sacri­
ficial anodes to protect against corrosion of underground iron 
pipes? If any are not suitable, explain why: 
(a) Aluminum (b) Magnesium 
(c) Sodium (d) Lead 
(e) Nickel (f) Zinc 
(g) Chromium 

Electrolytic Cells: Using Electrical Energy to Drive 
Nonspontaneous Reactions 
(Sample Problems 2 l . 8 and 2 l .9) 
Note: Unless stated otherwise, assume that the electrolytic cells in the 
following problems operate at 1 00% efficiency. 

21 .63 Consider the following general electrolytic cell : 

Molten 
MX 

(a) At which electrode does oxidation occur? 
(b) At which electrode does elemental M form? 
(c) At which electrode are electrons being released by ions? 
(d) At which electrode are electrons entering the cel l ?  

21 .64 A voltaic cell consists of  Cr/Cr3+ and Cd/Cd2+ half-cells 
with all components in their standard states. After 10 minutes of 
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operation, a thin coating of cadmium metal has plated out on the 
cathode. Describe what will happen if you attach the negative 
terminal of a dry cell ( 1 .5 V) to the cell cathode and the positive 
terminal to the cell anode. 

2 1 .65 Why are Ehalf-cell values for the oxidation and reduction of 
water different from E�alf-cell values for the same processes? 

21 .66 In an aqueous electrolytic cell, nitrate ions never react at the 
anode, but nitrite ions do. Explain. 

21 .67 How does overvoltage influence the products in the electrol­
ysis of aqueous salts? 

12 1 .68 What property allows copper to be purified in the presence 
of iron and nickel impurities? Explain. 

21 .69 What is  the practical reason for using cryolite in the elec­
trolysis of aluminum oxide? 

21 .70 In the electrolysis of molten NaBr, 
(a) What product forms at the anode? 
(b) What product forms at the cathode? 

21 .71 In the electrolysis of molten BaI2, 
(a) What product forms at the negative electrode? 
(b) What product fOlms at the positive electrode? 

21 .72 Identify those elements that can be prepared by electrolysis 
of their aqueous salts: copper, barium, aluminum, bromine. 

21 .73 Identify those elements that can be prepared by electrolysis 
of their aqueous salts: strontium, gold, tin, chlorine. 

21 .74 What product forms at each electrode in the aqueous elec­
trolysis of the following salts: (a) LiF; (b) SnS04? 

21 .75 What product forms at each electrode in the aqueous elec­
trolysis of the following salts: (a) Cr(N03h;  (b) MnCI2? 

21 .76 Electrolysis of molten MgCl2 is the final production step in 
the isolation of magnesium from seawater. Assuming that 35.6 g 
of Mg metal forms, 
(a) How many moles of electrons are required? 
(b) How many coulombs are required? 
(c) How many amps will produce this amount in 2.50 h? 

2 1 .77 Electrolysis of molten NaCI in a Downs cell is the major 
isolation step in the production of sodium metal. Assuming that 
2 1 5  g of Na metal forms, 
(a) How many moles of electrons are required? 
(b) How many coulombs are required? 
(c) How many amps will produce this amount in 9.50 h? 

21 .78 How many grams of radium can form by passing 2 1 5  C 
through an electrolytic cell containing a molten radium salt? 

21 .79 How many grams of aluminum can form by passing 305 C 
through an electrolytic cell containing a molten aluminum salt? 

21 .80 How many seconds does it take to deposit 85.5 g of Zn on a 
steel gate when 23.0 A is passed through a ZnS04 solution? 

2 1 .8 1  How many seconds does it take to deposit 1 .63 g of Ni on a 
decorative drawer handle when 1 3 .7 A is passed through a 1 Ni(N03)2 solution? 

2 1 .82 A professor adds Na2S04 to water to facilitate its elec­
trolysis in a lecture demonstration. (a) What is the purpose 
of the Na2S04? (b) Why is the water electrolyzed instead of 
the salt? 

21 .83 A Downs cell operating at 75.0 A produces 30.0 kg of Na. 
(a) What volume of CI2(g) is produced at 1 . 0  atm and 580.oC? 
(b) How many coulombs were passed through the cell? 
(c) How long did the cell operate? 
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2 1 .84 Zinc plating (galvanizing) is an important means of corro­
sion protection. Although the process is done customarily by 
dipping the object into molten zinc, the metal can also be elec­
troplated from aqueous solutions. How many grams of zinc can 
be deposited on a steel tank from a ZnS04 solution when a 
0.755-A current flows for 2.00 days? 

Comprehensive Problems 
Problems with an asterisk C') are more challenging. 
21 .85 The Mn02 used in alkaline batteries can be produced by an 

electrochemical process of which one half-reaction is 
Mn2+(aq) + 2H20(l) - Mn02(s) + 4H+(aq) + 2e-

If a ClllTent of 25.0 A is used, how many hours are needed to pro­
duce 1 .00 kg of Mn02? At which electrode is the Mn02 formed? 

2 1 .86 The overall cell reaction occUlTing in an alkaline battery is 
Zn(s) + Mn02(s) + H20(l) - ZnO(s) + Mn(OHMs) 

(a) How many moles of electrons flow per mole of reaction? 
(b) If 2.50 g of zinc is oxidized, how many grams of manganese 
dioxide and of water are consumed? 
(c) What is the total mass of reactants consumed in part (b)? 
(d) How many coulombs are produced in part (b)? 
(e) In practice, voltaic cells of a given capacity (coulombs) are 
heavier than the calculation in part (c) indicates. Explain. 

* 21 .87 Brass, an alloy of copper and zinc, can be produced by si­
multaneously electroplating the two metals from a solution con­
taining their 2 + ions. If exactly 70.0% of the total CUlTent is used 
to plate copper, while 30.0% goes to plating zinc, what is the 
mass percent of copper in the brass? 

2 1 .88 Compare and contrast a voltaic cell and an electrolytic cell 
with respect to each of the following: 
(a) Sign of the free energy change 
(b) Nature of the half-reaction at the anode 
(c) Nature of the half-reaction at the cathode 
(d) Charge on the electrode labeled "anode" 
(e) Electrode from which electrons leave the cell 

* 21 .89 A thin circular-disk earring 5 .00 cm in diameter is  plated 
with a coating of gold 0.20 mm thick from an Au3+ bath. 
(a) How many days does it take to deposit the gold on one side 
of this earring if the current is 0.0 1 0  A (d of gold = 1 9.3 g/cm3)? 
(b) How many days does it take to deposit the gold on both sides 
of a pair of these earrings? 
(c) If the price of gold is $320 per troy ounce (3 1 . 10 g), what i s  
the total cost of  the gold plating? 

21 .90 (a) How many minutes does it take to form 10.0 L of O2 
measured at 99.8 kPa and 28°C from water if a current of l .3 A 
passes through the electrolytic cell? (b) What mass of H2 forms? 

2 1 .91 A silver button battery used in a watch contains 1 6.0 g of 
zinc and can run until 80% of the zinc is consumed. (a) How 
many days can the battery run at a CUlTent of 4.8 milliamps? 
(b) When the battery dies, 95% of the Ag20 has been consumed. 
How many grams of Ag was used to make the battery? (c) If Ag 
costs $5.50 per troy ounce (3 1 . 10 g), what is the cost of the Ag 
consumed each day the watch runs? 

2 1 .92 If a chlor-alkali cell used a current of 3 X 1 04 A, how 
many pounds of Cl2 would be produced in a typical 8-h 
operating day? 

2 1 .93 To improve conductivity in the electroplating of automobile 
bumpers, a thin coating of copper separates the steel from a 
heavy coating of chromium. 

(a) What mass of Cu is deposited on an automobile trim piece if 
plating continues for l .25 h at a current of 5.0 A? 
(b) If the area of the trim piece is 50.0 cm2, what is the thickness 
of the Cu coating (d of Cu = 8.95 g/cm3)? 

2 1 .94 Commercial electrolytic cells for producing aluminum op­
erate at 5 .0 V and 1 00,000 A. 
(a) How long does i t  take to produce exactly 1 metric ton 
( 1 000 kg) of aluminum? 
(b) How much electrical power (in kilowatt-hours, kW·h) is used 
[ 1  W = 1 J/s; 1 kW'h = 3 .6 X I03 kJ]? 
(c) If electricity costs 0.90¢ per kW·h and cell efficiency is 90.%, 
what is the cost of producing exactly l Ib of aluminum? 

2 1 .95 Magnesium bars are connected electrically to underground 
iron pipes to serve as sacrificial anodes. 
(a) Do electrons flow from the bar to the pipe or the reverse? 
(b) A 1 2-kg Mg bar is attached to an iron pipe, and it takes 8.5 yr 
for the Mg to be consumed. What is the average current flowing 
between the Mg and the Fe during this period? 

2 1 .96 Bubbles of H2 form when metal D is placed in hot H20. No 
reaction occurs when D is placed in a solution of a salt of metal 
E, but D is discolored and coated immediately when placed in a 
solution of a salt of metal F. What happens if E is placed in a so­
lution of a salt of metal F? Rank metals D, E, and F in order of 
increasing reducing strength. 

* 2 1 .97 The following reactions are used in batteries: 
2H2(g) + 02(g) - 2H20(l) EcelJ = l .23 V 

II Pb(s) + Pb02(s) + 2H2S04(aq) -
2PbS04(s) + 2H20(l) EcclJ = 2.04 V 

III 2Na(l) + FeCh(s) - 2NaCI(s) + Fe(s) 
EcelJ = 2.35 V 

Reaction I is used in fuel cells, II in the automobile lead-acid 
battery, and III in an experimental high-temperature battery for 
powering electric vehicles. The aim is to obtain as much work as 
possible from a cell, while keeping its weight to a minimum. 
(a) In each cell, find the moles of electrons transferred and !1G. 
(b) Calculate the ratio, in kJ/g, of Wmax to mass of reactants 
for each of the cells. Which has the highest ratio, which the 
lowest, and why? (Note: For simplicity, ignore the masses 
of cell components that do not appear in the cell as reactants, 
including electrode materials , electrolytes, separators, cell 
casing, wiring, etc.) 

2 1 .98 From the skeleton reactions below, create a list of balanced 
half-reactions in which the strongest oxidizing agent is on top 
and the weakest is on the bottom: 

U3+ (aq) + Cr3+ (aq) _ Cr2+(aq) + U
4
+ (aq) 

Fe(s) + Sn2+ (aq) - Sn(s) + Fe2+ (aq) 
Fe(s) + U4+(aq) - no reaction 
Cr3+(aq) + Fe(s) _ Cr2+ (aq) + Fe2+(aq) 

Cr2+ (aq) + Sn2+ (aq) _ Sn(s) + Cr3+(aq) 
2 1 .99 Use Appendix D to calculate the Ksp of AgCl. 
2 1 . 1 00 Calculate the Kf of Ag(NH3h + from 

Ag+(aq) + e- � Ag(s) 
Ag(NH3)2 +(aq) + e- � Ag(s) + 2NH3(aq) 

£0 = 0.80 V 
EO = 0.37 V 

2 1 . 10 1  Use Appendix D to create an activity series of Mn, Fe, Ag, 
Sn, Cr, Cu, Ba, AI, Na, Hg, Ni, Li, Au, Zn, and Pb. Rank these 
metals in order of decreasing reducing strength, and divide them 
into three groups: those that displace H2 from water, those that 
displace H2 from acid, and those that cannot displace H2. 



2 1 . 1 02 The overall cell reaction for aluminum production is 
2Alz03(in Na3AIF6) + 3C(graphite) -- 4Al(l) + 3C02(g) 

(a) Assuming 1 00% efficiency, how many metric tons (t) of 
Al203 are consumed per metric ton of Al produced? 
(b) Assuming 1 00% efficiency, how many metric tons of the 
graphite anode are consumed per metric ton of Al produced? 
(c) Actual conditions in an aluminum plant require 1 . 89 t of 
Al203 and 0.45 t of graphite per metric ton of AI. What is the 
percent yield of Al with respect to Alz03? 
(d) What is the percent yield of Al with respect to graphite? 
(e) What volume of COz (in m3) is produced per metric ton of Al 
at operating conditions of 960.oC and exactly 1 atm? 

• 2 1 . 1 03 Two concentration cells are prepared, both with 90.0 mL of 
0.0 1 00 M Cu(N03h and a Cu bar in each half-cell. 
(a) In the first concentration cell, 1 0.0 mL of 0.500 M NH3 is 
added to one half-cell; the complex ion Cu(NH3)/+ forms, and 
Ecell is 0. 1 29 V. Calculate Kr for the formation of the complex ion. 
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(b) Calculate Ecell when an additional 1 0.0 rnL of 0.500 M NH3 
is added. 
(c) In the second concentration cell, 1 0.0 mL of 0.500 M NaOH 
is added to one half-cel l ;  the precipitate Cu(OH)2 forms (K = 

-20 sp 
2.2X 1 0  ). Calculate E�ell '  
(d) What would the molarity ofNaOH have to be for the addition 
of 10.0 mL to result in an E�ell of 0.340 V? 

2 1 . 1 04 A voltaic cell has one half-cell with a Cu bar in a 1 .00 M 
Cu2+ salt solution, and the other half-cell with a Cd bar in the 
same volume of a 1 .00 M Cd2+ salt solution. 
(a) Find E�el" t1Go, and K. 
(b) As the cell operates, [Cd2+]  increases' find E I I  and t1G 

? +  . 
' ce 

when [Cd- ] is 1 .95 M. 
(c) Find Ecel" t1G, and [Cu2+] at equilibrium. 

2 1 . 1 05 If the Ecell of the following cell is 0.9 1 5  V, what is the pH 
in the anode compartment? 

Pt(s) I H2( 1 .00 atm) I H + (aq) I I Ag+ (O. l OO M) I Ag(s) 
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A 
The Trans ition E lements 
and Thei r (oor:� i nation 
Compounds 

Key Principles 
• In the transition elements (d block), inner atomic orbitals are being filled, 

which causes horizontal and vertical trends in atomic properties that 
differ markedly from those of the main-group elements. 

• Because the ns electrons are close in energy to the (n - 1 )d electrons, 
transition elements can use different numbers of their electrons in 
bonding. Thus, transition elements have multiple oxidation states, and 
the lower states display more metallic behavior (ionic bonding and 
basic oxides). The compounds of ions with a partially filled d sublevel 
are colored and paramagnetic. 

• Transition elements typically form coordination compounds, which 
consist of a complex ion and counter ions. A complex ion has a 
central metal ion and surrounding molecular or anionic ligands. The 

Outl ine 

Exploring the Center of  the Table Many transition elements, like the iron and 
chromium in this stainless steel sculpture, are among the most useful metals known. 
In this chapter, you'll see why transition elements and their compounds differ so 
markedly from main-group elements. 

number of ligands that the metal binds to determines the shape of 
the complex ion. Different positions and bonding arrangements of 
ligands lead to various types of isomers. 

• According to valence bond theory, the shapes of complex ions arise 
from hybridization of d ifferent combinations of d, s, and p orbitals. 

• According to crystal field theory, ligands approaching a metal ion split its 
d-orbital energies, creating two sets of orbitals. Each type of ligand 
causes a characteristic difference (splitting energy, LI.) in d-orbital 
energies, which allows us to rank ligands in a spectrochemical series. 
The electron occupancy of the d orbitals determines the magnetic 
behavior of the complex ion. 

22.1 Properties of the Transition Elements 
Electron Configurations 
Atomic and Physical Properties 
Chemical Properties 

22.2 Coordination Compounds 
Structures of Complex Ions 
Formulas and Names 
Isomerism 

22.3 Theoretical Basis for the Bonding and 
Properties of Complexes 
Valence Bond Theory 
Crystal Field Theory 
Complexes in Biological Systems 
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22. 1 Properties of the Tronsition Elements 

Our exploration of the elements to this point is far from complete; in fact, we 
have skirted the majority of them and some of the most familiar. Whereas 

most important uses of the main-group elements involve their compounds, the 
transition elements are remarkably useful in their uncombined form. Figure 22.1 
shows that the transition elements (transition metals) make up the d block (B 
groups) and f block (inner transition elements). 

In addition to copper, whose importance in plumbing and wiring we noted in 
Chapter 21, many other transition elements have essential uses: chromium in auto­
mobile parts, gold and silver in jewelry, tungsten in lightbulb filaments, platinum 
in automobile catalytic converters, titanium in bicycle frames and aircraft parts, 
and zinc in batteries, to mention just a few of the better known elements. You 
may be less aware of zirconium in nuclear-reactor liners, vanadium in axles and 
crankshafts, molybdenum in boiler plates, nickel in coins, tantalum in organ­
replacement parts, palladium in telephone-relay contacts-the list goes on and on. 
As ions, many of these elements also play vital roles in living organisms. 

In this chapter, we cover the d-block elements only. We first discuss some 

properties of the elements and then focus on the most distinctive feature of their 
chemistry, the formation of coordination compounds-substances that contain 
complex ions. 

-
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22.1 PROPERTIES OF THE TRANSITION ELEMENTS 

The transition elements differ considerably in physical and chemical behavior 
from the main-group elements. In some ways, they are more uniform: main-group 
elements in each period change from metal to nonmetal, but all transition ele­
ments are metals. In other ways, the transition elements are more diverse: most 
main-group ionic compounds are colorless and diamagnetic, but many transition 
metal compounds are highly colored and paramagnetic. We first discuss electron 

configurations of the atoms and ions, and then examine certain key properties of 
transition elements, with an occasional comparison to the main-group elements. 

Concepts & Ski l l s  to Review 
Before You Study This Chapter 

• properties of light (Section 7. 1 )  

735 

• electron shielding of nuclear charge 
(Section 8.2) • electron configuration, ionic size, and 
magnetic behavior (Sections 8.3 to 8.5) • valence bond theory (Section 1 1 . 1 )  • constitutional, geometric, and optical 
isomerism (Section 1 5.2) • Lewis acid-base concepts (Section 1 8.8) • complex-ion formation (Section 1 9.4) • redox behavior and standard electrode 
potentials (Section 21 .3) 

Figure 22. 1 The transition elements 
(d block) and inner transition elements 
(f block) in the periodic table. 
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•• 
Scandium, Sc; 38(3) Titan ium, Ti; 48(4) Vanadium, V; 58(5) Chromium, Cr; 68(6) Manganese, Mn; 78(7) 

Figure 22.2 The Period 4 transition 
metals. Samples of all ten elements 
appear as pure metals, in chunk or pow­
der form, in periodic-table order on this 
and the facing page. 

Electron Configurations of the Transition Metals and Their Ions 
The d-block (B-group) transition elements occur in four series that lie within Peri­
ods 4 through 7. Each transition series represents the filling of five d orbitals and, 
thus, contains ten elements . The first of these series occurs in Period 4 and con­
sists of scandium (Sc) through zinc (Zn) (Figure 22.2). Lying between the first 
and second members of the d-block transition series in Periods 6 and 7 are the 
inner transition elements, whose f orbitals are being filled. 

Even though there are several exceptions, in general, the condensed ground­
state electron configuration for the elements in each d-block series is 

[noble gas] ns2(n - l )dX, with n = 4 to 7 and x = 1 to 10  

In Periods 6 and 7, the condensed configuration includes the f sublevel: 

[noble gas] ns\n - 2)/4(n - l )d'\ with n = 6 or 7 
The partial (valence-level) electron configuration for the d-block elements 
excludes the noble gas core and the filled inner f sublevel: 

ns2(n - l )dX 

Transition metal ions form through the loss of the ns electrons before the 
(n - J)d electrons. Therefore, as one example, the electron configuration of Ti

2+ 

is [Ar] 3d2, not [Ar] 4s2, and Ti
2+ is referred to as a d2 

ion. Ions of different 
metals with the same configuration often have similar properties. For example, 
both Mn

2+ and Fe
3+ are dS ions; both have pale colors in aqueous solution and 

form complex ions with similar magnetic properties. 
Table 22. 1 shows a general pattern in number of unpaired electrons (or half­

filled orbitals) across the Period 4 transition series. Note that the number increases 

11Mliji Orbital Occupancy of the Period 4 Transition Metals 
Element Partial Orbital Diagram Unpaired Electrons 

4s 3d 4p 
Sc [ill t I 
Ti [TI] t t I 2 

V [TI] t t t I 3 

Cr IT] t t t t t I 6 

Mn [TI] t t t t t 5 

Fe IT!] IH t t t t l 4 

Co [!±] IH H t t t l 3 

Ni [TI] IH H H t i t  I 2 

Cu IT] IH HIHIHIHI 
Zn [TI] IH HIHIHIHI o 
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Iron, Fe; 88(8) Cobalt, Co; 88(9) N ickel, N i ;  88(1 0) Copper, Cu; 1 8(1 1 )  Zinc, Zn; 28(1 2) 

in the first half of the series and, when pairing begins, decreases through the sec­
ond half. As you ' ll see, it is the electron configuration of the transition metal atom 
that correlates with physical properties of the element, such as density and mag­
netic behavior, whereas it is the electron configuration of the ion that determines 
the properties of the compounds. 

SAMPLE PROBLEM 22.1 Writing Electron Configurations of Transition Metal 
Atoms and Ions 

Problem Write condensed electron configurations for the following: (a) Zr; (b) y3+ ;  
(c) Mo3+ . (Assume that elements i n  higher periods behave like those i n  Period 4.) 
Plan We locate the element in the periodic table and count its position in the respective 
transition series. These elements are in Periods 4 and 5, so the general configuration is 
[noble gas] ni(n - l )dx. For the ions, we recall that ns electrons are lost first. 
Solution (a) Zr is the second element in the 4d series: [Kr] 5i4d2. 
(b) Y is the third element in the 3d selies: [Ar] 4s23d3. In forming y3+ ,  three electrons 
are lost (two 4s and one 3d), so y3+ is a d2 ion: [Ar] 3d2• 
(c) Mo lies below Cr in Group 6B(6), so we expect the same exception as for Cr. Thus, 
Mo is [Kr] 5s l4d5• To form the ion, Mo loses the one 5s and two of the 4d electrons, so 
Mo3+ is a d3 ion : [Kr] 4d3. 
Check Figure 8.5 shows we're correct for the atoms. Be sure that charge plus number of 
d electrons in the ion equals the sum of outer s and d electrons in the atom. 

FOLLOW· UP PROBLEM 22.1 Write partial electron configurations for the following: 
(a) Ag+ ;  (b) Cd2+ ;  (c) !r3+ .  

Atomic and Physical Properties of the Transition Elements 
The atomic properties of the transition elements contrast in several ways with 

those of a comparable set of main-group elements (Section 8.4). 

Trends Across a Period Consider the variations in atomic size, electronegativity, 
and ionization energy across Period 4 (Figure 22.3) :  

• Atomic size. Atomic size decreases overall across the period (Figure 22.3A). 
However, there is a smooth, steady decrease across the main groups because 

A Atomic radius (pm) 

B Electronegativity 

C First ionization energy (kJ/mol) 

Figure 22.3 Horizontal trends in key 
atomic properties of the Period 4 
elements. The atomic radius (A), electro­
negativity (8), and first ionization energy 
(C) of the elements in Period 4 are shown 
as posts of d ifferent heights, with darker 
shades for the transition series. The 
transition elements exhibit smaller, less 
regular changes for these properties than 
do the main-group elements. 



738 

200 
La 

E 1 75 S 
U) ::J � 1 50 Ta 

() Ti Nb 
E V 0 1 25 ;;:( 

1 00 
A 

� 1 200 0 
.§ ...., 
� 1 000 
>. Ol 
Qi c Q) 
c 800 Ta 
0 HI .� Nb Sc N Zr 'c 600 y V 

.Q Ti 

� 
La 

i.I 400 
36 46 56 
(3) (4) (5) 

C 

W 
Mo 

Cr 

CHAPTER 22 The Transition Elements and Their Coordination Compounds 

the electrons are added to outer orbitals, which shield the increasing nuclear 
charge poorly. This steady decrease is suspended throughout the transition 
series, where atomic size decreases at first but then remains fairly constant. 
Recall that the d electrons fill inner orbitals, so they shield outer electrons from 
the increasing nuclear charge more effectively. As a result, the outer 4s elec­
trons are not pulled closer. 

• Electronegativity. Electronegativity generally increases across the period but, 
once again, the transition elements exhibit a relatively small change in elec­
tronegativity (Figure 22.3B), consistent with the relatively small change in size. 
In contrast, the main groups show a steady, much steeper increase between the 
metal potassium (0 .8) and the nonmetal bromine (2.8). The transition elements 
all have intermediate electronegativity values. 

• Ionization energy. The ionization energies of the Period 4 main-group elements 
rise steeply from left to right, more than tripling from potassium (4 19 kJ/mol) 
to krypton ( 1351  kJ/mol), as electrons become more difficult to remove from 
the poorly shielded, increasing nuclear charge. In the transition metals, how­
ever, the first ionization energies increase relatively little because the inner 3d 
electrons shield effectively (Figure 22.3C); thus, the outer 4s electron experi­
ences only a slightly higher effective nuclear charge. 

Trends Within a Group Vertical trends for transition elements are also different 
from those for the main groups. 

• Atomic size. As expected, atomic size of transition elements increases from 
Period 4 to 5,  as it does for the main-group elements, but there is virtually no 
size increase from Period 5 to 6 (Figure 22.4A). The lanthanides (Z = 58 to 7 1), 
with their buried 4f sublevel, appear between the 4d (Period 5) and 5d (Period 6) 

Au 
-- 3d series, Period 4 2 .4 

Ru Rh Pd 
-- 4d series, Period 5 2.2 as Ir  Pt 
-- 5d series, Period 6 Z- 2.0 .;; 

� Hg Ol 1 .8 
Au (l) Fe Co Ni 

Cd c 
Re as Ir  Pt Ag e 1 .6 t5 Zn 
Tc Ru Rh Pd Zn Q) 1 .4 UJ Mn Fe Cu Co Ni 

1 .2 

1 .0 
B 

24.0 as Ir 
Re Pt 

U 21 .0 w Au Hg 0 
� 1 8.0 
<1l Ta � � Pd Cd W Re Fe Co Cu 

Mo Mn Ni A 

1 1 5.0 
() 
:9 1 2.0 

HI Hg 
Ru Rh 

Tc Pd 
Ag 

Tc 
Cr 

66 76 
(6) (7) 

Ru Rh 9 
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Figure 22.4 Vertical trends in key properties within the transition transition group. C, First ionization energies are highest at the bottom 
elements. The trends are unl ike those for the main-group elements in  of a transition group. D, Densities increase down a transition group 
several ways: A, The second and third members of a transition metal because mass increases faster than volume. 
group are nearly the same size. B, Electronegativity increases down a 
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series. Therefore, an element in Period 6 is separated from the one above it in 
Period S by 32 elements (ten 4d, six Sp , two 6s, and fourteen 4f orbitals) instead 
of just 1 8 .  The extra shrinkage that results from the increase in nuclear charge 
due to the addition of 1 4  protons is called the lanthanide contraction. By coin­
cidence, this decrease is about equal to the normal increase between periods, 
so the Periods S and 6 transition elements have about the same atomic sizes. 

• Electronegativity. The vertical trend in electronegativity seen in most transition 
groups is opposite the trend in main groups. Here, we see an increase in elec­
tronegativity from Period 4 to Period S, but then no further increase in Period 6 
(Figure 22.4B). The heavier elements, especially gold (EN = 2.4), become 

quite electronegative, with values exceeding those of most metalloids and even 
some nonmetals (e.g. , EN of Te and of P = 2.1). 

• Ionization energy. The relatively small increase in size combined with the rel­
atively large increase in nuclear charge also explains why the first ionization 
energy generally increases down a transition group (Figure 22.4C). This trend 
also runs counter to the pattern in the main groups. 

• Density. Atomic size, and therefore volume, is inversely related to density. 

Across a period, densities increase, then level off, and finally dip a bit at the 
end of a series (Figure 22.4D). Down a transition group, densities increase 
dramatically because atomic volumes change little from Period S to 6, but 
atomic masses increase significantly. As a result, the Period 6 series contains 
some of the densest elements: tungsten, rhenium, osmium, iridium, platinum, 
and gold have densities about 20 times that of water and twice that of lead. 

Chemical Properties of the Transition Metals 
Like their atomic and physical properties, the chemical properties of the transi­
tion elements are very different from those of the main-group elements. Let's 
examine the key properties in the Period 4 transition series. 

Oxidation States One of the most characteristic chemical properties of the tran­
sition metals is the occurrence of multiple oxidation states. For example, in their 
compounds, vanadium exhibits two common positive oxidation states, chromium 
three, and manganese three (Figure 22.SA), and many other oxidation states are 
seen less often. The ns and (n - l )d electrons are so close in energy that transi­
tion elements can use all or most of these electrons in bonding. This behavior is 
markedly different from that of the main-group metals, which display one or, at 
most, two oxidation states in their compounds. 

The highest oxidation state of elements in Groups 3B(3) through 7B(7) is equal 
to the group number, as shown in Table 22.2. These oxidation states are seen when 
the elements combine with highly electronegative oxygen or fluorine. For instance, 
in the oxoanion solutions shown in Figure 22.SB, vanadium occurs as the vana­
date ion (V04

3
- ;  O.N. of V = + S), chromium occurs as the dichromate ion 

(CrzOl- ; O.N. of Cr = +6), and manganese occurs as the permanganate ion 
(Mn04 -; O.N. of Mn = +7). In contrast, elements in Groups 8B(8), 8B(9), and 
8B( 1 O) exhibit fewer oxidation states, and the highest state is less common and 

never equal to the group number. For example, we never encounter iron in the + 8 
state and only rarely in the + 6 state. The + 2 and + 3 states are the most common 
ones for iron and cobalt, and the + 2  state is most common for nickel, copper, and 
zinc. The + 2 oxidation state is common because ni electrons are readily lost. 

Metallic Behavior and Reducing Strength Atomic size and oxidation state have 
a major effect on the nature of bonding in transition metal compounds. Like the 
metals in Groups 3A( 1 3),  4A( 1 4) ,  and SA( 1 S) ,  the transition elements in their 

lower oxidation states behave chemically more like metals. That is, ionic bond­
ing is more prevalent for the lower oxidation states, and covalent bonding is more 

739 

A 

B 

Figure 22.5 Aqueous oxoanions of 
transition elements. A, Often,  a given 
transition element has multiple oxidation 
states. Here, Mn is shown in the + 2  
(Mn2+ ,  left), the +6 (MnO/-, middle), 
and the + 7 states (Mn04 - , right). B, The 
highest possible oxidation state equals 
the group number in  these oxoanions: 
V04

3- (left), Cr20/- (middle),  and 
Mn04 - (right). 
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RNE!' Standard Electrode 
Potentials of Period 4 M2+ Ions 

Half-Reaction EO (V) 

Ti2 + (aq) + 2e- � Ti(s) 
y2 + (aq) + 2e- � Yes) 
Cr2+ (aq) + 2e- � Cr(s) 
Mn2+ (aq) + 2e- � Mn(s) 
Fe2+ (aq) + 2e- � Fe(s) 
Co2+ (aq) + 2e- � Co(s) 
Ni2+(aq) + 2e- � N i (s) 
Cu2+ (aq) + 2e- � Cu(s) 
Zn2+ (aq) + 2e- � Zn(s) 

- 1 .63 
- 1.1 9  
-0 .9 1  
- 1. 1 8  
-0.44 
-0.28 
-0.25 

0.34 
-0.76 
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fi'MMD Oxidation States and d-Orbital Occupancy of the Period 4 
Transition Metals· 

38 48 58 68 78 88 88 88 1 8  28 
Oxidation (3) (4) (5) (6) (7) (8) (9) ( 1 0) ( 1 1 )  ( 1 2) 
State Sc Ti V Cr Mn Fe Co Ni Cu In 

0 d l d2 (p dS dS d6 d7 d S d l o d lO 

+ 1  d3 dS dS d6 d7 dS d l O  

+2 d2 (p d4 dS dfi d7 dS d9 d l o 

+ 3  dO dl (p d3 d4 dS d6 d7 dS 

+4 dO dl d2 d3 d4 dS d6 

+5  dO d l d2 d4 
+6  (10 dl d2 
+ 7  dO 

*The most important orbital occupancies are in color. 

prevalent for the higher states. For example, at room temperature, TiCl2 is an 
ionic solid, whereas TiCl4 is a molecular liquid. In the higher oxidation states, the 
atoms have higher charge densities, so they polarize the electron clouds of the 
nonmetal ions more strongly and the bonding is more covalent. For the same rea­
son, the oxides become less basic as the oxidation state increases: TiO is weakly 
basic in water, but Ti02 is amphoteric (reacts with both acid and base). 

Table 22.3 shows the standard electrode potentials of the Period 4 transition 
metals in their + 2  oxidation state in acid solution. Note that, in general, reduc­
ing strength decreases across the series. All the Period 4 transition metals, except 
copper, are active enough to reduce H + from aqueous acid to form hydrogen gas. 
In contrast to the rapid reaction at room temperature of the Group lA(l )  and 
2A(2) metals with water, however, the transition metals have an oxide coating that 
allows rapid reaction only with hot water or steam. 

Color and Magnetism of Compounds Most main-group ionic compounds are col­
orless because the metal ion has a filled outer level (noble gas electron configu­
ration) .  With only much higher energy orbitals available to receive an excited elec­
tron, the ion does not absorb visible light. In contrast, electrons in a partially filled 
d sublevel can absorb visible wavelengths and move to slightly higher energy d 
orbitals .  As a result, many transition metal compounds have striking colors. 
Exceptions are the compounds of scandium, titanium(IV), and zinc, which are 

colorless because their metal ions have either an empty d sublevel (Sc
3+ or Ti

4+ : 

[Ar] 3do) or a filled one (Zn
2+ : [Ar] 3d1 o) (Figure 22.6). 

Figure 22.6 Colors of representative compounds of the Period 4 
transition metals. Staggered from left to right, the compounds are 
scand ium oxide (white), titanium(lV) oxide (white) , vanadyl su lfate 
d ihydrate (light blue), sodium chromate (yellow), manganese(ll) chlo-

ride tetrahydrate (light pink) , potassium ferricyanide (red-orange), 
cobalt(lI) chloride hexahydrate (violet), nickel(lI) nitrate hexahydrate 
(green), copper(l I) su lfate pentahydrate (blue), and zinc sulfate hep­
tahydrate (white). 
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Magnetic properties are also related to sublevel occupancy (Section 8 .S) .  
Recall that a paramagnetic substance has atoms or ions with unpaired electrons, 
which cause it to be attracted to an external magnetic field. A diamagnetic sub­
stance has only paired electrons, so it is unaffected (or slightly repelled) by a 
magnetic field. Most main-group metal ions are diamagnetic for the same reason 
they are colorless: all their electrons are paired. In contrast, many transition metal 
compounds are paramagnetic because of their unpaired d electrons. For exam­
ple, MnS04 is paramagnetic, but CaS04 is diamagnetic. The Ca2+ ion has the 
electron configuration of argon, whereas Mn

2+ has a dS configuration. Transition 
metal ions with a dO or dID  configuration are diamagnetic and colorless. 

S E C T I O N  S U M M A RY 
All transition elements are metals. Atoms of the d-block elements have (n - 1 )d 
orbitals being filled, and their ions have an empty ns orbital. Unlike the trends in the 
main-group elements, atomic size, electronegativity, and first ionization energy change 
relatively little across a transition series. Because of the lanthanide contraction, atomic 
size changes little from Period 5 to 6 in a transition metal group; thus, electronega­
tivity, first ionization energy, and density increase down the group. Transition metals 
typically have several oxidation states, with the +2 state most common. The elements 
exhibit more metallic behavior in their lower states. Most Period 4 transition metals are 
active enough to reduce hydrogen ion from acid solution. Many transition metal com­
pounds are colored and paramagnetic because the metal ion has unpaired d electrons. 

22.2 COORDINATION COMPOUNDS 

The most distinctive aspect of transition metal chemistry is the formation of coor­
dination compounds (also called complexes). These are substances that contain at 
least one complex ion, a species consisting of a central metal cation (either a 
transition metal or a main-group metal) that is bonded to molecules and/or anions 
called ligands. In order to maintain charge neutrality in the coordination com­
pound, the complex ion is typically associated with other ions, called counter ions. 

A typical coordination compound appears in Figure 22.7 A: the coordination 
compound is [Co(NH3)6]CI3, the complex ion (always enclosed in square brackets) 
is [Co(NH3)6]

3+ , the six NH3 molecules bonded to the central Co
3+ are ligands, 

In solid In solution 
3+ 

CI-

CI3 
H2O 

� CI-

CI-

NH3 NH3 3+ 
CI -

H3N 
CI3 

H2O H3f\1 
NH3 

H3N _ "'c�",,"" " " "  NH3 � 
H3N -(:;�""" ........ CI-

NH3 NH3 

CI-
NH3 NH3 

A [Co(NH3)61CI 3(s) 
H2O 

[Co(NH3)613+(aq) 3CI-(aq) � + B 
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Figure 22.7 Components of a coordi­
nation compound. Coordination com­
pounds, shown here as models (top), per­
spective drawings (middle), and chemical 
formulas (bottom), typically consist of a 
complex ion and counter ions to neutral­
ize the charge. The complex ion has a 
central metal ion surrounded by ligands. 
A, When solid [Co(NH3)61CI3 dissolves, 
the complex ion and the counter ions 
separate, but the ligands remain bound 
to the metal ion. Six ligands around the 
metal ion give the complex ion an octahe­
dral geometry. B, Complex ions with a 
central dB metal ion have four ligands and 
a square planar geometry. 

In solid 

H3N 

'�Pt "''''''''" ............ NH3 Br2 
----- � 

NH3 
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and the three CI- ions are counter ions. A coordination compound behaves like 
an electrolyte in water: the complex ion and counter ions separate from each 
other. But the complex ion behaves like a polyatomic ion: the ligands and cen­
tral metal ion remain attached. Thus, as Figure 22.7 A shows, 1 mol of 
[Co(NH3)6]CI3 yields 1 mol of [Co(NH3)6]

3+ ions and 3 mol of Cl- ions. 
We discussed the Lewis acid-base properties of hydrated metal ions, which 

are a type of complex ion, in Section 18 .8,  and we examined complex-ion equi­
libria in Section 19.4. In this section, we consider the bonding, structure, and 
properties of complex ions. 

Complex Ions: Coordination Numbers, Geometries, and Ligands 
A complex ion is described by the metal ion and the number and types of ligands 

attached to it. Its structure has three key characteristics-coordination number, 
geometry, and number of donor atoms per ligand: 

• Coordination number. The coordination number is  the number of ligand 
atoms bonded directly to the central metal ion and is specific for a given metal 
ion in a particular oxidation state and compound. In general, the most common 
coordination number in complex ions is 6, but 2 and 4 are often seen, and some 
higher ones are also known. 

• Geometry. The geometry (shape) of a complex ion depends on the cOOl"dina­
tion number and nature of the metal ion. Table 22.4 shows the geometries asso­

ciated with the coordination numbers 2, 4, and 6, with some examples of each. 
A complex ion whose metal ion has a coordination number of 2 is linear. The 
coordination number 4 gives rise to either of two geometries-square planar 
or tetrahedral. Most d8 metal ions form square planar complex ions (Figure 
22.7B). The diD  ions are among those that form tetrahedral complex ions. A 
coordination number of 6 results in an octahedral geometry, as shown by 
[Co(NH3)6]

3+ in Figure 22.7 A. Note the similarity with some of the molecu­
lar shapes in VSEPR theory (Section 10.2). 

• Donor atoms per ligand. The ligands of complex ions are molecules or anions 
with one or more donor atoms that each donate a lone pair of electrons to the 
metal ion to form a covalent bond. Because they have at least one lone pair, 
donor atoms often come from Group SA(1 S), 6A(1 6) ,  or 7 A( 17). 

fi'Mlll' Coordination Numbers and Shapes of Some Complex Ions 
Coordination 
Number Shape Examples 

2 Linear 

4 Square planar 

4 Tetrahedral 

6 Octahedral 

[Ni(CN)4f-, [PdCI4f- ,  
[Pt(NH3)4f+ ,  [CU(NH3)4l2+ 

[CU(CN)4l3- , [Zn(NH3)4l2+ , 
[CdCI4f- , [MnC14l2-

[Ti(H20)6l3+ ,  [V(CN)6l4- , 
[Cr(NH3)4CI2l + ,  [Mn(H20)6l2+ ,  
[FeCI6l3 - ,  [Co(enhl3+ 
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'mOM) Some Common Ligands in Coordination Compounds 
Ligand Type Examples 
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Monodentate Hi) : water 

:NH3 ammonia 

: F : fluoride ion 

: CI : - chloride ion 

[ :C =N:]- cyanide ion [:Q -HJ- hydroxide ion 

[:S =C=N:J- thiocyanate ion 
L or �  

[:Q - (,! =o l nitrite ion 
L or J 

Bidentate 
H2C - CH2 /' "-

H2('! ('!H2 
ethylenediamine (en) oxalate ion :0:  :0:  4-

.. II II . .  
:O-C-CH CH -C- O: • •  \ 2 / 2 • •  

Polydentate :O- P - O- P -O- P -O: l · · :�: 
. .  

:�: 
. . 
:�: 

. .  

15-
:N - CH2- CH2- N: 

. . / \ . .  H2C - CH2 CH2- CH2 /' "'. /  "-
. .  I . .  I .. 

I 
. .  :O-C-CH CH -C-O: . .  II 

2 2 
I I . .  

H2('! ('!H ('!H2 
diethylenetriamine 

:0 : :0 : :0: . . . . . . 
triphosphate ion 

Ligands are classified in terms of the number of donor atoms, or "teeth ," 
that each uses to bond to the central metal ion. Monodentate (Latin, "one­

toothed") ligands use a single donor atom. Bidentate ligands have two donor 
atoms, each of which bonds to the metal ion. Polydentate ligands have more 
than two donor atoms. Table 22.5 shows some common ligands in coordination 
compounds (with donor atoms in colored type). Bidentate and po]ydentate 
ligands give rise to rings in the complex ion. For instance, ethylenediamine 
(abbreviated en in formulas) has a chain of four atoms ( :N-C-C -N: ) ; 
the two electron-donating N atoms bond to the metal atom, which forms a five­

membered ring. Such ligands seem to grab the metal ion like claws, so a 
complex ion that contains them is also called a chelate (pronounced "KEY-late"; 
Greek chela, "crab's  claw"). 

Formulas and Names of Coordination Compounds 
There are three important rules for writing the formulas of coordination com­
pounds, the first two being the same rules for writing the formula of any ionic 
compound: 

1 .  The cation is written before the anion. 2. The charge of the cation(s} is balanced by the charge of the anion(s}. 
3. For the complex ion, neutral ligands are written before anionic ligands, and 

the formula for the whole ion is placed in brackets. 

Let's apply these rules as we examine the combinations of ions in several coor­
dination compounds. The whole complex ion may be a cation or an anion. A 
complex cation has anionic counter ions, and a complex anion has cationic 
counter ions. It's easy to find the charge of the central metal ion. For example, 

in K2[Co(NH3hCI4] ,  two K+ counter ions balance the charge of the complex 
anion [Co(NH3hCI4]

2
- ,  which contains two NH3 molecules and four CI- ions 

as ligands. The two NH3 are neutral, the four Cl- have a total charge of 4 - ,  
and the entire complex ion has a charge of 2 - ,  s o  the central metal ion must 
be Co2+ : 

Charge of complex ion = Charge of metal ion + total charge of ligands 
2- = Charge of metal ion + [(2 X 0) + (4 X 1 - )] 

So, Charge of metal ion = (2- )  - (4- ) = 2+ 

:0: :0: 

ethylenediaminetetraacetate ion (EDTA 4-) 
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11M!"' Names of Some 
Met:i:ns in Complex Anions 

Metal Name in Anion 

Iron Ferrate 
Copper Cuprate 
Lead Plumbate 
Silver Argentate 
Gold Aurate 
Tin Stannate 
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In the compound [Co(NH3)4CI2]Cl, the complex ion is [CO(NH3)4Cl2t and one Cl­
is the counter ion. The four NH3 ligands are neutral, the two Cl- ligands have a 
total charge of 2 - , and the complex cation has a charge of 1 + ,  so the central metal 
ion must be Co

3+ [that is, 1 + = (3 +)  + (2 - )] . Some coordination compounds 
have a complex cation and a complex anion, as in [Co(NH3)sBrh[Fe(CN)6] ' In this 
compound, the complex cation is [Co(NH3)sBrf+, with Co

3+, and the complex 
anion is [Fe(CN)6t-, with Fe

2+ . 
Coordination compounds, originally named after the person who first prepared 

them or from their color, are now named systematically using a set of rules: 

1. The cation is named before the anion. In naming [Co(NH3)4Cl2JCI, for exam­
ple, we name the [Co(NH3)4CI2] + ion before the Cl- ion. Thus, the name is 

tetraamminedichlorocobalt(III) chloride 

The only space in the name appears between the cation and the anion. 
2. Within the complex ion, the ligands are named, in alphabetical order, before 

the metal ion. Note that in the [Co(NH3)4Cl2] + ion of the compound named 

in rule 1, the four NH3 and two Cl- are named before the Co
3+ . 

3. Neutral ligands generally have the molecule name, but there are a few excep­
tions (Table 22.6). Anionic ligands drop the -ide and add -0 after the root 
name; thus, the name fluoride for the F- ion becomes the ligand name fluoro. 
The two ligands in [Co(NH3)4CI2] + are ammine (NH3) and chiaro (CC) with 
ammine coming before chiaro alphabetically. 

(lMMJ Names of Some Neutral and Anionic Ligands 

Neutral 

Name Formula Name 

Aqua H2O Fluoro 
Ammine NH3 Chloro 
Carbonyl CO Bromo 
Nitrosyl NO lodo 

Hydroxo 
Cyano 

Anionic 
Formula 

F­
C!­
Br-
1-
OH­
CN-

4. A numerical prefix indicates the number of ligands of a particular type. For 
example, tetraammine denotes four NH3, and dichloro denotes two Cl- . Other 
prefixes are tri-, penta-, and hexa-. These prefixes do not affect the alphabeti­
cal order; thus, tetraammine comes before dichloro. Because some ligand 
names already contain a numerical prefix (such as ethylenediamine), we use 

bis (2), tris (3), or tetrakis (4) to indicate the number of such ligands, followed 
by the ligand name in parentheses. Therefore, a complex ion that has two 
ethylenediamine ligands has bis( ethylenediamine) in its name. 

5 .  The oxidation state of the central metal ion is given by a Roman numeral (in 
parentheses) only if the metal ion can have more than one state, as in the com­
pound named in rule 1 .  

6 .  If the complex ion is an anion, we drop the ending of the metal name and add 
-ate. Thus, the name for K[Pt(NH3)CIs] is  

potassium amminepentachloroplatinate(IV) 

(Note that there is one K+ counter ion, so the corriplex anion has a charge of 
1 - . The five Cl- ligands have a total charge of 5 - , so Pt must be in the +4 
oxidation state.) For some metals, we use the Latin root with the -ate ending, 
as shown in Table 22.7. For example, the name for Na4[FeBr6] is 

sodium hexabromoferrate(II) 
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SAMPLE PROBLEM 22. 2 Writing Names and Formulas of 
Coordination Compounds 

Problem (a) What is the systematic name of Na3[AlF6]? 
(b) What is the systematic name of [Co(en)zCI2]N03? 
(c) What is the formula of tetraarnrninebromochloroplatinum(IV) chloride? 
(d) What is the formula of hexaamminecobalt(llI) tetrachloroferrate(llI)? 
Plan We use the rules that were presented above and refer to Tables 22.6 and 22.7. 
Solution (a) The complex ion i s  [AlF6]3- .  There are six (hexa-) F- ions (fluoro) as li­
gands, so we have hexafluoro. The complex ion is an anion, so the ending of the metal 
ion (aluminum) must be changed to -ate: hexafluoroaluminate. Aluminum has only the + 3  
oxidation state, so w e  do not use a Roman numeral. The positive counter ion i s  named 
first and separated from the anion by a space: sodium hexafluoroaluminate. 
(b) Listed alphabetically, there are two Cl- (dichloro) and two en [bis(ethylenediamine)] 
as ligands. The complex ion is a cation, so the metal name is unchanged, but we specify 
its oxidation state because cobalt can have several. One N03 - balances the 1 + cation 
charge: with 2- for two Cl- and 0 for two en, the metal must be cobalt(III). The word 
nitrate follows a space: dichlorobis(ethylenediamine)cobalt(llI) nitrate. 
(c) The central metal ion is written first, followed by the neutral ligands and then (in alpha­
betical order) by the negative ligands. Tetraammine is four NH3, bromo is one Br -, chiaro 
is one Cl- ,  and platinate(IV) is Pt4+, so the complex ion is [Pt(NH3)4BrCI]2+. Its 2 +  
charge i s  the sum of 4+  for Pt4+, 0 for four NH3, 1 - for one Br -, and 1 - for one Cl-.  
To balance the 2 +  charge, we need two Cl- counter ions: [Pt(NH3)4BrCl]Cl2. 
(d) This compound consists of two different complex ions. In the cation, hexaammine is 
six NH3 and cobalt(III) is C03+, so the cation is [CO(NH3)6]3+. The 3 +  charge is the sum 
of 3 + for Co3+ and 0 for six NH3. In the anion, tetrachloro is four Cl-, and Jerrate( III) 
is Fe3+, so the anion i s  [FeCI4r .  The 1 - charge is the sum of 3+  for Fe3+ and 4- for 
four Cl-. In the neutral compound, one 3 + cation is balanced by three 1 - anions: 
[Co(NH 3)6] [FeCI4h-

Check Reverse the process to be sure you obtain the name or formula asked for in the 
problem. 

FOLLOW-UP PROBLEM 22.2 (a) What is the name of [Cr(H20)5Br]CI2? 
(b) What is the formula of barium hexacyanocobaltate(llI)? 

Isomerism in Coordination Compounds 
Isomers are compounds with the same chemical formula but different properties. 
We discussed many aspects of isomerism in the context of organic compounds in 
Section 1 5 .2;  it may be helpful to review that section now. Figure 22.8 presents 
an overview of the most common types of isomerism that occur in coordination 
compounds. 

Ligand and counter-ion 
exchange 

ISOMERS 
Same chemical formula, but different properties 

Different donor atom Different arrangement 
around metal ion 

Figure 22.S I mportant types of isomerism in coordination compounds. 

Nonsuperimposable 
mirror images 
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B Nitrito isomer, [Co(NH3)s(ONO)]CI2 

Figure 22.9 Linkage isomers of a complex ion. 

Constitutional Isomers: Same Atoms Connected Differently Two compounds 
with the same formula, but with the atoms connected differently, are called 

constitutional (structural) isomers. Coordination compounds exhibit two types 

of constitutional isomers: one involves a difference in the composition of the com­
plex ion, the other in the donor atom of the ligand. 

1 .  Coordination isomers occur when the composition of the complex ion 
changes but not that of the compound. One way this type of isomerism occurs 
is when ligand and counter ion exchange positions, as in [Pt(NH3)4Ch](N02h 
and [Pt(NH3MN02h]C12. In the first compound, the Cl- ions are the ligands, and 
the N02 - ions are counter ions ; in the second, the roles are reversed. Another 
way that this type of isomerism occurs is in compounds of two complex ions in 

which the two sets of ligands in one compound are reversed in the other, as in 
[Cr(NH3)6] [CO(CN)6] and [Co(NH3)6] [Cr(CN)6] ; note that NH3 is a ligand of 
Cr

3+ in one compound and of Co
3+ in the other. 

2. Linkage isomers occur when the composition of the complex ion remains 
the same but the attachment of the ligand donor atom changes. Some ligands can 
bind to the metal ion through either of two donor atoms. For example, the nitrite 
ion can bind through a lone pair on either the N atom (nitro, 02N:)  or one of the 
o atoms (nitrito, ONO:) to give linkage isomers, as in the orange compound pen­
taamminenitrocobalt(III) chloride [Co(NH3)s(N02)]C12 (Figure 22.9A) and its red 

linkage isomer pentaamminenitritocobalt(III) chloride [Co(NH3)s(ONO)]C12 (Fig­
ure 22.9B). Another example of a ligand with two different donor atoms is the 
cyanate ion, which can attach via a lone pair on the 0 atom (cyanato, NCO:)  or 
the N atom (isocyanato, OCN:) ;  the thiocyanate ion behaves similarly, attaching 
via the S atom or the N atom: 

[ .:9>:1 -
·9.· [:o =c=Nl [:s=c=Nl 
nitrite cyanate thiocyanate 

Stereoisomers: Different Spatial Arrangements of Atoms In the case of 
stereo isomers, the atoms have the same connections but different spatial arrange­
ments. The two types we discussed for organic compounds, called geometric and 
optical isomers, occur with coordination compounds as well: 

1. Geometric isomers (also called cis-trans isomers and, sometimes, dia­
stereomers) occur when atoms or groups of atoms are arranged differently in space 
relative to the central metal ion. For example, the square planar [Pt(NH3)2Cl2] has 

two arrangements (Figure 22. l OA). The isomer with identical ligands next to each 
other is cis-diamrninedichloroplatinum(Il), and the one with identical ligands 
across from each other is trans-diamminedichloroplatinum(Il) ; the cis isomer has 
striking antitumor activity, but the trans isomer has none ! Octahedral complexes 
also exhibit cis-trans isomerism (Figure 22. 1 OB).  The cis isomer of the 
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A 

B 

[Co(NH3)4CI2t ion has the two Cl- ligands next to each other and is violet, 
whereas the trans isomer has these two ligands across from each other and is green. 

2. Optical isomers (also called enantiomers) occur when a molecule and its 

mirror image cannot be superimposed (see Figures 1 5 .8 and 1 5 .9). Octahedral 
complex ions show many examples of optical isomerism, which we can observe 
by rotating one isomer and seeing if it is superimposable on the other isomer 
(its mirror image). For example, as you can see in Figure 22. I I A, the two struc­
tures (I and II) of [Co(en)zCI2] + , the cis-dichlorobis(ethylenediamine)cobalt(III) 
ion, are mirror images of each other. Rotate structure I 1 800 around a vertical 
axis, and you obtain III. The Cl- ligands of III match those of II, but the en li­
gands do not: II and III (rotated I) are not superimposable; therefore, they are 

» I 
N 
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Figure 22.10 Geometric (cis-trans) 
isomerism. A, The cis and trans isomers 
of the square planar coordination com­
pound [Pt(NH3hCI21. B, The cis and trans 
isomers of the octahedral complex ion 
[Co(NH3)4CI2t. The colored shapes rep­
resent the actual colors of the species. 

N 

N ..... I .... CI -'I, " ,-111111// \\ \\\\\\ 
CO 

CI/ I "" N 

N 

N 

N .  I . CI ••••• ',111111 1/ \\\\\\\\\ •••• ,. 
Co 

c'/ I "" N 

N 

I I  same as I I I  

Figure 22.11 Optical isomerism i n  a n  octahedral complex ion. 
A, Structure I and its mirror image, structure I I , are optical isomers of 
cis-[Co(enhCI2t. Rotating structure I gives structure I I I ,  which is not 
the same as structure I I .  (The curved wedges represent the bidentate 

ligand ethylenediamine, H2N -CH2-CH2-N H2.) B, The trans isomer 
does not have optical isomers. Rotating structure I gives I I I ,  which is 
identical to II, the mirror image of I .  
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optical isomers. Unlike other types of isomers, which have distinct physical prop­
erties, optical isomers are physically identical in all ways but one: the direction 
in which they rotate the plane of polarized light. One isomer is designated 
d-[Co(enhCI2] + and the other is 1-[Co(en)2CI2] + , depending on whether it rotates 
the plane of polarized light to the right (d- for "dextro-") or to the left (l- for 
"levo-"). (The d- or 1- designation can only be determined experimentally, not by 
examination of the structure.) In contrast, as shown in Figure 22. 1 1B ,  the two 
structures of the trans-dichlorobis(ethylenediamine)cobalt(III) ion are not optical 
isomers: rotate I 90° around a vertical axis and you obtain III, which is super­
imposable on II. 

SAMPLE PROBLEM 22.3 Determining the Type of Stereoisomerism 
Problem Draw all stereoisomers for each of the following and state the type of isomerism: 
(a) [Pt(NH3hBr2] (square planar) (b) [Cr(enh]3+  (en = H2NCH2CHiNH2) 
Plan We first determine the geometry around each metal ion and the nature of the ligands. 
If there are two different ligands that can be placed in different positions relative to each 
other, geometric (cis-trans) isomerism occurs. Then, we see whether the mirror image of 
an isomer is superimposable on the original. If it is not, optical isomerism occurs. 
Solution (a) The Pt(ll) complex is square planar, and there are two different monoden­
tate ligands. Each pair of ligands can lie next to or across from each other (see structures 
in margin). Thus, geometric isomerism occurs. Each isomer is superimposable on its mir­
ror image, so there is no optical isomerism. 
(b) Ethylenediamine (en) is a bidentate ligand. Cr3+ has a coordination number of 6 and 
an octahedral geometry, like C03+ .  The three bidentate ligands are identical, so there is 
no geometric isomerism. However, the complex ion has a nonsuperimposable mirror image 
(see structures in margin). Thus, optical isomerism occurs. 

FO LLOW- U P  PROBLEM 22.3 What stereoisomers, if any, are possible for the 
[Co(NH3h(en)CI2] +  ion? 

S E C T I O N  S U M M A RY 
Coordination compounds consist of a complex ion and charge-balancing counter ions. 
The complex ion has a central metal ion bonded to neutral and/or anionic ligands, which 
have one or more donor atoms that each provide a lone pair of electrons. The most com­
mon geometry is octahedral (six ligand atoms bonding). Formulas and names of coordi­
nation compounds follow systematic rules. These compounds can exhibit constitutional 
isomerism (coordination and linkage) and stereoisomerism (geometric and optical). 

22.3 THEORETICAL BASIS FOR THE BONDING 
AND PROPERTIES OF COMPLEXES 

In this section, we consider two models that address, in different ways, several key 

features of complexes: how metal-ligand bonds form, why certain geometries are 

preferred, and why these complexes are brightly colored and often paramagnetic. 

Application of Valence Bond Theory to Complex Ions 
Valence bond (VB) theory, which helps explain bonding and structure in main­
group compounds (Section 1 1 . 1) ,  is also used to describe bonding in complex 
ions. In the formation of a complex ion, the filled ligand orbital overlaps the 
empty metal-ion orbital. The ligand (Lewis base) donates the electron pair, and 
the metal ion (Lewis acid) accepts it to form one of the covalent bonds of the 
complex ion (Lewis adduct) (Section 18 .8) .  Such a bond, in  which one atom in 
the bond contributes both electrons, is  called a coordinate covalent bond, 
although, once formed, it is identical to any covalent single bond. Recall that the 
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. 1 / 6NH3 

mix t 

VB concept of hybridization proposes the mixing of particular combinations of s, 
p, and d orbitals to give sets of hybrid orbitals, which have specific geometries. 

Similarly, for coordination compounds, the model proposes that the number and 
type of metal-ion hybrid orbitals occupied by ligand lone pairs determine the 
geometry of the complex ion. Let's discuss the orbital combinations that lead to 
octahedral, square planar, and tetrahedral geometries. 

Octahedral Complexes The hexaamrninechromium(III) ion, [Cr(NH3)6]
3+ , illus­

trates the application of VB theory to an octahedral complex (Figure 22. 12). The 
six lowest energy empty orbitals of the Cr

3+ ion-two 3d, one 4s, and three 4p­
mix and become six equivalent d2

sp3 hybrid orbitals that point toward the cor­
ners of an octahedron. * Six NH3 molecules donate lone pairs from their nitrogens 

to form six metal-ligand bonds. The three unpaired 3d electrons of the central 
Cr

3+ ion ( [Ar] 3d
3
) ,  which make the complex ion paramagnetic, remain in unhy­

bridized orbitals.  

Square Planar Complexes Metal ions with a d8 configuration usually form 
square planar complexes (Figure 22. 13) .  In the [Ni(CN)4f- ion, for example, the 
model proposes that one 3d, one 4s, and two 4p orbitals of Ni2+ mix and form 
four dsp2 

hybrid orbitals, which point to the comers of a square and accept one 
electron pair from each of four CN- ligands. 

A look at the ground-state electron configuration of the Ni2+ ion, however, 
raises a key question: how can the Ni2+ ion ( [Ar] 3d8) offer an empty 3d orbital 
for accepting a lone pair, if its eight 3d electrons lie in three filled and two 
half-filled orbitals? Apparently, in the d8 configuration of Ni2+ , electrons in the 
half-filled orbitals pair up and leave one 3d orbital empty. This explanation is 
consistent with the fact that the complex is diamagnetic (no unpaired electrons). 

'Note the distinction between the hybrid-orbital designation here and that for octahedral mol­
ecules l ike SF6. The designation gives the orbitals in  energy order within a given n value. In the 
[Cr(NH3)613+ complex ion, the d orbitals have a lower n value than the s and p orbitals, so the 
hybrid orbitals are d2sp3 . For the orbitals in SF6, the d orbitals have the same n value as the s 
and p, so the hybrid orbitals are sp3d2. 

mix r 4CN -

r-I H'--I H--'-I t=-r,j, 11'----',j, I I HI HI H I HI D  
ds,J2 4p 
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Figure 22. 1 2  Hybrid orbitals and bond­
ing in the octahedral [Cr(NH3ls13+ ion. 
A, VB depiction of the Cr(NH3)63+ ion. 
S, The partial orbital diagrams depict the 
mixing of two 3d, one 4s, and three 4p 
orbitals in Cr3+ to form six d2sp3 hybrid 
orbitals, which are filled with six NH3 lone 
pairs (red). 

Figure 22. 1 3  Hybrid orbitals and bond­
ing in the square planar [Ni(CNl4]2- ion. 
A, VB depiction of [Ni(CN)4f-.  S, Two 
lone 3d electrons pair up and free one 3d 
orbital for hybridization with the 4s and 
two of the 4p orbitals to form four dsp2 

orbitals, which become occupied with 
lone pairs (red) from four CN - ligands. 
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Figure 22. 1 4  Hybrid orbitals and bond­
ing in the tetrahedral [Zn(OH)4]2- ion. 
A, VB depiction of [Zn(OH)4f-. B, Mixing 
one 4s and three 4p orbitals gives four 
Sp3 hybrid orbitals available for accepting 
lone pairs (red) from OH- ligands. 

630 

Orange Blue 

590 

560 

Figure 22. 1 5  An artist's wheel. Colors, 
with approximate wavelength ranges (in 
nm), are shown as wedges. Complemen­
tary colors, such as red and green, lie 
opposite each other. 
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Moreover, it requires that the energy gained by using a 3d orbital for bonding in 
the hybrid orbital is greater than the energy required to overcome repulsions from 
pairing the 3d electrons. 

Tetrahedral Complexes Metal ions that have a filled d sublevel, such as Zn2+ 

( [Ar] 3dlO), often form tetrahedral complexes (Figure 22. 1 4) .  For the complex ion 

[Zn(OH)4f-,  for example, VB theory proposes that the lowest available Zn2+ 

orbitals-one 4s and three 4p-mix to become four sp3 hybrid orbitals that point 
to the corners of a tetrahedron and are occupied by four lone pairs, one from each 
of four OH- ligands. 

Crystal Field Theory 
The VB model is easy to picture and rationalizes bonding and shape, but it treats 
the orbitals as little more than empty "slots" for accepting electron pairs. Conse­

quently, it gives no insight into the colors of coordination compounds and some­
times predicts their magnetic properties incorrectly. In contrast to the VB 
approach, crystal field theory provides little insight about metal-ligand bonding 
but explains color and magnetism clearly. To do so, it highlights the effects on the 
d-orbital energies of the metal ion as the ligands approach. Before we discuss 
this theory, let's consider what causes a substance to be colored. 

What Is Color? White light is electromagnetic radiation consisting of all wave­

lengths (A) in the visible range (Section 7. 1) .  It can be dispersed into a spectrum 
of colors, each of which has a narrower range of wavelengths. Objects appear col­
ored in white light because they absorb certain wavelengths and reflect or trans­
mit others: an opaque object reflects light, whereas a clear one transmits it. The 

reflected or transmitted light enters the eye and the brain perceives a color. If 
an object absorbs all visible wavelengths, it appears black; if it reflects all, it 
appears white. 

Each color has a complementary color. For example, green and red are 

complementary colors. A mixture of complementary colors absorbs all visible 
wavelengths and appears black. Figure 22. 15  shows these relationships on an 

artist's color wheel, where complementary colors appear as wedges opposite 
each other. 

An object has a particular color for one of two reasons: 

• It reflects (or transmits) light of that color. Thus, if an object absorbs all wave­
lengths except green, the reflected (or transmitted) light enters our eyes and is 
interpreted as green. 

• It absorbs light of the complementary color. Thus, if the object absorbs only 

red, the complement of green, the remaining mixture of reflected (or transmit­

ted) wavelengths enters our eyes and is interpreted as green also. 

Table 22.8 lists the color absorbed and the resulting color perceived. 
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11ME!:' Relation Between Absorbed and Observed Colors 
Absorbed Color A (nm) Observed Color 

Violet 
Blue 
B lue-green 
Yellow-green 
Yellow 
Orange 
Red 

400 
450 
490 
570 
580 
600 
650 

Green-yellow 
Yellow 
Red 
Violet 
Dark blue 
Blue 
Green 

A (nm) 

560 
600 
620 
4 1 0  
430 
450 
520 

Splitting of d Orbitals in an Octahedral Field of Ligands The crystal field model 
explains that the properties of complexes result from the splitting of d-orbital 
energies, which arises from electrostatic interactions between metal ion and li­
gands. The model assumes that a complex ion forms as a result of electrostatic 
attractions between the metal cation and the negative charge of the ligands. This 
negative charge is either partial, as in a polar neutral ligand like NH3, or full, as in 
an anionic ligand like Cl-.  The ligands approach the metal ion along the mutually 
perpendicular x, y, and z axes, which minimizes the overall energy of the system. 

Picture what happens as the ligands approach. Figure 22. 1 6A shows six li­
gands moving toward a metal ion to form an octahedral complex. Let's see how 
the various d orbitals of the metal ion are affected as the complex forms. As the 
ligands approach, their electron pairs repel electrons in the five d orbitals. In the 
isolated metal ion, the d orbitals have equal energies despite their different ori­
entations. In the electrostatic field of ligands, however, the d electrons are repelled 
unequally because their orbitals have different orientations. Because the ligands 
move along the x, y, and z axes, they approach directly toward the lobes of the 
dx2_y2 and dZ2 orbitals (Figure 22. 1 6B and C) but between the lobes of the dxy, 
d.w and dyz orbitals (Figure 22. 1 6D to F) . Thus, electrons in the dX2_y2 and dZ2 
orbitals experience stronger repulsions than those in the dxy, dxz' and dyz orbitals. 

z 
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Figure 22. 1 6  The five d orbitals in  an 
octahedral field of ligands. The direc­
tion of l igand approach influences the 
strength of repulsions of electrons in the 
five metal d orbitals. A, We assume that 
ligands approach a metal ion along the 
three l inear axes in  an octahedral orienta­
tion. B and C, Lobes of the dx2_y2 and dZ2 
orbitals lie directly in line with the ap­
proaching ligands, so repulsions are 
stronger. 0 to F, Lobes of the dxy, dxz, and 
dyz orbitals l ie between the approaching 
ligands, so repulsions are weaker. 
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Figure 22. 1 7  Splitting of d-orbital ener­
gies by an octahedral field of ligands. 
Electrons in the d orbitals of the free metal 
ion experience an average net repulsion in  
the negative ligand field that increases all 
d-orbital energies. Electrons in the 12g set 
are repelled less than those in the eg set. 
The energy difference between these two 
sets is the crystal field splitting energy, Ll. 

Weak-field 
ligands 

Strong-field 
ligands 

Figure 22. 1 8  The effect of the ligand 
on splitting energy. Ligands interacting 
strongly with metal-ion d orbitals, such as 
CN- , produce a larger Ll than those inter­
acting weakly, such as H20. 
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An energy diagram of the orbitals shows that all five d orbitals are higher in 
energy in the forming complex than in the free metal ion because of repulsions 
from the approaching ligands, but the orbital energies split, with two d orbitals 
higher in energy than the other three (Figure 22. 1 7). The two higher energy 
orbitals are called eg orbitals, and the three lower energy ones are t2g orbitals. 
(These designations refer to features of the orbitals that need not concern us here.) 

The splitting of orbital energies is called the crystal field effect, and the dif­
ference in energy between the eg and t2g sets of orbitals is the crystal field split­
ting energy (a). Different ligands create crystal fields of different strength and, 
thus, cause the d-orbital energies to split to different extents. Strong-field ligands 
lead to a larger splitting energy (larger �); weak-field ligands lead to a smaller 
splitting energy (smaller �). For instance, H20 is a weak-field ligand, and CN­
is a strong-field ligand (Figure 22. 1 8) .  The magnitude of � relates directly to the 
color and magnetic properties of a complex. 

Explaining the Colors of Transition Metal Compounds The remarkably diverse 
colors of coordination compounds are determined by the energy difference (�) 
between the t2g and eg orbital sets in their complex ions. When the ion absorbs 

light in the visible range, electrons are excited ("jump") from the lower energy 
t2g level to the higher eg level. In Chapter 7, you saw that the difference between 
two electronic energy levels in the ion is equal to the energy (and inversely related 

to the wavelength) of the absorbed photon: 

.6.Eeleclron = Epholon = hv = he /A 
The substance has a color because only certain wavelengths of the incoming white 
light are absorbed. 

Consider the [Ti(H20)6]
3+ ion, which appears purple in aqueous solution 

(Figure 22. 1 9) .  Hydrated Ti
3+ is a d1 

ion, with the d electron in one of the three 

e- jumps to 
higher level � L..!..U eg 

Absorbed A. Transmitted A. 400 
B 

500 600 700 Incoming A. 

A Wavelength (nm) 

Figure 22. 1 9  The color of [Ti(H20)6]3+. A, The hydrated Ti3+ ion is 
purple in aqueous solution. B, An absorption spectrum shows that in­
coming wavelengths corresponding to green and yellow light are ab-

c 
sorbed, whereas other wavelengths are transmitted. C, A partial orbital 
diagram depicts the colors absorbed in the excitation of the d electron 
to the higher level. 
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lower energy t2g orbitals. The energy difference (Ll) between the t2g and eg orbitals 
in this ion corresponds to the energy of photons spanning the green and yellow 
range. When white light shines on the solution, these colors of light are absorbed, 
and the electron jumps to one of the eg orbitals. Red, blue, and violet light are 
transmitted, so the solution appears purple. 

Absorption spectra show the wavelengths absorbed by a given metal ion with 
different ligands and by different metal ions with the same ligand. From such data, 
we relate the energy of the absorbed light to the Ll values, and two important 
observations emerge: 

1 .  For a given ligand, the color depends on the oxidation state of the metal ion. 
For example, as shown in Figure 22.20A, a solution of [V(H20)6]

2+ ion is vio­
let, and a solution of [V(H20)6]

3 + ion is yellow. 
2. For a given metal ion, the color depends on the ligand. Even a single ligand 

substitution can have a major effect on the wavelengths absorbed and, thus, 
the color, as you can see for the two Cr

3+ complex ions that are shown in 
Figure 22.20B. 

The second observation allows us to rank ligands into a spectrochemical 
series with regard to their ability to split d-orbital energies. An abbreviated series, 
moving from weak-field ligands (small splitting, small Ll) to strong-field ligands 
(large splitting, large Ll), is shown in Figure 22.2 l .  

WEAKER FIELD STRONGER FIELD 

SMALLER l! LARGER l! 

LONGER )" 

Using this series, we can predict the relative size of Ll for a series of octa­
hedral complexes of the same metal ion. Although it is difficult to predict the 
actual color of a given complex, we can determine whether a complex will absorb 
longer or shorter wavelengths than other complexes in the series. 

SAMPLE PROBLEM 22.4 Ranking Crystal Field Splitting Energies 
for Complex Ions of a Given Metal 

Problem Rank the ions [Ti(H20)6]3+,  [Ti(NH3)6]3+ ,  and [Ti(CN)6f- in terms of the rel­
ative value of fl. and of the energy of visible light absorbed. 
Plan The formulas show that titanium's oxidation state is + 3 in the three ions. From the 
information given in Figure 22.2 1 ,  we rank the ligands in terms of crystal field strength: 
the stronger the ligand, the greater the splitting, and the higher the energy of light 
absorbed. 
Solution The ligand field strength is in the order CN- > NH3 > H20, so the relative size 
of fl. and energy of light absorbed is 

[Ti(CN)6]3- > [Ti(NH3)6]3+ > [Ti(H20)6]3+ 

FOLLOW-U P  PROBLEM 22.4 Which complex ion absorbs visible light of higher 
energy, [V(H20)6]3+ or [V(NH3)6]3+?  
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Figure 22.20 Effects of the metal oxi­
dation state and of ligand identity on 
color. A, Solutions of [V(H20)sf+ (left) 
and [V(H20)s13+ (right) ions have different 
colors. B, A change in even a single 
ligand can influence the color. The 
[Cr(NH3)s13+ ion is yellow-orange (left); 
the [Cr(NH3)sCI12+ ion is purple (right). 

� Animation: Vanadium Reduction � Online Learning Center 

Figure 22.21 The spectrochemical 
series. As the crystal field strength of the 
ligand increases, the splitting energy (�) 
increases, so shorter wavelengths (A) of 
light m ust be absorbed to excite elec­
trons. Water is usually a weak-field ligand. 
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Figure 22.23 Orbital occupancy for 
high-spin and low-spin complexes of 
d4 through d7 metal ions. 
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Strong-field ligand 

Low-spin complex 

Weak-field ligand 
Epairing < t:, 

High-spin complex eg m t No field 
Epairing > t:, 

Maximum number of eg [ill] t:, 
unpaired electrons t:, 1 I t l t l t l t [ t [ 12g I t i t I t [ � 12g It -J, I t -J, I t I 
A Free Mn2+ ion B [Mn(H20)s12+ C [Mn(CN)s14-

Figure 22.22 High-spin and low-spin complex ions of Mn2+.  A, The free Mn2+ ion has five un­
paired electrons. B, Bonded to weak-field ligands (smaller il), M n2+ still has five unpaired electrons 
(high-spin complex). C, Bonded to strong-field ligands (larger il), Mn2+ has only one unpaired elec­
tron (low-spin complex). 

Explaining the Magnetic Properties of Transition Metal Complexes The split­
ting of energy levels influences magnetic properties by affecting the number of 
unpaired electrons in the metal ion's d orbitals. Based on Hund's rule (Section 8.3), 
electrons occupy orbitals one at a time as long as orbitals of equal energy are 
available. When all lower energy orbitals are half-filled, the next electron can 

• enter a half-filled orbital and pair up by overcoming a repUlsive pairing energy 
(Epairing), or 

• enter an empty, higher energy orbital by overcoming the crystal field splitting 
energy (Ll). 

Thus, the relative sizes of Epairing and Ll determine the occupancy of the d orbitals. 
The orbital occupancy pattern, in turn, determines the number of unpaired elec­
trons and, thus, the paramagnetic behavior of the ion. 

As an example, the isolated Mn
2+ ion ( [Ar] 3d5) has five unpaired electrons 

in 3d orbitals of equal energy (Figure 22.22A). In an octahedral field of l igands, 
the orbital energies split. The orbital occupancy is affected by the ligand in one 
of two ways: 

• Weak-field ligands and high-spin complexes. Weak-field ligands, such as H20 
in [Mn(H20)6]

2+ , cause a small splitting energy, so it takes less energy for d 
electrons to jump to the eg set than to pair up in the t2g set. As a result, the d 
electrons remain unpaired (Figure 22.22B).  With weak-field ligands, the pair­

ing energy is greater than the splitting energy (Epairing > Ll); therefore, the 
number of unpaired electrons in the complex ion is the same as in the free ion. 
Weak-field ligands create high-spin complexes, those with the maximum 
number of unpaired electrons .  

• Strong-field ligands and low-spin complexes. In contrast, strong-field ligands, 
such as CN- in [Mn(CN)6]

4
- ,  cause a large splitting of the d-orbital energies, 

so it takes more energy for electrons to jump to the eg set than to pair up in 

the t2g set (Figure 22.22C). With strong-field ligands, the pairing energy is 
smaller than the splitting energy (Epairing < Ll); therefore, the number of 
unpaired electrons in the complex ion is less than in the free ion. Strong-field 
ligands create low-spin complexes, those with fewer unpaired electrons. 

Orbital diagrams for the i through d9 
ions in octahedral complexes show that 

both high-spin and low-spin options are possible only for d
4, dS, d

6
, and d7 

ions 
(Figure 22.23). With three lower energy t2g orbitals available, the i ,  d2, and d3 ions 

always form high-spin complexes because there is no need to pair up. Similarly, dS 

and d9 
ions always form high-spin complexes: because the t2g set is filled with six 

electrons, the two eg orbitals must have either two (ds) or one (d9) unpaired electron. 
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SAM PLE PROBLEM 22.5 Identifying Complex Ions as High Spin or low Spin 
Problem Iron (II) forms an essential complex in hemoglobin. For each of the two octahe­
dral complex ions [Fe(H20)6f+ and [Fe(CN)6t-, draw an orbital splitting diagram, pre­
dict the number of unpaired electrons, and identify the ion as low spin or high spin. 
Plan The Fe2+ electron configuration gives us the number of d electrons, and the spec­
trochemical series in Figure 22. 2 1  shows the relative strengths of the two ligands. We draw 
the diagrams, separating the t2g and eg sets by a greater distance for the strong-field li­
gand. Then we add electrons, noting that a weak-field ligand gives the maximum number 
of unpaired electrons and a high-spin complex, whereas a strong-field ligand leads to elec­
tron pairing and a low-spin complex. 
Solution Fe2+ has the [Ar] 3d6 configuration. According to Figure 22.2 1 ,  H20 produces 
smaller splitting than CN-. The diagrams are shown in the margin. The [Fe(H20)6]2+ ion 
has four unpaired electrons (high spin), and the [Fe(CN)6t- ion has no unpaired 
electrons (low spin). 

Comments 1 .  H20 is a weak-field ligand, so it almost always forms high-spin complexes. 
2. These results are correct, but we cannot confidently predict the spin of a complex with­
out having actual values for � and Epairing. 3. Cyanide ions and carbon monoxide are highly 
toxic because they interact with the iron cations in essential proteins. 

FOLLOW- U P  PROBLEM 22. 5 How many unpaired electrons do you expect for 
[Mn(CN)6]3-?  Is this ion a high-spin or low-spin complex? 

Crystal Field Splitting in Tetrahedral and Square Planar Complexes Four li­
gands around a metal ion also cause d-orbital splitting, but the magnitude and pat­
tern of the splitting depend on whether the ligands are in a tetrahedral or a square 
planar arrangement. 

• Tetrahedral complexes. With the ligands approaching from the corners of a 
tetrahedron, none of the five d orbitals is directly in their paths (Figure 22.24). 
Thus, splitting of d-orbital energies is less in a tetrahedral complex than in an 

octahedral complex having the same ligands: 

�tetrahedral < �octahedral 
Minimal repulsions arise if the ligands approach the dxy, dyz, and dxz orbitals 
closer than they approach the dZ2 and dx2_y2 orbitals. This situation is the oppo­
site of the octahedral case, and the relative d-orbital energies are reversed: the 
dxy, dyz, and dxz orbitals become higher in energy than the dZ2 and dX2_y2 
orbitals.  Only high-spin tetrahedral complexes are known because the magni­
tude of � is so small. 

z 

x 

f � � � t 
Cii � tetrahedral .� t (5 
CL D D 

Figure 22.24 Splitting of d-orbital energies by a tetrahedral field of ligands. Electrons in dxy, 
dyz, and dxz orbitals experience greater repulsions than those in dx2_y2 and dZ2, so the tetrahedral 
splitting pattern is the opposite of the octahedral pattern. 

ITIIl eg 

IHI t i t I t2g 
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,moma Essential Transition 
Metals in Humans 

Element 

Vanadium 
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Cobalt 

Copper 

Zinc 

Function 

Fat metabolism 
Glucose utilization 
Cell respiration 
Oxygen transport; 
ATP formation 
Component of vitamin 
B 12; development of 
red blood cells 
Hemoglobin synthesis; 
ATP formation 
Elimination of C02; 
protein digestion 
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• Square planar complexes. The effects of the ligand field in the square planar 
case are easier to picture if we imagine starting with an octahedral geometry 
and then remove the two ligands along the z-axis, as depicted in Figure 22.25 . 
With no z-axis interactions present, the dZ2 orbital energy decreases greatly, and 
the energies of the other orbitals with a z-axis component, the dxz and dyz, also 
decrease. As a result, the two d orbitals in the xy plane interact most strongly 
with the ligands, and because the dx2_y2 orbital has its lobes on the axes, its 
energy is highest. As a consequence of this splitting pattern, square planar com­
plexes with d8 metal ions, such as [PdCI4f-,  are diamagnetic, with four pairs 
of d electrons filling the four lowest energy orbitals .  Thus, as a general rule, 
square planar complexes are low spin. 

Figure 22.25 Splitting of d-orbital ener­
gies by a square planar field of ligands. 
In  a square planar field, the energies of 
dxz, dyz, and especially dZ2 orbitals de­
crease relative to the octahedral pattern. 

z 

y >-e' Q) c Q) 
ro 
� Q) (5 c.. 

D dx2_y2 

D dxy 

D dz2 

D D dxz dyz 

At this point, a final word about bonding theories may be helpful. As you 
have seen, the VB approach offers a simple picture of bond formation but does 
not explain color. The crystal field model predicts color and magnetic behavior 
but offers no insight about the covalent nature of metal-ligand bonding. Chemists 
now rely on ligand field-molecular orbital theory, which combines aspects of the 
previous two models with MO theory (Section 1 1 .3) .  It yields information on bond 

properties that result from orbital overlap and on the spectral and magnetic prop­
erties that result from the splitting of a metal ion's d orbitals. 

Transition Metal Complexes in Biological Systems 
In addition to four building-block elements (C, 0, H, and N) and seven elements 
known as macronutrients (Na, Mg, P, S, Cl, K, and Ca), organisms contain a large 
number of trace elements, most of which are transition metals. With the excep­
tion of Sc, Ti, and Ni (in most species), the Period 4 transition elements are essen­
tial to many organisms (Table 22.9), and plants require Mo (from Period 5) as 
well. The principles of bonding and d-orbital splitting are the same in complex 
biomolecules containing transition metals as in simple inorganic systems . We 

focus here on an iron-containing complex. 
Iron plays a crucial role in oxygen transport in all vertebrates. The Or 

transporting protein hemoglobin (Figure 22.26A) consists of four folded chains, 
each cradling the Fe-containing complex heme. Heme consists of iron (II) bonded 
to four N lone pairs of a tetradentate ring ligand known as a porphyrin to give a 
square planar complex. (Porphyrins are common biological ligands that are also 
found in chlorophyll, with Mg

2+ at the center, and in vitamin B I b  with Co
3+ at 

the center.) In hemoglobin (Figure 22.26B), the complex is octahedral, with the 
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A 

Figure 22.26 Hemoglobin and the octahedral complex in heme. 
A, Hemoglobin consists of four protein chains, each with a bound 
heme complex. (Illustration by Irving Geis. Rights owned by Howard 
Hughes Medical Institute. Not to be used without permission.) B, In the 

oxygenated form of hemoglobin, the octahedral complex in heme has 
i ron(l I) at the center surrounded by the four N atoms of the porphyrin 
ring, a fifth N from histidine (be/ow). and an O2 molecule (above). 

fifth ligand of iron(II) being an N atom from a nearby amino acid (histidine), and 
the sixth an 0 atom from either an O2 (shown) or an H20 molecule. 

Hemoglobin exists in two forms. In the arteries and lungs, the Fe
2+ ion in 

heme binds to O2; in the veins and tissues, O2 is replaced by H20. Because H20 
is a weak-field ligand, the d6 Fe

2+ ion is part of a high-spin complex, and the 

relatively small d-orbital splitting makes venous blood absorb light at the red (low­
energy) end of the spectrum and look purplish blue. On the other hand, O2 is a 
strong-field ligand, so it increases the splitting energy and gives a low-spin com­
plex. Thus, arterial blood absorbs at the blue (high-energy) end of the spectrum, 
which accounts for its bright red color. 

Carbon monoxide is toxic because it binds to Fe
2+ ion in heme about 200 

times more strongly than O2, which prevents the heme group from functioning: 

heme-CO + O2 � heme-02 + CO 
Like O2, CO is a strong-field ligand, which results in a bright red color of the 
blood. Because the binding is an equilibrium process, breathing extremely high 

concentrations of O2 displaces CO from the heme and reverses CO poisoning. 

S E C T I O N  S U M M A RY 
Valence bond theory pictures bonding in complex ions as arising from coordinate 
covalent bonding between Lewis bases (ligands) and Lewis acids (metal ions). Ligand 
lone pairs occupy hybridized metal-ion orbitals to form complex ions with character­
istic shapes. 

Crystal field theory explains the color and magnetism of complexes. As the result 
of a surrounding field of ligands, the d-orbital energies of the metal ion split. The 
magnitude of this crystal field splitting energy (Ll) depends on the charge of the metal 
ion and the crystal field strength of the ligand. In turn, Ll influences the energy of the 
photon absorbed (color) and the number of unpaired d electrons (paramagnetism). 
Strong-field ligands create a large Ll and produce low-spin complexes that absorb 
light of higher energy (shorter A); the reverse is true of weak-field ligands. Several 
transition metals form complexes within proteins and are therefore important in 
living systems. 
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For Review and Reference (Numbers in parentheses refer to pages, un less noted otherwise. ) 

Learning Objectives 
To help you review these learning objectives, the numbers of re­
lated sections (§L sample problems (SPL and upcoming end-of­
chapter problems (EP) are l isted in parentheses. 

1 .  Write electron configurations of transition metal atoms and 
ions; compare periodic trends in atomic properties of transition el­
ements with those of main-group elements; explain why transition 
elements have multiple oxidation states, how their metallic behav­
ior (type of bonding and oxide acidity) changes with oxidation 
state, and why many of their compounds are colored and para­
magnetic (§ 22. 1 )  (SP 22. 1 )  (EPs 22. 1 -22. 1 7) 
2. Be familiar with the coordination numbers, geometries, and h­
gands of complex ions; name and write formulas for coordination 

Key Terms 
transition elements (735) 
Section 22. 1 
lanthanide contraction (739) 
Section 22.2 
coordination compound (74 1 )  
complex ion (74 1 )  
ligand (74 1 )  
counter ion (74 1 )  
coordination number (742) 

donor atom (742) 
chelate (743) 
isomer (745) 
constitutional (structural) 

isomers (746) 
coordination isomers (746) 
linkage isomers (746) 
stereoisomers (746) 

Brief Solutions to Follow-up Problems 
22. 1 (a) Ag+ :  4io 
(b) Cd2+ :  4io 
(c) 1r3+ :  5d6 

22.2 (a) Pentaaquabromochronuum(III) chloride 
(b) Ba3[Co(CN)6h 
22.3 Two sets of cis-trans isomers, and the two cis isomers are 
optical isomers. 

trans NH3 N .... I .... CI 

(;;r�c, NH3 
CI 

t ···. I 
.... NH3 

I" .. CO"" N""""- I ""NH3 
CI 

trans 

+ 

� ,r-
geometric 

+ 

� ,r-
geometric 

cis NH3 N .... I ... NH3 ( "
"'Co"'" N""""- I "'CI 

CI NH3 N .. I . CI 

(;r�NH3 
CI 
cis 

+ 

) 
optical 

) 

compounds; describe the types of constitutional and stereo­
isomerism they exhibit (§ 22.2) (SPs 22.2, 22.3) (EPs 22. 1 8-22.39) 
3. Correlate the shape of a complex ion with the number and type 
of hybrid orbitals of the central metal ion (§ 22.3) (EPs 22.40, 
22.4 1 , 22.47, 22.48) 
4. Describe how approaching ligands cause d-orbital energies to 
split and give rise to octahedral, tetrahedral, and square-planar 
complexes; explain splitting energy (.1) and how it accounts for 
the colors of complexes; explain how the relative magnitudes of 
pairing energy and .1 determine the magnetic properties of com­
plexes; use a spectrochemical series to rank complex ions in terms 
of .1, and determine if a complex is high spin or low spin (§ 22.3) 
(SPs 22.4, 22.5) (EPs 22.42-22.46, 22.49-22.57) 

geometric (cis-trans) 
isomers (746) 

optical isomers (747) 
Section 22.3 
coordinate covalent 

bond (748) 
crystal field theory (750) 
eg orbital (752) 

t2g orbital (752) 
crystal field splitting energy 

(�) (752) 
strong-field ligand (752) 
weak-field ligand (752) 
spectrochemical series (753) 
high-spin complex (754) 
low-spin complex (754) 

22.4 Both metal ions are y3+ ;  in terms of ligand field energy, 
NH3 > H20, so [V(NH3)6]3+ absorbs light of higher energy. 
22.5 The metal ion is Mn3+ :  [Ar] 3d4. 

CD t 
large � 

� 
Two unpaired d electrons; low-spin complex 



Problems 
Problems with colored numbers are answered in Appendix E. 
Sections match the text and provide the numbers of relevant sam­
ple problems. Bracketed problems are grouped in pairs ( indicated 

, by a short rule) that cover the same concept. Comprehensive Prob­
lems ar:e based on material from any section or previous chapter. 
Note: In these problems, the term electron configuration refers to 
the condensed, ground-state electron configuration.  

Properties of the Transition Elements 
(Sample Problem 22. 1 )  

22. 1 (a) Write the general electron configuration o f  a transition el­
ement in Period S .  
(b) Write the general electron configuration of a transition ele­
ment in Period 6. 

22.2 What is the general rule concerning the order in which elec­
trons are removed from a transition metal atom to form an ion? 
Give an example from Group SB(S) .  Name two types of mea­
surements used to study electron configurations of ions. 

�2.3 How does the variation in atomic size across a transition se­
ries contrast with the change across the main-group elements of 
the same period? Why? 

22.4 (a) What is the lanthanide contraction? 
(b) How does it affect atomic size down a group of transi­
tion elements? 
(c) How does it influence the densities of the Period 6 transi­
tion elements? 

22.5 (a) What is the range in electronegativity values across the 
first (3d) transition series? 
(b) What is the range across Period 4 of main-group elements? 
(c) Explain the difference between the two ranges. 

22.6 (a) Explain the major difference between the number of oxi­
dation states of most transition elements and that of most main­
group elements. 
(b) Why is the + 2  oxidation state so common among transi­
tion elements? 

22.7 (a) What difference in behavior distinguishes a paramagnetic 
substance from a diamagnetic one? 
(b) Why are paramagnetic ions common among the transition 
elements but not the main-group elements? 
(c) Why are colored solutions of metal ions common among the 
transition elements but not the main-group elements? 

122.8 Using the periodic table to locate each element, write the 
electron configuration of (a) V; (b) Y; (c) Hg. 

22.9 Using the periodic table to locate each element, write the 
electron configuration of (a) Ru; (b) Cu; (c) Ni. 

22. 1 0  Give the electron configuration and the number of 
unpaired electrons for each of the fol lowing ions: (a) Sc3+ ;  
(b) Cu2+ ;  (c) Fe3+ ;  (d) Nb3+ .  

22. 1 1 Give the electron configuration and the number of  unpaired 
electrons for each of the following ions: (a) Cr3+ ;  (b) Ti4+ ;  
(c) Co3+ ;  (d) Ta2+ . 

22. 1 2  Which transition metals have a maximum oxidation state 
of +6? 

22. 1 3  Which transition metals have a maximum oxidation state 
of +4? 

Problems 759 

22. 1 4  In which compound does Cr exhibit greater metallic behav­
ior, CrF2 or CrF6? Explain. 

22. 1 5  VFs is a liquid that boils at 4SoC, whereas VF3 is a solid that 
melts above SOO°c. Explain this difference in properties. 

22. 1 6  Which oxide, Cr03 or CrO, forms a more acidic aqueous so­
lution? Explain. 

22. 1 7  Which oxide, Mn203 or Mn207, displays more basic behav­I ior? Explain. 

Coordination Compounds 
(Sample Problems 22.2 and 22.3) 

22. 1 8  Describe the makeup of a complex ion, including the nature 
of the ligands and their interaction with the central metal ion. 
Explain how a complex ion can be positive or negative and how 
it occurs as part of a neutral coordination compound. 

22. 1 9  What is the coordination number of a metal ion in a complex 
ion? How does it differ from oxidation number? 

22.20 What structural feature is characteristic of a complex de­
scribed as a chelate? 

22.21 What geometries are associated with the coordination num­
bers 2, 4, and 6? 

22.22 In what sense is a complex ion the adduct of a Lewis acid­
base reaction? 

22.23 Is a linkage isomer a type of constitutional isomer or 
stereoisomer? Explain. 

122.24 Give systematic names for the following formulas: 
(a) [Ni(H20)6lCI2 (b) [Cr(en)3l(CI04)3 (c) �[Mn(CN)6l 

22.25 Give systematic names for the following formulas: 
(a) [Co(NH3MN02hlCI (b) [Cr(NH3)6] [Cr(CN)6l 
(c) K2[CuCI4l 

22.26 What are the charge and coordination number of the central 
metal ion(s) in each compound of Problem 22.24? 

22.27 What are the charge and coordination number of the central 
metal ion(s) in each compound of Problem 22.2S? 

22.28 Give systematic names for the following formulas: 
(a) K[Ag(CNhl (b) Na2[CdC14l (c) [Co(NH3MH20)BrlBr2 

22.29 Give systematic names for the following formulas: 
(a) K[Pt(NH3)CIsl (b) [Cu(en)(NH3hl [Co(en)CI4l 
(c) [Pt(en)2Br2l (CI04)2 

22.30 Give formulas corresponding to the following names: 
(a) Tetraamminezinc sulfate 
(b) Pentaamminechlorochromium(III) chloride 
(c) Sodium bis(thiosulfato)argentate(I) 

22.3 1 Give formulas corresponding to the following names: 
(a) Dibromobis(ethylenediamine)cobalt(III) sulfate 
(b) Hexaamminechrornium(III) tetrachlorocuprate(II) 
(c) Potassium hexacyanoferrate(II) 

22.32 What is the coordination number of the metal ion and the 
number of individual ions per formula unit in each of the com­
pounds in Problem 22.30? 

22.33 What is the coordination number of the metal ion and the 
number of individual ions per formula unit in each of the com­
pounds in Problem 22.3 1 ?  
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22.34 Which of these ligands can give rise to linkage isomerism: 
(a) N02 -; (b) S02; (c) N03 -? Explain with Lewis structures. 

22.35 Which of these ligands can give rise to linkage isomerism: 
(a) SCN- ; (b) S20/- (thiosulfate); (c) HS -? Explain with 
Lewis structures. 

22.36 For any of the following that can exist as isomers, state the 
type of isomerism and draw the structures: 
(a) [Pt(CH3NH2)2Br2] (b) [Pt(NH3hFCl] 
(c) [Pt(H20)(NH3)FCI] 

22.37 For any of the following that can exist as isomers, state the 
type of isomerism and draw the structures: 
(a) [Zn(en)F2] (b) [Zn(H20)(NH3)FCl] 
(c) [Pd(CNhCOHh]2-

22.38 For any of the following that can exist as isomers, state the 
type of isomerism and draw the structures: 
(a) [PtCI2Br2f- (b) [Cr(NH3)s(N02)]2+ 
(c) [Pt(NH3)4I2]

2+ 
22.39 For any of the following that can exist as isomers, state the 

type of isomerism and draw the structures: 
(a) [Co(NH3hCl]Br2 (b) [Pt(CH3NH2)3Cl]Br 
(c) [Fe(H20MNH3hf+ 

Theoretical Basis for the Bonding and Properties 
of Complexes 
(Sample Problems 22.4 and 22.5) 

22.40 According to valence bond theory, what set of orbitals is 
used by a Period 4 metal ion in forming (a) a square planar 
complex; (b) a tetrahedral complex? 

22.41 A metal ion is described as using a d
2

Sp3 set of orbitals 
when forming a complex. What is the coordination number of 
the metal ion and the shape of the complex? 

22.42 A complex in solution absorbs green light. What is the color 
of the solution? 

22.43 (a) What is the crystal field splitting energy (M? 
(b) How does it arise for an octahedral field of ligands? 
(c) How is it different for a tetrahedral field of ligands? 

22.44 What is the distinction between a weak-field ligand and a 
strong-field ligand? Give an example of each. 

22.45 How do the relative magnitudes of Epairing and .:l affect the 
paramagnetism of a complex? 

22.46 Why are there both high-spin and low-spin octahedral com­
plexes but only high-spin tetrahedral complexes? 

122.47 Give the number of d electrons (n of d") for the central metal 
ion in each of these species: (a) [TiCI6]2- ;  (b) K[AuCI4] ;  
(c) [RhCI6f-. 

22.48 Give the number of d electrons (n of d") for the cen­
tral metal ion in each of these species: (a) [Cr(H20)6](C103)2; 
(b) [Mn(CN)6f-; (c) [Ru(NO)(enhCI]Br. 

22.49 Which of these ions cannot form both high- and low-spin 
oClahedral complexes: (a) Ti3+ ;  (b) C02+ ;  (c) Fe2+ ;  (d) Cu2+? 

22.50 Which of these ions cannot form both high- and low-spin 
octahedral complexes: (a) Mn3+ ;  (b) Nb3+ ;  (c) Ru3+ ;  (d) Ni2+? 

22.5 1 Draw orbital-energy splitting diagrams and use the spectro­
chemical series to show the orbital occupancy for each of the fol­
lowing (assuming that H20 is a weak-field ligand): 
(a) [Cr(H20)6f+ (b) [Cu(H20)4f+ (c) [FeF6]3-

22.52 Draw orbital-energy splitting diagrams and use the spectro­
chemical series to show the orbital occupancy for each of the fol-
lowing: 
(a) [Cr(CN)6]3-

22.53 Rank the following complex ions in order of increasing .:l 
and energy of visible light absorbed: [Cr(NH3)6]3+ ,  [Cr(H20)6J3+, 
[Cr(N02)6]3- . 

22.54 Rank the following complex ions in order of decreasing .:l 
and energy of visible light absorbed: [Cr(en)3]3+ ,  [Cr(CN)6]3-,  
[CrCI6]3- .  

22.55 A complex, MLl+, i s  violet. The same metal forms a com­
plex with another ligand, Q, that creates a weaker field. What 
color might MQl+ be expected to show? Explain. 

22.56 [Cr(H20)6]2+ is violet. Another CrL6 complex is green. Can I ligand L be CN-? Can it be Cl-? Explain. 

22.57 Three of the complex ions that are formed by Co3+ are 
[Co(H20)6]3+ ,  [Co(NH3)6]3+ ,  and [CoF6]3- . These ions have 
the observed colors (listed in arbitrary order) yellow-orange, 
green, and blue. Match each complex with its color. Explainr-

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 

* 22.58 How many different formulas are there for octahedral com­
plexes with a metal M and four ligands A, B, C, and D? Give the 
number of isomers for each formula and describe the isomers. 

22.59 Correct each name that has an error: 
(a) Na[FeBr4] , sodium tetrabromoferrate(II) 
(b) [Ni(NH3)6]2+,  nickel hexaammine ion 
(c) [Co(NH3hI3J , triamminetriiodocobalt(lII) 
(d) [V(CN)6f- ,  hexacyanovanadium(III) ion 
(e) K[FeCI4J, potassium tetrachloroiron(III) 

* 22.60 For the compound [Co(enhCI2JCl, give: 
(a) The coordination number of the metal ion 
(b) The oxidation number of the central metal ion 
(c) The number of individual ions per formula unit 
(d) The moles of AgCl that precipitate immediately when 1 mol 
of compound is dissolved in water and treated with AgN03 

22.61 Hexafluorocobaltate(lII) ion is a high-spin complex. Draw 
the orbital-energy splitting diagram for its d orbitals. 

22.62 A salt of each of the ions in Table 22.3 is dissolved in water. 
A Pt electrode is immersed in each solution and connected to a 
0.38-V battery. All of the electrolytic cells are run for the same 
amount of time with the same current. 
(a) In which cell(s) will a metal plate out? Explain. 
(b) Which cell will plate out the least mass of metal? Explain. 

22.63 In many species, a transition metal has an unusually high 
or low oxidation state. Write balanced equations for the fol­
lowing and find the oxidation state of the transition metal in 
the product: 
(a) Iron(III) ion reacts with hypochlorite ion in basic solution to 
form fen'ate ion (FeO/-), Cl-, and water. 
(b) Heating sodium superoxide, Na02, with C0304 produces 
Na4Co04 and O2 gas. 
(c) Heating cesium tetrafluorocuprate(II) with F2 gas under pres­
sure gives Cs2CuF6. 
(d) Potassium tetracyanonickelate(II) reacts with hydrazine 
(N2H4) in basic solution to form K4[NizCCN)6] and N2 gas. 



22.64 An octahedral complex with three different ligands (A, B, 
and C) can have formulas with three different ratios of the ligands: 
[MA4BC]"+, such as [Co(NH3MH20)Clf+ 

[MA3B2C]"+, such as [Cr(H20hBr2CI] 
[MA2B2C2r+, such as [Cr(NH3)z(H20)2Br21+ 

For each example, give the name, state the type(s) of isomerism 
present, and draw all isomers. 

22.65 In [Cr(NH3)6]CI3, the [Cr(NH3)6]3+ ion absorbs visible 
light in the blue-violet range, and the compound is yellow­
orange. In [Cr(H20)6]Br3 ,  the [Cr(H20)6]

3+ ion absorbs visi­
ble light in the red range, and the compound is blue-gray. 
Explain these differences i n  l ight absorbed and colors of 
the compounds. 

22.66 Ionic liquids have many new applications in engineering 
and materials science. The dissolution of the metavanadate ion 
in chloroalurninate ionic liquids has been studied: 

V03 - + AlCl4 - ----+ V02Cl2 - + AIOCl2 -
(a) What is the oxidation number of V and Al in each ion? 
(b) In reactions with V 2°5, acid concentration affects the prod­
uct. At low acid concentration, V02Cl2 - and V03 - form: 

V 205 + HCl ----+ V02Cl2 - + V03 - + H+ 
At high acid concentration, VOCl3 forms: 

V 205 + HCl ----+ VOCI3 + H20 
Balance each equation, and state which, if either, involves a re­
dox process. 
(c) What mass of V02CI2 - or VOCl3 can form from 10.0 g of 
V 205 and the appropriate concentration of acid? 

22.67 Several coordination isomers, with both Co and Cr as 3+ 
ions ,  have the molecular formula CoCrC6H I SN I2' 
(a) Give the name and formula of the i somer in which the Co 
complex ion has six NH3 groups. 
(b) Give the name and formula of the isomer in which the Co 
complex ion has one CN and five NH3 groups. 

Problems 761 

* 22.68 The enzyme carbonic anhydrase has zinc in a tetrahedral 
complex at its active site. Suggest a structural reason why car­
bonic anhydrase synthesized with Ni2+ ,  Fe2+, or Mn2+ in place 
of Zn2+ gives an enzyme with less catalytic efficiency. 

* 22.69 The effect of entropy on reactions is evident in the stabilities 
of certain complexes. 
(a) Using the criterion of number of product particles, predict 
which of the following will be favored in terms of �S�xn: 
[Cu(NH3)4f+(aq) + 4H20(l) ----+ 

[Cu(H20)4f+(aq) + 4NH3(aq) 
[Cu(H2NCH2CH2NH2h]2+ (aq) + 4H20(l) -----+ 

[Cu(H20)4]
2+ (aq) + 2en(aq) 

(b) Given that the Cu-N bond strength i s  approximately 
the same in both complexes, which complex will be more 
stable in water (less likely to exchange their ligands for H20 
molecules)? Explain .  

22.70 The extent of crystal field splitting is often determined 
from spectra. 
(a) Given the wavelength (A) of maximum absorption, find the 
crystal field splitting energy (�), in kJ/mol, for each of the 
following complex ions: 

Ion A(nm) Ion A (nm) 
[Cr(H20)6]

3+ 562 [Fe(H2O)6]
2+ 966 

[Cr(CN)6]
3- 381 [Fe(H2O)6)

3+ 730 
[CrCI6]

3- 735 [CO(NH3)6)3+ 405 
[Cr(NH3)6] 3+ 462 [Rh(NH3)6]3+ 295 
[Ir(NH3) 6] 

3+ 244 

(b) Construct a spectrochemical series for the ligands in the 
Cr complexes. 
(c) Use the Fe data to state how oxidation state affects �. 
(d) Use the Co, Rh, and Ir data to state how period number 
affects �. 



CHAPTER TWENTY-THREE 

Nuclear Reactions and 
Tneir Applications 

Key Principles 
• Nuclear reactions differ from chemical reactions in several important 

ways: (1 ) Element identity does change. (2) Nuclear particles, rather 
than electrons, participate. (3) The reactions release so much energy 
that mass does change. (4) Reaction rates are not affected by 
temperature, catalysts, or the chemical nature of the substance. 

• The great majority of nuclei are unstable and undergo various types of 
radioactive decay: Ci decay, 13 decay, positron emission, electron 
capture, and -y emission. In nuclear reactions, total mass number (A) 
and total charge (Z) must be balanced. A plot of number of neutrons 
(N) versus number of protons (Z) for all nuclei shows a narrow band 
of stable nuclei. To become more stable; the type of decay can often 
be predicted from the N/Z ratio of the unstable nucleus. Certain 
heavy nuclei undergo a series of decays to reach stability. 

• Radioactive decay is a first-order process, so the decay rate (activity) 
depends only on the number of nuclei. Therefore, the half-life does 
not depend on the number of nuclei. In radiocarbon dating, the age 
of an object is determined by comparing its 14C activity with that of 
currently living things. 

Outline 

From Infinitesimal to Infinite In a bubble chamber, subatomic particles leave dis­
tinct spiral tracks as they boil the liquid in their wake. At the other end of the size 
spectrum, in stars, interactions of subatomic particles create the chemical elements. 
In this chapter, you'll discover the astonishing world of the atomic nucleus. 

• Particle accelerators change one element into another (nuclear 
transmutation) by bombarding nuclei with high-energy particles. 

• Ionizing radiation causes chemical changes in matter, while the much 
weaker (and less harmful) nonionizing radiation causes matter to 
heat up or emit photons. 

• Isotopes of an element have nearly identical chemical properties. 
Therefore, a small amount of a radioactive isotope can act as a 
tracer for studying reaction mechanisms, physical movements of 
substances, and medical problems. 

• The mass of a nucleus is less than the sum of the masses of the 
nucleons (protons and neutrons) that make it up. Einstein's equation 
shows that this mass defect is equivalent to the nuclear binding 
energy. The binding energy per nucleon is a measure of nuclear 
stability. Heavy nuclei split (fission) and light nuclei join (fusion) to 
increase the binding energy per nucleon. 80th fission and fusion 
release enormous quantities of energy. 

23.1 Radioactive Decay and Nuclear Stability 
Components of the Nucleus 

23.4 The Effects of Nuclear Radiation 
on Matter 

23.6 The Interconversion of Mass 
and Energy 

Types of Radioactive Emissions and Decay; 
Nuclear Equations 

The Mode of Decay 

23.2 The Kinetics of Radioactive Decay 
Rate of Radioactive Decay 
Radioisotopic Dating 

23.3 Nuclear Transmutation: Induced 
Changes in Nuclei 
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Excitation and Ionization 
Ionizing Radiation and Living Matter 

23.5 Applications of Radioisotopes 
Radioactive Tracers 
Applications of Ionizing Radiation 

The Mass Defect 
Nuclear Binding Energy 

23.7 Applications of Fission and Fusion 
Nuclear Fission 
Nuclear Fusion 



23.1 Radioactive Decay and Nuclear Stability 

Far below the outer fringes of the cloud of electrons lies the atom's tiny, dense 
core, held together by the strongest force in the universe. For nearly the entire 

text, we have focused on an atom's electrons, treating the nucleus as their elec­
trostatic anchor, examining the effect of its positive charge on atomic properties 
and, ultimately, chemical behavior. But, for the scientists probing the structure 
and behavior of the nucleus itself, that is the scene of real action, one that holds 
enormous potential benefit and great mystery and wonder. 

Society is ambivalent about the applications of nuclear research, however. The 
promise of abundant energy and treatments for disease comes hand-in-hand with 
the threat of nuclear waste contamination, reactor accidents, and unimaginable 
destruction from nuclear war or terrorism. Can the power of the nucleus be har­
nessed for our benefit, or are the risks too great? In this chapter, we discuss the 
principles that can help you answer this vital question. 

The changes that occur in atomic nuclei are strikingly different from chemi­
cal changes. In chemical reactions, electrons are shared or transferred to form 
compounds, while nuclei sit by passively, never changing their identities. In 
nuclear reactions, the roles are reversed: electrons in their orbitals are usually 
bystanders as the nuclei undergo changes that, in nearly every case, form different 
elements. Nuclear reactions are often accompanied by energy changes a million 
times greater than those in chemical reactions, energy changes so great that changes 
in mass are detectable. Moreover, nuclear reaction yields and rates are typically 
not subject to the effects of pressure, temperature, and catalysis. Table 23 . 1  
summarizes these general differences. 

''ME!. Comparison of Chemical and Nuclear Reactions 
Chemical Reactions Nuclear Reactions 

Concepts & Skills to Review 
Before You Study This Chapter 

• discovery of the atomic nucleus 
(Section 2.4) 

763 

• protons, neutrons, mass number, and 
the 1x notation (Section 2.5) 

• half-life and first-order reaction rate 
(Section 16.4) 

I . One substance is converted into another, but atoms never 
change identity. 

1. Atoms of one element typically are converted ioto atoms of 
another element. 

2. Orbital electrons are involved as bonds break and form; 
nuclear particles do not take part. 

3. Reactions are accompanied by relatively small changes in 
energy and no measurable changes in mass. 

4. Reaction rates are influenced by temperature, 
concentration, catalysts, and the compound in which an 
element occurs. 

2. Protons, neutrons, and other particles are involved; orbital 
electrons rarely take part. 

3. Reactions are accompanied by relatively large changes in 
energy and measurable changes in mass. 

4. Reaction rates are affected by number of nuclei, but not by 
temperature, catalysts, or, normally, the compound in 
which an element occurs. 

23.1 RADIOACTIVE DECAY AND NUCLEAR STABILITY 

A stable nucleus remains intact indefinitely, but the great maj ority of nuclei are 
unstable. An unstable nucleus exhibits radioactivity: it spontaneously disinte­
grates, or decays, by emitting radiation. In the next section, you ' ll see that each 
type of unstable nucleus has its own characteristic ra te of radioactive decay, which 
can range from a fraction of a second to billions of years. This section introduces 
important terms and notation for nuclei , describes the common types of radio­
active emissions and decay, and discusses how to predict whether and how a given 
nucleus will decay. 

The Components of the Nucleus: Terms and Notation 
Recall from Chapter 2 that the nucleus contains essentially all the atom's mass 
but is only about 1 0-4 times its diameter (or 1 0- 1 2  times its volume). Obvi­
ously, the nucleus is incredibly dense: about 101 4 g/mL. Protons and neutro ns, 
the elementary particles that make up the nucleus, are called nucleons. The term 
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Lead 
block 

ZnS-coated screen 
(or photographic plate) 

Voltage 
source 

Radioactive 
material 

Figure 23.1 Three types of radioactive 
emissions in an electric field. Positively 

charged ()( particles curve toward the neg­

ative plate; negatively charged 13 particles 

curve toward the positive plate. The cur­

vature is greater for 13 particles because 

they have much lower mass. The -y rays, 

uncharged high-energy photons, are un­

affected by the field. 
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nuclide refers to a nucleus with a particular composition, that is, with specific 
numbers of the two types of nucleons. Most elements occur in nature as a mix­
ture of isotopes, atoms with the characteristic number of protons of the element 
but different numbers of neutrons. Therefore, each isotope of an element has a 
particular nuclide that we identify by the numbers of protons and neutrons it 
contains. The nuclide of the most abundant isotope of oxygen, for example, con­
tains eight protons and eight neutrons, whereas the nuclide of the least abundant 
isotope contains eight protons and ten neutrons. 

The relative mass and charge of a particle-a nucleon, another kind of ele­
mentary particle, or a nuclide-is described by the notation �X, where X is the 
symbol for the particle, A is the mass number, or the total number of nucleons, 
and Z is the charge of the particle; for nuclides, A is the sum of pro tons and neu­
tro ns and Z is the number of protons (atomic number). In this notation, the three 
subatomic elementary particles are 

_?e (electron), :p (proton), and bn (neutron) 
(In nuclear notation, the element symbol refers to the nucleus only, so a proton 
is also sometimes represented as JH.) The number of neutrons (N) in a nucleus 
is the mass number (A) minus the atomic number (Z): N = A - Z. The two nat­
urally occurring isotopes of chlorine, for example, have 17 protons (Z = 17), but 
one has 1 8  neutrons mCI, also written 35CI) and the other has 20 mCI, or 37CI). 
Nuclides can also be designated with the element name followed by the mass 
number, for example, chlorine-35 and chlorine-37. Despite some small variations, 
in natura lly occurring samples of an element or its compounds, the isotopes of 
the element are present in particular, fixed proportions. Thus, in a sample of 
sodium chloride (or any Cl-containing substance), 75.77% of the Cl atoms are 
chlorine-35 and the remaining 24.23% are chlorine-37. 

To understand this chapter, it 's very important that you are comfortable with 
nuclear notations, so please take a moment to review Sample Problem 2.2 and 
Problems 2.23 to 2.30 at the end of Chapter 2. 

Types of Radioactive Emissions and Decay; 
Balancing Nuclear Equations 
W hen a nuclide decays, it forms a nuclide of lower energy, and the excess energy 
is carried off by the emitted ra diation. The three most common types of radioac­
tive emission are: 

• Alpha particles (symbolized ex or iHe) are dense, positively charged particles 
identical to helium nuclei. 

• Beta particles (symbolized �, � -, or more usually _ ?�) are negatively charged 
particles identified as high-speed electrons. (The emission of electrons from the 
nucleus may seem strange, but as you' l l  see shortly, � particles arise as a result 
of a nuclear reaction.) 

• Gamma rays (symbolized as 'Y, or sometimes 8'Y) are very high-energy pho-
tons, about 105 times as energetic as visible light. 

The behavior of these three emissions in an electric field is shown in Figure 23 .1. 
Note that ex particles curve to a small extent toward the negative plate, � parti­
cles curve to a great extent toward the positive plate, and 'Y rays are not affected 
by the electric field. 

The decaying, or reactant, nuclide is called the parent; the product nuclide 
is called the daughta Nuclides can decay in several ways. As we discuss the 
major types of decay, which are summarized in Table 23 .2 ,  note the principle 
used to balance nuclear reactions: the total Z (charge, number of protons) 
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I��I!!I Modes of Radioactive Decal· 

Mode Emission Decay Process 

.... , -

ex Decay ex (iI-Ie) �.� � :)�� 
+ � 

4 ... -4-.� 
Reactant (parent) Product (daughter) ex expelled 

13 Decal -?13 1n � 1p. + o� 0 1 -1 
in nucleus in nucleus � expelled 

Positron emjssion t ?13 hv + -& � �. + o� 
� 1 

high-energy positron expelled 
nucleus with nucleus with photon 
xp+ andynO (x- 1)p+ and (y+ 1)no 

Electron capture t x-ray photon °e -1 + 

absorbed from 
low-energy 

orbital 

'Y Emission 8-y 

1p 1 � 1n 0 
in nucleus in nucleus 

-� If'" 

:)�--�.SJ .e4P 4 ... 
excited stable 
nucleus nucleus 

-Neutrinos (v) are involved in several of these processes but are not shown. 

+ 0y 0 

yphoton 
radiated 

Change in 

A Z 

-4 -2 

0 +1 

0 -1 

0 -1 

0 0 

tNuclear chemists consider 13 decay to be a more general process that includes three decay modes: negatron emission (which the text calls 
"13 decay"), positron emission, and electron capture. 

and the total A (sum of protons and neutrons) of the reactants equal those of 
the products: 

i��l1 Reactants = i�:�: 1 Products (23.1) 

1. Alpha decay involves the loss of an a particle (iHe) from a nucleus. For 
each a particle emitted by the parent nucleus, A decreases by 4 and Z decre ases 
by 2. Every element that is heavier than lead (Pb; Z = 82), as well as a few lighter 
ones, exhibits a decay. For example, radium undergoes a decay to yield radon 
(Rn; Z = 86): 

2��Ra --+ 2��Rn + iHe 
Note that the A value for Ra equals the sum of the A values for Rn and He 
(226 = 222 + 4), and that the Z value for Ra equals the sum of the Z values for 
Rn and He (88 = 86 + 2). 

2. Beta decay involves the ejection of a (3 particle ( _ ?(3) from the nucleus. * 
This change does not involve the expulsion of a (3 particle that was actually in 

-In formal nuclear chemistry terminology, f3 decay indicates a more general phenomenon (see 
footnote to Table 23.2). 
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the nucleus, but rather the conv ersion of a neutro n  into a p roton, which remains 
in the nucl eus, and a f3 p articl e, which is exp ell ed immediatel y: 

bn - :p + -?� 
As always, the totals of the A and the Z values for reactant and products are equal . 
Radioactive nickel-63 becomes stable copper-63 through 13 decay: 

��Ni - ��Cu + _?� 
Another example is the 13 decay of carbon- 14, applied in radiocarbon dating: 

I�C - IjN + _?� 
Note that f3 decay resul ts in a p roduct nucl ide with the same A but with Z one 
higher (one more pro ton) than in the reactant nucl ide. In other words, an atom 
of the element with the next higher atomic number is formed. 

3. Positron emission involves the emission of a positron from the nucleus. 
A key idea of modern physics is that every fundamental particle has a correspond­
ing antip articl e with the same mass but opposite charge. The positron (symbol­
ized ?13; note the positive Z) is the antiparticle of the electron. Positron emission 
occurs through a process in which a p roton in the nucl eus is conv erted into a neu­
tro n, and a p ositro n  is exp ell ed. * Positro n emission has the opp osite eff ect of f3 
decay, resul ting in a daughter nucl ide with the same A but with Z one l ower (one 

f ewer p roton) than the p arent; thus, an atom of the element with the next l ower 
atomic number forms. Carbon- 1 1 , a synthetic radioisotope, decays to a stable 
boron isotope through emission of a positron: 

16C - I�B +?� 
4. Electron capture occurs when the nucleus of an atom draws in an elec­

tron from an orbital of the lowest energy level. The net effect is that a nucl ear 
p roton is transf ormed into a neutro n: 

:p + _?e - bn 
(We use the symbol _?e to distinguish an orbital electron from a beta particle, 
symbol -?13.) The orbital vacancy is quickly filled by an electron that moves down 
from a higher energy level, and that energy difference appears as an x-r ay p hoton. 
Radioactive iron forms stable manganese through electron capture: 

i�Fe + _?e - ��Mn + hv (x-ray) 
El ectron cap ture has the same net eff ect as p ositron emission (Z lower by 1 ,  
A unchanged), even though the processes are entirely different. 

5 .  Gamma emission involves the radiation of high-energy 'Y photons from 
an excited nucleus. Recall that an atom in an excited el ectro nic state reduces its 
energy by emitting photons, usually in the UV and visible ranges. Similarly, a 
nucleus in an excited state lowers its energy by emitting 'Y photons, which are of 
much higher energy (much shorter wavelength) than UV photons. Many nuclear 
processes leave the nucleus in an excited state, so I' emission accomp anies most 
other typ es of decay. Several 'Y photons ('Y rays) of different frequencies can be 
emitted from an excited nucleus as it returns to the ground state. The decay of 
U-238 involves the release of 'Y rays: 

2��U _ 
2�riTh + iHe + 28'Y 

Because 'Y rays have no mass or charge, I' emission does not change A or Z. 
Gamma rays also result when a particle and an antiparticle annihilate each other, 
as when an emitted positron meets an orbital electron: 

?� (from nucleus) + _?e (outside nucleus) - 28'Y 

'The process, called pair production, involves a transformation of energy into matter. A high­
energy (> 1 .63 x 1 0-13 J) photon becomes an electron and a positron simultaneously. The electron 
and a proton in the nucleus form a neutron, while the positron is expelled. 
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SAMPLE PROBLEM 23.1 Writing Equations for Nuclear Reactions 
Problem Write balanced equations for the following nuclear reactions: 
(a) Naturally occurring thorium-232 undergoes 0' decay. 
(b) Chlorine-36 undergoes electron capture. 
Plan We first write a skeleton equation that includes the mass numbers, atomic numbers, 
and symbols of all the particles, showing the unknown particles as �X. Then, because the 
total of mass numbers and the total of charges on the left side and the right side must be 
equal, we solve for A and Z, and use Z to determine X from the periodic table. 
Solution (a) Writing the skeleton equation: 

2�6Th -- �X + iRe 
Solving for A and Z and balancing the equation: For A, 232 = A + 4, so A = 228 . For 
Z, 90 = Z + 2 ,  so Z = 88 . From the periodic table, we see that the element with 
Z = 88 is radium (Ra). Thus, the balanced equation is 

2��Th __ 2��Ra + iRe 

(b) Writing the skeleton equation: 
��CI + _?e -- �X 

Solving for A and Z and balancing the equation: For A, 36 + 0 = A, so A = 36. For Z, 
17 + (-1) = Z, so Z = 16. The element with Z = 16 is sulfur (S), so we have 

I�Cl + _?e � I�S 
Check Always read across superscripts and then across subscripts, with the yield arrow 
as an equal sign, to check your arithmetic. In part (a), for example, 232 = 228 + 4, and 
90 = 88 + 2. 

FOLLOW- U P  PROBLEM 23.1 Write a balanced equation for the reaction in which a 
nuclide undergoes � decay and produces cesium- l33. 

Nuclear Stability and the Mode of Decay 
There are several ways that an unstable nuclide might decay, but can we predict 
how it will decay? Indeed, can we predict if a given nuclide will decay at all? 
Our knowledge of the nucleus is much less than that of the atom as a whole, but 
some patterns emerge from observation of the naturally occurring nuclides. 

The Band of Sta bi lity and the Neutron -to -Proton (Nil) Ratio A key factor that 
determines the stability of a nuclide is the ratio of the number of neutrons to the 
number of protons, the N /Z ratio, which we calculate from (A - Z)/Z. For lighter 
nuclides, one neutron for each proton (N /Z = 1 )  is enough to provide stability. 
However, for heavier nuclides to be stable, the number of neutrons must exceed 
the number of protons, and often by quite a lot. But, if the N /Z ratio is either too 
high or not high enough, the nuclide is unstable and decays. 

Figure 23 .2A on the next page is a plot of number of neutrons vs. number of 
protons for the stabl e nuclides. The nuclides form a narrow band of stability that 
gradually increases from an N/Z ratio of 1 ,  near Z = 10 ,  to an N/Z ratio slightly 
greater than 1 .5 ,  near Z = 83 for 209Bi .  Several key points are as follows: 

• Very few stable nuclides exist with N /Z < 1 ;  the only two are lH and �He. 
For lighter nuclides, N/Z = 1: for example, iHe, J�c, J�O, and f8Ne are partic­
ularly stable. 

• The N /Z ratio of stable nuclides gradually increases as Z increases. No stable 
nuclide exists with N/Z = 1 for Z > 20. Thus, for ��Fe, N/Z = 1 . 1 5; for l��Ag, 
N/Z = 1 .28; and for J�1w, N/Z = 1 .49. 

• All nuclides with Z > 83 are unstable. Bismuth-209 is the heaviest stable nuclide. 
Therefore, the largest members of Groups IA(l ), 2A(2), 4A( 14), 6A(l 6), 7 A(1 7) , 
and 8A( l 8) are radioactive, as are all the actinides (the Sf inner-transition ele­
ments) and the elements of the fourth d-block transition series (Period 7). 
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Figure 23.2 A plot of number of neutrons VS. number of protons 
for the stable nuclides. A, A plot of N vs. Z for all stable nuclides 
gives rise to a narrow band that veers above N/Z = 1 shortly beyond 
Z = 10. The N/Z values for several stable nuclides are given. The 
most common modes of decay for unstable nuclides in a particular 
region are shown: nuclides with a high N/Z ratio often undergo 
� decay; those with a low ratio undergo e- capture or positron emis­
sion; heavy nuclei beyond the stable band (and a few lighter ones) 
undergo ex decay. e, The blue box in part A is expanded to show 
the stable and many of the unstable nuclides in that area. Note 
the modes of decay: ex decay decreases both Nand Z by 2; 
� decay decreases N and increases Z by 1; positron emission and e­
capture increase N and decrease Z by 1. 

11MM!1 Num ber of Sta ble 
Nuclides for E lements 48 to 54· 

Sta bi lity and Nuc lear Structure The oddness or evenness of Nand Z values is 
related to some important patterns of nuclear stability. Two i nteresting points 
become apparent when we classify the known stable nuclides : 

Element 

Cd 
In 
So 
Sb 
Te 
I 
Xe 

Atomic 
No, (Z) 

48 
49 
50 
51 
52 
53 
54 

'Even Z shown in boldface. 

No. of 
Nuclides 

8 
2 

10 
2 
8 
1 
9 

• Elements with an even Z (number of protons) usually have a larger number of 
stable nuclides than elements with an odd Z. Table 23.3 demonstrates this point 
for cadmium (Z = 48) through xenon (Z = 54). 

• Well over half the stable nuclides have both even N and even Z. Only seven 
nuclides with odd N and odd Z are either stable--TH, �Li, I�B, IjN-or decay 
so slowly that their amounts have changed little since Earth formed-�gV, 
1��La, and 1�?Lu. 

One model of nuclear structure that attempts to explain these findings postu­
lates that protons and neutrons lie in nucl eon shell s, or energy levels, and that sta­
bility results from the p airing of like nucleons. This arrangement leads to the 
stability of even values of Nand Z. (The analogy to electron energy levels and 
the stability that arises from electron pairing is striking.) 

Just as noble gases-with 2, 1 0, 1 8, 36, 54, and 86 electrons-are excep­
tionally stable because of their fil led el ectro n  shells, nuclides with N or Z 
values of 2, 8, 20, 28, 50, 82 (and N = 1 26) are exceptionally stable. These 
so-called magic numbers are thought to correspond to the numbers of protons or neu­
trons in filled nucl eon shells. A few examples are �iTi (N = 28), ��Sr (N = 50), and 
the ten stable nuclides of tin (Z = 50). Some extremely stable nuclides have double 
magic numbers: iHe, l�O, igca, and 2��Pb (N = 1 26). 



23.1 Radioactive Decoy and Nuclear Stabil ity 

SAMPLE PROBLEM 23.2 Predicting Nuclear Stability 
Problem Which of the following nuclides would you predict to be stable and which 
radioactive: (a) � gNe; (b) f�S; (c) 2�gTh; (d) 1��Ba? Explain. 
Plan In order to evaluate the stability of each nuclide, we determine the N /2 ratio from 
(A - 2) /2, the value of 2, stable N/2 ratios (from Figure 23.2), and whether 2 and N are 
even or odd. 

Solution (a) Radioactive. The ratio N/2 
= 18 � 10 

= O.S. The minimum ratio for sta­

bility is 1 .0; so, despite even Nand 2, this nuclide has too few neutrons to be stable. 
(b) Stable. This nuclide has N/2 = 1 .0 and 2 < 20, with even Nand Z. Thus, it is most 
likely stable. 
(c) Radioactive. Every nuclide with 2 > 83 is radioactive. 
(d) Radioactive. The ratio N /2 = 1 .20. For 2 from 55 to 60, Figure 23.2A shows 
N /2 � 1 .3, so this nuclide probably has too few neutrons to be stable. 
Check By consulting a table of isotopes, such as the one in the CRC Handbook of Chem­
istry and Physics, we find that our predictions are correct. 

FOLLOW· UP PROBLEM 23.2 Why is f�p stable but f�P unstable? 

Predicting the Mode of Decay An unstable nuclide generally decays in a mode 
that shifts its N /Z ratio toward the band of stability. This fact is i l lustrated in 
Figure 23 .2B, which expands a small region of Figure 23.2A to show all of 
the stable and many of the radioactive nuclides in that region, as well as their 
modes of decay. Note the following points, and then we'll apply them in a sam­
ple problem: 

1. Neutron-rich nuclides. Nuclides with too many neutrons for stability (a high 
N /Z) lie above the band of stability. They undergo f3 decay, which converts a 
neutron into a proton, thus reducing the value of N /z. 

2. Neutron-poor nuclides. Nuclides with too few neutrons for stability (a low N /Z) 
lie below the band. They undergo positron emission or electron capture, both 
of which convert a proton into a neutron, thus increasing the value of N /z. 

3. Heavy nuclides. Nuclides with Z > 83 are too heavy to lie within the band and 
undergo (Y decay, which reduces their Z and N values by two units per emis­
sion . (Several lighter nuclides also exhibit (Y decay.) 

SAM PLE PROBLEM 23.3 Predicting the Mode of Nuclear Decay 
Problem Predict the nature of the nuclear change(s) each of the following radioactive 
nuclides is likely to undergo: (a) I�B; (b) 2§iu; (c) ��As; (d) 1��La. 
Plan We use the N/2 ratio to decide where the nuclide lies relative to the band of stabil­
ity and how its ratio compares with others in the nearby region of the band. Then, we pre­
dict which of the decay modes just discussed will yield a product nuclide that is closer to 
the band. 
Solution (a) This nuclide has an N /2 ratio of 1.4, which is too high for this region of the 
band. It will probably undergo [3 decay, increasing 2 to 6 and lowering the N /2 ratio to 1. 
(b) This nuclide is heavier than those close to it in the band of stability. It will probably 
undergo <X decay and decrease its total mass. 
(c) This nuclide, with an N /2 ratio of 1 .24, lies in the band of stability, so it will proba­
bly undergo either [3 decay or positron emission. 
(d) This nuclide has an N /2 ratio of 1 .23, which is too low for this region of the band, 
so it will decrease 2 by either positron emission or electron capture. 
Comment Both possible modes of decay are observed for the nuclides in parts (c) 
and (d). 

FOLLOW· U P  PROBLEM 23.3 What mode of decay would you expect for (a) ��Fe; 
(h) 2��Am? 
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Decay Series A parent nuclide may undergo a series of decay steps before a sta­
ble daughter nuclide forms. The succession of steps is called a decay series, or 
disintegration series, and is typically depicted on a gridlike display. Figure 23.3 
shows the decay series from uranium-238 to lead-206. Numbers of neutrons (N) 
are plotted against numbers of protons (Z) to form the grid, which displays a series 
of ex and 13 decays. The zigzag pattern is typical and occurs because ex decay 
decreases both Nand Z, whereas 13 decay decreases N but increases Z. Note that 
it is quite common for a given nuclide to undergo both types of decay. (Gamma 
emission accompanies many of these steps, but it does not affect the mass or type 
of the nuclide.) This decay series is one of three that occur in nature. All end with 
isotopes of lead whose nuclides all have one (Z = 82) or two (N = 1 26, Z = 82) 
magic numbers. A second series begins with uranium-235 and ends with lead-
207, and a third begins with thorium-232 and ends with lead-208. (Neptunium-
237 began a fourth series, but its half-life is so much less than the age of Earth 
that only traces of it remain today.) 

S E C T I O N  S U M M A RY 
Nuclear reactions are not affected by reaction conditions or chemical composition 
and release much more energy than chemical reactions. A radioactive nuclide is 
unstable and may emit ex particles (jHe nuclei), 13 particles (-�13; high-speed elec­
trons), positrons (�13), or "{ rays (8"{; high-energy photons) or may capture an orbital 
electron (_�e). A narrow band of neutron-to-proton ratios (N/Z) includes those of 
all the stable nuclides. Radioactive decay allows an unstable nuclide to achieve a 
more stable N/Z ratio. Certain "magic numbers" of neutrons and protons are asso­
ciated with very stable nuclides. By comparing a nuclide's N/Z ratio with those in 
the band of stability, we can predict that, in general, heavy nuclides undergo ex decay, 
neutron-rich nuclides undergo 13 decay, and proton-rich nuclides undergo positron 
emission or electron capture. Three naturally occurring decay series all end in 
isotopes of lead. 

23.2 THE KINETICS OF RADIOACTIVE DECAY 

Chemical and nuclear systems both tend toward maximum stability. Just as the 
concentrations in a chemical system change in a predictable direction to give a 
stable equilibrium ratio, the type and number of nucleons in an unstable nucleus 
change in a predictable direction to give a stable N /Z ratio. As you know, how­
ever, the tendency of a chemical system to become more stable tells nothing about 
how long that process will take, and the same holds true for nuclear systems. In 
this section, we examine the kinetics of nuclear change; later, we' ll examine the 
energetics of nuclear change. 

The Rate of Radioactive Decay 
Radioactive nuclei decay at a characteristic rate, regardless of the chemical sub­
stance in which they occur. The decay rate, or activity (.sa), of a radioactive sam­
ple is the change in number of nuclei (N) divided by the change in time (t). As 
we saw with chemical reaction rates, because the number of nuclei is decreasing, 
a minus sign precedes the expression for the decay rate: 

LlN 
Decay rate (.stl) = -Tt 

The SI unit of radioactivity is the becquereJ (Bq); it is defined as one disinte­
gration per second (dis): 1 Bq = 1 dis. A much larger and more common unit of 
radioactivity is the curie (Ci): 1 curie equals the number of nuclei disintegrating 
each second in 1 g of radium-226: 

1 Ci = 3 .70x l O'O dis (23.2) 



23.2 The Kinetics of Rodioactive Decay 

Because the curie is so large, the millicurie (mCi) and microcurie (/-LCi) are com­
monly used. We often express the radioactivity of a sample in terms of specific 
activity, the decay rate per gram. 

An activity is meaningful only when we consider the large number of 
nuclei in a macroscopic sample. Suppose there are 1 X 1 0 1 5 radioactive nuclei 
of a particular type in a sample and they decay at a rate of 1 0% per hour. 
Although any particular nucleus in the sample might decay in a microsecond 
or in a million hours, the average of all decays results in 1 0% of the entire 
collection of nuclei disintegrating each hour. During the first hour, 1 0% of the 
original number, or 1 X 1 0 1 4  nuclei, will decay. During the next hour, 1 0% of 
the remaining 9x 1 0 14 nuclei, or 9x 1 0 1 3 nuclei, will decay. During the next 
hour, 10% of those remaining will decay, and so forth. Thus, for a large col­
lection of radioactive nuclei, the number decaying per unit time is proportional 
to the number present: 

Decay rate (sIl) ex ,N or sIl = kJ{ 
where k is called the decay constant and is characteristic of each type of nuclide. 
The larger the value of k, the higher is the decay rate. 

Combining the two rate expressions just given, we obtain 

sIl = - t:.,N = k.N 
t:.t 

(23.3) 

Note that the activity depends only on .N raised to the first power (and on the 
constant value of k). Therefore, radioactive decay is a first-order process (see Sec­
tion 1 6.3) . The only difference in the case of nuclear decay is that we consider 
the number of nuclei rather than their concentration. 

Half -Life of Radioactive Decay Decay rates are also commonly expressed in 
terms of the fraction of nuclei that decay over a given time interval. The half-life 
(t1/2) of a nuclide is the time it takes for half the nuclei present in a sample to 
decay. The number of nuclei remaining is halved after each half-life. Thus, half­
life has the same meaning for a nuclear change as for a chemical change (Sec­
tion 1 6.4) . Figure 23.4 shows the decay of carbon- 14, which has a half-life of 
5730 years, in terms of number of 1 4C nuclei remaining: 

16C -- liN + -?13 
We can also consider the half-life in terms of mass of substance. As 14C decays 
to the product 14N, its mass decreases. If we start with 1 .0 g of carbon- 1 4, half 
that mass of 14C (0.50 g) will be left after 5730 years, half of that mass (0.25 g) 
after another 5730 years, and so on. The activity depends on the number of nuclei 
present, so the activity is halved after each succeeding half-Ufe as well .  
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Figure 23.4 Decrease in number of 14C 
nuclei over time. A plot of number of 14C 

nuclei vs. time gives a decreasing curve. 
In each half-life (5730 yr), half the 14C 

nuclei present undergo decay. A plot of 
mass of 14C vs. time is identical. 
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'WYlI' Decay Constants (k) 
an Ha -Lives ('1/2) of 
Beryllium Isotopes 

Nuclide k t1 /2 

�Be 1 .30 X 1 O-2/day 53.3 days 
�Be l .OX 10 1 6/s 6.7X 10- 1 7  s 
�Be Stable 

12Be 4.3 X 1O-7/yr l .6x 1 06 yr 
1 1Be 5.02 X 1O-2/s 13 .8 s 
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We determine the half-life of a nuclear reaction from its rate constant. Re­
arranging Equation 23.3 and integrating over time gives 

N, 
In - = -kt 

No 
or 

No In 
N, 

= kt (23.4) 

where .No is the number of nuclei at t = 0, and .Nt is the number of nuclei remain­
ing at any time t. (Note the similarity to Equation 1 6.4.) To calculate the half-life 
(tl /2), we set .N, equal to 1,No and solve for t l /2: 

No In I .r = ktl /2 
2J' 0 

so 
In 2 

tl /2 = k (23.5) 

Exactly analogous to the half-life of a first-order chemical change, this half-life is 
not dependent on the number of nuclei and is inversely related to the decay constant: 

large k ::;. short f 1 /2 and small k ::;. long t 1 /2 
The decay constants and half-lives of radioactive nuclides vary over a very 

wide range, even those for the nuclides of a given element (Table 23 .4). 

SAMPLE PROBLEM 23.4 Finding the Number of Radioactive Nuclei 
Problem Strontium-90 is a radioactive by-product of nuclear reactors that behaves bio­
logically like calcium, the element above it in Group 2A(2 ). When 90Sr is ingested by 
mammals, it is found in their milk and eventually in the bones of those drinking the milk. 
If a sample of 90Sr has an activity of 1 .2 X  10 1 2  dis, what are the activity and the fraction 
of nuclei that have decayed after 59 yr (t1 /2 of 90Sr = 29  yr)? 
Plan The fraction of nuclei that have decayed is the change in number of nuclei, expressed 
as a fraction of the starting number. The activity of the sample (.sIJ.) is proportional to the 
number of nuclei (N), so we know that 

No - N, 
Fraction decayed = 

No 

We are given .sIJ.o ( 1 .2 X  10 1 2 dis), so we find .sIJ., from the integrated form of the first-order 
rate equation (Equation 23.4), in which t is 59 yr. To solve that equation, we need k, which 
we can calculate from the given t l /2 (29 yr). 
Solution Calculating the decay constant k: 

t l /2 = � so k = 
In 2 

= 
0.693 

= 0.024 yr- I 
k t l /2 29  yr 

Applying Equation 23 .4 to calculate .sIJ." the activity remaining at time t: 
No .sIJ.o In - = In - = kt or In .sIJ.o - In .sIJ., = kt 
N, .sIJ., 

So, In .sIJ., = -kt + In .sIJ.o = -(0.024 yr- I X 59 yr) + In ( 1 .2 X 10 1 2  dis) 
In .sIJ., = - 1 .4 + 27.8 1 = 26.4 

.sIJ., = 2 .9X 101 1 dis 
(All the data contain two significant figures, so we retained two in the answer.) Calculat­
ing the fraction decayed: 

. .sIJ.o - .sIJ., 
FractIOn decayed = 

.sIJ.o 

1 .2 X  10 12 dis - 2 .9X 1 0 1 1 dis 
1 .2 X  1 01 2  dis 

0.76 

Check The answer is reasonable: t is about 2 half- lives, so .sIJ., should be about �.sIJ.o, or 
about 0.3 X 1 0 12; therefore, the activity should have decreased by about �. 
Comment An alternative approach is to use the number of half-lives (t/tl/2) to find the 
fraction of activity (or nuclei) remaining. By combining Equations 23 .4 and 23 .5 and sub­
stituting (In 2)/tl/2 for k, we obtain 

In 
No 

= 
(In 2 )

t = 
_t_ 

In 2 = In 2 '/" /2 
N, tl /2 tl /2 
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Thus, In X, = In 
(.!.)'/11/2 

Xo , 2 
Taking the antilog gives 

X ( 1 ) '/11/2 ( 1 )59/29 
Fraction remaining = 

X
� = "2 = "2 = 0.24 

So, Fraction decayed = 1 .00 - 0.24 = 0.76 

FOLLOW· U P  PROB LEM 23.4 Sodium-24 (tl /2 = 1 5  h) is used to study blood cir­
culation. If a patient is injected with a 

2
4NaCl solution whose activity is 2.5 X 109 dis, how 

much of the activity is present in the patient's body and excreted fluids after 4.0 days? 

Radioisotopic Dating 
The historical record fades rapidly with time and virtually disappears for events 
of more than a few thousand years ago. Much of our understanding of prehistory 
comes from a technique called radioisotopic dating, which uses radioisotopes 
to determine the age of an object. The method supplies data in fields as diverse 
as art history, archeology, geology, and paleontology. 

The technique of radiocarbon dating, for which the American chemist Willard 
F. Libby won the Nobel Prize in chemistry in 1 960, is based on measuring the 
amounts of 1 4C and 1 2C i n  materials of biological origin. The accuracy of the 
method falls off after about six half-lives of 1 4C (t l /2 = 5730 yr), so it is used to 
date objects up to about 36,000 years old. 

Here is how the method works. High-energy neutrons resulting from cosmic 
ray collisions reach Earth continually from outer space. They enter the atmo­
sphere and cause the slow formation of 1 4C by bombarding ordinary 1 4N atoms : 

ljN + bn __ 1 6C + :p 
Through the processes of formation and radioactive decay, the amount of 1 4C i n  
the atmosphere has remained nearly constant.* 

The 1 4C atoms combine with O2, diffuse throughout the lower atmosphere, 
and enter the total carbon pool as gaseous 1 4C02 and aqueous H 1 4C03 - .  They 
mix with ordinary 1 2C02 and H I 2C03 -, reaching a constant 1 2e: 1 4C ratio of about 
1 0 1 2 : 1 .  The CO2 is taken up by plants during photosynthesis, and then taken up 
and excreted by animals that eat the plants. Thus, the 1 2e: l 4C ratio of a living 
organism has the same constant value as the environment. When an organism dies, 
however, it no longer takes in 1 4C, so the 1 2e :  1 4C ratio steadily increases because 
the amount of l4e decreases as it decays: 

1 6C -- ljN + -?f3 
The difference between the 1 2C :  1 4C ratio in a dead organism and the ratio in liv­
ing organisms reflects the time elapsed since the organism died. 

As you saw i n  Sample Problem 23 .4, the first-order rate equation can be 
expressed in terms of a ratio of activities: 

Xo 810 In - = In - = kt 
X, 81, 

We use this expression in radiocarbon dating, where .<iLo is the activity in a living 
organism and .<iL, is the activity in the object whose age is  unknown. Solving for 
t gives the age of the object: 1 810 t = - ln -

k 81, (23.6) 

'Cosmic ray intensity does vary slightly with time, which affects the amount of atmospheric 1 4C. 
From 14C activity in ancient trees, we know the amount fell slightly about 3000 years ago to current 
levels. Recently, nuclear testing and fossil fuel combustion have also altered the fraction of 1 4C 
slightly. Taking these factors into account improves the accuracy of the dating method. 
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To determine the ages of more ancient objects or of objects that do not con­
tain carbon, different radioisotopes are measured. For example, by comparing the 
ratio of 238U to its final decay product, 206Pb, geochemists found that the oldest 
known surface rocks on Earth-granite in western Greenland-are about 3.7 bil­
lion years old, and determining this ratio in samples from meteorites gives 4.65 bil­
lion years for the age of the Solar System, and thus Earth. 

SAMPLE PROBLEM 23.S Applying Radiocarbon Dating 
Problem The charred bones of a sloth in a cave in  Chile represent the earliest evidence 
of human presence at the southern tip of South America. A sample of the bone has a spe­
cific activity of 5 .22 disintegrations per minute per gram of carbon (d/min-g). If the ratio 
of 12C : 14C in living organisms results in a specific activity of 1 5.3 d/mill'g, how old are 
the bones (t1 /2 of 14C = 5730 yr)? 
Plan We first calculate k from the given t l/2 (5730 yr). Then we apply Equation 23.6 to 
find the age (t) of the bones, using the given activities of the bones (dt = 5.22 d/min-g) 
and of a living organism (do = 1 5 .3 d/min·g). 
Solution Calculating k for 1 4C decay: 

10 2 0.693 4 1 k = -- = --- = l .2 1 X lO- yr-
t l /2 5730 yr 

Calculating the age (t) of the bones: 

t = - In - = . In = 8.89X 103 yr 
1 do 1 ( 1 5 .3 d/min.g) 
k dt 1 .2 1  X lO 4 yr 1 5 .22 d/min·g 

The bones are about 8900 years old. 
Check The activity of the bones is between i and � the activity of a living organism, so 
the age should be between one and two half-lives (5730 to 1 1 ,460 yr). 

FOLLOW· U P  PROBLEM 23.S  A sample of wood from an Egyptian mummy case has 
a specific activity of 9.41 d/min·g. How ald is the case? 

S E C T I O N  S U M M A RY 
The decay rate (activity) of a sample is proportional to the number of radioactive 
nuclei. Nuclear decay is a first-order process, so the half-life does not depend on the 
number of nuclei. Radioisotopic methods, such as 14C dating, determine the ages of 
objects by measuring the ratio of specific isotopes in the sample. 

23.3 NUCLEAR TRANSMUTATION: INDUCED CHANGES 
IN NUCLEI 

The alchemists' dream of changing base metals into gold was never realized, but 
in the early 20th century, atomic physicists found that they could change one ele­
ment into another. Research into nuclear transmutation, the induced conversion 
of one nucleus into another, was closely linked with research into atomic struc­
ture and led to the discovery of the neutron and to the production of artificial 
radioisotopes. Later, high-energy bombardment of nuclei in particle accelerators 
began a scientific endeavor, which continues to this day, of creating many new 
nuclides and a growing number of new elements. In fact, the majority of the nearly 
1 000 known radionuclides have been produced artificially. 

During the 1 930s and 1 940s, researchers probing the nucleus bombarded ele­
ments with neutrons, ex particles, protons, and deuterons (nuclei of the stable 
hydrogen isotope deuterium, 2H). Neutrons are especially useful as projectiles 
because they have no charge and thus are not repelled as they approach a target 
nucleus. The other types of particles are all positive, so they must be given enough 
energy to overcome their repulsion by the target nuclei . Particle accelerators 
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Figure 23.5 A linear accelerator. A, The voltage of each tubular section is alter­

nated, so that the positively charged particle (a proton here) is repelled from the 

section it is leaving and attracted to the section it is entering. As a result, the parti­

cle's speed is continually increased. B, The linear accelerator operated by Stanford 

University in California. B 

were invented to impart high kinetic energies to particles by placing them in an 
electric field, usually in combination with a magnetic field. 

A major advance in nuclear research was the linear accelerator, a series of 
separated tubes of increasing length that, through a source of alternating voltage, 
change their charge from positive to negative in synchrony with the movement of 
the particle through them (Figure 23.SA). A proton, for example, exits the first 
tube just when that tube becomes positive and the next tube negative. Repelled 
by the first tube and attracted by the second, the proton accelerates across the gap 
between them. Today, the Stanford Linear Accelerator (Figure 23.SB) and others 
like it accelerate particles much heavier than protons, such as B, C, 0, and Ne 
nuclei. The cyclotron (Figure 23 .6), invented by E. O. Lawrence in 1930, applies 
the principle of the linear accelerator but uses electromagnets to give the particle 
a spiral path, thus saving space. 

Accelerators have many applications, from producing radioisotopes used in 
medical applications to studying the fundamental nature of matter. Perhaps their 

Path of praton 
beam 

Praton source 

Magnet 
(top magnet not shown) 

Alternating voltage source 

Evacuated chamber 

"Dees" 

Figure 23.6 The cyclotron accelerator. When the positively charged particle reaches the gap be­

tween the two O-shaped electrodes ("dees"), it is repelled by one dee and attracted by the other. 

The particles move in a spiral path, so the cyclotron can be much smaller than a linear accelerator. 
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e�IE!J Formation of Some Transuranium Nuclides 
Reaction Half-life of Product 

2§�PU + iHe -------+ 2�gAm + l H  + 2bn 50.9 h 
2§�pu + iHe -------+ 2��Cm + bn 1 63 days 
2��Cm + iHe -------+ 2��Bk + l H  + 2bn 4.94 days 
2§�U + l�C -------+ 2��Cf + 4bn 36 h 
2§§Es + iHe -------+ T6?Md + bn 76 min 
2§§Cf + 1 9B -------+ T6�Lr + 6bn 28 s 

most specific application for chemists is the synthesis of transuranium elements, 
those with atomic numbers higher than uranium, the heaviest naturally occurring 
element. Some reactions that were used to form several of these elements appear 
in Table 23.S. 

S E C T I O N  S U M M A RY 
One nucleus can be transmuted to another through bombardment with high-energy 

particles. Accelerators increase the kinetic energy of particles and are used to pro­

d uce radioisotopes for medical use and transuranium elements. 

23.4 THE EFFECTS OF NUCLEAR RADIATION ON MATTER 

In 1 986, an accident at the Chernobyl nuclear facility in the former Soviet Union 
released radioactivity that is estimated to have already caused thousands of can­
cer deaths. In the same year, isotopes used in medical treatment emitted radioac­
tivity that prevented thousands of cancer deaths. In this section and the next, we 
examine the harmful and beneficial effects of radioactivity. 

The key to both of these outcomes is that nuclear changes cause chemical 
changes in surrounding matter. In other words, even though the nucleus of an 
atom undergoes a reaction with little or no involvement of the atom's electrons, 
the emissions from that reaction do affect the electrons of nearby atoms. 

The Effects of Radioactive Emissions: Excitation and Ionization 
Radioactive emissions interact with matter in two ways, depending on their energies: 

• Excitation. In the process of excitation, radiation of relatively low energy inter­
acts with an atom of a substance, which absorbs some of the energy and then 
re-emits it. Because electrons are not lost from the atom, the radiation that 
causes excitation is called nonionizing radiation. If the absorbed energy 
causes the atoms to move, vibrate, or rotate more rapidly, the material becomes 
hotter. For example, concentrated aqueous solutions of plutonium salts boil 
because the emissions excite the surrounding water molecules. Particles of 
somewhat higher energy excite electrons in other atoms to higher energy lev­
els. As the atoms return to their ground state, they emit photons, often in the 
blue or UV region. 

• Ionization. In the process of ionization, radiation collides with an atom ener­
getically enough to dislodge an electron: 

Atom ionizing radiation , ion + + e-
A cation and a free electron result, and the number of such cation-electron 
pairs that are produced is directly related to the energy of the incoming radi­
ation. The high-energy radiation that gives rise to this effect is called ionizing 
radiation. The free electron of the pair often collides with another atom and 
ejects a second electron. 
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Effects of Ionizing Radiation on Living Matter 
Whereas nonionizing radiation is relatively harmless, ionizing radiation has a 
destructive effect on living tissue. When the atom that was ionized is part of a bio­
logical macromolecule or membrane component, the results can be devastating. 

Units of Radiation Dose and Its Effects To measure the effects of ionizing radi­
ation, we need a unit for radiation dose. Units of radioactive decay, such as the 
becquerel and curie, measure the number of decay events in a given time but not 
their energy or absorption by matter. The number of cation-electron pairs produced 
in a given amount of living tissue is a measure of the energy absorbed by the tissue. 
The SI unit for such energy absorption is the gray (Gy); it is equal to 1 joule of 
energy absorbed per kilogram of body tissue: 1 Gy = 1 J/kg. A more widely used 
unit is the rad (radiation-absorbed dose), which is equal to 0 .01 Gy: 

1 rad = 0.01 J/kg = 0.0 1 Gy 
To measure actual tissue damage, we must account for differences in the 

strength of the radiation, the exposure time, and the type of tissue. To do this, we 
multiply the number of rads by a relative biological effectiveness (RBE) factor, 
which depends on the effect of a given type of radiation on a given tissue or body 
part. The product is the rem (roentgen equivalent for man), the unit of radia­
tion dosage equivalent to a given amount of tissue damage in a human: 

no. of rems = no. of rads X RBE 
Doses are often expressed in millirems ( 10-3 rem). The SI unit for dosage equiv­
alent is the sievert (Sv). It is defined in the same way as the rem but with absorbed 
dose in grays ;  thus, 1 rem = 0.0 1  Sv. 

Penetrating Power of Emissions The effect on living tissue of a radiation dose 
depends on the penetrating power and ionizing ability of the radiation. Fig­
ure 23.7 depicts the differences in penetrating power of the three common emis­
sions. Note, in general, that penetrating power is inversely related to the mass 
and charge of the emission. In other words, if a particle interacts strongly with 
matter, it penetrates only slightly, and vice versa: 

• a Particles. Alpha particles are massive and highly charged, which means that 
they interact with matter most strongly of the three common types of emis­
sions. As a result, they penetrate so little that a piece of paper, light clothing, 
or the outer layer of skin can stop a radiation from an external source. How­
ever, if ingested, an IX emitter such as plutonium-239 causes grave localized 
damage through extensive ionization. 

• f3 Particles and positrons. Beta particles and positrons have less charge and 
much less mass than IX particles, so they interact less strongly with matter. Even 
though a given particle has less chance of causing ionization, a [3 (or positron) 
emitter is a more destructive external source because the particles penetrate 
deeper. Specialized heavy clothing or a thick (0.5 cm) piece of metal is required 
to stop these particles. 

• 'Y Rays. Neutral, massless "y rays interact least with matter and, thus, penetrate 
most. A block of lead several inches thick is needed to stop them. Therefore, 
an external "y ray source is the most dangerous because the energy can ionize 
many layers of living tissue. 

Sources of Ionizing Radiation We are continuously exposed to ionizing radiation 
from natural and artificial sources (Table 23.6, next page). Indeed, life evolved in 
the presence of natural ionizing radiation, called background radiation. The same 
radiation that can alter bonds in DNA and cause harmful mutations also causes ben­
eficial mutations that, over time, allow organisms to adapt and species to change. 

777 

a (-0.03 mm) 

I 

� (-2 mm) 

Figure 23.7 Penetrating power of radio­
active emissions. Penetrating power is of­

ten measured in terms of the depth of 

water that stops 50% of the incoming ra­

diation. (Water is the main component of 

living tissue.) Alpha particles, with the 

highest mass and charge, have the low­

est penetrating power, and 'I rays have 

the highest. (Average values of actual 

penetrating distances are shown.) 
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.mOM!ij Typical Radiation Doses from Natural and Artificial Sources 
Source of Radiation Average Adult Exposure 

Natural 
Cosmic radiation 
Radiation from the ground 

From clay soil and rocks 
In wooden houses 
In brick houses 
In concrete (cinder block) houses 

Radiation from the air (mainly radon) 
Outdoors, average value 
In wooden houses 
In brick houses 
In concrete (cinder block) houses 

Internal radiation from minerals in tap 
water and daily intake of food 
(4oK, 14C, Ra) 

Artificial 
Diagnostic x-ray methods 

Lung (local) 
Kidney (local) 
Dental (dose to the skin) 

Therapeutic radiation treatment 
Other sources 

Jet flight (4 h) 
Nuclear testing 
Nuclear power industry 

TOTAL AVERAGE VALVE 

30-50 mrem/yr 

�25- 170 mrem/yr 
1 O-20 Imem/yr 
60-70 mrem/yr 
60- 1 60 mrem/yr 

20 mremlyr 
70 mremlyr 

1 30 mremlyr 
260 mremlyr 

�40 mrem/yr 

0.04-0.2 rad/film 
1 .5-3 rad/film 
::;1 rad/film 
Locally ::; 10,000 rad 

� 1  mrem 
<4 mremlyr 
< 1  mrem/yr 

1 00-200 nu'emlyr 

Background radiation has several sources. One source is  cosmic radiation, 
which increases with altitude because of decreased absorption by the atmo­
sphere. Thus, people in Denver absorb twice as much cosmic radiation as peo­
ple in Los Angeles ; even a jet flight involves measurable absorption. The 
sources of most background radiation are thorium and uranium minerals pres­
ent in rocks and soil. Radon, the heaviest noble gas [Group 8A( 1 8) ] ,  is a 
radioactive product of uranium and thorium decay, and its concentration in the 
air we breathe varies with type of local soil and rocks. About 1 50 g of K+ ions 
is dissolved in the water in the tissues of an average adult, and 0.0 1 1 8% of 
that amount is radioactive 40K. The presence of these substances and of atmo­
spheric 1 4COz means that all food, water, clothing, and building materials are 
slightly radioactive. 

The largest artificial source of radiation, and the easiest to control, is associ­
ated with medical diagnostic techniques, especially x-rays. The radiation dosage 
from nuclear testing and radioactive waste disposal is miniscule for most people, 
but exposures for those living near test sites, nuclear energy facilities, or disposal 
areas may be many times higher. 

S E C T I O N  S U M M A RY 
Relatively low-energy emissions cause excitation of atom s  in surrounding matter, 

whereas high-energy emissions cause ionization. The effect of ionizing radiation on 

l iving matter depends on the quantity of energy absorbed and the extent of ioniza­

tion in a given type of tissue. Radiation dose for the human body is measured in rem. 

All organisms are exposed to varying quantities of natural ionizing radiation.  
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23.5 APPLICATIONS OF RADIOISOTOPES 

Our ability to detect minute amounts of radioisotopes makes them powerful tools 
for studying processes in biochemistry, medicine, materials science, environmen­
tal studies, and many other scientific and industrial fields . Such uses depend on 
the fact that isotopes of an element exhibit very similar chemical and physical 
behaviol: In other words, except for having a less stable nucleus, a radioisotope 
has nearly the same chemical properties as a nonradioactive isotope of a given 
element. For example, the fact that 1 4C02 is utilized by a plant in the same way 
as 1 2C02 forms the basis of radiocarbon dating. 

Radioactive Tracers: Applications of Nonionizing Radiation 
A tiny amount of a radioisotope mixed with a large amount of the stable isotope 
can act as a tracer, a chemical "beacon" emitting nonionizing radiation that sig­
nals the presence of the substance. 

Reaction Pathways Tracers help us choose from among possible reaction path­
ways. One well-studied example is the formation of an organic ester and water 
from a carboxylic acid and alcohol. Which portions of the reactants end up in the 
ester and which in the water? Figure 23.8 shows how I SO-tracers answer the ques­
tion: an I SO-alcohol gives an I SO-ester, but an I SO-acid gives 1 80-water. 

A 

s 

:0: 
R-g-OH + R ,--1.80H 

�. 
:0: 
I I  1 8 "  • •  R-C- OH + R '-OH 

�. 

:0:  
I I  18 "  R-C-Q-R' + 

:0 : 
II . .  

R-C-Q-R' + 

H-Q-H 

Far more complex reaction pathways can be followed with tracers as well . 
The photosynthetic pathway, the most essential and widespread metabolic process 
on Earth, in which energy from sunlight is used to form the chemical bonds of 
glucose, has an overall reaction that looks quite simple: 

l ight 
6C02(g) + 6H20(l) ) C6H I 206(S) + 602(g) chlorophyll 

However, the actual process is extremely complex: 1 3  enzyme-catalyzed steps are 
required to incorporate each molecule of CO2, so the six CO2 molecules incor­
porated to form one molecule of C6H 

1 2
06 require six repetitions of the pathway. 

Melvin Calvin and his coworkers took seven years to determine the pathway, using 
1 4C in CO2 as the tracer and painstakingly separating the products formed after 
different times of light exposure. Calvin won the Nobel Prize in chemistry in 1 96 1  
for this remarkable achievement. 

Material Flow Tracers are also used in studies of the flow of materials. Hydro­
logic engineers use tracers to study the volume and flow of large bodies of water. 
By following radionuclides formed during atmospheric nuclear bomb tests eH in 
H20, 90Sr2+ , and 1 37CS+), scientists have mapped the flow of water from land to 
lakes and streams to oceans. Surface and deep ocean currents that circulate around 
the globe are also studied, as are the mechanisms of hurricane formation and the 
mixing of the troposphere and stratosphere. Industries employ tracers to study 
material flow during manufacturing processes, such as the flow of ore pellets in 
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Figure 23.8 Which reactant contributes 
which group to the ester? An ester 

forms when a carboxylic acid reacts with 

an alcohol (see Section 1 5 .4). To deter­

mine which reactant suppl ies the 0 atom 

in the -OR' part of the ester group, acid 

and alcohol were labeled with the 1 80 
and used as tracers. A, When R180H re­

acts with the unlabeled acid, the ester 

contains 1 80 but the water doesn't. 

S, When RC0180H reacts with the un­

labeled alcohol, the water contains 180. 
Thus, the alcohol supplies the -OR' part 

of the ester, and the acid supplies the 

RC=O part. 



780 

Figure 23.9 The use of a radioisotope 
to image the thyroid gland. Thyroid 

scanning is used to assess nutritional de­

ficiencies, inflammation, tumor growth, 

and other thyroid-related ailments. In 1 31 1  
scanning, the thyroid gland absorbs 1 31 1 -
ions whose f3 emissions expose a photo­

graphic film. The asymmetric shape re­

vealed in the image indicates disease. 

� Animation: Nuclear Medicine � Online Learning Center 

I?t!NfctU Some Radioisotopes 
Use as Medical Tracers 

Body Part 
Isotope or Process 

I I C, 1 8F, 
1 3N, 1 50 

60Co, 1 921r 
64Cu 

59Fe 
67Ga 
1 231, 1 3 1 I 
1 I I In 
42K 
99Tc 

20 lTI 
90y 

PET studies of 
brain, heart 

Cancer therapy 
Metabolism of 

copper 
B lood flow, spleen 
Tumor imaging 
Thyroid 
Brain, colon 
Blood flow 
Heart, thyroid, 

l iver, lung, bone 
Heart muscle 
Cancer, arthritis 
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smelting kilns, the paths of wood chips and bleach in paper mjUs, the diffusion 
of fungicide into lumber, and in a particularly important application, the porosity 
and leakage of oil and gas wells in geological formations. 

Activation Analysis Another use of tracers is in neutron activation analysis 
(NAA). In this method, neutrons bombard a nonradioactive sample, converting a 
small fraction of its atoms to radioisotopes, which exhibit characteristic decay pat­
terns, such as )I-ray spectra, that reveal the elements present. Unlike chemical 
analysis, NAA leaves the sample virtually intact, so the method can be used to 
determine the composition of a valuable object or a very small sample. For exam­
ple, a painting thought to be a 1 6th-century Dutch masterpiece was shown through 
NAA to be a 20th-century forgery, because a microgram-sized sample of its pig­
ment contained much less silver and antimony than the pigments used by the 
Dutch masters. Forensic chemists use NAA to detect traces of ammunition on a 
suspect's hand or traces of arsenic in the hair of a victim of poisoning. In 2004, 
space scientists used automated NAA in the Spirit and Opportunity robot vehi­
cles to analyze the composition of Martian soils and rocks. 

Medical Diagnosis The largest use of radioisotopes is in medical science. In fact, 
over 25% of U.S. hospital admissions are for diagnoses based on data from 
radioisotopes. Tracers with half-lives of a few minutes to a few days are employed 
to observe specific organs and body parts. For example, a healthy thyroid gland 
incorporates dietary 1- into iodine-containing hormones at a known rate. To 
assess thyroid function, the patient drinks a solution containing a trace amount 
of NaI 3 I I, and a scanning monitor follows the uptake of 1 3 1 1- into the thyroid 
(Figure 23.9). 

Tracers are also used to measure physiological processes, such as blood flow. 
The rate at which the heart pumps blood, for example, can be observed by inject­
ing 59Fe, which concentrates in the hemoglobin of blood cells. Several radioiso­
topes used in medical diagnosis are l isted in Table 23.7. 

Positron-emission tomography (PET) is a powerful imaging method for 
observing brain structure and function. A biological substance is synthesized 
with one of its atoms replaced by an isotope that emits positrons .  The sub­
stance is injected into a patient's bloodstream, from which it is taken up into 
the brain .  The isotope emits positrons, each of which annihilates a nearby elec­
tron. In the annihilation process, two )I photons are emitted simultaneously 
1 800 from each other: 

?f3 + _?e -- 28)' 
An array of detectors around the patient's head pinpoints the sites of )I emission, 
and the image is analyzed by computer. Two of the isotopes used are 1 50, injected 
as H2 1 50 to measure blood flow, and 1 8F bonded to a glucose analog to measure 
glucose uptake, which is a marker for energy metabolism. Among many fasci­
nating PET findings are those that show how changes in blood flow and glucose 
uptake accompany normal or abnormal brain activity (Figure 23 . 1 0) .  

Applications of Ionizing Radiation 
To be used as a tracer, a radioisotope need emit only low-energy detectable radi­
ation. Many other uses of radioisotopes, however, depend on the damage that 
high-energy, ionizing radiation can inflict on living systems. 

Cancer cells divide more rapidly than normal cells, so radioisotopes that 
interfere with the cell-division process kill more cancer cells than normal ones. 
Implants of 1 98 Au or of a mixture of 90Sr and 90y have been used to destroy 



23.6 The Interconversion of Mass and Energy 

Figure 23. 1 0  PET and brain activity. These PET scans show brain activity in a normal person (left) 

and in a patient with Alzheimer's disease (right). Red and yellow indicate relatively high activity 

within a region. 

pituitary and breast tumor cells, and 'Y rays from 60Co have been used to destroy 
brain tumors. 

Irradiation of food i ncreases shelf bfe by killing microorganisms that cause 
rotting or spoilage (Figure 23. 1 1 ), but the practice is quite controversial. Advo­
cates point to the benefits of preserving fresh foods, grains, and seeds for long 
periods, whereas opponents suggest that irradiation might lower the food's nutri­
tional content or produce harmful by-products. The United Nations has approved 
irradiation for potatoes, wheat, chicken, and strawbeITies, and the United States 
allows irradiation of chicken. 

Ionizing radiation has been used to control harmful insects. Captured males 
are sterilized by radiation and released to mate, thereby reducing the number of 
offspring. This method has been used to control the Mediterranean frui t  fly in Cal­
ifornia and disease-causing insects, such as the tsetse fly and malarial mosquito, 
in other parts of the world. 

S E C T I O N  S U M M A R Y  
Radioisotopic tracers emit nonionizing radiation and have been used t o  study reac­

tion mechanisms, material flow, elemental composition, and medical conditions. Ion­

izing radiation has been used to d estroy cancerous tissue, ki l l  organisms that spoil  

food, and control insect populations. 

23.6 THE INTERCONVERSION OF MASS AND ENERG Y 

Most of the nuclear processes we've considered so far have involved radioactive 
decay, in which a nucleus emits one or a few small particles or photons to become 
a slightly l ighter nucleus . Two other nuclear processes cause much greater 
changes. In nuclear fission, a heavy nucleus splits into two much l ighter nuclei, 
emitting several small particles at the same time. In nuclear fusion, the opposite 
process occurs: two lighter nuclei combine to form a heavier one. Both fission 
and fusion release enormous quantities of energy. Let's take a look at the origins 
of thi s  energy by first examining the change in  mass that accompanies the breakup 
of a nucleus into its nucleons and then considering the energy that is equivalent 
to this mass change. 
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Nonirradiated Irradiated 

Figure 23.1 1 The increased shelf life of 
irradiated food. 
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The Mass Defect 
We have known for most of the 20th century that mass and energy are intercon­
vertible. The traditional mass and energy conservation laws have been combined 
to state that the total quantity of mass-energy in the universe is constant. There­
fore, when any reacting system releases or absorbs energy, there must be an 
accompanying loss or gain in mass. 

This relation between mass and energy is not important for chemical reac­
tions because the energy changes involved in breaking or forming bonds are so 
small that the mass changes are negligible. When 1 mol of water breaks up into 
its atoms, for example, heat is absorbed: 

H20(g) -- 2H(g) + O(g) !:lH�xn = 2 X BE of 0-H = 934 kJ 
We find the mass that is equivalent to this energy from Einstein 's equation: 

or so (23.7) 

where 11m is the change in mass between the reactants and the products. Substi­
tuting the heat of reaction (in J/mol) for I1E and the numerical value for c 
(2.9979X 1 08 m/s), we obtain 

!:lm = 9.34X l OS J/mol ? 

(2.9979X 1 08 mIst 
= 1 .04 X 10- 1 1  kg/mol 
= 1 . 04X 1 0-8 g/mol 

(Units of kglmol are obtained because the joule includes the kilogram: 1 J = 

1 kg·m2/s2. ) The mass of 1 mol of H20 (reactant) is about 1 0  ng less than the 
combined masses of 2 mol of H and 1 mol of 0 (products), a change too small 
to measure with even the most sophisticated balance. Such minute mass changes 
when bonds break or form allow us to assume that mass is conserved in chemi­
cal reactions. 

The much larger mass change that accompanies a nuclear process is related 
to the enormous energy required to bind the nucleus together or break it apart. 
Consider, for example, the change in mass that occurs when one 1 2C nucleus 
breaks up into its nucleons :  six protons and six neutrons. We calculate this 
change in mass by combining the mass of six H atoms and six neutrons and 
then subtracting the mass of one 1 2C atom. This procedure cancels the masses 
of the electrons [six e- (in six I H  atoms) cancel six e- (in one 1 2C atom)] . 
The mass of one IH atom is 1 .007825 amu, and the mass of one neutron is 
1 .008665 amu, so 

Mass of six IH atoms = 6.046950 amu 
Mass of six neutrons = 6.05 1 990 amu 

Total mass = 12 .098940 amu 

The mass of one 1 2C atom is 1 2  amu (exactly). The difference in mass (11m) is 
the total mass of the nucleons minus the mass of the nucleus: 

!:lm = 1 2.098940 amu - 1 2.000000 amu 
= 0.098940 amu/1 2C = 0.098940 g/mol 1 2C 

Note that the mass of the nucleus is less than the combined masses of its 
nucleons. The mass decrease that occurs when nucleons are united into a nucleus 
is called the mass defect. The size of this mass change (9.89X 10-2 g/mol) is 
nearly 1 0  million times that of the previous bond breakage ( 1 O.4X 1 0-9 g/mol) 
and is easily observed on any laboratory balance. 
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Nuclear Binding Energy 
Einstein's equation for the relation between mass and energy also allows us to 
find the energy equivalent of a mass defect. For 1 2C, after converting grams to 
kilograms, we have 

t:.E = t:.mc2 = (9.8940X I0-s kg/mol)(2.9979 X 1 08 m/s)2 

= 8.892 1 X I0 1 2 Jimol = 8.892 1 X 109 kl/mol 
This quantity of energy is called the nuclear binding energy for carbon- 1 2. In 
general, the nuclear binding energy is the quantity of energy required to break up 
1 mol of nuclei into their individual nucleons: 

Nucleus + nuclear binding energy - nucleons 
Thus, the nuclear binding energy is qualitatively analogous to the sum of bond ener­
gies of a covalent compound or the lattice energy of a salt. But, quantitatively, 
nuclear binding energies are typically several million times greater. 

We use joules to express the binding energy per mole of nuclei, but the joule 
is much too large a unit to express the binding energy of a single nucleus. Instead, 
nuclear scientists use the electron volt (eV), the energy an electron acquires when 
it moves through a potential difference of 1 volt: 

1 eV = 1 .602 X I O- 1 9 J 
Binding energies are commonly expressed in millions of electron volts, that is, in 
mega-electron volts (MeV): 

I MeV = 1 06 eV = 1 .602 X 1 0- 1 3 J 
A particularly useful factor converts a given mass defect in atomic mass units to 
its energy equivalent in electron volts: 

I amu = 93 1 . 5  X 1 06 e V = 93 1 .5 MeV (23.8) 

Earlier we found the mass defect of the 1 2C nucleus to be 0.098940 amu. 
Therefore, the binding energy per 1 2C nucleus, expressed in MeV, is 

Binding energy 93 1 .5 MeV 
I " 

= 0.098940 amu X = 92. 1 6  MeV 
-C nucleus I amu 

We can compare the stability of nuclides of different elements by determining the 
binding energy per nucleon. For 1 2C, we have 

binding energy 
Binding energy per nucleon = --=-----'='-'-­

no. of nucleons 
92. 1 6  MeV 

---- = 7.680 MeV/nucleon 
12 nucleons 

SAMPLE PROBLEM 23.6  Calculating the Binding Energy per Nucleon 
Problem Iron-56 is an extremely stable nuclide. Compute the binding energy per nucleon 
for 56Fe and compare it with that for 1 2C (mass of 56Fe atom = 55 .934939 amu; mass of 
IH  atom = l .007825 amu; mass of neutron = l .008665 amu). 
plan Iron-56 has 26 protons and 30 neutrons. We calculate the mass defect by finding the 
sum of the masses of 26 IH atoms and 30 neutrons and subtracting the given mass of 1 56Fe atom. Then we multiply t:.m by the equivalent in MeV (93 1 .5 MeV/amu) and divide 
by 56 (no. of nucleons) to obtain the binding energy per nucleon. 
Solution Calculating the mass defect: 

Mass defect = [(26 X mass IH  atom) + (30 X mass neutron)] - mass 56Pe atom 
= [(26)( 1 .007825 amu) + (30) ( 1 .008665 amu)] - 55 .934939 amu 
= 0.52846 amu 

Calculating the binding energy per nucleon: 
0.52846 amu X 93 1 .5 MeV/amu 

Binding energy per nucleon = -----------
56 nucleons 

8.790 MeV/nucleon 
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Figure 23. 1 2  The variation in binding 
energy per nucleon. A plot of the bind-

ing energy per nucleon vs. mass number 

shows that nuclear stability is  greatest in 

the region near 56Fe. Lighter nuclei may 

undergo fusion to become more stable; 

heavier ones may undergo fission. Note 

the exceptional stability of 4He among 

extremely light nuclei. 

CHAPTER 23 Nuclear Reactions and Their Applications 

An 56Pe nucleus would require more energy to break up into its nucleons than would 1 2C 
(7.680 MeV/nucleon), so 56Pe is more stable than 1 2c. 
Check The answer is consistent with the great stability of 56Pe. Given the number of dec­
imal places in the values, rounding to check the math is useful only to find a major error. 
The number of nucleons (56) is an exact number, so we retain four significant figures. 

FOLLOW- UP PROBLEM 23.6  Uranium-235 is the essential component of the fuel in 
nuclear power plants. Calculate the binding energy per nucleon for 235u. Is this nuclide 
more or less stable than 12C (mass of 235U atom = 235.043924 amu)? 

Fission or Fusion: Means of Increasing the Binding Energy Per Nucleon Cal­
culations similar to Sample Problem 23.6 for other nuclides show that the bind­
ing energy per nucleon varies considerably. The essential point is that the greater 
the binding energy per nucleon, the more stable the nuclide. 

Figure 23. 1 2  shows a plot of the binding energy per nucleon vs. mass num­
ber. It provides information about nuclide stability and the two possible processes 
nuclides can undergo to form more stable nuclides. Most nuclides with fewer than 
1 0  nucleons have a relatively small binding energy per nucleon. The 4He nucleus 
is an exception, which is why it is emitted intact as an ex particle. Above A = 1 2, 
the binding energy per nucleon varies from about 7.6 to 8.8 MeV. 

The most important observation is that the binding energy per nucleon peaks 
for elements with A = 60. In other words, nuclides become more stable with 
increasing mass number up to around 60 nucleons and then become less stable 
with higher numbers of nucleons. The existence of a peak of stability suggests 
that there are two ways nuclides can increase their binding energy per nucleon: 

• Fission. A heavier nucleus can split into lighter ones (closer to A = 60) by under­
going fission. The product nuclei have greater binding energy per nucleon (are 
more stable) than the reactant nucleus, and the difference in energy is released. 
Nuclear power plants generate energy through fission, as do atomic bombs. 

• Fusion. Lighter nuclei, on the other hand, can combine to form a heavier one 
(closer to A = 60) by undergoing fusion. Once again, the product is more sta­
ble than the reactants, and energy is released. The Sun and other stars gener­
ate energy through fusion, as do hydrogen bombs. In these examples and in all 
current research effOlts for developing fusion as a useful energy source, hydro­
gen nuclei fuse to form the very stable helium-4 nucleus. 
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23.7 Applications of Fission and Fusion 

In the next section, we examine fission and fusion and the industrial energy facil­
ities designed to utilize them. 

S E C T I O N  S U M M A RY 
The mass of a nucleus is less than the sum of the masses of its n ucleons by an 

amount called the mass defect. The energy equivalent to the mass defect is the 

nuclear binding energy, usually expressed i n  un its of MeV. The binding energy per 

nucleon is a measure of nuclide stability and varies with the number of nucleons in 

a nucl ide.  Nuclides with A = 60 are most stable. Lighter nuclei can join (fusion) o r  

heavier nuclei c a n  split (fission) t o  become more stable. 

23.7 APPLICATIONS OF FISSION AND FUSION 

Of the many beneficial applications of nuclear reactions, the greatest is the poten­
tial for almost limitless amounts of energy. Our experience with nuclear energy 
from power plants, however, has shown that we must improve ways to tap this 
energy source safely and economically. In this section, we discuss how nuclear 
fission and fusion occur and how we are applying them. 

The Process of Nuclear Fission 
In the late 1 930s, the Austrian physicist Lise Meitner and her nephew Otto Frisch 
proposed that the uranium-235 nucleus could be split into smaller nuclei, a 
process that they called fission because of its similarity to the fission a biological 
cell undergoes during reproduction. 

The 235U nucleus can split in many different ways, giving rise to various 
daughter nuclei, but all routes have the same general features. Figure 23 . 1 3  depicts 
one of these fission patterns. Neutron bombardment results in a highly excited 
236U nucleus, which splits apart in 10- 14 s. The products are two nuclei of unequal 
mass, two or three neutrons (average of 2.4), and a large quantity of energy. A 
single 235U nucleus releases 3 .5 X 1 0- 1 1  J when it splits; 1 mol of 235U (about 
� lb) releases 2. 1 X 1 0 1 3  J -a billion times as much energy as burning � lb of coal 
(about 2X 1 04 J) ! 

Figure 23. 1 3  Induced fission of 235U. A neutron bombarding a 235U nucleus results in an ex­

tremely unstable 236U nucleus, which becomes distorted in the act of splitting. In this case, which 

shows one of many possible spl itting patterns, the products are 92Kr and 14' Sa. Three neutrons 

and a great deal of energy are released also. 
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Figure 23. 1 4  A chain reaction of 235U. If 

a sample exceeds the critical mass, neu­

trons produced by the first fission event 

collide with other nuclei, causing their fis­

sion and the production of more neutrons 

to continue the process. Note that various 

product nuclei form. The vertical dashed 

lines identify succeeding "generations" of 

neutrons. 

CHAPTER 23 Nuclear Reactions and Their Applications 

We harness the energy of nuclear fission, much of which appears as heat, by 
means of a chain reaction, illustrated in Figure 23 . 14 : the two to three neutrons 
that are released by the fission of one nucleus collide with other fissionable nuclei 
and cause them to split, releasing more neutrons, which then collide with other 
nuclei, and so on, in a self-sustaining process. In this manner, the energy released 
increases rapidly because each fission event in a chain reaction releases two to 
three times as much energy as the preceding one. 

Whether a chain reaction occurs depends on the mass (and thus the volume) 
of the fissionable sample. If the piece of uranium is large enough, the product 
neutrons strike another fissionable nucleus before flying out of the sample, and a 
chain reaction takes place. The mass required to achieve a chain reaction is called 
the critical mass. If the sample has less than the critical mass (a subcritical mass), 
too many product neutrons leave the sample before they collide with and cause 
the fission of another 235U nucleus, and thus a chain reaction does not occur. 

Nuclear Energy Reactors An uncontrolled fission chain reaction can be adapted 
to make an atomic bomb, but controlled fission can produce electric power more 
cleanly than can the combustion of coal. Like a coal-fired power plant, a nuclear 
power plant generates heat to produce steam, which turns a turbine attached to 
an electric generator. 

Heat generation takes place in the reactor core of a nuclear plant (Fig­
ure 23 . 1 5). The core contains the filel rods, which consist of fuel enclosed in tubes 
of a corrosion-resistant zirconium alloy. The fuel is uranium (IV) oxide (U02) that 
has been enriched from 0.7% 235U, the natural abundance of this fissionable iso­
tope, to the 3% to 4% 235U required to sustain a chain reaction. Sandwiched 
between the fuel rods are movable control rods made of cadmium or boron (or, 
in nuclear submarines, hafnium), substances that absorb neutrons very efficiently. 
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Figure 23. 1 5  Schematic of a light-water nuclear reactor. 

\� 

When the control rods are moved between the fuel rods, the chain reaction slows 
because fewer neutrons are available to bombard uranium atoms;  when the con­
trol rods are removed, the chain reaction speeds up. 

Flowing around the fuel and control rods in the reactor core is the moderato!; 
a substance that slows the neutrons, making them much better at causing fission 
than the fast ones emerging directly from the fission event. In most modern reac­
tors, the moderator also acts as the coolant, the fluid that transfers the released heat 
to the steam-producing region. Because 'H absorbs neutrons, light-water reactors 
use H20 as the moderator; in heavy-water reactors, D20 is used. The advantage 
of D20 is that it absorbs very few neutrons, leaving more available for fission, so 
heavy-water reactors can use un enriched uranium. As the coolant flows around the 
encased fuel, pumps circulate it through coils that transfer its heat to the water reser­
voir. Steam formed in the reservoir turns the turbine that runs the generator. The 
steam is then condensed in large cooling towers that use water taken from a lake 
or river; the condensed steam is returned to the water reservoir. 

Some major accidents at nuclear power plants, such as the leak of radioac­
tivity from the Three-Mile Island facility in Pennsylvania in 1 979 and the far more 
serious one from the Chernobyl plant in Ukraine in 1 986, have resulted in high 
levels of mistrust and fear in many people. Yet, despite these problems, nuclear 
energy remains an important source of electricity. In the late 1 990s, nearly every 
European country employed nuclear fission in power plants, and such plants pro­
vide the majority of electricity in Sweden and France. Today, the United States 
obtains about 20% of its electricity from nuclear power plants, and Canada 
slightly less. 

Even a smoothly operating nuclear power plant has certain inherent problems. 
Thermal pollution, resulting from the use of nearby natural waters to cool reac­
tor parts, is a problem common to all power plants (Section 1 3 .3) . More serious 
is the problem of nuclear waste disposal. Many of the fission products formed in 
nuclear reactors have long half-lives, and proposals to bury containers of this 
waste in deep bedrock cannot be field-tested for the thousands of years that the 
material will remain harmful . It remains to be seen whether we can operate fis­
sion reactors and dispose of the waste safely and economically. 

I Coolant t water out 
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Vacuum container 
for plasma Plasma Magnets 

Figure 23. 1 6  The tokamak design for 
magnetic containment of a fusion 
plasma. The donut-shaped chamber 

of the tokamak (photo, top; schematic, 

bottom) contains the plasma within a 

helical magnetic field. 

CHAPTER 23 Nuclear Reactions and Their Applications 

The Promise of Nuclear Fusion 
Nuclear fusion is the ultimate source of nearly all the energy on Earth because 
almost all other sources depend, directly or indirectly, on the energy produced by 
nuclear fusion in the Sun. And much research is being devoted to maldng nuclear 
fusion practical as a direct source of energy on Earth. To understand the advan­
tages of fusion, let's consider one of the most discussed fusion reactions, in which 
deuterium and tritium react: 

TH + fH -- iHe + bn 
This reaction produces 1 .7 X l  09 kJ/mol, an enormous quantity of energy with no 
radioactive by-products. Moreover, the reactant nuclei are relatively easy to come 
by. Thus, fusion seems very promising, at least in principle. However, some 
extremely difficult technical problems remain. Fusion requires enormous energy 
in the form of heat to give the positively charged nuclei enough ldnetic energy to 
force themselves together. The fusion of deuterium and tritium, for example, 
occurs at practical rates at about 1 08 K, hotter than the Sun's core ! How can such 
temperatures be achieved? 

Two research approaches are being used to achieve the necessary heat. In one, 
atoms are stripped of their electrons at high temperatures, which results in a 
gaseous plasma, a neutral mixture of positive nuclei and electrons. Because of the 
extreme temperatures needed for fusion, no material can contain the plasma. The 
most successful approach to date has been to enclose the plasma within a mag­
netic field. The tokamak design has a donut-shaped container in which a helical 
magnetic field confines the plasma and prevents it from contacting the walls (Fig­
ure 23 . 1 6) .  Scientists at the Princeton University Plasma Physics facility have 
achieved some success in generating energy from fusion this way. In another 
approach, the high temperature is reached by using many focused lasers to com­
press and heat the fusion reactants. In any event, as a practical, everyday source 
of energy, nuclear fusion still seems to be a long way off. 

S E C T I O N  S U M M A RY 
In nuclear fission, neutron bombardment causes a nucleus to split, releasing neutrons 

that split other nuclei to produce a chain reaction. A nuclear power plant controls the 

rate of the chain reaction to produce heat that creates steam, which is used to gen­

erate electricity. Potential hazards, such as radiation leaks, thermal pollution, and dis­

posal of nuclear waste, remain current concerns. Nuclear fusion holds great promise 

as a source of clean abundant energy, but it requires extremely high temperatures 

and is not yet practical . 

For Review and Reference (Numbers in parentheses refer to pages, unless noted otherwise.) 
Learning Obiectives 
To help you review these learning objectives, the numbers of re­

lated sections (§), sample problems (SP), and upcoming end-of­
chapter problems ( EP) are l isted in parentheses. 

1 .  Describe the differences between nuclear and chemical changes; 
identify the three types of radioactive emissions and the types of 
radioactive decay, and know how each changes A and Z; explain how 
a decay series leads to a stable nuclide; write and balance nuclear 
equations; use the N /Z ratio to predict nuclear stability and the type of 
decay a nuclide undergoes (§ 23. 1 )  (SPs 23. l-23.3) (EPs 23. 1-23. 1 6) 

2. Understand why radioactive decay is a first-order process and 
the meaning of half-life; convert among units of radioactivity, and 
calculate specific activity, decay constant, half-life, and number of 
nuclei; estimate the age of an object from its specific activity 
(§ 23.2) (SPs 23.4, 23.5) (EPs 23. 1 7-23.30) 
3 .  Describe how particle accelerators are used to synthesize new 
nuclides and write balanced equations for nuclear transmutations 
(§ 23.3) (EPs 23.3 1 -23.35) 
4. Distinguish between excitation and ionization, and describe 
their effects on matter; convert among units of radiation dose, and 



understand the penetrating power of emissions and how ionizing 
radiation is used beneficially (§ 23.4) (EPs 23.36-23 .42) 
5. Describe how radioisotopes are used in research, elemental 
analysis, and diagnosis (§ 23.5) (EPs 23 .43-23.45) 
6. Explain the mass defect and how it is  related to nuclear binding 
energy; understand how nuclear stability is related to binding en­
ergy per nucleon and why unstable nuclides undergo either fission 

Key Terms 
Section 23. 1 band of stability (767) 
radioactivity (763) decay (disintegration) 
nucleon (763) series (770) 
nuclide (764) Section 23.2 
isotope (764) activity (sa) (770) 
alpha (a) particle (764) becquerel (Bq) (770) 
beta (13) particle (764) curie (Ci) (770) 
gamma (-y) ray (764) decay constant (77 1 )  
alpha decay (765) half-life (tid (77 1 )  
beta decay (765) radioisotopic dating (773) 
positron emission (766) radioisotope (773) 
positron (766) Section 23.3 
electron capture (766) nuclear transmutation (774) 
gamma emission (766) deuteron (774) N /2 ratio (767) 

Key Equations and Relationships 
23.1 Balancing a nuclear equation (765) :  

+���l 1 Reactants = +���l 1 Products 
23.2 Defining the unit of radioactivity (curie, Ci) (770): 

1 Ci = 3.70X 1 0 1 0 disintegrations per second (dis) 
23.3 Expressing the decay rate (activity) for radioactive 
nuclei (77 I ) : 

tlN 
Decay rate (sa) = -- = kN 

tlt 
23.4 Finding the number of nuclei remaining after a given time, 
N, (772): 

Brief Solutions to Follow-up Problems 
23. 1  1 ��Xe - I�§CS + -713 
23.2 Phosphorus-3 1 has a slightly higher N /2 ratio and an even 
N ( [ 6) .  
23.3 (a) N/2 = 1 .35; too high for this region of band: 13 decay 
(b) Mass too high for stability: a decay 
23.4 In sa, = -kt + In sao ( In 2 24 h ) 9 

= - - X 4.0 days X -- + In (2.5 X I 0 ) 
1 5  h 1 day 

= 1 7 .20 
sa, = 3.0X t 07 dis 
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or fusion ; use Einstein's equation to find mass-energy equivalence 
in J and eV; compare nuclide stability from binding energy per nu­
cleon (§ 23.6) (SP 23.6) (EPs 23.46-23.52) 
7. Discuss the pros and cons of power generation by nuclear fis­
sion, and evaluate the potential of nuclear fusion (§ 23.7) (EPs 
23.53-23.58) 

particle accelerator (77 4) Section 23.5 
transuranium element (776) tracer (779) 
Section 23.4 Section 23.6 
excitation (776) fission (78 1 )  
nonionizing radiation (776) fusion (78 1 )  
ionization (776) mass defect (782) 
ionizing radiation (776) nuclear binding energy (783) 
gray (Gy) (777) electron volt (eV) (783) 
rad (radiation-absorbed Section 23.7 

dose) (777) chain reaction (786) 
rem (roentgen equivalent for critical mass (786) 

man) (777) reactor core (786) 
sievert (Sv) (777) 
background radiation (777) 

23.5 Finding the half-life of a radioactive nuclide (772) : 
ln 2 

tl/2 = -
k
-

23.6 Calculating the time to reach a given specific activity (age 
of an object in radioisotopic dating) (773): 

1 sao 
t = - In -

k sa, 

23.7 Using Einstein's equation and the mass defect to calculate 
the nuclear binding energy (782): 

tlE = tlmc2 
23.8 Relating the atomic mass unit to its energy equivalent in 
MeV (783): 

1 amu = 93 1 .5 X IQ6 eV = 93 1 .5 MeV 

I sao 5730 yr 
. 
( 1 5 .3 d/min.g) 02 03 

23.5 t = - In - = In = 4. X I  yr 
k sa, In 2 9.4 1 dlmil1'g 

The mummy case is about 4000 years old. 
23.6 235U has 92 lp and 143 bn. 
tlm = [(92 X 1 .007825 amu) + ( 1 43 X l .008665 amu)] 

- 235.043924 amu = 1 .9 1 5 1  amu 
93 1 .5 MeV 

l .9 1 5 1  amu X ----
Binding energy 1 amu 

nucleon 235 nucleons = 7.59 1 Me V Inucleon 
Therefore, 235U is less stable than 1 2c. 
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Problems 
Problems with colored numbers are answered in  Appendix E. 
Sections match the text and provide the numbers of relevant sam­
ple problems. Bracketed problems are grouped in pairs ( indicated 
by a short rule) that cover the same concept. Comprehensive prob­
lems are based on material from any section or previous chapter. 

Radioactive Decay and Nuclear Stability 
(Sample Problems 23 . 1  to 23.3) 
23. 1 How do chemical and nuclear reactions differ in 

(a) Magnitude of the energy change? 
(b) Effect on rate of increasing temperature? 
(c) Effect on rate of higher reactant concentration? 
(d) Effect on yield of higher reactant concentration? 

23.2 Which of the following types of radioactive decay produce 
an atom of a different element: (a) alpha; (b) beta; (c) gamma; 
(d) positron; (e) electron capture? Show how 2 and N change, if 
at all, with each type. 

23.3 Why is �He stable but �He so unstable that it has never 
been detected? 

23.4 How do the modes of decay differ for a neutron-rich nuclide 
and a proton-rich nuclide? 

23.5 Why can ' t  you use the position of a nuclide's N /2 ratio rela­
tive to the band of stability to predict whether it is more likely to 
decay by positron emission or by electron capture? 

123.6 Write balanced nuclear equations for the following: 
(a) Alpha decay of 2§iu 
(b) Electron capture by neptunium-232 
(c) Positron emission by I �N 

23.7 Write balanced nuclear equations for the following: 
(a) Beta decay of sodium-26 
(b) Beta decay of francium-223 
(c) Alpha decay of 2gBi  

23.8 Write balanced nuclear equations for the fol lowing: 
(a) Formation of i�Ti through positron emission 
(b) Formation of silver- 1 07 through electron capture 
(c) Formation of polonium-206 through <X decay 

23.9 Write balanced nuclear equations for the following: 
(a) Production of 2��Am through 13 decay 
(b) Formation of 2�gAc through 13 decay 
(c) Formation of 2g�Bi through <X decay 

23. 1 0  Which nuclide(s) would you predict to be stable? Why? 
(a) 2g0 (b) �?Co (c) �Li 

23. 1 1  Which nuclide(s) would you predict to be stable? Why? 
(a) Ici8Nd (b) 1��Cd (c) ��Mo 

23. 1 2  What is the most likely mode of decay for each? 
(a) 2§�U (b) i�Cr (c) ��Mn 

23. 1 3  What is the most likely mode of decay for each? 
(a) g�Fe (b) i�Cl (c) 1��Ru 

23. 1 4  Why is ��Cr the most stable isotope of chromium? 
/23. 1 5  Why is igca the most stable isotope of calcium? 

23. 1 6  Neptunium-237 is the parent nuclide of a decay series that 
starts with <X emission, followed by 13 emission, and then two more 
<X emissions. Write a balanced nuclear equation for each step. 

The Kinetics of Radioactive Decay 
(Sample Problems 23.4 and 23.5) 
23. 1 7  What is the reaction order of radioactive decay? Explain. 
23. 1 8  After 1 minute, half the radioactive nuclei remain from an 

original sample of six nuclei. Is it valid to conclude that t l/2 
equals 1 minute? Would this conclusion be valid if the original 
sample contained 6X 1 0 1 2 nuclei? Explain. 

23. 1 9  Radioisotopic dating depends on the constant rate of decay 
and formation of vmious nuclides in a sample. How is the pro­
portion of 1 4C kept relatively constant in living organisms? 

123.20 What is the specific activity (in Ci/g) if 1 .55 mg of an 
isotope emits 1 .66X 1 06 <X particles per second? 

23.21 What is the specific activity (in Bq/g) if 8.58 f.Lg of an 
isotope emits 7 .4X 1 04 <X pmticles per minute? 

23.22 If 1 .00X 1 0- 1 2 mol of I 35Cs emits 1 .39X 1 05 13 particles in 
1 .00 yr, what is the decay constant? 

23.23 If 6.40X 10-9 mol of 1 76W emits 1 .07 X 10 1 5 positrons in 
1 .00 h, what is the decay constant? 

23.24 The isotope 2gBi has a half-life of 1 .0 1  yr. What mass (in mg) 
of a 2.00-mg sample will not have decayed after 3.75 X 1 03 h? 

23.25 The half-life of radium-226 is 1 .60X 1 03 yr. How many 
hours will it take for a 2.50-g sample to decay to the point where 
0. 1 85 g of the isotope remains? 

23.26 A rock contains 270 f.Lmol of 238U (t l /2 = 4.5 X 1 09 yr) and 
1 1 0 f.Lmol of 206Pb. Assuming that all the 206Pb comes from 
decay of the 238U, estimate the rock's age. 

23.27 A fabric remnant from a burial site has a 1 4C :  1 2C ratio of 
1 0.735 of the original value. How old is the fabric? 
23.28 Due to decay of 4oK, cow's milk has a specific activity of 

about 6X 1 0- 1 1 mCi per milliliter. How many disintegrations of 
40K nuclei are there per minute in 1 .0 qt of milk? 

23.29 Plutonium-239 (t 1 /2 = 2.4 1 X 1 04 yr) represents a serious 
nuclem' waste disposal problem. If seven half-lives are required 
to reach a tolerable level of radioactivity, how long must 239pu 
be stored? 

23.30 A volcanic eruption melts a large area of rock, and all gases 
are expelled. After cooling, igAr accumulates from the ongoing 
decay of i8K in the rock (t 1/2 = 1 .25 X 1 09 yr). When a piece 
of rock is analyzed, it is found to contain 1 .38 mmol of 40K and 
1 . 1 4 mmol of 40 Ar. How long ago did the rock cool? 

Nuclear Transmutation: Induced Changes in Nuclei 

23.3 1 Why must the electrical polarity of the tubes in a linear ac­
celerator be reversed at very short time intervals? 

23.32 Why does bombardment with protons usually require higher 
energies than bombardment with neutrons? 

123.33 Name the unidentified species in each transmutation, and 
write a full nuclear equation: 
(a) Bombardment of l OB with an <X particle yields a neutron and 
a nuclide. 
(b) Bombardment of 28Si with 2H yields 29p and another particle. 
(c) Bombardment of a nuclide with an <X particle yields two neu­
trons and 244Cf. 



23.34 Name the unidentified species in each transmutation, and 
write a full nuclear equation: 
(a) Bombardment of a nuclide with a 'Y  photon yields a proton, a 
neutron, and 29Si. 
(b) Bombardment of 252Cf with l OB yields five neutrons and 
a nuclide. 
(c) Bombardment of 238U with a particle yields three neutrons 
and 239PU. 

23.35 Elements 1 04, 1 05 ,  and 1 06 have been named rutherfordium 
(Rf), dubnium (Db), and seaborgium (Sg), respectively. These el­
ements are synthesized from californium-249 by bombarding 
with carbon- 12, nitrogen- I S, and oxygen- I 8  nuclei, respectively. 
Four neutrons are formed in each reaction as well. Write bal­
anced nuclear equations for the formation of these elements. 

The EHects of Nuclear Radiation on Matter 

23.36 Gamma radiation and UV radiation cause different processes 
in matter. What are they and how do they differ? 

23.37 Why is ionizing radiation more dangerous to children than 
to adults? 

123.38 A 1 35-lb person absorbs 3 . 3X  1 0-7 J of energy from 
radioactive emissions. (a) How many rads does she receive? 
(b) How many grays (Gy) does she receive? 

23.39 A 3 .6-kg laboratory animal receives a single dose of 
8.92X 1 0-4 Gy. (a) How many rads did the animal receive? 
(b) How many joules did the animal absorb? 

23.40 A 70.-kg person exposed to 90Sr  absorbs 6.0X 1 05 i3 
particles, each with an energy of 8 .74 x lO- 1 4 J. (a) How 
many grays does the person receive? (b) If the RBE is 1 .0, how 
many mill irems is thi s?  (c) What is the equivalent dose in 
sieverts (Sv)? 

23.41 A laboratory rat weighs 265 g and absorbs 1 .77 X 1 0 1 0 i3 par­
ticles, each with an energy of 2.20X 10- 1 3 J. (a) How many rads 
does the animal receive? (b) What is this dose in Gy? (c) If the 
RBE is 0.75, what is the equivalent dose in Sv? 

23.42 A small region of a cancer patient's brain is exposed for 
27.0 min to 475 Bq  of radioactivity from 60Co for treatment of 
a tumor. If the brain mass exposed is 1.588 g and each i3 par­
ticle emitted has an energy of 5 .05 X 1 0- 14 J, what is the dose 
in rads? 

Applications of Radioisotopes 

23.43 Describe two ways that radioactive tracers are used 
in organisms. 

23.44 Why is neutron activation analysis (NAA) useful to art his­
torians and criminologists? 

23.45 The oxidation of methanol to formaldehyde can be accom­
plished by reaction with chromic acid: 
6H+(aq) + 3CH30H(aq) + 2H2Cr04(aq) --+ 

3CH20(aq) + 2Cr3+ (aq) + 8H20(l) 
The reaction can be studied with the stable isotope tracer I SO 
and mass spectrometry. When a small amount of CH31 SOH is 
present in the alcohol reactant, H2C I SO forms. When a small 
amount of H2Cri 804 is present, H21 S0 forms. Does chromic acid 
or methanol supply the 0 atom to the aldehyde? Explain. 

Problems 

The Interconversion of Mass and Energy 
(Sample Problem 23.6) 

791 

Note: Use the following data to solve the problems i n  this sec­
tion : mass of 1 H atom = 1 .007825 amu; mass of neutron = 

1 .008665 amu.  

23.46 What is a mass defect, and how does i t  arise? 
23.47 What is the binding energy per nucleon? Why is the binding 

energy per nucleon, rather than per nuclide, used to compare nu­
clide stability? 

123.48 A 3H nucleus decays with an energy of 0.0 1 86 1  MeV. Con­
vert this energy into (a) electron volts; (b) joules. 

23.49 Arsenic-84 decays with an energy of 1 .57 X l  0- 1 5  kJ per nu­
cleus. Convert this energy into (a) eV; (b) MeV. 

23.50 Cobalt-59 is the only stable isotope of this transition metal. 
One 59CO atom has a mass of 58.933 1 98 amu. Calculate the 
binding energy (a) per nucleon in MeV; (b) per atom in MeV; 
(c) per mole in kJ. 

23.5 1 Iodine- 1 3 1  is  one of the most important isotopes used in 
the diagnosis of thyroid cancer. One atom has a mass of 
1 30.906 1 14 amu. Calculate the binding energy (a) per nucleon 
in MeV; (b) per atom in MeV; (c) per mole in kJ. 

23.52 The 80Br nuclide decays either by i3 decay or by elec­
tron capture. (a) What is the product of each process? 
(b) Which process releases more energy? (Masses of atoms: 
80Br = 79.9 1 8528 amu; 80Kr = 79.9 16380 amu; sOSe 
79.9 1 6520 amu; neglect the mass of the electron involved.) 

Applications of Fission and Fusion 

23.53 In what main way is fission different from radioactive de­
cay? Are all fission events in a chain reaction identical? Explain. 

23.54 What is the purpose of enrichment in the preparation of 
fuel rods? 

23.55 Describe the nature and purpose of these components of a 
nuclear reactor: (a) control rods; (b) moderator. 

23.56 State an advantage and a disadvantage of heavy-water reac­
tors compared to l ight-water reactors. 

23.57 What are the expected advantages of fusion reactors over 
fission reactors? 

23.58 The reaction that will probably power the first commercial 
fusion reactor is �H + �H --+ iHe + bn. How much energy 
would be produced per mole of reaction? (Masses of atoms: 
�H = 3.0 1 605 amu; �H = 2.0 1 40 amu; iHe = 4.00260 amu; 
mass of bn = 1 .008665 amu. )  

Comprehensive Problems 
Problems with an asterisk (*) are more challenging. 
23.59 Some 2��Am was present when Earth formed, but it all de­

cayed in the next billion years. The first three steps in this decay 
series are emission of an ex particle, a i3 particle, and another 
ex particle. What other i sotopes were present on the young Earth 
in a rock that contained some 2��Am? 

23.60 Curium-243 undergoes ex decay to plutonium-239: 
243Cm --+ 239pU + 4He 

(a) Calculate the change in mass, 6.m (in kg). (Masses: 243Cm = 
243.06 1 4  amu; 239pU = 239.0522 amu; 4He = 4.0026 amu; 
I amu = 1 .66 1 X 10-24 g . )  
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(b) Calculate the energy released in joules. 
(c) Calculate the energy released in kJ/mol of reaction, and com­
ment on the difference between this value and a typical heat of 
reaction for a chemical change of a few hundred kJ/mo! . 

23.61 Plutonium "triggers" for nuclear weapons were manufac­
tured at the Rocky Flats plant in Colorado. An 85-kg worker 
inhaled a dust particle containing 1 .00 fLg of 2§�PU, which 
resided in his body for 16 h (tl/2 of 239pU = 2.41 X 1 04 yr; each 
disintegration released 5 . 1 5  MeV). (a) How many rads did he re­
ceive? (b) How many grays? 

23.62 Archeologists removed some charcoal from a Native Amer­
ican campfire, burned it in 02> and bubbled the CO2 formed into 
Ca(OHh solution (limewater). The CaC03 that precipitated was 
filtered and dried. If 4.38 g of the CaC03 had a radioactivity of 
3.2 dlmin, how long ago was the campfire? 

23.63 A 5.4-fLg sample of 226RaCl2 has a radioactivity of 
1 .5 X 105 Bq. Calculate t 1 /2 of 226Ra. 

23.64 The major reaction taking place during hydrogen fusion in a 
young star is 4 :H � iHe + 2?f3 + 28", + energy. How much en­
ergy (in MeV) is released per He nucleus formed? Per mole of He? 
(Masses: :H atom = 1 .007825 amu; iHe atom = 4.00260 amu; 
positron = 5.48580X 1 0-4 amu.) 

23.65 A sample of AgCl emits 1 75 nCi/g. A saturated solution pre­
pared from the solid emits 1 .25 X 10-2 Bq/mL due to radioactive 
Ag + ions. What is the molar solubility of AgCl? 

* 23.66 Technetium-99m is a metastable nuclide used in numerous 
cancer diagnostic and treatment programs. It is prepared just be­
fore use because it decays rapidly through ", emission: 

99mTc � 99Tc + '" 
Use the data below to determine (a) the half-life of 99mTc, and 
(b) the percentage of the isotope that is lost if it takes 2.0 h to 
prepare and administer the dose. 

Time (h) 
o 
4 
8 

1 2  
1 6  
20 

"I Emission (photons/s) 
5000. 
3 150. 
2000. 
1 250. 
788 
495 

23.67 In the 1 950s, radioactive material was spread over the land 
from aboveground nuclear tests. A woman drinks some contam­
inated milk and ingests 0.0500 g of 90Sr, which is taken up by 
bones and teeth and not eliminated. (a) How much 90Sr (t1 /2 = 
29 yr) is present in her body after 1 0  yr? (b) How long will it take 
for 99.9% of the 90Sr to decay? 

* 23.68 What volume of radon will be produced per hour at STP 
f 2?6 rom 1 .000 g of - Ra (tl /2 = 1 599 yr; 1 yr = 8766 h ;  mass of 
one 226Ra atom = 226.025402 amu)? 

23.69 Which isotope in each pair would you predict to be more 
stable? Why? 
(a) I ��CS or I��CS 
(c) T�Mg or TiMg 

(b) ��Br or ��Br 
(d) I jN or I �N 

23.70 The 23rd -century starship Enterprise uses a substance called 
"dilithium crystals" as its fue!. 
(a) Assuming this material is the result of fusion, what is the 
product of the fusion of two 6Li nuclei? 
(b) How much energy is released per kilogram of dilithium 
formed? (Mass of one 6Li atom is 6.0 1 5 1 2 1  amu.) 
(c) When four IH atoms fuse to form 4He, how many positrons 
are released? 
(d) To determine the energy potential of the fusion processes in 
parts (b) and (c), compare the changes in mass per kilogram of 
dilithium and of 4He. 
(e) Compare the change in mass per kilogram in part (b) to that 
for the formation of 4He by the method used in current fusion re­
actors (Section 23.7). (For masses, see Problem 23 .58.) 
(f) Using early 2 1 st-century fusion technology, how much tri­
tium can be produced per kilogram of 6Li in the following reac­
tion: �Li + bn � iHe + �H? When this amount of tritium is 
fused with deuterium, what is the change in mass? How does this 
quantity compare with that for dilithium in part (b)? 

23.71 Nuclear disarmament could be accomplished if weapons 
were not "replenished." The tritium in warheads decays to he­
lium with a half-life of 1 2.26 yr and must be replaced or the 
weapon is useless. What fraction of the tritium is lost in 5 .50 yr? 

23.72 A decay series starts with the synthetic isotope 2�iu. The 
first four steps are emissions of a f3 particle, another f3, an <X par­
ticle, and another <x. Write a balanced nuclear equation for each 
step. Which natural series could be started by this sequence? 

23.73 The approximate date of a San Francisco earthquake is to be 
found by measuring the 1 4C activity (t1 /2 = 5730 yr) of parts of 
a tree uprooted during the event. The tree parts have an activity 
of 1 2.9 d/min -g C, and a living tree has an activity of 
1 5 .3 d/min -g C. How long ago did the earthquake occur? 

23.74 Carbon from the most recent remains of an extinct 
Australian marsupial, called Diprotodon, has a specific activity of 
0.6 1 pCi/g. Modem carbon has a specific activity of 6.89 pCi/g. 
How long ago did the Diprotodon apparently become extinct? 

* 23.75 With our early 2 1  Sl-century technology, hydrogen fusion 
requires temperatures around 1 08 K, but lower temperatures 
can be used if the hydrogen is compressed. In the late 24lh cen­
tury, the starship Leinad uses such methods to fuse hydrogen 
at 1 06 K. 
(a) What is the kinetic energy of an H atom at 1 .00X 1 06 K? 
(b) How many H atoms are heated to 1 .00X 1 06 K from the en­
ergy of one H and one anti-H atom annihilating each other? 
(c) If these H atoms fuse into 4He atoms (with the loss of two 
positrons per 4He formed), how much energy (in J) is generated? 
(d) How much more energy is generated by the fusion in (c) than 
by the hydrogen-anti hydrogen collision in (b)? 
(e) Should the captain of the Leinad change the technology and 
produce 3He (mass = 3.0 1 603 amu) instead of 4He? 

23.76 Seaborgium-263 (Sg; Z = 1 06) was the first isotope of this 
element synthesized. It was made, together with four neutrons, 
by bombarding califomium-249 with oxygen- I 8 .  It then de­
cayed by three <X emissions. Write balanced equations for the 
synthesis and three decay steps of 263Sg. 



COMMON MATHEMATICAL 
OPERATIONS IN CHEMISTRY 

I n addition to basic arithmetic and algebra, four mathematical operations are used 
frequently in general chemistry: manipulating logarithms, using exponential 

notation, solving quadratic equations, and graphing data. Each is discussed briefly 
below. 

MANIPULATING LOGARITHMS 

Meaning and Properties of Logarithms 
A logarithm is an exponent. Specifically, if x" = A, we can say that the logarithm 
to the base x of the number A is n, and we can denote it as 

logx A = n 

Because logarithms are exponents, they have the fol lowing properties: 
logx 1 = 0 

logx (A x B) = logx A + logx B 
A logx B = logx A - logx B 

logx AY = y log" A 

Types of Logarithms 
Common and natural logarithms are used frequently in chemistry and the other 
sciences. For common logarithms, the base (x in the examples above) is 10, but 
they are written without specifying the base; that is, log l o A is written more sim­
ply as log A. The common logarithm of 1 000 is 3; in other words, you must raise 
1 0  to the 3rd power to obtain 1000: 

Similarly, we have 
log 1 000 = 3 or 1 03 

= 1000 

log 1 0  = 1 1 0 1 
= 10  

log 1 ,000,000 = 6 
or 
or 
or 
or 

1 06 
= 1 ,000,000 

1 0-3 = 0.00 1 

1 02.93 1 = 853 
log 0.001 = -3  

log 853 = 2.93 1 
The last example il lustrates an important point about significant figures with all 
logarithms: the number of significant figures in the number equals the number of 
digits to the right of the decimal point in the logarithm. That is, the number 853 
has three significant figures, and the logarithm 2.93 1 has three digits to the right 
of the decimal point. 

To find a common logarithm with an electronic calculator, you simply enter 
the number and press the LOG button. 

For natural logarithms, the base is the number e, which is 2.7 1 828 . . .  , and 
loge A is written In A. The relationship between the common and natural loga­
rithms is easily obtained: because 

log 1 0  = 1 and In 1 0  = 2.303 

Append ix A 

A· I 



A-2 APPENDIX A Common Mathematical Operations in Chemistry 

Therefore, we have 
In A = 2.303 log A 

To find a natural logarithm with an electronic calculator, you simply enter the 
number and press the LN button. If your calculator does not have an LN button, 
enter the number, press the LOG button, and multiply by 2.303. 

Antilogarithms 
The antilogarithm is the number you obtain when you raise the base to the logarithm: 

antilogarithm (antilog) of It is 1 0" 
Using two of the earlier examples, the antilog of 3 is 1 000, and the antilog of 
2.93 1 is 853. To obtain the antilog with a calculator, you enter the number and 
press the 1 (J' button. Similarly, to obtain the natural antilogarithm, you enter the 
number and press the eX button. [On some calculators, you enter the number and 
first press (NY and then the LOG (or LN) button.] 

USING EXPONENTIAL (SCIENTIFIC) NOTATION 

Many quantities in chemistry are very large or very small. For example, in the con­
ventional way of writing numbers, the number of gold atoms in 1 gram of gold is 

59,060,000,000,000,000,000,000 atoms (to four significant figures) 
As another example, the mass in grams of one gold atom is 

0.0000000000000000000003272 g (to four significant figures) 
Exponential (scientific) notation provides a much more practical way of writ­

ing such numbers. In exponential notation, we express numbers in the form 
A X  10" 

where A (the coefficient) is greater than or equal to 1 and less than 1 0  (that is, 
1 ::; A < 1 0), and n (the exponent) is an integer. 

If the number we want to express in exponential notation is larger than 1 ,  the 
exponent is positive (n > 0); if the number is smaller than 1 ,  the exponent is neg­
ative (n < 0). The size of n tells the number of places the decimal point (in con­
ventional notation) must be moved to obtain a coefficient A greater than or equal 
to 1 and less than 1 0  (in exponential notation). In exponential notation, 1 gram 
of gold contains 5 .906 X 1 022 atoms, and each gold atom has a mass of 
3 .272 X  1 0 - 22 g . 

Changing Between Conventional and Exponential Notation 
In order to use exponential notation, you must be able to convert to it from con­
ventional notation, and vice versa. 

1 .  To change a number from conventional to exponential notation, move the dec­
imal point to the left for numbers equal to or greater than 1 0  and to the right 
for numbers between 0 and 1 :  

75 ,000,000 changes to 7.5 X 1 07 (decimal point 7 places to the left) 
0.006042 changes to 6.042X 10-3 (decimal point 3 places to the right) 

2. To change a number from exponential to conventional notation, move the dec­
imal point the number of places indicated by the exponent to the right for num­
bers with positive exponents and to the left for numbers with negative 
exponents: 

1 .38x 105 changes to 1 38,000 (decimal point 5 places to the right) 
8.41 X I O-6 changes to 0.0000084 1 (decimal point 6 places to the left) 
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3. An exponential number with a coefficient greater than 10 or less than 1 can be 
changed to the standard exponential form by converting the coefficient to the 
standard form and adding the exponents: 

582.3 X l06 changes to 5 .823 X 102 X 1 06 = 5.823 X 1O(2+6) = 5 .823 X 108 
0.0043 X 1 0-4 changes to 4.3 X 1 0-3 X 10-4 = 4.3 x lO[(-3)+(-4» )  = 4.3 x 1 O-7 

Using Exponential Notation in Calculations 
In calculations, you can treat the coefficient and exponents separately and apply 
the properties of exponents (see earlier section on logarithms). 

1 .  To multiply exponential numbers, multiply the coefficients, add the exponents, 
and reconstruct the number in standard exponential notation: 

(5.5 X 103)(3 . l X 1 05) = (5.5 X 3 . l ) X 1O(3+S) = 1 7 X 108 = l .7 X 109 
(9.7 X lOI4)(4. 3 X lO-2o) = (9.7 X 4.3) X 1O[ 14+(-20») = 42X lO-6 = 4.2X lO-s 

2. To divide exponential numbers, divide the coefficients, subtract the exponents, 
and reconstruct the number in standard exponential notation: 

2.6X 1 06 
= 

2.6 
X 1 0(6-2) = 0.45 X 104 = 4.5 X 103 

5 . 8X  1 02 5 . 8  
l .7 X 1 O-: = .!.2 X 10[(-5)-(-8») = 0.2 l X l03 = 2. l x l 02 
8 .2x 1 0  8 .2 

3 .  To add or subtract exponential numbers, change all numbers so that they have 
the same exponent, then add or subtract the coefficients: 

( 1 .45 X 1 04) + (3 .2X 103) = ( l .45 X 104) + (0.32X 104) = l .77 x 104 
(3 .22X 1 05) - (9.02X 1 04) = (3.22X 1 05) - (0.902X 105) = 2.32X 1 05 

SOLVING QUADRATIC EQUATIONS 

A quadratic equation is one in which the highest power of x is 2. The general 
form of a quadratic equation is 

ax2 + bx + c = a 
where a, b, and c are numbers. For given values of a, b, and c, the values of x 
that satisfy the equation are called solutions of the equation. We calculate x with 
the quadratic formula: 

-b :±: Yb2 - 4ac 
x = ------

2a 

We commonly require the quadratic formula when solving for some concentra­
tion in an equilibrium problem. For example, we might have an expression that 
is rearranged into the quadratic equation 

4.3x2 + 0.65x - 8.7 = 0 

Applying the quadratic formula, with a = 4.3 ,  b = 0.65, and c = - 8.7, gives 

-0.65 :±: Y(0.65)2 - 4(4.3)( - 8.7) 
x =  

2(4.3) 

The "plus or minus" sign ( ± )  indicates that there are always two possible values 
for x. In this case, they are 

x = 1 .3 and x = - 1 .5 

In any real physical system, however, only one of the values will have any mean­
ing. For example, if x were [H30

+] ,  the negative value would mean a negative 
concentration, which has no meaning. 

A·3 
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GRAPHING DATA IN THE FORM OF A STRAIGHT LINE 

Visualizing changes in variables by means of a graph is a very useful technique 
in science. In many cases, it is most useful if the data can be graphed in the form 
of a straight line. Any equation will appear as a straight line if it has, or can be 
rearranged to have, the following general form: 

y = mx + b  

where y is the dependent variable (typically plotted along the vertical axis), x is 
the independent variable (typically plotted along the horizontal axis), m is the 
slope of the line, and b is the intercept of the line on the y axis. The intercept is 
the value of y when x = 0: 

y = m(O) + b = b 

The slope of the line is the change in y for a given change in x: 

Y2 - YI �y Slope (m) = --- = A •• 

X2 - XI UA 

The sign of the slope tells the direction of the line. If y increases as x increases, 
m is positive, and the line slopes upward with higher values of x; if y decreases 
as x increases, m is negative, and the line slopes downward with higher values of 
x. The magnitude of the slope indicates the steepness of the line. A line with 
m = 3 is three times as steep (y changes three times as much for a given change 
in x) as a line with m = l .  

Consider the linear equation y = 2x + 1 .  A graph of this equation is shown 
in Figure A. l .  In practice, you can find the slope by drawing a right triangle to 
the line, using the line as the hypotenuse. Then, one leg gives �y, and the other 
gives �x. In the figure, �y = 8 and � = 4. 

At several places in the text, an equation is rearranged into the form of a 
straight line in order to determine information from the slope and/or the intercept. 
For example, in Chapter 1 6, we obtained the following expression: 

In 
[AJo 

= kt 
[AJ! 

Based on the properties of logarithms, we have 

In [AJo - In [AJ! = kt 

Rearranging into the form of an equation for a straight line gives 
In [Alr = -kt + In [AJo 

y = I17X + b 

Thus, a plot of In [AJ [  vs. t is a straight line, from which you can see that the 
slope is - k  (the negative of the rate constant) and the intercept is In [AJo (the nat­
ural logarithm of the initial concentration of A) . 

At many other places in the text, linear relationships occur that were not 
shown in graphical terms. For example, the conversion between temperature scales 
in Chapter 1 can also be expressed in the form of a straight line: 

OF = � (oC) + 32 
y = mx + b 



STANDARD THERMODYNAMIC VALUES FOR 
SELECTED SUBSTANCES AT 298 K 

Substance �Hf �Gf S° Substance 
or Ion (kJ/mol) (kJ/mol) (J/mol'K) or Ion 

e- (g) 0 0 20.87 CaC03(s) 
Aluminum CaO(s) 

AI(s) 0 0 28.3 Ca(OHh(s) 
AI3+ (aq) -524.7 -48 1 .2 - 3 1 3  Ca3(P04h(S) 
AICI3(s) -704.2 -628.9 1 10.7 CaS04(s) 
AI203(S) - 1676 - 1 582 50.94 Carbon 

Barium C(graphite) 
Ba(s) 0 0 62.5 C(diamond) 
Ba(g) 1 75 .6 1 44.8 1 70.28 C(g) 
Ba2+ (g) 1 649.9 CO(g) 
Ba2+ (aq) -538.36 -560.7 1 3  CO2(g) 
BaCI2(s) -806.06 - 8 1 0.9 1 26 CO2(aq) 
BaC03(s) - 12 1 9  - 1 1 39 1 1 2 C032-(aq) 
BaO(s) -548 . 1  -520.4 72.07 HC03 - (aq) 
BaS04(s) - 1465 - 1 353 1 32 H2C03(aq) 

Boron CH4(g) 
B(f3-rhombo- 0 0 5.87 C2H2(g) 

hedral) C2H4(g) 
BF3(g) - 1 l 37.0 - 1 1 20.3 254.0 C2H6(g) 
BCI3(g) -403.8 - 388.7 290.0 C3HS(g) 
B2H6(g) 35 86.6 232.0 C4H IO(g) 
B203(S) - 1272 - 1 1 93 53.8 C6H6(l) 
H3B03(s) - 1094.3 -969.0 1 88.83 CH30H(g) 

Bromine CH3OH(l) 
Br2(l) 0 0 1 52.23 HCHO(g) 
Br2(g) 30.9 1 3 . 1 3  245 .38 HCOO-(aq) 
Br(g) 1 1 1 .9 82.40 1 74.90 HCOOH(l) 
Br-(g) - 2 1 8.9 HCOOH(aq) 
Br-(aq) - 1 20.9 - 1 02.82 80.7 1 C2HsOH(g) 
HBr(g) - 36.3 -53.5 1 98.59 C2HsOH(l) 

Cadmium CH3CHO(g) 
Cd(s) 0 0 5 1 .5 CH3COOH(l) 
Cd(g) 1 12 .8  78 .20 1 67.64 C6H ) 206(S) 
Cd2+ (aq) - 72.38 -77.74 -6 1 . 1  C ) 2H220) ) (s) 
CdS(s) - 144 - 14 1  7 1  CN-(aq) 

Calcium HCN(g) 
Ca(s) 0 0 4 1 .6 HCN(l) 
Ca(g) 1 92.6 1 58.9 1 54.78 HCN(aq) 
Ca2+(g) 1 934. 1 CS2(g) 
Ca2+(aq) -542.96 -553.04 -55.2 CS2(l) 
CaF2(s) - 12 1 5  - 1 1 62 68.87 CH3CI(g) 
CaCI2(s) -795.0 -750.2 1 14 CH2CIz(l) 

Append ix B 

�Hf �Gf S° 
(kJ/mol) (kJ/mol) (J/mol'K) 

- 1206.9 - 1 1 28 .8 92.9 
- 635. 1 -603.5 38.2 
-986.09 -898.56 83.39 

-4 1 38 -3899 263 
- 1432.7 - 1 320.3 1 07 

0 0 5.686 
1 .896 2.866 2.439 

7 1 5 .0 669.6 1 58.0 
- 1 1 0.5 - 1 37.2 1 97 .5 
- 393.5 -394.4 2 1 3.7 
-4 1 2.9 -386.2 1 2 1  
-676.26 -528. 1 0  -53. 1 
-69 1 .1 1 587.06 95.0 
-698.7 -623 .42 1 9 1  
-74.87 -50.8 1 1 86. 1 
227 209 200.85 
52.47 68.36 2 1 9.22 

- 84.667 - 32.89 229.5 
- 105 -24.5 269.9 
- 1 26 - 1 6.7 3 1 0  

49.0 1 24.5 1 72.8 
-20 1 .2 - 1 6 1 .9 238 
-238 .6 - 1 66.2 1 27 
- 1 1 6 - 1 1 0 2 1 9 
-4 1 0  -335 9 1 .6 
-409 -346 1 29.0 
-4 1 0  -356 164 
-235 . 1 - 1 68.6 282.6 
-277.63 - 174.8 1 6 1  
- 1 66 - 1 33.7 266 
-487.0 -392 1 60 

- 1 273 .3 - 9 1 0.56 2 1 2. 1  
-222 1 .7 - 1 544.3 360.24 

1 5 1  1 66 1 1 8 
1 35 1 25 20 1 .7 
105 1 2 1  1 1 2.8 
1 05 1 1 2 1 29 
1 1 7 66.9 237.79 
87.9 63.6 1 5 1 .0 

- 83.7 -60.2 234 
- 1 1 7 -63.2 1 79 

(Continued) 
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A-6 APPENDIX B Standard Thermodynamic Va lues for Selected Substances at 298 K 

Substance ilHf ilGf S° Substance ilHf ilGf S° 
or Ion (kJ/mol) (kJ/mol) (J/mol'K) or Ion (kJ/mol) (kJ/mol) (J/mol'K) 

CHCI3(l) - 132 -71.5 203 Fe2+ (aq) -87.9 - 84.94 1 1 3 
CCl4(g) -96.0 -53.7 309.7 FeCh(s) -34 l .8 -302.3 1 17.9 
CCI4(l) - 139 -68.6 2 1 4.4 FeCI3(S) -399.5 -334. 1 142 
COCh(g) -220 -206 283 .74 FeO(s) -272.0 -25 1 .4 60.75 

Cesium Fe203(S) -825.5 -743.6 87 .400 
Cs(s) 0 0 85. 1 5  Fe304(S) - 1 1 2 1  - 10 1 8  145.3 
D(g) 76.7 49.7 1 75.5 Lead 
Cs+ (g) 458.5 427 . 1  1 69.72 Pb(s) 0 0 64.785 
Cs+ (aq) -248 -282.0 1 33 Pb2+(aq) 1 .6 -24.3 2 1  
CsF(s) -554.7 -525.4 88 PbCI2(s) - 359 - 3 14 1 36 
CsCI(s) -442.8 -414 1 0 1 . 1 8  PbO(s) - 2 1 8  - 198 68 .70 
CsBr(s) - 395 -383 1 2 1  PbOz(s) -276.6 -2 1 9.0 76.6 
CsI(s) - 337 -333 1 30 PbS(s) -98.3 -96.7 9 l .3 

Chlorine PbS04(s) -9 1 8.39 - 8 1 1 .24 1 47 
Ch(g) 0 0 223.0 Lithium 
Cl(g) 1 2 1 .0 1 05.0 1 65 . 1  Li(s) 0 0 29. 1 0  
Cl-(g) -234 -240 1 53 .25 Li(g) 1 6 1  1 28 1 3 8.67 
Cl- (aq) - 167 .46 - 1 3 l . l 7  55. 1 0  Li+ (g) 687 . 1 63 649.989 1 32.9 1 
HCI(g) -92.3 1 -95.30 1 86.79 Li+ (aq) -278.46 -293 .8  14  
HCJ(aq) - 167 .46 - 1 3 1 . 1 7  55 .06 LiF(s) -616.9 -588.7 35 .66 
CI02(g) 1 02 1 20 256.7 LiCI(s) -408 -384 59.30 
ClzO(g) 80.3 97.9 266. 1 LiBr(s) - 35 1  -342 74. 1 

Chromium Lil(s) -270 -270 85.8 
Cr(s) 0 0 23.8 Magnesium 
Cr3+ (aq) - 197 1 Mg(s) 0 0 32.69 
CrOl-(aq) - 863.2 -706.3 38 Mg(g) 1 50 1 1 5 1 48.55 
Cr20l- (aq) - 146 1 - 1 257 2 14  Mg2+(g) 235 1 

Copper Mg2+ (aq) -46 1 .96 -456.01 1 1 8 
Cu(s) 0 0 33 . 1  MgCh(s) -64 l .6 -592. 1 89.630 
Cu(g) 34l . l  30 1 .4 1 66.29 MgC03(s) - 1 11 2  - 1028 65.86 
Cu+(aq) 5 1 .9 50.2 -26 MgO(s) -601 .2 -569.0 26.9 
Cu2+ (aq) 64.39 64.98 -98.7 Mg3N2(s) -461 -40 1  88 
CuzO(s) - 168.6 - 146.0 93. 1 Manganese 
CuO(s) - 157.3 - 13 0  42.63 Mn(s, ex) 0 0 3 1 . 8  
CUzS(s) -79.5 - 86.2 1 20.9 Mn2+ (aq) -2 19  -223 - 84 
CuS(s) -53 . 1 -53.6 66.5 Mn02(S) -520.9 -466. 1 53 . 1  

Fluorine Mn04 - (aq) -5 1 8.4 -425 . 1  1 90 
Fz(g) 0 0 202.7 Mercury 
F(g) 78 .9 6 1 .8 1 58.64 Hg(l) 0 0 76.027 
F-(g) -255.6 -262.5 1 45 .47 Hg(g) 6 l .30 3 1 .8 1 74.87 
F-(aq) - 329. 1 -276.5 -9.6 Hgz+ (aq) 1 7 1  1 64.4 -32 
HF(g) - 273 -275 1 73.67 Hg22+ (aq) 172 1 53 .6 84.5 

Hydrogen HgCh(s) -230 - 184 144 
H2(g) 0 0 1 30.6 Hg2CI2(s) -264.9 -2 10.66 1 96 
H(g) 2 1 8 .0 203.30 1 14.60 HgO(s) -90.79 -58.50 70.27 
H+(aq) 0 0 0 Nitrogen 
H+(g) 1 536.3 1 5 17 . 1 1 08.83 Nz(g) 0 0 1 9 1 . 5  

Iodine N(g) 473 456 1 53.2 
Iz(s) 0 0 1 16 . 14  N2O(g) 82.05 104.2 2 1 9.7 
Iz(g) 62.442 1 9.38 260.58 NO(g) 90.29 86.60 2 10.65 
I(g) 1 06.8 70. 2 1  1 80.67 N02(g) 33.2 5 1  239.9 
I- (g) - 194.7 N204(g) 9. 1 6  97.7 304.3 
I-(aq) -55.94 - 5 l .67 1 09.4 NzOs(g) 1 1  1 1 8 346 
HI(g) 25.9 l .3 206.33 N2OS(s) -43 . 1  1 1 4 178 

Iron NH3(g) -45.9 - 16 1 93 
Fe(s) 0 0 27.3 NH3(aq) - 80.83 26.7 1 10 
Fe3+ (aq) -47 .7 - 10.5 -293 NzH4(l) 50.63 1 49.2 1 2 1 .2 

( Continued) 



APPENDIX B Standard Thermodynamic Values for Selected Substances at 298 K A·7 

Substance AHf AGf S° Substance AHf AGf S° 
or Ion (kJ/mol) (kJ/mol) (J/mol·K) or Ion (kJ/mol) (kJ/mol) (J/mol'K) 

N03 - (aq) -206.57 - 1 1 0.5 1 46 Ag(g) 289.2 250.4 1 72.892 
HN03(l) - 1 73.23 -79.9 1 4  1 55.6 Ag+(aq) 1 05.9 77. 1 1 1  73 .93 
HN03(aq) -206.57 - 1 1 0.5 1 46 AgF(s) -203 - 1 85 84 
NF3(g) - 1 25 - 83.3 260.6 AgCI(s) - 1 27 .03 - 1 09.72 96. 1 1  
NOCI(g) 5 1 .7 1  66.07 26 1 .6 AgBr(s) -99.5 1 -95.939 107. 1 
NH4CI(s) - 3 1 4.4 -203.0 94.6 AgI(s) -62.38 -66.32 1 I 4 

Oxygen AgN03(S) -45 .06 1 9. 1 1 28.2 
02(g) 0 0 205 .0 Ag2S(s) - 3 1 .8 -40.3 1 46 
O(g) 249.2 23 1 .7 1 60.95 Sodium 
03(g) 1 43 1 63 238.82 Na(s) 0 0 5 1 .446 
OH-(aq) - 229.94 - 1 57.30 - 1 0.54 Na(g) 1 07.76 77 .299 1 53.6 1 
H2O(g) -24 l .826 -228.60 1 88.72 Na+(g) 609.839 574.877 1 47.85 
H2O(l) -285 .840 -237. 1 92 69.940 Na+ (aq) -239.66 -26 1 .87 60.2 
H202(l) - 1 87 .8  - 1 20.4 1 1 0 NaP(s) -575.4 -545. 1 5 1 .2 1  
H202(aq) - 1 9 1 .2 - 1 34. 1 1 44 NaCI(s) -4 1 1 . 1  -384.0 72. 1 2  

Phosphorus NaBr(s) -36 1  -349 86.82 
P 4(S, white) 0 0 4 1 . 1  NaOH(s) -425.609 -379.53 64.454 
peg) 3 1 4.6 278.3 1 63 . 1 Na2C03(S) - 1 1 30.8 - 1 048. 1 1 39 
pes, red) - 17.6 - 1 2. 1 22.8 NaHC03(s) -947.7 - 85 1 .9 1 02 
P2(g) 1 44 1 04 2 1 8  NaI(s) -288 -285 98.5 
P4(g) 58 .9 24.5 280 Strontium 
PCI3(g) -287 -268 3 1 2  Sr(s) 0 0 54.4 
PCI3(l) -320 -272 2 1 7  Sr(g) 1 64 1 1 0 1 64.54 
PCls(g) -402 -323 353 Sr2+ (g) 1 784 
PCls(s) -443.5 Sr2+ (aq) -545.5 1 -557.3 -39 
P4O I0(S) -2984 -2698 229 SrCI2(s) - 828.4 -78 1.2 1 1 7 
P043- (aq) - 1266 - 1 0 1 3  -2 1 8  SrC03(s) - 1 2 1 8  - 1 1 3 8  97 . 1  
HPO/- (aq) - 128 1 - 1 082 -36 SrO(s) -592.0 -562.4 55.5 
H2P04 -(aq) - 1285 - 1 1 35 89. 1 SrS04(s) - 1 445 - 1 334 1 22 
H3P04(aq) - 1 277 - 1 0 1 9  228 Sulfur 

Potassium S(rhombic) 0 0 3 1 .9 
K(s) 0 0 64.672 S(monociinic) 0.3 0.096 32.6 
K(g) 89.2 60.7 1 60.23 S(g) 279 239 1 68 
K+(g) 5 1 4. 1 97 48 l .202 1 54.47 S2(g) 1 29 80. 1 228. 1 
K+(aq) -25 1 .2 -282.28 1 03 Ss(g) 1 0 1  49. 1 430.2 1 1  
KF(s) -568.6 -538.9 66.55 S2- (aq) 4 l .8 83.7 22 
KCI(s) -436.7 -409.2 82.59 HS- (aq) - 1 7.7 1 2.6 6 1 . 1  
KBr(s) -394 -380 95.94 H2S(g) -20.2 -33 205 .6 
KJ(s) -328 -323 1 06.39 H2S(aq) -39 -27.4 1 22 
KOH(s) -424.8 -379. 1 78.87 SOAg) -296.8 -300.2 248 . 1 
KCI03(s) -397.7 -296.3 1 43 . 1 S03(g) -396 -37 1  256.66 
KCI04(s) -432.75 - 303.2 1 5 1 .0 SO/- (aq) -907.5 1 -74 1 .99 1 7  

Rubidium HS04 - (aq) - 885.75 -752.87 1 26.9 
Rb(s) 0 0 69.5 H2S04(l) - 8 1 3 .989 -690.059 1 56.90 
Rb(g) 85. 8 1 55.86 1 69.99 H2S04(aq) -907.5 1 - 74 1 .99 1 7  
Rb+(g) 495.04 Tin 
Rb+(aq) -246 -282.2 1 24 Sn(white) 0 0 5 1 . 5 
RbF(s) -549.28 Sn(gray) 3 4.6 44.8 
RbCI(s) -435.35 -407 .8  95.90 SnCI4(l) -545 .2  -474.0 259 
RbBr(s) -389.2 -378 . 1 1 08.3 Sn02(S) -580.7 - 5 1 9.7 52.3 
RbI(s) -328 -326 1 1 8 .0 Zinc 

Silicon Zn(s) 0 0 4 1 .6 
SiCs) 0 0 1 8.0 Zn(g) 1 30.5 94.93 1 60.9 
SiF4(g) - 1 6 1 4.9 - 1 572.7 282.4 Zn2+ (aq) - 1 52.4 - 147.2 1 - 1 06.5 
Si02(s) -9 1 0.9 - 856.5 4 1 .5 ZnO(s) -348.0 - 3 1 8.2 43 .9 

Silver ZnS(s, zinc -203 - 1 98 57.7 
Ag(s) 0 0 42.702 blende) 



Append ix C 

EQUI LI BRIUM CONSTANTS AT 298 K 

Dissociation (Ionization) Constants (1Ca) of Selected Acids 
Name and Formula 

Acetic acid 
CH3COOH 

Acetylsalicylic acidt 
CH3COOC6H4COOH 

Adipic acid 
HOOCCCH2)4COOH 

Arsenic acid 
H3As04 

Ascorbic acid 
HZC6H606 

Benzoic acid 
C6HsCOOH 

Carbonic acid 
HZC03 

Chloroacetic acid 
CICH2COOH 

Chlorous acid 
HCI02 

*Acidic (ionizable) proton(s) shown in red. 
tAt 3JOC in 0, 1 5  M NaCI. 

A-8 

Lewis Structure' 

H :0: 
I I I  . .  

H-C-C-O-H 
I . . 
H 

H H \ / 
C-C :0: 

/j � II . .  
H- C' C-C-O-H 

\ / :O:
'H /=\ I I I 

H :O-C-C-H . . I 
H 

:0: H H H H :0: 
. .  I I  I I I I I I  . .  

H-O-C-C-C-C-C-C-O-H . . I I I I . . 
H H H H 

:0: 
. .  I I  . .  

H-O-As-O-H . .  I . . 
:Q-H 

H-O O-H . .  " / . .  
C=C 

H 
H ,, / \ _ "  

I C, . .  /c - o 
. .  / '0/ . . :O-C-C-H " 
I I I 
H H :Q-H 

H H \ / C=C :0: 
/ \ II . .  

H-C C-C-O-H 
� /j . .  
C-C 

/ \ H H 

:0: 
. .  I I  . .  

H-Q-C-Q-H 

H :0: 
. .  I I I  . .  

:CI-C-C-O-H . . I . .  
H 

1 . 8 X  1 0-5 

3 .6X 1 0-4 

3.8X 1 0-5 3 .8X 1 0-6 

6X lO-3  3 X I 0- I Z  

l .OX 1 0-5 5X lO- I Z  

6.3 X lO-5 

4.5 X l O-7 4 .7X 1 0- 1 1  

1 .4X 1 0-3 

1.1 X 10-2 

( Continued) 



APPENDIX C Equilibrium Constants at 298 K 

Dissociation (Ionization) Constants (Ka) of Selected Acids 
Name and Formula 

Citric acid 
HOOCCH2CCOH)(COOH)CH2COOH 

Formjc acid 
HCOOH 

Glyceric acid 
HOCH2CH(OH)COOH 

GlycoLic acid 
HOCH2COOH 

Glyoxylic acid 
HCCO)COOH 

Hydrocyanic acid 
HCN 

Hydrofluoric acid 
HF 

Hydrosulfuric acid 
H2S 

Hypobromous acid 
HBrO 

Hypochlorous acid 
HClO 

Hypoiodous acid 
HIO 

Iodic acid 
H103 

Lactic acid 
CH3CH(OH)COOH 

Maleic acid 
HOOCCH=CHCOOH 

Lewis Structure' 

H 
I 

:0: H :0: H :0: 
. .  I I  I I I I I  . .  

H-O-C-C-C-C-C-O-H . .  I I I . .  
H H 

c=o 
I . .  

:Q-H 

:0:  
I I  . .  

H-C-Q-H 

H H :0: 
. .  I I I I  . .  

H-O-C-C-C-O-H . .  I I . .  
H :O-H 

H :0: 
. .  I I I  . .  

H-O-C-C-O-H .. I . .  
H 

H :0: 
. .  I I I  . . Q=C-C-Q-H 

H-F,: 

H-�-H 

H-Q- ): :  

:0: 
. .  I I  . .  

H-Q -.I.=Q 

H H :0: 
I I I I . .  

H-C- C-C-O-H 
I I . .  
H :Q-H 

7.4X 1 0-4 

1 .8 X  1 0-4 

2 .9X l O -4 

1 .5 X  1 0-4 

3 .5 X 10-4 

6.2X 10- 1 0  

6 .8X 1 0-4 

9 X l O-8 

2 .3 X 1 0-9  

2 .9X 1 0- 8 

2.3 X 1 0- 1 1 

1 .4X l O-4 

A-9 

1 .7 X 1 0 -5 4.0X 1 0-7 

l X I 0- 1 7 

4 .7X 1 0-7 

( Continued ) 
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Dissociation (Ionization) Constants (Ka) of Selected Acids (continued) 
Name and Formula 

Malonic acid 
HOOCCH2COOH 

Nitrous acid 
HN02 

Oxalic acid 
HOOCCOOH 

Phenylacetic acid 
C6HsCH2COOH 

Phosphoric acid 
H3P04 

Phosphorous acid 
HPO(OHh 

Propanoic acid 
CH3CH2COOH 

Pyruvic acid 
CH3C(O)COOH 

Succinic acid 
HOOCCH2CH2COOH 

Sulfuric acid 
H2S04 

Sulfurous acid 
H2S03 

Lewis Structure" 

:0: H :0: 
. . I I I I I . .  

H-O -C-C-C-O-H . .  I . .  
H 

H-Q -N=Q 

:0: :0: 
. .  I I  I I  . . 

H-Q -C-C-Q-H 

H H 
\ / 

C=C 
/ \ . .  

H-C C-O-H 
� I; . .  

C - C  
/ \ 

H H 

H H 
\=/ H :0: 
/ \ I I I . .  

H-C C-C-C-O-H 
� I; I . .  

C-C H 
/ \ 

H H 

:0: 
. . I I  . .  H- O - P -O-H . . I . .  

:Q-H 

:0: 
I I  . . H- P -O-H 
I . .  

:Q-H 

H H :0: 
I I I I  . .  

H -C-C-C-O-H 
I I . .  
H H 

H :0: :0: 
I I I  I I  . . 

H -C-C-C-O-H 
I . . 
H 

:0: H H :0: 
. . I I  I I I I  . .  

H-O -C-C-C-C-O-H . . I I . . 
H H 

:0: 
. . I I  . .  

H- O - S - O-H . .  II . .  
:0: 

:0: 
. .  I I  . .  

H- Q- S -Q-H 

1 .4 X 10-3 2 .0X l O-6 

S .6X 10-2 SAX lO-s 

l .OX 1 0- 10  

4 .9x l O-s 

7.2 X l O-3 6.3 X lO-8 4.2 X l O- 1 3 

3 X 10-2 

1 .3 X 10-5 

2.8 X l O-3 

6 .2X l O-s 2.3 X 10-6 

Very large l .OX 1 0-2 

6.S X lO-8 



APPENDIX C Equilibrium Constants at 298 K 

Dissociation (Ionization) Constants (Kb) of Selected Amine Bases 
Name and Formula Lewis Structure" Kbl 

Ammonia 
NH3 

Aniline 
C6HSNH2 

Diethylamine 
(CH3CH2hNH 

Dimethylamine 
(CH3hNH 

Ethanolamine 
HOCH2CH2NH2 

Ethylamine 
CH3CH2NH2 

Ethylenediamine 
H2NCH2CH2NH2 

Methylamine 
CH3NH2 

tert-Butylamine 
(CH3hCNH2 

Piperidine 
CsH l oNH 

n-Propylamine 
CH3CH2CH2NH2 

H- N-H 
I 
H 

H H 
\ / 

C=C 
/ \ . . 

H-C C- N-H 
� /; I C -C H 
/ \ 

H H 

H H H H 
I I . .  I I 

H -C-C- N-C-C-H 
I I I I I 
H H H H H 

H H 
I . .  I 

H -C- N-C -H 
I I I 
H H H 

H H 
. .  I I . .  

H-O -C-C- N-H . . I I I 
H H H 

H H 
I I . .  

H -C-C- N-H 
I I I 
H H H 

H H 
. . I I . .  

H - N-C-C- N-H 
I I I I 
H H H H 

H 
I . .  

H -C- N-H 
I I 
H H 

H H-N-H H 
I I I 

H -C-C-C-H 
I I I 
H H-C-H H 

I 
H 

H H H 
I I I . .  

H -C-C-C- N-H 
I I I I 
H H H H 

-Blue type indicates the basic nitrogen and its lone pair. 

4.0X lO- IO  

8 .6X 1 0-4 

5 .9X 10-4 

3 .2X 10-5 

4.3 X 10-4 

8.5 X lO-5 

4.4X 1 0-4 

4.8X lO-4 

3 .5 X l O-4 

(Continued) 

A· l l 
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Dissociation (Ionization) Constants (Kb) of Selected Amine Bases (continued) 
Name and Formula Lewis Structure" Kbl Kb2 

Isopropy lamjne 
(CH3hCHNH2 

H H-N-H H 
I I I H -C-C-C-H 
I I I H H H 

H H H 
. . I I I . .  

4.7X 10-4 

Propylenediamine 
H2NCH2CH2CH2NH2 

H -N-C-C-C-N-H 3. 1 X lO-4 

Pyridine 
CsHsN 

I I I I I H H H H H 
H H 
\ / C=C 
/ \ H-C N: 
� I; C-C 
/ \ H H 

1 .7 X 10-9 

H H H H 
I I . .  I I 

S .2X 1 0-4 Triethylamine 
(CH3CH2hN 

H -C-C-N-C-C-H 
I I I I I H H H-C-H H H 

I H-C-H 
I H 

H H 
I . .  I 

Trimethylamine 
(CH3hN 

H -C-N-C-H 
I I I H H-C-H H 

I H 

Dissociation (Ionization) Constants 
(1Ca) of Some Hydrated Metal Ions 

Free Hydrated 
Ion Ion Ka 

Fe3+ Fe(H20)63+  (aq) 6X 1 0-3 
Sn2+ Sn(H2O)62+(aq) 4X 1 0-4 
Cr3+ Cr(H20)63+ (aq) 1 X 1 0-4 
AI3+ AI(H20)63+ (aq) 1 X l O-s 
Cu2+ Cu(H20)62 + (aq) 3X  10-8 
Pb2+ Pb(H20)62+ (aq) 3X  10-8 
Zn2+ Zn(H20)i+ (aq) 1 X 1 0-9 
Co2+ Co(H20)i+ (aq) 2X 1 0- 1 0  
Ni2+ Ni(H2O)62+ (aq) 1 X 10- 1 0  

6.3 X lO-s 

Formation Constants (Kf) 
of Some Complex Ions 

Complex Ion 

Ag(CNh-
Ag(NH3h + 
Ag(S203h3-
AIF63-
AI(OH)4 -
Be(OH)42-
CdI/-
CO(OH)42-
Cr(OH)4 -
Cu(NH3)/+ 
Fe(CN)64-
Fe(CN)63-
Hg(CN)/-
Ni(NH3)6

2+ 
Pb(OHh -
Sn(OHh -
Zn(CN)/-
Zn(NH3)/+ 
Zn(OH)/-

3.0X lO-6 

Kf 

3.0X 1 020 
1 .7 X 1 07 
4.7 X 1 0 1 3 
4 X 10 1 9  
3 X 1 033 
4 X 10 1 8  

X 106 
5 X 1 09 
8.0x 1 029 
S .6X lO l l  
3 X 103S 
4.0X 1 043 
9.3 X 1038 
2.0X 108 
8 X 10 1 3 
3 X 1 02S 
4.2X 10 1 9  
7.8 X 108 
3 X 10 l S  
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Solubility-Product Constants (Ksp) of Slightly Soluble Ionic Compounds 
Name, Formula Ksp Name, Formula Ksp 
Carbonates Cobalt(II) hydroxide, Co(OHh 1 .3 X 10- 1 5  

Barium carbonate, BaC03 2 .0X 10-9 Copper(II) hydroxide, CU(OH)2 2.2X 1 0-20 
Cadmium carbonate, CdC03 1 . 8 X  1 0- 14 Iron(II) hydroxide, Fe(OHh 4. I X l O- 1 5 
Calcium carbonate, CaC03 3 .3 x l O-9 Iron(III) hydroxide, Fe(OHh 1 .6x 1 0-39 
Cobalt(II) carbonate, CoC03 1 .0 X lO- ' 0  Magnesium hydroxide, Mg(OH)2 6.3 X l O- 10 
Copper(II) carbonate, CuC03 3 X lO- ' 2 Manganese(II) hydroxide, Mn(OH)2 1 .6X lO- ' 3 
Lead(II) carbonate, PbC03 7 .4 X lO- '4 Nickel(II) hydroxide, Ni(OH)2 6 X 1 0- 16 
Magnesium carbonate, MgC03 3 .S X 1 0-8 Zinc hydroxide, Zn(OHh 3 x l O- 16 
Mercury(I) carbonate, Hg2C03 8.9 X l O- 1 7 Iodates 
Nickel(II) carbonate, NiC03 1 .3 X 1 0-7 Barium iodate, Ba(I03h 1 .5 X  1 0-9 
Strontium carbonate, SrC03 5 .4X 10- 10 Calcium iodate, Ca(I03h 7 . I X IO-7 
Zinc carbonate, ZnC03 1 .0X lO- 10 Lead(II) iodate, Pb(I03h 2.5 x l O- 1 3 

Chromates Silver iodate, AgI03 3 . I X l O-8 
Barium chromate, BaCr04 2. I X lO- 10 Strontium iodate, Sr(I03h 3 .3X 1 0-7 
Calcium chromate, CaCr04 1 X 1 O-8 Zinc iodate, Zn(I03)2 3 .9X 1 0-6 
Lead(II) chromate, PbCr04 2 .3 x lO- ' 3 Oxalates 
Silver chromate, Ag2Cr04 2.6 X IO- 1 2 Barium oxalate dihydrate, BaC204·2H2O 1 . 1  X 1 0-7 

Cyanides Ca.lcium oxalate monohydrate, CaC204' H2O 2.3 X 1 0-9 
Mercury(I) cyanide, Hg2(CNh 5 X 1 0-40 Strontium oxalate monohydrate, 
Silver cyanide, AgCN 2.2 X 1O- ' 6  SrC204,H2O 5 .6X 1 0-8 

Halides Phosphates 
Fluorides Calcium phosphate, Ca3(P04h l .2X  1 0-29 
Barium fluoride, BaF2 1 .5 X 1 O-6 Magnesium phosphate, Mg3(P04h 5.2X 1 0-24 

Calcium fluoride, CaF2 3.2 X 1O- 1 1  Silver phosphate, Ag3P04 2.6X 10- 1 8 
Lead(II) fluoride, PbF2 3 .6X 1 0-8 Sulfates 
Magnesium fluoride, MgF2 7.4X 10-9 Barium sulfate, BaS04 1 . 1  X 10- 10 
Strontium fluoride, SrF2 2.6x lO-9 Calcium sulfate, CaS04 2.4X 1 0-5 
Chlorides Lead(II) sulfate, PbS04 1 .6X 1 0-8 
Copper(I) chloride, CuCI 1 .9 X  10-7 Radium sulfate, RaS04 2 X 1 0- 1 1 
Lead(II) chloride, PbCI2 1.7 X 1 0-5 Silver sulfate, Ag2S04 1 .5 X 10-5 
Silver chloride, AgCl 1 . 8X  10- 1 0 Strontium sulfate, SrS04 3 .2X 10-7 
Bromides Sulfides 
Copper(I) bromide, CuBr 5 X 1 0-9 Cadmium sulfide, CdS l .OX 1 0-24 

Silver bromide, AgBr 5 .0X 1 0- 1 3 Copper(II) sulfide, CuS 8 X 1 0-34 

Iodides Iron(II) sulfide, FeS 8 x l O- '6  
Copper(I) iodide, CuI 1 X IO- ' 2 Lead(II) sulfide, PbS 3 X 10-25 
Lead(II) iodide, PbI2 7.9 X l O-9 Manganese(II) sulfide, MnS 3 X 1 0- 1 1  
Mercury(I) iodide, Hg2I2 4.7 X 10-29 Mercury(II) sulfide, HgS 2 X 1 0-50 
Silver iodide, AgI 8.3 X I 0- 1 7 Nickel(II) sulfide, NiS 3 X 1 0- 1 6 

Hydroxides Silver sulfide, Ag2S 8 X 1 0-48 
Aluminum hydroxide, AI(OHh 3 X 1 0-34 Tin(II) sulfide, SnS 1 .3 X 1 0-23 

Cadmium hydroxide, Cd(OHh 7.2 X lO- ' 5 Zinc sulfide, ZnS 2.0X 1 0-22 

Calcium hydroxide, Ca(OHh 6.5 X 1 0-6 
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STANDARD ELECTRODE (HALF-CELL) 
POTENTIALS AT 298 K* 

A- 1 4  

Half-Reaction 

F2(g) + 2e- � 2F-(aq) 
03(g) + 2H+(aq) + 2e- � 02(g) + H20(l) 
Co3+(aq) + e- � Co2+(aq) 
H202(aq) + 2H+(aq) + 2e- � 2H20(l) 
Pb02(s) + 3H+(aq) + HS04 -(aq) + 2e- � PbS04(s) + 2H20(l) 
Ce4+(aq) + e- � Ce3+(aq) 
Mn04 -(aq) + 8H+(aq) + 5e- � Mn2+ (aq) + 4H20(l) 
Au3+ (aq) + 3e- � Au(s) 
Cl2(g) + 2e- � 2Cl-(aq) 
Cr20/-(aq) + 1 4H+(aq) + 6e- � 2Cr3+(aq) + 7H20(l) 
Mn02(S) + 4H+(aq) + 2e- � Mn2+(aq) + 2H20(l) 
Oig) + 4H+(aq) + 4e- � 2H20(l) 
Br2(l) + 2e- � 2Br-(aq) 
N03 -(aq) + 4H+(aq) + 3e- � NO(g) + 2H20(l) 
2Hg2+ (aq) + 2e- � Hg22+ (aq) 
Hg}+(aq) + 2e- � 2Hg(l) 
Ag+(aq) + e- � Ag(s) 
Fe3+ (aq) + e- � Fe2+(aq) 
02(g) + 2H+(aq) + 2e- � H202(aq) 
Mn04 -(aq) + 2H20(l) + 3e- � Mn02(S) + 40H-(aq) 
I2(s) + 2e- � 2I-(aq) 
02(g) + 2H20(l) + 4e- � 40H-(aq) 
Cu2+ (aq) + 2e- � Cu(s) 
AgCJ(s) + e- � Ag(s) + CJ-(aq) 
S04

2-(aq) + 4H+(aq) + 2e- � S02(g) + 2H20(l) 
Cu2+(aq) + e- � Cu+(aq) 
Sn4+(aq) + 2e- � Sn2+(aq) 
2H+(aq) + 2e- � Hig) 
Pb2+(aq) + 2e- � Pb(s) 
Sn2+ (aq) + 2e- � Sn(s) 
N2(g) + 5H+(aq) + 4e- � N2HS +(aq) 
Ni2+ (aq) + 2e- � Ni(s) 
Co2+ (aq) + 2e- � Co(s) 
PbS04(s) + H+(aq) + 2e- � Pb(s) + HS04 -(aq) 
Cd2+ (aq) + 2e- � Cd(s) 
Fe2+ (aq) + 2e- � Fe(s) 
Cr3+(aq) + 3e- � Cr(s) 
Zn2+ (aq) + 2e- � Zn(s) 
2H20(l) + 2e- � H2(g) + 20H-(aq) 
Mn2+ (aq) + 2e- � Mn(s) 
AJ3+(aq) + 3e- � Al(s) 
Mg2+(aq) + 2e- � Mg(s) 
Na+(aq) + e- � Na(s) 
Ca2+(aq) + 2e- � Ca(s) 
Sr2+(aq) + 2e- � Sr(s) 
Ba2+ (aq) + 2e - � Ba(s) 
K+(aq) + e- � K(s) 
Li +(aq) + e- � Li(s) 

EO (V) 
+2.87 
+2.07 
+ 1 .82 
+ 1 .77 
+ 1 .70 
+ 1 .6 1  
+ 1. 5 1  
+ 1. 5 0  
+ 1 .36 
+ 1 . 33 
+ 1 .23 
+ 1 .23 
+ 1 .07 
+0.96 
+0.92 
+0.85 
+0.80 
+0.77 
+0.68 
+0.59 
+0.53 
+0.40 
+0.34 
+0.22 
+0.20 
+0. 1 5  
+0. 1 3  

0.00 
-0. 1 3  
-0. 14  
-0.23 
-0.25 
-0.28 
-0.3 1 
-0.40 
-0.44 
-0.74 
-0.76 
-0.83 
- 1 . 1 8  
- 1 .66 
- 2.37 
-2.7 1 
-2.87 
-2.89 
-2 .90 
-2.93 
-3 .05 

'Written as reductions; P value refers to all components in their standard states: 1 M for 

dissolved species; 1 atm pressure for the gas behaving ideally; the pure substance for solids 

and liquids. 
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ANSWERS TO SELECTED PROBLEMS 

Chapter 1 
1 .2 Gas molecules fi l l  the entire container; the volume of a gas is 
the volume of the container. Solids and liquids have a definite 
volume. The volume of the container does not affect the volume 
of a solid or liquid. (a) gas (b) liquid (c) liquid 1 .3 Physi­
cal property: a characteristic shown by a substance itself, without 
any interaction with or change into other substances. Chemical 
property: a characteristic of a substance that appears as it inter­
acts with, or transforms into, other substances. (a) Color (yel­
low-green and silvery to white) and physical state (gas and metal 
to crystals) are physical properties. The interaction between chlo­
rine gas and sodium metal is  a chemical property. 
(b) Color and magnetism are physical properties. No chemical 
changes. 1 .5(a) Physical change; there is only a temperature 
change. (b) Chemical change; the change in appearance indi­
cates an irreversible chemical change. (c) Physical change; 
there is only a change in size, not composition. (d) Chemical 
change; the wood (and air) become different substances with 
different compositions. 1 .7(a) fuel (b) wood 1 . 1 1 A well­
designed experiment must have the following essential features: 
( I )  There must be at least two variables that are expected to be 
related; (2) there must be a way to control all the variables, so that 
only one at a time may be changed; (3) the results must be repro­
ducible. 1 . 1 4(a) (2.54 cm? 1( 1 in)2 (b) ( 1 000 m)2/(1 km)2 
(c) ( 1 .609 X I03 mimi) and ( 1  h/3600 s) (d) ( 1 000 g/2.205 Ib) 
and (3.53 1 X 10-5 ft3/cm3) 1 . 1 6  An extensive property depends 
on the amount of material present. An intensive property is the 
same regardless of how much material is present. (a) extensive 
property (b) intensive property (c) extensive property 
(d) intensive property 1 . 1 8(a) increases (b) remains the same 
(c) decreases (d) increases (e) remains the same 1 .2 1  1 .43 nm 
1 .23(a) 1 .77 X 10-9 km2 (b) $8.92 1 .25(a) 5 .52X 103 kg/m3 

(b) 345 Ib/ft3 1 .27(a) 1 .72 X 1 0-9 mm3 (b) 10- 1 0 L 
1 .29(a) 9.626 cm3 (b) 64.92 g 1 .3 1  2.70 g/cm3 1 .33(a) 22°C; 
295 K (b) 1 09 K; -263°F (c) - 273°C; -460.oF 
1 .36(a) 2.55 X 1 0-7 m (b) 6830 A 1 .4 1  Initial zeros are never 
significant; internal zeros are always significant; terminal zeros 
to the right of a decimal point are significant; terminal zeros to 
the left of a decimal point are significant only if they were mea­
sured. 1 .42(a) none (b) none (c) 0.039Q (d) 3 .Q900x 104 
1 .44(a) l .34 m (b) 3 .350X 1 03 cm3 (c) 443 cm 
1 .46(a) l.3 1 0000X 1 05 (b) 4.7X 1 0-4 (c) 2 . 1 0006X 1 05 
(d) 2. 1 605 X I03 1 .48(a) 5550 (b) 1O,070 (c) 0.000000885 
(d) 0.003004 1 .50(a) 4.06X 10- 1 9 J (b) 1 .56 X 1 024 molecules 
(c) 1 .82X 1 05 J/mol 1 .52(a) Height measured, not exact. 
(b) Planets counted, exact. (c) Number of grams in a pound is 
not a unit definition, not exact. (d) Definition of "mil limeter," 
exact. 1 .54 7.50 ± 0.05 cm 1 .56(a) Iavg = 8.72 g; IIavg = 8.72 g; 
illavg = 8.50 g; IVavg = 8.56 g; sets I and II are most accurate. 
(b) Set III is the most precise, but is the least accurate. ( c) Set I 
has the best combination of high accuracy and high precision. 

(d) Set IV has both low accuracy and low precision. 
1 .59(a) 

(b) 

>, Oll 
... Q) t: W 

Cii 
'.;::l t: 
� 0 0... 

compressed spring 
less stable-energy 
stored in spring 

+ + 

two charges near each other 
less stable-repulsion of like 
charges 

1 .62(a) $ 1 9.40 before price increase; $33.90 after price increase 
(b) 5 1 .7 coins (c) 2 1 .0 coins 1 .64(a) 0.2 1  gIL, will float 
(b) CO2 is denser than air, wil l sink (c) 0.30 giL, will float 
(d) O2 is denser than air, will sink (e) J .38 gIL, will sink 
(n O.50 g 1 .67(a) 8.0X 1 0 1 2 g (b) 4. 1 X 105 m3 (c) 9 .5X 1 0 1 3 

dollars 1 .69(a) - J 95.79°C (b) - 320.42°F (c) 5 .05 L 
1 .72 7 . l X J 07 micropartides in the room; 1 .2 X I 03 microparti­
des in a breath 1 .73 2.3 X l  025 g oxygen; 1 .4X 1 025 g silicon; 
5 X l  0 1 5 g ruthenium (and rhodium) 1 .75 freezing point = 

-3 .7°X; boiling point = 63.3°X 

Chapter 2 
2. 1 Compounds contain different types of atoms; there is only 
one type of atom in an element. 2.4(a) The presence of more 
than one element makes pure calcium chloride a compound. 
(b) There is only one kind of atom, so sulfur is an element. 
(c) The presence of more than one compound makes baking 
powder a mixture. (d) The presence of more than one type of 
atom means cytosine cannot be an element. The specific, not 

A· 1 5  
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variable, arrangement means it is a compound. 2.6(a) elements, 
compounds, and mixtures (b) compounds (c) compounds 
2.7(a) Law of definite composition: the composition is the same 
regardless of its source. (b) Law of mass conservation: the total 
quantity of matter does not change. (c) Law of multiple propor­
tions: two elements can combine to form two different compounds 
that have different proportions of those elements. 2.8(a) No, 
the percent by mass of each element in a compound is fixed. 
(b) Yes, the mass of each element in a compound depends on the 
mass of the compound. (c) No, the percent by mass of each 
element in a compound is fixed. 2.9 The two experiments 
demonstrate the law of definite composition. The unknown com­
pound decomposes the same way both times. The experiments 
also demonstrate the law of conservation of mass since the total 
mass before reaction equals the total mass after reaction. 
2. 1 1 (a) 1 .34 g F (b) 0.5 1 4  Ca; 0.486 F (c) 5 1 .4 mass % Ca; 
48.6 mass % F 2. 1 3  3.498 X 1 06 g Cu; 1 .766 X 1 06 g S 2. 1 5  com­
pound 1 :  0.904 S/Cl; compound 2: 0.45 1 S/Cl; ratio: 2.001 1 .00 
2. 1 8  Coal A 2. 1 9  Dalton postulated that atoms of an element 
are identical and that compounds result from the chemical com­
bination of specific ratios of different elements. 2.20(a) If you 
know the ratio of any two quantities and the value of one of 
them, the other can always be calculated; in this case, the charge 
and the charge-to-mass ratio were known. (b) The charge on 
each oil droplet has a common factor of - 1.602X 1 0- 1 9 C, the 
charge of the electron. 2.23 All three isotopes have 1 8  protons 
and 1 8  electrons. Their respective mass numbers are 36, 38, and 
40, with the respective numbers of neutrons being 1 8, 20, and 22. 
2.25(a) These have the same number of protons and electrons, 
but different numbers of neutrons; same Z. (b) These have the 
same number of neutrons, but different numbers of protons and 
electrons ;  same N. (c) These have different numbers of protons, 
neutrons, and electrons; same A. 2.27(a) ��Ar (b) ��Mn 
(c) 1��Ag 2.29(a) i�Ti (b) ��Se (c) I�B 

2.3 1 69.72 amu 2.33 35C1 = 75.774%, 37Cl = 24.226% 
2.35(a) In the modern periodic table, the elements are arranged in 
order of increasing atomic number. (b) Elements in a group (or 
family) have similar chemical properties. (c) Elements can be 
classified as metals, metalloids, or nonmetals. 2.38(a) genna­
nium; Ge; 4A( 1 4) ;  metalloid (b) sulfur; S ;  6A( 16) ;  nonmetal 
(c) helium; He; 8A( 1 8) ;  nonmetal (d) lithium; Li ; l AO ); metal 
(e) molybdenum; Mo; 6B(6); metal 2.40(a) Ra; 88 (b) As; 33 
(c) Cu; 63.55 amu (d) Br; 79.90 amu 2.42 Atoms of these 
two kinds of substances will form ionic bonds, in which one 
or more electrons are transferred from the metal atom to the 
nonmetal atom to form a cation and an anion, respectively. 
2.44 Coulomb's law states the energy of attraction in an ioruc 
bond is directly proportional to the product of charges and in­
versely proportional to the distance between charges .  The prod­
uct of charges in MgO (2 + X 2 -) is greater than the product of 

charges in LiF ( 1  + X 1 -) .  Thus, MgO has stronger ionic bond­
ing. 2.47 K+;  1- 2.49(a) oxygen; 17 ;  6A( 16); 2 (b) fluorine; 
19 ;  7 A( l 7); 2 (c) calcium; 40; 2A(2); 4 2.5 1 Lithium forms 
the Li + ion; oxygen forms the 02- ion. Number of 02- ions = 

2.6X 1 020 02- ions. 2.53 NaCI 2.55 An empirical formula 
shows the simplest ratio of atoms of each element present in a 
compound, whereas a molecular formula describes the type and 
actual number of atoms of each element in a molecule of the com­
pound. The empirical formula and the molecular formula can be 
the same. The molecular formula is always a whole-number multi­
ple of the empirical formula. 2.56 The two samples are similar 
in that both contain 20 billion oxygen atoms and 20 billion hy­
drogen atoms. They differ in that they contain different types of 
molecules: H202 molecules in the hydrogen peroxide sample, 
and H2 and O2 molecules in the mixture. In addition, the mixture 
contains 20 billion molecules ( 1 0  billion H2 and 1 0  billion 02), 
while the hydrogen peroxide sample contains 1 0  billion mole­
cules. 2.57(a) NH2 (b) CH20 2.59(a) Li3N, lithium nitride 
(b) SrO, strontium oxide (c) AICI3, aluminum chloride 
2.61 (a) MgF2' magnesium fluoride (b) Na2S ,  sodium sulfide 
(c) SrCI2, strontium chloride 2.63(a) SnCl4 (b) iron(III) bro­
mide (c) CuBr (d) manganese(III) oxide 2.65(a) BaO 
(b) Fe(N03h (c) MgS 2.67(a) H2S04; sulfuric acid 
(b) HI03; iodic acid (c) HCN; hydrocyanic acid (d) H2S; 
hydrosulfuric acid 2.69 Disulfur tetrafluoride, S2F4 
2.71 (a) 12  oxygen atoms; 342.2 amu (b) 9 hydrogen atoms; 
1 32.06 amu (c) 8 oxygen atoms; 344.6 amu 2.73(a) (NH4)2S04; 
1 32. 15  amu (b) NaH2P04; 1 19.98 amu (c) KHC03; 100. 1 2  amu 
2.75 disulfur dichloride; SCI; 135.04 amu 2.77(a) S03, sulfur 
trioxide, 80.07 amu (b) N20, dinitrogen monoxide, 44.02 amu 
2.79 Separating the components of a mixture requires physical 
methods only; that is, no chemical changes (no changes in compo­
sition) take place, and the components maintain their chemical 
identities and properties throughout. Separating the components of 
a compound requires a chemical change (change in composition). 
2.82(a) compound (b) homogeneous mixture (c) heterogeneous 
mixture (d) homogeneous mixture (e) homogeneous mixture 
2.84(a) fraction of volume = 5 .2X 1 0- 13 (b) mass of 
nucleus = 6.64466X 1 0-24 g; fraction of mass = 0.999726 
2.86(a) I = NO; II = N203; III = N205 (b) I has 1 . 14 g ° per 
1 .00 g N; II, 1 .7 1  g O; III, 2.86 g ° 2.88(a) CI-, 1 .898 mass %; 
Na+, 1.056 mass %;  sol-, 0.265 mass %;  Mg2+ ,  0. 127 mass %; 
Ca2+ ,  0.04 mass %;  K+, 0.038 mass %;  HC03 -, 0 .014 mass % 
(b) 30.72% (c) Alkaline earth metal ions, total mass % = 

0. l7%;  alkali metal ions, total mass % = 1.094% (d) Anions 
(2. 1 77 mass %) make up a larger mass fraction than cations 
( 1 .26 mass %). 2.90 Molecular, C4H604; empirical, C2H302; 
molecular mass, 1 1 8.09 amu; 40.68% by mass C; 5 . 1 22% by 
mass H; 54.20% by mass ° 2.92 58.09 1 amu 2.94 0.370 Ib C ;  
0.0222 Ib  H; 0.423 Ib  0; 0. 1 85 lb N 2. 1 04( 1 )  chemical change 
(2) physical change (3) chemical change (4) chemical change 
(5) physical change 

Chapter 3 
3.2(a) 1 2  mol C atoms (b) 7 .226X 1 024 C atoms 3.6(a) left 
(b) left (c) left (d) neither 3.7(a) 1 2 1 .64 g/mol 
(b) 44.02 g/mol (c) 1 06.44 g/mol (d) 1 52.00 g/mol 
3.9(a) 1 50.7 g/mol (b) l 75.3 g/mol (c) 342. 1 7  g/mol 
(d) 1 25 .84 g/mol 3.1 1 (a) 9 .0X I 0 1 g KMn04 (b) 0.33 1 mol 
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° atoms (c) 1 . 8X 1020 ° atoms 3 . 1 3(a) 97 g MnS04 
(b) 4.46 X 10-2 mol Fe(CI04h (c) 1 .74 X 1 024 N atoms 
3.1 5(a) 1 .57 X 1 03 g Cu2C03 (b) 0.366 g NZ05 (c) 0.473 mol 
NaCI04; 2.85 X l Oz3 formula units NaCI04 (d) 2 .85 x l0z3 Na+ 
ions; 2.85 X 1 023 CI04 - ions; 2 .85 X 1 023 CI atoms; 1 . 14X 1024 a 
atoms 3. 1 7(a) 6.375 mass % H (b) 7 1 .52 mass % ° 
3. 1 9(a) 0.9507 mol cisplatin (b) 3 . 5X  lOz4 H atoms 
3.21 CO(NHzh > NH4N03 > (NH4hS04 > KN03 
3.22(a) 883 mol PbS (b) 1 .88X 1 025 Pb atoms 3.24(b) From 
the mass percent, determine the empirical formula. Add up the 
total number of atoms in the empirical formula, and divide that 
number into the total number of atoms in the molecule. The result 
is the multiplier that makes the empirical formula into the molec­
ular formula. (c) (mass % expressed directly in grams)( l Imolar 
mass) = moles of each element (e) Count the numbers of 
the various types of atoms i n  the structural formula and put 
these into a molecular formula. 3.25(a) CH2; 1 4.03 g/mol 
(b) CH30; 3 1 .03 g/mol (c) N205; 1 08.02 glmol (d) Ba3(P04)2; 
60 1 .8 g/mol (e) TeI4; 635.2 g/mol 3.27(a) C3H6 (b) N2H4 
(c) N204 (d) C5H5N5 3.29(a) Cl207 (b) S iCI4 (c) CO2 
3.3 1 (a) 1 .20 mol F (b) 24.0 g M (c) calcium 3.33 C2 1H3005 
3.34 C I OH200 3.36 b 
3.37(a) 1 6Cu(s) + Sg(s) ----+ 8CU2S(S) 

(b) P40 IO(S) + 6H20(I) ----+ 4H3P04(l) 
(c) BZ03(S) + 6NaOH(aq) ----+ 2Na3BOj(aq) + 3H20(l) 
(d) 4CH3NH2(g) + 902(g) ----+ 

4C02(g) + 10H20(g) + 2N2(g) 
3.39(a) 4Ga(s) + 30z(g) ----+ 2GaZ03(s) 

(b) 2C6H I4(l) + 1 902(g) ----+ 1 2C02(g) + 1 4H20(g) 
(c) 3CaCI2(aq) + 2NaJP04(aq) ----+ 

Caj(P04h(s) + 6NaCI(aq) 
3.4 1 (a) 2.22X 103 mol KNOj (b) 2.24x 1 05 g KNOj 
3.43 1 50.2 g HjBOj; 14.69 g H2 3.45 2.03 X 1 03 g Cl2 
3.47(a) 0. 105 mol CaO (b) 0. 1 75 mol CaO (c) calcium 
(d) 5.88 g CaO 3.49 1 .47 mol HIOj, 258 g HIOj; 38.0 g H20 in 
excess 3.5 1 4.40 g CO2; 4.80 g O2 in excess 3.53 6.4 g 
AI(N02)3 ; no NH4CI; 45.4 g AICI3 ; 28.6 g N2; 36.8 g H20 
3.55 53% 3.57 98.2% 3.59 24.5 g CHjCl 3.61 52.9 g CF4 
3.64(a) C (b) B (c) C (d) B 3.65(a) 5 .76 g Ca(C2Hj02h 
(b) 0.254 M KI (c) 1 24 mol NaCN 3.67(a) 0.061 7  M KCI 
(b) 0.00363 M (NH4hS04 (c) 0.0 1 50 M Na + 3.69(a) 987 g 
HNOiL (b) 1 5.7 M HNOj 3.71 845 mL 3.73 0.87 g BaS04 
3.75(a) Instructions: Be sure to wear goggles to protect your eyes ! 
Pour approximately 3.0 gal of water into the container. Add to the 
water, slowly and with mixing, 1 .5 gal of concentrated HCI. Dilute 
to 5.0 gal with more water. (b) 22.4 mL 3.76 X = 3 
3.77 ethane > propane > cetyl palmitate > ethanol > benzene 
3.8 1 89.8% 3.82(a) 2AB2 + B2 ----+ 2AB3 (b) AB2 
(c) 5.0 mol ABj (d) 0.5 mol B2 3.85(a) C (b) B (c) D 
3.89 0.Q7 1 M KBr 3.92 586 g CO2 3.93 10:0.66: 1 .0 
3.95 32.7 mass % C 3.97(a) 1 92. 1 2  g/mol; C6Hs07 
(b) 0.549 mol 3.99(a) 0.027 g heme (b) 4.4X 10-5 mol heme 
(c) 2.4X l O-j g Fe (d) 2.9X 10-2 g hemin 3.102(a) 46.65 
mass % N in urea; 3 1 .98 mass % N in arginine; 2 1 .04 mass % 
N in ornithine (b) 30. 1 3  g N 3. 1 06 44.6% 

Chapter 4 
4.2 Ions must be present and they come from ionic compounds 
or from electrolytes such as acids and bases. 4.5 (2) 

4.8 (a) Benzene is l ikely to be insoluble in water because it is 
nonpolar and water is  polar. (b) Sodium hydroxide, an ionic 
compound, is  likely to be very soluble in water. (c) Ethanol 
(CH3CH20H) is likely to be soluble in water because the 
alcohol group (-OH) is polar. (d) Potassium acetate, an ionic 
compound, is likely to be very soluble in water. 4. 1 0(a) Yes, 
CsI is a soluble salt. (b) Yes ,  HBr is a strong acid. 
4. 1 2(a) 3 .3  mol (b) 8 .93 x lO-5 mol (c) 8 . 1 7 X l O-3 mol 
4. 1 4(a) 0.245 mol AI3+ ;  0.735 mol CI- ; 1 .48 X 1 023 AI3+ ions; 
4.43 X 1023 CI- ions (b) 0.0848 mol Li + ;  0.0424 mol 
SO/- ;  5 . 1 1 X 1022 Li+ ions ;  2 .55 X 1022 SO/- ions 
(c) 3 .78X I02 1 K+ ions; 3.78X 1 02 1 Br- ions; 6.28X l O-3 mol K+; 
6.28X lO-3 mol Br- 4. 1 6(a) 0.35 mol H+ (b) 1 .3 X 10-3 mol 
H+ (c) 0.43 mol H+ 4.23 Assuming that the left beaker 
contains AgN03 (because it has gray Ag + ion), the right must 
contain NaCI. Then, N03 - is blue, Na + is brown, and CI- is 
green. 
Molecular equation: AgN03(aq) + NaCI(aq) ----+ 

AgCI(s) + NaN03(aq) 
Total ionic equation: Ag+(aq) + N03 -(aq) + Na+(aq) + 

CI-(aq) ----+ AgCI(s) + Na+(aq) + N03-(aq) 
Net ionic equation: Ag + (aq) + CI- (aq) ----+ AgCI(s) 
4.24(a) Molecular: Hg2(N03h(aq) + 2KI(aq) ----+ 

Hg212(s) + 2KN03(aq) 
Total ionic: Hg22+(aq) + 2N03 -(aq) + 2K+(aq) + 

2I-(aq) ----+ Hg2I2(s) + 2K+(aq) + 2N03 -(aq) 
Net ionic: Hg/+ (aq) + 21-(aq) ----+ Hg212(s) 
Spectator ions are K+ and N03 - .  

(b) Molecular: FeS04(aq) + Ba(OHhCaq) ----+ 
Fe(OHhCs) + BaS04(s) 

Total ionic: Fe2+(aq) + SO/-(aq) + Ba2+(aq) + 
20H-(aq) ----+ Fe(OHhCs) + BaS04(s) 

Net ionic: This is the same as the total ionic equation, be­
cause there are no spectator ions. 

4.26(a) No precipitate will form. (b) A precipitate wiJl form be­
cause silver ions, Ag + ,  and iodide ions, 1- ,  will combine to form 
a solid salt, silver iodide, AgI. The ammonium and nitrate ions 
do not form a precipitate. 
Molecular: NH4I(aq) + AgN03(aq) ----+ 

AgI(s) + NH4N03(aq) 
Total ionic: NH4 + (aq) + 1-(aq) + Ag + (aq) + N03 -(aq) ----+ 

AgI(s) + NH4 + (aq) + N03 -(aq) 
Net ionic: Ag + (aq) + 1-(aq) ----+ AgI(s) 
4.28 0.0389 M Pb2+ 4.30 1 . 80 mass % CI 
4.36(a) Molecular equation: KOH(aq) + HI(aq) ----+ 

KI(aq) + H20(l) 
Total ionic equation: K+(aq) + OH-(aq) + H+(aq) + 

I-(aq) ----+ K+(aq) + I-(aq) + H20(I) 
Net ionic equation: OH- (aq) + H+(aq) ----+ H20(l) 
The spectator ions are K+(aq) and I-(aq). 

(b) Molecular equation: NH3(aq) + HCI(aq) ----+ 
NH4C1(aq) 

Total ionic equation: NH3(aq) + H+(aq) + CI-(aq) ----+ 
NH4 +(aq) + CI-(aq) 

NH3, a weak base, is written in the molecular (undissoci­
ated) form. HCI, a strong acid, is written as dissociated 
ions. NH4CI is a soluble compound, because all ammo­
nium compounds are soluble. 
Net ionic equation: NH3(aq) + H+(aq) ----+ NH4 +(aq) 
CI- is the only spectator ion. 
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4.38 Total ionic equation: CaC03(s) + 2H+(aq) + 2CI-(aq) -­
Ca2+ (aq) + 2Cqaq) + H20(l) + CO2(g) 

Net ionic equation: CaC03(s) + 2H+(aq) --
Ca2+ (aq) + H20(l) + CO2(g) 

4.40 0.05839 M CH3COOH 4.45(a) S has O.N. = +6 in sol­
(i.e. , H2S04), and O.N. = +4 in S02, so S has been reduced 
(and 1 - oxidized); H2S04 acts as an oxidizing agent. (b) The 
oxidation numbers remain constant throughout; H2S04 transfers 
a proton to F- to produce HF, so it acts as an acid. 4.46(a) - 1  
(b) -2 (c) - 3  (d) + 3  4.48(a) -3  (b) +5  (c) +3  
4.50(a) +6  (b) +3  (c) +7  4.52(a) Mn04 - i s  the oxidizing 
agent; H2C204 is the reducing agent. (b) Cu is the reducing 
agent; N03 - is the oxidizing agent. 4.54(a) Oxidizing agent is 
N03 -; reducing agent is Sn. (b) Oxidizing agent is Mn04- ; 
reducing agent is CI - .  4.56 S is in Group 6A( l 6), so its highest 
possible O.N. is +6 and its lowest possible O.N. is 6 - 8 = -2. 
(a) S = -2. The S can only increase its O.N. (oxidize), so S2- can 
function only as a reducing agent. (b) S = +6. The S can only 
decrease its O.N. (reduce), so sol- can function only as an 
oxidizing agent. (c) S = +4. The S can increase or decrease 
its O.N. Therefore, S02 can function as either an oxidizing or 
reducing agent. 
4.62(a) 2Sb(s) + 3CI2(g) -- 2SbCI3(s); combination 

(b) 2AsH3(g) -- 2As(s) + 3H2(g); decomposition 
(c) 3Mn(s) + 2Fe(N03h(aq) --

3Mn(N03h(aq) + 2Fe(s); displacement 
4.64(a) N2(g) + 3H2(g) -- 2NH3(g) 

(b) 2NaCI03(s) � 2NaCI(s) + 302(g) 
(c) Ba(s) + 2H20(l) -- Ba(OHh(aq) + H2(g) 

4.66 (a) 2Cs(s) + 12(s) -- 2CsI(s) 
(b) 2AI(s) + 3MnS04(aq) -- AI2(S04h(aq) + 3Mn(s) 
(c) 2S02(g) + 02(g) -- 2S03(g) 
(d) C3HS(g) + 502(g) -- 3C02(g) + 4H20(g) 
(e) 2AI(s) + 3Mn2+(aq) -- 2AI3+ (aq) + 3Mn(s) 

4.68 3 1 5  g 02; 3 .95 kg Hg 4.70(a) O2 is in excess. 
(b) 0. 1 1 7 mol Li20 (c) 0 g Li, 3 .49 g Li20, and 4. 1 3  g O2 
4.73 0.223 kg Fe 
4.74(a) Fe(s) + 2H+(aq) -- Fe2+ (aq) + H2(g) 

O.N. : 0 + I +2  0 
(b) 3 . I X 1 02 1 Fe2+ ions 

4.75 5 . 1 1 g C2HsOH; 2.49 L CO2 
4.80(a) Step 1 :  oxidizing agent is 02; reducing agent is NH3. 
Step 2: oxidizing agent is 02; reducing agent is NO. Step 3: oxi­
dizing agent is N02; reducing agent is N02. (b) 1 .2X  104 kg NH3 
4.82 627 L air 4.86 3 .0X 10-3 mol CO2 (b) 0. 1 1  L CO2 
4.88(a) C7Hs04Bi (b) C2 1 H I sO l2Bi3 
(c) Bi(OHh(s) + 3HC7Hs03(aq) -- Bi(C7Hs03)3(s) + 3H20(l) 
(d) 0.490 mg Bi(OHh 
4.90(a) Ethanol :  C2HsOH(l) + 30ig) -- 2COzeg) + 3H20(l) 

Gasoline: 2CsH I s(l) + 250zeg) --
1 6C02(g) + 1 8H20(g) 

(b) 2.50X 1 03 g O2 (c) 1 .75 X 1 03 L O2 (d) 8.38 X 1 03 L air 
4.92 yes 4.93(a) Reaction (2) is a redox process. (b) 2.00X l OS g 
Fe203; 4.06x l OS g FeCI3 (c) 2.09X lOS g Fe; 4.75 X 1 05 g 
FeCI2 (d) 0.3 1 3  

Chapter 5 
5.1 (a) The volume of the liquid remains constant, but the volume 
of the gas increases to the volume of the larger container. (b) The 

volume of the container holding the gas sample increases when 
heated, but the volume of the container holding the liquid sample 
remains essentially constant when heated. (c) The volume of 
the liquid remains essentially constant, but the volume of the gas 
is reduced. 5.6 979 cmH20 5.8(a) 566 mmHg (b) 1 .32 bar 
(c) 3 .60 atm (d) 1 07 kPa 5. 1 4  At constant temperature and 
volume, the pressure of a gas is directly proportional to number 
of moles of the gas. 5. 1 6(a) Volume decreases to one-third of 
the original volume. (b) Volume increases by a factor of 2.5. 
(c) Volume increases by a factor of 3 .  5. 1 8  -42°C 5.20 35.3 L 
5.22 0.06 1 mol Cl2 5.24 0.674 g CIF3 5.28 Beaker is inverted 
for H2 and upright for CO2, The molar mass of CO2 is greater 
than the molar mass of air, which, in turn, has a greater molar 
mass than H2. 5.31 5 .86 giL 5.33 1 .78X 1 0-3 mol AsH3; 
3 .48 giL 5.35 5 1 . l  glmol 5.37 1 .33 atm 5.41 CsH 1 2 
5.43(a) 0.90 mol (b) 6.76 torr 5.44 39.3 g P4 5.46 4 1 .2 g 
PH3 5.48 0.0249 g Al 5.50 286 mL S02 5.51 0.0997 atm 
SiF4 5.54 At STP, the volume occupied by a mole of any gas is 
the same. At the same temperature, all gases have the same aver­
age kinetic energy, resulting in the same pressure. 5.57(a) P A > 
PB > Pe (b) EA = EB = Ee (c) rateA > rateB > ratee (d) 
total EA > total EB > total Ee (e) dA = dB = de 5.58 1 3. 2 1  
5.60(a) curve 1 (b) curve I (c) curve l ;  fluorine and argon 
have about the same molar mass 5.62 14.0 min 5.64 4 atoms 
per molecule 5.66 negative deviations; N2 < Kr < CO2 
5.68 at I atm; because the pressure is lower. 5.71 6.8 1 X 1 04 glmol 
5.73(a) 22.5 atm (b) 2 1 .2 atm 5.75(a) 597 torr N2; 1 59 torr 02; 
0.3 torr CO2; 3 .5 tOtT H20 (b) 74.9 mol % N2; 1 3.7 mol % 02; 
5.3 mol % CO2; 6.2 mol % H20 (c) 1 .6X  1 02 1 molecules O2 
5.77(a) 4X 102 mL (b) 0.0 l3 mol N2 5.78 35.7 L N02 
5.82 Al2CI6 5.84 1 .62X 1 0-2 mol 5.88(a) 9 volumes of 02(g) 
(b) CHsN 5.90 4.86; 52.5 ft to a depth of 73 ft 5.97(a) xenon 
(b) water vapor (c) mercury (d) water vapor 5. 100 17.2 g 
CO2; 17 .8 g Kr 

5. 1  03( a) �mu2 = �(�) T - 2 NA 
mu2 

= 3 (:JT 

3RT u2 = -­mNA /3RT 
Urms = \ M where M = mNA 

(b) Ek = �m l uT = �m2u� 
m l uT = m2u� 
m 1 u� -v,;-;- U2 

- =  ? ; so -- = =  m2 UT -v,;;; U 1 
Substitute molar mass, M, for m: 
v:M:;" _ rate2 
\/iiI; - rate 1 

5.1 07(a) 1 4.8 L CO2 (b) PH20 = 42.2 torr; 3.7 X 1 02 torr 
P02 = Peo2 5. 1 1 1 332 steps 5.1 1 2 1 .6 

Chapter 6 
6.5 0 J  6.7(a) 3 .3 X 107 kJ (b) 7 .9 X l Qfi kcal (c) 3 . 1 X 1 07 Btu 
6. 10(a) exothermic (b) endothermic (c) exothermic 
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(d) exothermic (e) endothermic 
(g) exothermic 

(f) endothermic 

6. 1 1  
Reactants 

::r:: j 6.H = ( - ), (exothermic) 

Products 

6.1 3(a) Combustion of methane: CH4(g) + 202(g) --
CO2 (g) + 2H20(g) + heat 

CH4 + 202 (initial) 

::r:: j 6.H = ( - ), (exothermic) 

CO2 + 2H20 (final) 

(b) Freezing of water: H20(l) -- H20(s) + heat 

H20(l) (initial) 

::r:: j 6.H=(-), (exothermic) 

H20(s) (final) 

6. 1 5(a) C2HsOH(l) + 302(g) -- 2C02(g) + 3H20(g) + heat 

C2H60 + 302 (initial) 

� j 
j 6.H = ( - ),  (exothermic) 

2C02 + 3H20 (final) 

(b) 1N2(g) + 02(g) + heat ----+ N02(g) 

N02 (final) 

::r:: 1 6.H = (+ ), (endothermic) 

1-N2 + O2 (initial) 

6. 1 8  To determine the specific heat capacity of a substance, you 
need its mass, the heat added (or lost), and the change in temper­
ature. 6.2 0 4.0X 1 03 J 6.22 323°C 6.24 77.5 °C 6.26 42°C 
6.31  The reaction has a positive 6.Hrxn, because this reaction 
requires the input of energy to break the oxygen-oxygen bond. 
6.32 6.H is negative; it is opposite in sign and half of the value 
for the vaporization of 2 mol of H20. 6.33(a) exothermic 
(b) 20.2 kJ (c) -5 .2X 1 02 kJ (d) - 12.6 kJ 
6.35(a) 1N2(g) + 102(g) ----+ NO(g); 6.H = 90.29 kJ 

(b) -4.5 1 kJ 
6.37 -2. 1 1 X 1 06 kJ 
6.39(a) C2H4(g) + 30zCg) ----+ 2C02(g) + 2H20(l) ; 

6.Hrxn = - 14 1 1 kJ 
(b) 1 .39 g C2H4 

6.42 - 8 1 3.4 kJ 
6.44 N2(g) + 202(g) ----+ 2N02(g); 6.Hrxn = +66.4 kJ; A = I, 
B = 2, C = 3 6.47 The standard heat of reaction, 6.H�xn' is the 
enthalpy change for any reaction where all substances are in their 
standard states. The standard heat of formation, 6.H'f, is the 

enthalpy change that accompanies the formation of one mole of a 
compound in its standard state from elements in their standard 
states. 
6.48(a) 1CI2(g) + Na(s) ----+ NaCl(s) 

(b) H2(g) + 102(g) ----+ H20(l) 
(c) no changes 

6.49(a) Ca(s) + CI 2(g) ----+ CaCh(s) 

(b) Na(s) + 1H2(g) + C(graphite) + �02(g) -­
NaHC03(s) 

(c) C(graphite) + 2CI2(g) ----+ CCI4(l) 
(d) 1HzCg) + 1N2(g) + �02(g) ----+ HN03(l) 

6.5 1 (a) - 1 036.8 kJ (b) -433 kJ 6.53 - 1 57.3 kJ/mol 
6.56(a) 503 .9 kJ (b) -6.H1 + 26.H2 = 504 kJ 
6.57(a) C I 8H3602(S) + 2602(g) ----+ 1 8C02(g) + 18 H20(g) 
(b) - 10,488 kJ (c) -36.9 kJ; - 8.8 1 kcal (d) 8 . 8 1  kcal/g X 
1 1 .0 g = 96.9 kcal 6.58(a) 23.6 Llmol initial; 24.9 Llmol final 
(b) 18 7J (c) - 1 . 2X I 02 J (d) 3 .I X I0 2 J (e) 3 1 0 J  
(f) 6.H = 6.E + P6. V = 6.E - w = (q + w) - w = qp 
6.66 7 2 1  kJ 6.73(a) 6.H�xnl = -657.0 kJ; 6.H�xn2 = 32.9 kJ 
(b) - 1 06.6 kJ 6.76(a) 6.8 1 X 1 03 J (b) 243°C 6.77 -22.2 kJ 
6.79(a) - 1. 25 X I03 kJ (b) 2.24X 1 03oC 

Chapter 7 
7.2 (a) x-ray < ultraviolet < visible < infrared < microwave < 
radio waves (b) radio < microwave < infrared < v isible < 
ultraviolet < x-ray (c) radio < microwave < infrared < visible 

< ultraviolet < x-ray 7.4 The energy of an atom is not continu­
ous, but quantized. It exists only in certain fixed amounts called 
quanta. 7.6 3 1 2  m; 3 . 1 2 X I O" nm; 3 . 1 2 x I 0 1 2 A 
7.8 2.4X I O-23 J 7.1 0 b < c < a 7. 1 3(a) 1 .24X I 0 ls S- I ; 
8.2 I X I O- 1 9 J  (b) 1 .4X I 0 1 5 s- I ; 9 .0X 1O- 1 9 J  7.16(a) absorp­
tion (b) emission (c) emission (d) absorption 
7.18 43 4. 1 7 nm 7.2 0 -2.76XI05J/mol 7.22 d<a<c<b 
7.24 n = 4 7.27 Macroscopic objects do exhibit a wavelike 
motion, but the wavelength is too small for humans to perceive. 
7.29 7.6X 1 0-37 m 7.31 2 . 2X  1 0-26 mls 7.33 3 .75 X 1 0-36 kg 
7.37(a) principal determinant of the electron's energy or distance 
from the nucleus (b) determines the shape of the orbital 
(c) determines the orientation of the orbital in three-dimensional 
space 7.38(a) one (b) five (c) three (d) nine 7.4 0(a) in,: 
-2, - 1 , 0, + 1 , +2  (b)m/O ( ifn = l , thenl = O) (c) in,: 
-3, -2, - 1 , 0, +1, +2, +3  
7.42 No. of 

Sublevel Allowable m, orbitals 

(a) d (l = 2) 

(b) p (l = I )  
(c)f(l = 3)  

-2, - 1 , 0, + 1 ,  +2 
- 1,0, + 1 
- 3, -2, - 1 , 0, + 1 , +2, +3  

5 

3 
7 

7.44(a) n = 5 and l = 0; one orbital (b) n = 3 and l = 1; three 
orbitals (c) n = 4 and l = 3; seven orbitals 7.46(a) no; n = 2, 
l = 1 , 111, = - 1 ;  n = 2, l = 0, in, = 0 (b) allowed (c) allowed 
(d) no; n = 5, 1 =  3,111, = +3 ;  n = 5, I = 2, 111, = 0 7.48(a) E = 
- (2. 1 80X I O-'8 J)( 1 /112) .  This is identical with the expression 
from Bohr's theory. (b) 3 .028 X IO-'9 J (c) 656. 1 nm 
7.49(a) The attraction of the nucleus for the electrons must be 
overcome. (b) The electrons in silver are more tightly held by the 
nucleus. (c) silver (d) Once the electron is freed from the atom, 
its energy increases i n  proportion to the frequency of the light. 
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7.52 Li
2+ 7.55(a) B a; 462 nm (b) 278 to 292 nm 

7.57(a) 2 .7 X 1 0
2 

s (b) 3.6 X lOs m 7.6 0  6.4 X 1 0
27 photons 

7.63(a) 7 . S6 X  lO- IS J; 2.63 X 1 0-s m (b) S. l lOX 1 0- 17 J ;  
3.890X I o-9 m (c) 1.22Xl O-IS J; 1.63X 10-7 m 
7.65(a) red; green (b) 1 . 1 8  kJ (Sr); 1 . 1 7 kJ (Ba) 
7.67(a) This is the wavelength of maximum absorbance, so it 
gives the highest sensitivity. (b) ultraviolet region 
(c) 1 .93 X LO-2 g vitamin Ng oil 7.7 1  1 .0X LOIS photons/s 

Chapter 8 
8. 1 Elements are listed in the periodic table in an ordered, sys­
tematic way that correlates with a periodicity of their chemical 
and physical properties. The theoretical basis for the table in 
terms of atomic number and electron configuration does 
not allow for a "new element" between Sn and Sb. 
8.3(a) predicted atomic mass = S4.23 amu (b) predicted melt­
ing point = 6.3°C (c) predicted boiling point = -60.2°C 
8.5 The quantum number ms relates to just the electron; 
all the others describe the orbital. 
8.8 Shielding occurs when inner electrons protect, or shield, 
outer electrons from the full nuclear attraction. The effective 
nuclear charge is the nuclear charge an electron actually 
experiences. As the number of inner electrons increases, 
the effective nuclear charge decreases. 
8.1 0(a) 6 (b) 10 (c) 2 8.12(a) 6 (b) 2 (c) 14 
8. 1 5  Electrons will occupy empty orbitals in the same sublevel 
before filling half-filled orbitals so there is the maximum number 
of unpaired electrons with parallel spins. N: Is22s22p3. 

[TI] [ill 11' 11' 11' I 
Is 2s 2p 

8. 1 7  Main-group elements from the same group have similar 
outer electron configurations, and the (old) group number equals 
the number of outer electrons. Outer electron configurations vary 
in a periodic manner within a period, with each succeeding ele­
ment having an additional electron. 
8.1 8(a) n = S, 1 =  0, m, = 0, and ms = +� (b) n = 3, l = 1 ,  

/11., = + I ,  and I11s = -� (c) n = S, l = 0,111, = 0, and I11s = +� 
d - I (d) n = 2, I = 1,111, = + 1 ,  an 111.\. - -2 

8.2 0(a) Rb: li2i2p63s23p64s23io4p6SSI 
(b) Ge: IS22i2p63s23p64i3io4p2 
(c) Ar: li2i2p63i3p6 

8.22(a) Ti: [Ar] 4s23d2 

[ill 11'1 1'1 
4s 3d 

(b) CI :  [Ne] 3i3p5 

[ill IHIHI l' I 
3s 3p 

(c) Y: [Ar] 4s23d3 

4p 

[ill 11' 11' 11' I II,-..J...........J---' 
4s 3d 4p 

8.24(a) 0; Group 6A( 16); Period 2 

[ill IHI1' 11' I 
2s 2p 

(b) P; Group SA( l S); Period 3 

[ill 11'11'11'1 
3s 3p 

8.26(a) [Ar] 4s23d104pl ; Group 3A( l3) (b) [He] 2s22p6; 
Group 8A( 1 8) 
8.28 Inner Outer Valence 

Electrons Electrons Electrons 

(a) ° 2 6 6 
(b) Sn 46 4 4 
(c) Ca 1 8  2 2 
(d) Fe 1 8  2 8 
(e) Se 28 6 6 

8.3 0(a) B ;  AI, Ga, In, and TI (b) S ;  0, Se, Te, and Po (c) La; 
Sc, Y, and Ac 8.33 Atomic size increases down a group. Ioniza­
tion energy decreases down a group. These trends result because 
the outer electrons are more easily removed as the atom gets larger. 
8.35 For a given element, successive ionization energies always 
increase. As each successive electron is removed, the positive 
charge on the ion increases, which results in a stronger attraction 
between the leaving electron and the ion. When a large jump 
between successive ionization energies is observed, the subsequent 
electron must come from a lower energy level. 8.37 A high IEI 
and a very negative EAI suggest that the elements are halogens, in 
Group 7 A( l 7), which form 1 - ions. 8.39(a) K < Rb < Cs 
(b) ° < C < Be (c) CI < S < K (d) Mg < Ca < K 
8.4 1 (a) Ba < Sr < Ca (b) B < N < Ne (c) Rb < Se < Br 
(d) Sn < Sb < As 8.43 ls22s22p l (boron, B) 8.45(a) Na 
(b) Na (c) Be 8.47 ( 1 )  Metals conduct electricity, nonmetals 
do not. (2) When they form stable ions, metal ions tend to have a 
positive charge, nonmetal ions tend to have a negative charge. 
(3) Metal oxides are ionic and act as bases in water; nonmetal ox­
ides are covalent and act as acids in water. 8.48 Metallic charac­
ter increases down a group and decreases toward the right across 
a period. These trends are the same as those for atomic size and 
opposite those for ionization energy. 8.52(a) Rb (b) Ra (c) I 
8.54 acidic solution; S02(g) + H20(l) - H2S03(aq) 
8.56(a) Cl- : ls22s22p63s23p6 (b) Na+ : 1i2i2l 
(c) Ca2+ : li2i2p63i3p6 8.58(a) ° (b) 3 (c) ° (d) 1 
8.6 0(a) y3+, [Ar] 3d2, paramagnetic (b) Cd

2+ , [Kr] 4d10, dia­
magnetic (c) Co

3+ , [Ar] 3d6, paramagnetic (d) Ag+, [Kr] 4d10, 
diamagnetic 8.62 For palladium to be diamagnetic, all of its 
electrons must be paired. (a) You might first write the condensed 
electron configuration for Pd as [Kr] Si4ds. However, the partial 
orbital diagram is not consistent with diamagnetism. 

[ill IHIHIHI1' 11' I I I I I 
Ss 4d Sp 

(b) This is the only configuration that supports diamagnetism, 
[ Kr] 4dlO .  

D IHIHIHIHIHI 
SS 4d Sp 

(c) Promoting an s electron into the d sublevel still leaves two 
electrons unpaired. 

IT] r-I H"-I1'---rJ, I-H'-I H"""T" I--'1' I 
Ss 4d Sp 

8.64(a) Li+ < Na+ < K+ (b) Rb+ < Br- < Se
2
- (c) F- < 

0
2
- < N

3- 8.67(a) CI20, dichlorine monoxide (b) C1203, 
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dichlorine trioxide (c) CI20s, dichlorine pentaoxide (d) C1207, 
dichlorine heptaoxide (e) S03, sulfur trioxide (f) S02, sulfur 
dioxide (g) N20S, dinitrogen pentaoxide (h) N203, dinitrogen 
trioxide (i) CO2, carbon dioxide U) P20S, diphosphorus pen­
taoxide 8.69(a) SrBr2, strontium bromide (b) CaS, calcium 
sulfide (c) ZnF2, zinc fluoride (d) LiF, lithium fluoride 
8.7 0 All ions except Fe8+ and Fe14+ are paramagnetic; Fe + and 
Fe3+ would be most attracted. 

Chapter 9 
9.1 (a) Greater ionization energy decreases metallic character. 
(b) Larger atomic radius increases metallic character. (c) Higher 
number of outer electrons decreases metallic character. (d) Larger 
effective nuclear charge decreases metallic character. 
9. 4(a) Cs (b) Rb (c) As 9.6(a) ionic (b) covalent 
(c) metallic 9.8(a) Rb· (b) '�i' (c):J:-

9. 1 0(a) 6A( l6); [noble gas] ns
2
np4 (b) 3(A) 1 3 ; [noble gas] ns2np l 

9. 1 3  Because the lattice energy is the result of electrostatic attrac­
tions between oppositely charged ions, its magnitude depends on 
several factors, including ionic size and ionic charge. For a particu­
lar arrangement of ions, the lattice energy increases as the charge 
on the ions increases and as their radii decrease. 9. 1 6 (a) Ba

2+, 
[Xe]; Cl- , [Ne] 3i3p6, :Q.I:

-
; BaCI2 (b) Sr

2+ , [Kr]; 0
2
- , 

[He]2i2p6, :Q:2-; SrO (c) AI
3+ , [Ne] ; F- , [He] 2s22p6, :C; 

AIF3 (d) Rb + , [Kr ] ;  02
-, [He] 2s22p6, :Q:2-; Rb20. 

9. 1 8 (a) 3A(l3) (b) 2A(2) (c) 6A( l6) 9.2 0(a) BaS; B a
2+ is 

larger than Ca
2+ . (b) NaF; the charge on each ion is less than 

the charge on Mg and 0.  9.23 When two chlorine atoms are far 
apart, there is no interaction between them. As the atoms move 
closer together, the nucleus of each atom attracts the electrons of 
the other atom. The closer the atoms, the greater this attraction; 
however, the repulsions of the two nuclei and two electrons also 
increase at the same time. The fi nal internuclear distance is the 
distance at which maximum attraction is achieved in spite of the 
repulsion. 9.2 4  The bond energy is the energy required to break 
the bond between H atoms and CI atoms in one mole of HCI mole­
cules in the gaseous state. Energy is needed to break bonds, so bond 
energy is always endothermic and I:!.H'bond breaking is positive. The 
amount of energy needed to break the bond is released upon its 
formation, so I:!.H'bond forming has the same magnitude as 
I:!.H'bond breaking but is opposite in sign (always exothermic and 
negative) .  9.28(a) I-I < Br-Br < CI-Cl (b) S-Br < 
S-Cl < S-H (c) C-N < C=N < C N 9.3 0(a) C-O < 
C=O; the C=O bond (bond order = 2) is stronger than the C-O 
bond (bond order = 1 ) . (b) C-H < O-H; ° is smaller than C 
so the O-H bond is shorter and stronger than the C-H bond. 
9.33 Less energy is required to break weak bonds. 9.35 Both are 
one-carbon molecules. Since methane contains fewer C-O bonds, 
it will have the greater heat of combustion per mole. 9.37 - 168 kJ 
9.39 -22 kJ 9. 40 -59 kJ 9. 41 Electronegativity increases 
from left to right and increases from bottom to top within a group. 
Fluorine and oxygen are the two most electronegative elements. 
Cesium and francium are the two least electronegative elements. 
9. 43 The H-O bond in water is polar covalent. A nonpolar 
covalent bond occurs between two atoms with identical electroneg­
ativities. A polar covalent bond occurs when the atoms have differ­
ing electronegativities. Ionic bonds result from electron transfer 
between atoms. 9. 46 (a) Si < S < ° (b) Mg < As < P 

9. 48 (a) NB none 
(c)C-S 

+-----+ 
(d) s-o (e) N=H (f)2i=O 

9.5 0 a, d, and e 9.52 (a) nonpolar covalent (b) ionic 
covalent (d) polar covalent (e) nonpolar covalent 
covalent; SCl2 < SF2 < PF3 

9.5 4(a) H=i < H-Br < 
+-----+ 
H-CI 

+-----+ +-----+ 
(b) H-C < H-O 

+-----+ +-----+ 
(c) S-CI < P-CI 

+-----+ 
< H-F 

+-----+ 
< Si-CI 

(c) polar 
(f) polar 

9.58 (a) 800. kJ/mol, which is lower than the value in Table 9.2 
(b) -2 .4 1 7 X I 04 kJ (c) 1690 . g C02 (d) 65.2 L 02 
9.59(a) - 1 25 kJ (b) yes, since H� is negative (c) - 392 kJ 
(d) No, H'f for MgCl2 is much more negative than that for MgCI. 
9.6 0(a) 406 nm (b) 2.93 X 1 0-19 J (c) 1 .87 X 1 04 mls 
9.63 C-Cl: 3.53 X 1 0-7 m; bond in 02: 2.40X 1 0- 7 m 
9.6 4 XeF2: 1 32 kJ/mol; XeF4: 1 50. kJ/mol; XeF6: 1 46 kJ/mol 
9.66(a) The presence of the very electronegative fluorine atoms 
bonded to one of the carbons makes the C-C bond polar. This polar 
bond will tend to undergo heterolytic rather than homolytic cleavage. 
More energy is required to achieve heterolytic cleavage. (b) 1420 kJ 
9.69 8.70X l014 S-I; 3 .45 X lO-7 m, which is in the ultraviolet 
region of the electromagnetic spectrum. 9.71 (a) CH30CH3(g): 
-326 kJ; CH3CH20H(g): -369 kJ (b) The formation of gaseous 
ethanol is more exothennic. (c) 43 kJ 

Chapter 10 
1 0. 1  He and H cannot serve as central atoms in a Lewis structure. 
Both can have no more than two valence electrons. Fluorine needs 
only one electron to complete its valence level, and it does not have 
d orbitals available to expand its valence level. Thus, it can bond to 
only one other atom. 1 0.3 All the structures obey the octet rule 
except c and g. 

1 0.5 (a) :F: 
. . I . .  :F-Si-F: .. I .. 

:F: 

(c) :F-C-F: . .  II . .  
:0: 

1 0.7(a) :F-P-F: (b) H-O-C-O-H (c) :s=c=s: .. I . . . . II . .  
:F: 

1 0.9(a) [g=N=!:W 
(b) :F: :F: 

I I 

:0: 

N � N .:q: �¢' 'q-: ".¢:. 
1 0. 1 1 (a) [:N=N=NT -<---->- [:N-N=NT -<---->- [:N=N-NT 

(b) [:o=t'!-gT -<---->- [:o-N=oT 
1 0. 1 3 (a) :F: formal charges: I = 0, F = 0 

:F" I /F: . .  [ . . 
:F, /" " F,: 
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(b) H 
I 

H-AI-H 
I 
H 

formal charges: H = 0, Al = - 1  

10. 1 5 (a) [ . . . . "]-
O=Br=O .. I . . 

:0: 

formal charges: Br = 0, 
doubly bonded 0 = 0, 
singly bonded 0 = - 1  
O.N.: B r  = +5; 0 = -2 

(b) [ . . .. . .]2-:0-8-0: .. II . . 
:0: 

formal charges: S = 0, 
singly bonded 0 = -1,  
doubly bonded 0 = 0 
O.N.: S = +4; 0 = -2 

1 0. 1 7 (a) BH3  has 6 valence electrons. (b) As  has an expanded 
valence level with 10 electrons. (c) Se has an expanded valence 
level with 1 0  electrons. 

:F: 
. . .. 1 . .  

:F-As-F: .. I . . 
:F: 

:CI: 
.. .1 .. 

:CI---'8e-CI: .. I .. 
:9.1: 

(a) (b) (c) 
1 0. 1 9(a) Br expands its valence level to 10 electrons. (b) I has 
an expanded valence level of LO electrons. (c) Be has only 
4 valence shell electrons. 

(a) :F.---',;'-F.: (b) [:QI---=:(:"-QIT (c) =F.-Be-F.: 

1 0.21 

:F: 

:CI-Be-CI: + . .  . . 
:CI: 2-

.. I .. 
:CI-Be-CI: . . 1 . . 

:CI: 

1 0.24 structure A 1 0.26 The molecular shape and the electron­
group arrangement are the same when no lone pairs are present 
on the central atom. 1 0.28 tetrahedral, AX4; trigonal pyramidal, 
AX3E; bent or V shaped, AX2E2 
10.3 0(a) A (b) X X/ "X I 

A X/ "X 
(d) X 

I X-A 
I X 

(f) X X······"l",····X 
x�""x 

1 0.32 (a) trigonal planar, bent, 1 20° (b) tetrahedral, trigonal 
pyramidal, L09 .5° (c) tetrahedral, trigonal pyramidal, 1 09.5° 
1 0.3 4(a) trigonal planar, trigonal planar. 1 20° (b) trigonal pla­
nar, bent, 1 20° (c) tetrahedral, tetrahedral, 1 09 .5° 
1 0.36 (a) trigonal planar, AX3, 1 20° (b) trigonal pyramidal, 
AX3E, 1 09.5° (c) trigonal bipyramidal, AXs, 90° and 1 20° 
1 0.38 (a) bent, 1 09.5°, less than 1 09.5° (b) trigonal bipyramidal, 
90° and 1 20°, angles are ideaL (c) see-saw, 90° and 120°, less 
than ideal (d) linear, 1 80°, angle is ideal 1 0. 40(a) C: tetrahe­
dral, 1 09 .5°; 0: bent, < 109.5° (b) N: trigonal planar, 1 20° 
10. 42 (a) C in CH3: tetrahedral,  1 09.5°; C with C=O: trigonal 
planar, 1 20°; 0 with H: bent, < 1 09.5° (b) 0: bent, < 109.5° 

1 0. 44 0F2 < NF3 < CF4 < BF3 < BeF2 
1 0. 46 (a) The C and N each have three groups so the ideal angles 
are 1 20°, and the 0 has four groups so the ideal angle is 1 09.5°. 
The N and 0 have lone pairs so the angles are less than ideal. 
(b) All central atoms have four pairs, so the ideal angles are 
1 09.5°. The lone pairs on the 0 reduce this value. (c) The B has 
three groups and an ideal bond angle of 1 20°. All the O's have 
four groups (ideal bond angles of 109.5°), two of which are lone 
pairs that reduce the angle. 

1 0. 49 :CI: 
I .. p" .... ··CI: :(;1/ "'-. . : ' .. CI: 

+ 

In the gas phase, PCls is AXs, so the shape is trigonal bipyrami­
dal, and the bond angles are 1 20° and 90°. The PCI4 + ion is AX4, 
so the shape is tetrahedral, and the bond angles are 1 09 .5°. The 
PCI6 - ion is AX6, so the shape is octahedral, and the bond 
angles are 90°. 1 0.5 1 (a) CF4 (b) BrCI and SCI2 
1 0.53 (a) S02, because it is polar and S03 is not. (b) IF has a 
greater electronegativity difference between its atoms. (c) SF4, 
because it is polar and SiF4 is not. (d) H20 has a greater e1ec­
tronegativity difference between its atoms. 

1 0.55 H 'ci: 
'-.. / . 

C=C 
. ' / '-.. .q. H X 

H "Ci: '-.. / .  C=C 
/ '-.. . 

H .�I.: 
y 

Compound Y has a dipole moment 

1 0.56 H-N-N-H 
I I 
H H 

'bI" 'CI' '. '-.. / .' 
c=c 

/ '-.. 
H H 

Z 

Hydrazine Diazene Nitrogen 

(a) The single N-N bond (bond order = 1 )  is weaker and 
longer than the others. The triple bond (bond order = 3) is 
stronger and shorter than the others. The double bond (bond 
order = 2) has an intermediate strength and length. 
(b) !1H�xn = - 367 kJ 

H-N-N=N-N- H 
I 1 -
H H 

H-N-N-H 
I I 
H H 

1 0.57(a) formal charges: AI = - 1 ,  end CI = 0, bridging Cl = 
+ 1 ; I = - 1 ,  end CI = 0, bridging Cl = + I (b) The iodine 
atoms are each AX4E2 and the shape around each is square 
planar. Placing these square planar portions adjacent gives a 
planar molecule. 1 0.65 (a) - 1 267 kllmol (b) -1226 kllmol 
(c) - 1234.8 kJ/mo!. The two answers differ by less than 
1 0  kllmo!. This is very good agreement since average bond 
energies were used to calculate answers a and b. (d) - 37 kJ 

1 0.67 H-O-C-C-O-H .. I I  II . . 
:0: :0:  

10.68 (a) The OH species only has 7 vaLence electrons, which is 
less than an octet, and 1 electron is unpaired. (b) 426 kl 
(c) 508 kl 1 0.7 0(a) The F atoms will substitute at the axial 
positions first. (b) PFs and PCl3F2 1 0.73 22 kJ 
1 0.75 Trigonal planar molecules are nonpolar, so AY3 cannot 
be that shape. Trigonal pyramidal molecuLes and T-shaped moL­
ecuLes are polar, so either could represent AY 3' 
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Chapter 1 1  
1 1 . 1 (a) Sp2 (b) sp3d2 (c) sp (d) Sp3 (e) sp3d 
1 1 .3 C has only 2s and 2p atomic orbitals, al lowing for a maxi­
mum of four hybrid orbitals. Si has 3s, 3p, and 3d atomic or­
bitals , allowing it to form more than four hybrid orbitals . 
1 1 .5(a) six, sp3d2 (b) four, Sp3 1 1 .7(a) Sp2 (b) Sp2 (c) Sp2 

1 1 .9 (a) sp3 (b) sp3 (C)Sp3 1 1 . 1 1 (a) Si: one s and threep 
atomic orbitals form sp3 hybrid orbitals .  (b) C: one s and one p 
atomic orbitals form sp hybrid orbitals .  1 1 . 1 3(a) S: one s, three 
p, and one d atomic orbital mix to form sp3d hybrid orbitals. 
(b) N: one s and three p atomic orbitals mix to form Sp3 hybrid 
orbitals. 
1 1 . 1 5 (a) [IT] I tit I I----Itltltltl 

4s 4p Sp3 

(b) [IT] I t I I----Itltltl D 
2s 2p ? 2p sp-

(c) [IT] I tit I I----Itltltl D+e-
2s 2p Sp2 2p 

1 1 . 1 7(a) ln l Inl tit I----Inlnl tit I 
4s 

(c) [IT] 
5s 

Inlnltl 
5p 5d 

Inlnltltltltl 
sld2 5d 

1 1 .20(a) False. A double bond is one (J" and one 'IT bond. 
(b) False. A triple bond consists of one (J" and two 'IT bonds. 
(c) True (d) True (e) False. A 'IT bond consists of a second 
pair of electrons after a (J" bond has been previously formed. 
(f) False. End-to-end overlap results in a bond with electron 
density along the bond axis. 1 1 .2 1 (a) Nitrogen Sp2 with three 
(J" bonds and one 'IT bond (b) Carbon sp with two (J" bonds 
and two 'IT bonds (c) Carbon Sp2 with three (J" bonds and one 
'IT bond 
1 1 .23(a) N: Sp2, forming 2 (J" bonds and 1 'IT bond 

:F-N=O: 

(b) C: Sp2, forming 3 (J" bonds and 1 'IT bond 

:F F: .. "C=C/" :F/ "F: . . .. 

(c) C: sp, forming 2 (J" bonds and 2 'IT bonds 
:N=C-C=N: 

1 1 .25 Four molecular orbital s  form from the four p atomic or­
bitals. The total number of molecular orbitals must equal the 
number of atomic orbitals .  1 1 .27(a) Bonding MOs have lower 
energy than anti bonding MOs. Lower energy = more stable 
(b) Bonding MOs do not have a nodal plane perpendicular to 
the bond. (c) Bonding MOs have higher electron density 

between nuclei than antibonding MOs. 
(b) two (c) four 
1 1 .3 1  
a) bonding s + p 

OCXJ -

antibonding s - p 

1 1 .29(a) two 

OCXJ - O!eC) 
b) bonding p + P 

CXJCXJ - cC> 
anti bonding p - p 

1 1 .33(a) stable (b) paramagnetic (c) ((J"2s)2((J"2nl 
1 1 .35(a) C2 + < C2 < C2 - (b) C2 - < C2 < C2 + 1 1 .39(a) C 
(ring) : sji; C (all others) :  Sp3 ; 0 (al l ) :  Sp3 ; N: Sp3 (b) 26 
(c) 6 1 1 .41 (a) 17 (b) a l l  carbons Sp2, the ring N is sji, the 
other N's are Sp3 1 1 .43(a) B changes from s/ to Sp3 (b) P 
changes from Sp3 to sp3d. (c) C changes from sp to Sp2 Two 
electron groups surround C in  C2H2 and three electron groups 
surround C in C2H4. (d) Si changes from Sp3 to Sp3d2. (e) no 
change for S 1 1 .44 P: tetrahedral, Sp3 ; N: trigonal pyramid, sp3; 
C 1 and C2: tetrahedral, Sp3 ; C3 : trigonal planar, Sp2 1 1 .48 The 
central C is sp hybridized, and the other two C atoms are Sp2 
hybridized. 

H H 
"'C =C =C',,···· 

H/ �H 
1 1 .53(a) C in -CH3 : Sp3 ; all other C atoms: Sp2; 0 in two 
C-O bonds: Sp3 ; 0 in two C=O bonds: Sp2 (b) two 
(c) eight; one 

Chapter 12 
1 2. 1  In a solid, the energy of attraction of the particles is greater 
than their energy of motion; in a gas, it is less. Gases have high 
compressibility and the ability to flow, while solids have neither. 
1 2.4(a) Because the intermolecular forces are only partially over­
come when fusion occurs but need to be totally overcome in 
vaporization. (b) Because solids have greater intermolecular 
forces than liquids do. (c) D.Hvap = -D.Hcond 1 2.5(a) conden­
sation (b) fusion (c) vaporization 1 2.7 The gas molecules 
s low down as the gas is compressed. Therefore, much of the ki­
netic energy lost by the propane molecules is released to the 
sUIToundings. 1 2. 1 1  At first, the vaporization of liquid molecules 
from the surface predominates, which increases the number of 
gas molecules and hence the vapor pressure. As more molecules 
enter the gas phase, gas molecules hit the surface of the Liquid 
and "stick" more frequently, so the condensation rate increases. 
When the vaporization and condensation rates become equal, the 
vapor pressure becomes constant. 1 2. 1 4 4. 1 6  X 1 03 

J 
1 2. 1 6  0.692 atm 
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1 2. 1 8  

50.5 

s L 
G 

10-3 �--�----------.-�,------,-
-200 o 

Solid ethylene is more dense than liquid ethylene. 
1 2.20 42 atm 1 2.24 0 is smaller and more electronegative than 
Se; so the electron density on 0 is greater, which attracts H more 
strongly. 1 2.25 All particles (atoms and molecules) exhibit 
dispersion forces, but the total force is weak in small molecules. 
Dipole-dipole forces in small polar molecules dominate the 
dispersion forces. 1 2.28(a) hydrogen bonding (b) dispersion 
forces (c) dispersion forces 1 2.30(a) dipole-dipole forces 
(b) dispersion forces (c) hydrogen bonding 

1 2.32(a) CH3 
. .  . . I 

CH -CH-O:· · · · H-O-CH-CH 3 I I .. 3 
CH3 H 

(b) T T 'F: 

H/ ·····H/ ·····H/ . 

1 2.34(a) 1- (b) CH2=CH2 (c) H2Se. In (a) and (c) the larger 
particle has the higher polarizability. In (b), the less tightly held 
'IT electron clouds are more easily distorted. 1 2.36(a) C2H6; it is 
a smaller molecule exhibiting weaker dispersion forces than 
C4HIO. (b) CH3CH2F; it has no H-F bonds, so it only exhibits 
dipole-dipole forces, which are weaker than the hydrogen bonds 
of CH3CH20H. (c) PH3; it has weaker intermolecular forces 
(dipole-dipole) than NH3 (hydrogen bonding). 1 2.38(a) Lithium 
chloride; it has ionic bonds versus dipole-dipole forces in HC!. 
(b) NH3; it exhibits hydrogen bonding versus dipole-dipole 
forces in PH3. (c) 12; its molecules are more polarizable than 
Xe atoms because of their larger size. 1 2.40(a) C4Hg (cyclobu­
tane), because it is more compact than C4HIO. (b) PBr3; the 
dipole-dipole forces in PBr3 are weaker than the ionic bonds in 
NaBr. (c) HBr; the dipole-dipole forces in HBr are weaker than 
the hydrogen bonds in water. 1 2.45 The cohesive forces in 
water and mercury are stronger than the adhesive forces to the 
nonpolar wax on the floor. Weak adhesive forces result in spheri­
cal drops. The adhesive forces overcome the even weaker 
cohesive forces in the oil and so the oil  drop spreads out. 
1 2.47 CH3CH2CH20H < HOCH2CH20H < 
HOCH2CH(OH)CH20H. More hydrogen bonding means more 
attraction between molecules so more energy is needed to 
increase surface area. 1 2.51  Water is a good solvent for polar 
and ionic substances and a poor solvent for nonpolar substances. 
Water is a polar molecule and dissolves polar substances because 
their intermolecular forces are of similar strength. 
1 2.52 A single water molecule can form four H bonds. The two 
hydrogen atoms each form one H bond to oxygen atoms on 

neighboring water molecules. The two lone pairs on the oxygen 
atom form H bonds with two hydrogen atoms on neighboring 
molecules. 12.54 Water exhibits strong capillary action, which 
allows it to be easily absorbed by the narrow spaces in the plant's 
roots and transported upward to the leaves. 1 2.60 A solid metal 
is a shiny solid that conducts heat, is malleable, and melts at high 
temperatures. (Other answers include relatively high boiling 
point and good conductor of electricity.) 1 2.63 The energy gap 
is the energy difference between the highest filled energy level 
(valence band) and the lowest unfilled energy level (conduction 
band). In conductors and superconductors, the energy gap is zero 
because the valence band overlaps the conduction band. In semi­
conductors, the energy gap is small. In insulators, the gap is 
large. 12.64(a) face-centered cubic (b) body-centered cubic 
(c) face-centered cubic 12.66(a) Tin, a metal, forms a metallic 
solid. (b) Silicon is in the same group as carbon, so it forms 
network covalent bonding. (c) Xenon is monatomic and forms 
an atomic solid. 1 2.68 four 12.70(a) four Se

2- ions, four Zn
2+ 

ions (b) 577.48 amu (c) 1 .77 X 10-22 
cm

3 
(d) 5.6 1 X 1 0-8 cm 

1 2.72(a) insulator (b) conductor (c) semiconductor 
1 2.73(a) Conductivity increases. (b) Conductivity increases. 
(c) Conductivity decreases. 1 2.77 259 K 1 2.79(a) simple 
(b) 3.99 g/cm

3 

1 2.81 (a) furfuryl alcohol '0' H H '0' 
/""- I .. . . I /""-H-C C-C-O-H········:O-C-C C-H 

\\ II I .. I I \\ II C-C H H H C-C 
/ \ / \ H H H H 

2-furoic acid '0' :0: :0: '0-
/ ""- I I  . . .. II / ""-H-C C-C-O-H .... · .. ·:O-C-C C-H 

\\ II " I \\ II C-C H C-C 
/ \ / \ H H H H 

(b) furfuryl alcohol 2-furoic acid 

H-O: H-O: 
.. : I 

'0' H-C-H 
H-C/ "c/ 

\\ II C-C 
/ \ H H 

.. : I .. ;o� c=o: 
H-C c/ 

\\ II C-C 
/ \ H H 

1 2.85(a) 4,. (b) V2a (c) a = 4dV3 (d) two (e) 0.680 1 7  

Chapter 13 
1 3.2 When a salt such as NaCI dissolves, ion-dipole forces cause 
the ions to separate, and many water molecules cluster around 
each ion in hydration shells.  1 3.4(a) KN03 is an ionic com­
pound and is therefore more soluble in water. 1 3.6(a) ion-dipole 
forces (b) hydrogen bonding (c) dipole-induced dipole forces 
13.8(a) hydrogen bonding (b) dipole-induced dipole forces 
(c) dispersion forces 13.10(a) HCI(g), because the molecular 
interactions (dipole-dipole forces) in ether are like those in HCI 
but not l ike the ionic bonding in NaCl.  (b) CH3CHO(l), be­
cause the molecular interactions with ether (dipole-dipole) can 
replace those between CH3CHO, but not the H bonds in water. 
(c) CH3CH2MgBr(s), because the molecular interactions 
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(dispersion forces) are greater than between ether and the ions in 
MgBr2' 1 3. 1 2  Gluconic acid is soluble in water due to exten­
sive hydrogen bonding from its -OH groups attached to five of 
its carbons. The dispersion forces in the nonpolar tail of caproic 
acid are more similar to the dispersion forces in hexane; thus, 
caproic acid is soluble in hexane. 1 3. 1 7  Very soluble because a 
decrease in enthalpy and an increase in entropy both favor the 
formation of a solution. 
1 3.18 

t 

KCI(s) 

1 3.20(a) The volume of Na + is smaller, so it has the greater 
charge density. (b) Sr2+ has a l arger ionic charge and a smaller 
volume, so it has the greater charge density. (c) Na + is smaller 
than Cl- ,  so it has the greater charge density. (d) 02- has a 
larger ionic charge with a similar ion volume, so it has the greater 
charge density. (e) OH- has a smaller volume than SH- ,  so it 
has the greater charge density. 1 3.22(a) Na + (b) Sr2+ 
(c) Na+ (d) 02- (e) OH- 1 3.24(a) -704 kJ/mol (b) The 
K+ ion contributes more because it is smaller and, therefore, has 
a greater charge density. 1 3.26(a) increases (b) decreases 
(c) increases 13.29 Add a pinch of the solid solute to each solu­
tion. Addition of a "seed" crystal of solute to a supersaturated 
solution causes the excess solute to crystallize immediately, leav­
ing behind a saturated solution. The solution in which the added 
solid solute dissolves is the unsaturated solution. The solution in 
which the added solid solute remains undissolved is the saturated 
solution. 1 3.31 (a) increase (b) decrease 1 3.33(a) 0.08 1 9  g O2 
(b) 0.0 1 7 1 g O2 1 3.36 0.20 molfL 1 3.39 With just this infor­
mation, you can convert between molality and molarity, but you 
need to know the molar mass of the solvent to convert to mole 
fraction. 1 3.41 (a) 1 .24 M C12H2201 1 (b) 0. 1 58 M LiN03 
1 3.43(a) 0.0750 M NaOH (b) 0.3 1 M HN03 1 3.45(a) Add 
4.22 g KH2P04 to enough water to make 355 mL of aqueous 
solution. (b) Add 1 07 mL of 1 .25 M NaOH to enough water to 
make 425 mL of solution. 1 3.47(a) 0.942 m glycine (b) 1 .29 m 
glycerol 1 3.49 3 .09 m C6H6 1 3.5 1 (a) Add 2 . 1 3  g C2H602 to 
298 g H20. (b) Add 0.0323 kg of 62.0% (w/w) HN03 to 0.968 
kg H20 to make 1 .000 kg of 2.00% (w/w) HN03. 1 3.53(a) 0.27 
(b) 56 mass % (c) 2 I mC3H70H 1 3.55 5 . 1 1 mNH3; 4.53 M 
NH3; mole fraction = 0.0843 1 3.57 2 .2 ppm Ca2+ , 0.66 ppm 
Mg2+ 1 3.60 The boiling point is higher and the freezing point 
is lower for the solution compared to the solvent. 1 3.64(a) strong 
electrolyte (b) strong electrolyte (c) nonelectrolyte (d) weak 
electrolyte 1 3.66(a) 0.4 mol of solute particles (b) 0. 1 4  mol 
(c) 3 X 1 0-4 mol (d) 0.07 mol 1 3.68(a) CH30H in H20 
(b) H20 in CH30H solution 1 3.70(a) TIl = TIn < TIrn (b) bpI 
= bPn < bpII i (c) fplIl < fpl = fplI (d) VPIII < VPI = VPII 
1 3.72 23.36 torr 1 3.74 -0.206°C 1 3.76 79.0°C 
1 3.78 1 . 1 3 X 1 04 g C2H602 1 3.80(a) NaCI: 0. 1 73 m and i = 1 .84 
(b) CH3COOH: 0.0837 m and i = 1 .02 1 3.83 2 1 1 torr for 
CH2CI2; 47.2 torr for CCI4 1 3.85 3 .5 X 1 09 L 

1 3.90(a) 89.9 g/mol (b) C2HsO; C4H1002. 
(c) Forms H bonds 

H H H H 
I I I I 

HO-C-C-C-C-OH 
I I I I 

H H H H 

Does not form H bonds 
H H H H 
I I I I 

H-C-O-C-O-C-C- H 
I I I I 

H H H H 

1 3.92(a) 68 g/mol (b) 2. 1 X 1 02 g/mol (c) The molar mass of 
CaN206 is 1 64. 1 0  g/mol. This value is less than the 2. 1 X 1 02 g/mol 
calculated when the compound is assumed to be a strong elec­
trolyte and is greater than the 68 g/mol calculated when the com­
pound is assumed to be a nonelectrolyte. Thus, the compound 
forms a non-ideal solution because the ions interact but do not 
dissociate completely in solution. (d) 2 .4 
1 3.95(a) 1 .82X 1 04 g/mol (b) 3.4 1 X l O-soC 
13 . 10 1 (a) CH4N20. The empirical formula mass is 60.06 g/mol. 
(b) 60. g/mol; CH4N20. 

Chapter 14 
1 4. 1  The outermost e lectron is attracted by a smaller effective 
nuclear charge in Li because of shielding by the inner electrons, 
and it is farther from the nucleus in Li. Both of these factors lead 
to a lower ionization energy. 
1 4.2(a) 2AI(s) + 6HCI(aq) - 2AlCI3(aq) + 3H2(g) 

(b) LiH(s) + H20(l) - LiOH(aq) + H2(g) 
1 4.4(a) NaBH4: + 1  for Na, +3 for B ,  - 1 for H 

Al(BH4h + 3 for AI ,  + 3 for B ,  - 1  for H 
LiAlH4: + 1 for Li, + 3 for AI, - I for H 

(b) tetrahedral 
H 
I 

H-B-H 
I 

H 

1 4.7(a) reducing agent (b) Alkali metals have relatively low 
ionization energies, which means they easily lose the outermost 
electron. 
(c) 2Na(s) + 2H20(l) - 2Na+(aq) + 20H-(aq) + H2(g) 

2Na(s) + CI2(g) - 2NaCl(s) 
1 4.9 Density and ionic size increase down a group; the other 
three properties decrease down a group. 1 4. 1 1 2Na(s) + 02(g) 
- Na20is) 1 4. 1 3  K2C03(S )  + 2HI(aq) - 2KI(aq) + 
H20(l) + CO2 (g) 1 4. 1 7  Group 2A(2) metals have an additional 
bonding electron to increase the strength of metallic bonding, 
which leads to higher melting points, higher boiling points, 
greater hardness, and greater density. 14 . 1 8(a) CaO(s) + 
H20(l) - Ca(OHhCs) (b) 2Ca(s) + 02(g) - 2CaO(s) 
1 4.20(a) BeO(s) + H20(l) - no reaction (b) BeCI2(l) + 
2Cl-(solvated) - BeCI/- (solvated) .  This behaves l ike other 
Group 2A(2) elements. 14.22 For Groups l A( l )  to 4A( 14) ,  the 
number of covalent bonds equals the (old) group number. For 
Groups 5A( 1 5 )  to 7 A( 1 7) ,  it equals 8 minus the (old) group 
number. There are exceptions in Period 3 to Period 6 because it 
is possible for the 3A( l 3) to 7 A( l 7) elements to use d orbitals 
and form more bonds. 1 4.25 The electron removed from 
Group 2A(2) atoms occupies the outer s orbital, whereas in 
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Group 3A( l3) atoms, the electron occupies the outer p orbital. 
For example, the electron configuration for Be is l s

2
2s

2 
and for 

B it is l i2i2p 
I
. It is easier to remove the p electron of B than 

an s electron of Be, because the energy of a p orbital is higher 
than that of the s orbital of the same level. Even though atomic 
size decreases because of increasing Zeff, IE decreases from 
2A(2) to 3A( l3). 1 4.26(a) Most atoms form stable compounds 
when they complete their outer shell (octet). Some compounds of  
Group 3A( l3) elements, like boron, have only six electrons 
around the central atom. Having fewer than eight electrons is 
called an "electron deficiency." 
(b) BF3(g) + NH3(g) -- F3B -NH3(g) 

B(OHh(aq) + OH- (aq) -- B(OH)4 -(aq) 
1 4.28 In203 < Ga203 < AI203 1 4.30 Apparent O.N., +3; ac­
tual O.N., + 1 .  The anion 13 - has the general formula AX2E3 and 
bond angles of ISO°. (TI

3+ )(I-h does not exist because of the 

low strength of the Tl- I bond. [:X --.:X�X: r 
1 4.35 In general, network solids have very high melting and boil­
ing points and are very hard, while molecular solids have low 
melting and boiling points and are soft. The properties of network 
solids reflect the necessity of breaking covalent bonds throughout 
the substances, whereas the properties of molecular sobds reflect 
the weaker intermolecular forces between individual molecules. 
1 4.36 Basicity in water is greater for the oxide of a meta!. 
Tin(rV) oxide is more basic in water than carbon dioxide because 
tin has more metallic character than carbon. 1 4.38(a) Ionization 
energy generally decreases down a group. (b) The deviations 
(increases) from the expected trend are due to the presence of the 
first transition series between Si and Ge and of the lanthanides 
between Sn and Pb. (c) Group 3A( l3) 14.41 Atomic size in­
creases down a group. As atomic size increases, ionization 
energy decreases and so it is easier to form a positive ion. An atom 
that is easier to ionize exhibits greater metallic character. 
1 4.43(a) :0: :0: 8- (b) H H 

I I .. I . . I .. H-C-C-H 
:O-Si-O-Si-O: .. I .. I . . I I 

H-C-C-H 
:0: :0: I I .. I . . I . . H H 

:O-Si-O-Si-O: . . I .. I . . 
:Q: :Q: 

1 4.46(a) diamond, C (b) calcium carbonate, CaC03 (c) car­
bon dioxide, CO2 (d) carbon monoxide, CO (e) lead, Pb 
1 4.50(a) -3 to + S (b) For a group of nonmetals, the oxidation 
states range from the lowest, group number - S, or S - S = -3 
for Group SA, to the highest, equal to the group number, or + S 
for Group SA. 1 4.5 1 (a) The greater the electronegativity of the 
element, the more covalent the bonding is in its oxide. (b) The 
more electronegative the element, the more acidic the oxide is. 
14.54(a) 4As(s) + S02(g) -- 2As20s(s) (b) 2Bi(s) + 
3F2(g) -- 2BiF3(s) (c) Ca3As2(S) + 6H20(l) --

3Ca(OHMs) + 2AsH3(g) 1 4.60(a) Boiling point and conduc­
tivity vary in similar ways down both groups. (b) Degree of 
metallic character and types of bonding vary in similar ways 
down both groups. (c) Both P and S have allotropes, and both 
bond covalently with almost every other nonmetal. (d) Both N 
and 0 are diatomic gases at normal temperatures and pressures. 
(e) O2 is a reactive gas, whereas N2 is not. Nitrogen can have 
any of six oxidation states, whereas oxygen has two. 

14.62(a) NaHS04(aq) + NaOH(aq) -- Na2S04(aq) + H20(l) 
(b) Ss(s) + 24F2(g) -- SSF6(g) 
(c) FeS(s) + 2HCI(aq) -- H2S(g) + FeCI2(aq) 
1 4.64(a) acidic (b) acidic (c) basic (d) amphoteric 
(e) basic 1 4.66(a) 03, ozone (b) S03, sulfur trioxide 
(c) S02, sulfur dioxide 1 4.67 S2FIO(g) -- SF4(g) + SF6(g); 
O.N. of S in S2FIO is +S; O.N. of S in SF4 is +4; O.N. of S in 
SF6 is +6. 1 4.68(a) Polarity is the molecular property that is 
responsible for the difference in boiling points between iodine 
monochloride (polar) and bromine (nonpolar). It arises from dif­
ferent EN values of the bonded atoms. (b) The boiling point of 
polar ICl is higher than the boiling point of Br2' 1 4.70(a) - 1 ,  
+ 1 ,  +3, + S, + 7  (b) The electron configuration for CI is [Ne] 
3s

2
3ps. By gaining one electron, Cl achieves an octet. By form­

ing covalent bonds, CI completes or expands its valence level by 
maintaining electrons pairs in bonds or as lone pairs. (c) Fluo­
rine has only the - 1  oxidation state because its small size and 
absence of d orbitals prevent it from forming more than one co-
valent bond. 1 4.71 (a) Cl-Cl bond is stronger than Br-Br 
bond. (b) Br-Br bond is stronger than I-I bond. 
(c) CI-Cl bond is stronger than F-F bond. The fluorine atoms 
are so small that electron-electron repUlsion of the lone pairs de­
creases the strength of the bond. 
1 4.72(a) 3Br2(l) + 60H- (aq) --

SBr-(aq) + Br03 -(aq) + 3H20(l) 
1 4.73(a) I2(s) + H20(l) -- HI(aq) + HIO(aq) 

(b) Br2(l) + 21-(aq) -- I2(s) + 2Br-(aq) 
(c) CaF2(s) + H2S04(l) -- CaS04(s) + 2HF(g) 

1 4.76 helium; argon 1 4.77 Only dispersion forces hold atoms of 
noble gases together. 1 4.79 (a) Second ionization energies for 
alkali metals are so high because the electron being removed is 
from the next lower energy level and these are very tightly held 
by the nucleus. 
(b) 2CsF2(s) -- 2CsF(s) + F2(g); -40S kllmo!. 
1 4.8 1 (a) hyponitrous acid, H2N202; nitroxyl, HNO 

(b) H-q-N=N-q-H H-N=O: 
(c) In both species the shape is bent about the N atoms. 
(d) [ 

/ 
N=N

" 
]2- . ;0: 2-

:Q: :Q: 'N=N: 
/ 

:0: 

1 4.84 In a disproportionation reaction, a substance acts as both a 
reducing agent and an oxidizing agent because atoms of an ele­
ment within the substance attain both higher and lower oxidation 
states in the products. The disproportionation reactions are b, c, 
d, e, and f. 1 4.85(a) Group SA( IS) (b) Group 7A( l 7) 
(c) Group 6A( l 6) (d) Group I A( l )  (e) Group 3A( l3) 
(f) Group SA( lS) 1 4.86 1 1 7 .2 kl 
1 4.87 :CI: :CI: 

.. I . .  I . .  :CI-AI-C I-AI-C I : .. I .. I .. 
:9.1: :9.1: 

(a) Sp
3 

orbitals (b) tetrahedral (c) Since the ion is linear, the 
central CI atom must be sp hybridized. (d) The sp hybridization 
means there are no lone pairs on the central Cl atom. Instead, the 
extra four electrons interact with the empty d orbitals on the 
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Al atoms to form double bonds between the chlorine and each 
aluminum atom. 
1 4.88 [q=N-q: r � [ :q-N=q r 

The nitronium ion (N02 + ) has a linear shape because the 
central N atom has two surrounding electron groups, which 
achieve maximum repulsion at 1 80°. The nitrite ion (N02-) 
bond angle is more compressed than the nitrogen dioxide 
(N02) bond angle because the lone pair of electrons takes up 
more space than the lone electron. 1 4.90(a) 39.96 mass % 
in CuHAs03; As, 62.42 mass % in (CH3)3As 
(b) 0.35 g CuHAs03 

Chapter 1 5  
1 5. 1  (a) Carbon's electronegativity is midway between the most 
metallic and nonmetallic elements of Period 2. To attain a fi lled 
outer level, carbon forms covalent bonds to other atoms in mol­
ecules, network covalent solids, and polyatornic ions. 
(b) Since carbon has four valence shel l  electrons, it forms four 
covalent bonds to attain an octet. (c) To reach the He electron 
configuration, a carbon atom must lose four electrons, requiring 
too much energy to form the C

4+ cation. To reach the Ne elec­
tron configuration, the carbon atom must gain four electrons, also 
requiring too much energy to form the C

4
- anion. (d) Carbon 

is able to bond to itself extensively because its small size allows 
for close approach and great orbital overlap. The extensive or­
bital overlap results in a strong, stable bond. (e) The C-C 
bond is  short enough to allow sideways overlap of unhybridized 
p orbitals of neighboring C atoms. The sideways overlap of p or­
bitals results in the 'IT bonds that are part of double and triple 
bonds. I S.2(a) C, H, 0, N, P, S, and halogens (b) Heteroatoms 
are atoms of any element other than carbon and hydrogen. 
(c) More electronegative than C: N, 0, F, Cl, and Br; less elec­
tronegative than C: H and P. Sulfur and iodine have the same 
electronegativity as carbon .  (d) Since carbon can bond to a 
wide variety of heteroatoms and to carbon atoms, it can form 
many different compounds. 1 5.4 The C - H  and C-C bonds 
are unreactive because electron density is shared equally between 
the two atoms. The C-I bond is somewhat reactive because it is 
long and weak. The C=O bond is reactive because oxygen is 
more electronegative than carbon and the electron-rich 'IT bond 
makes it attract electron-poor atoms. The C-Li bond is also re­
active because the bond polarity results in an electron-rich region 
around carbon and an electron-poor region around lithium. 
1 5.!i1a) An alkane and a cycloalkane are organic compounds that 
consist of carbon and hydrogen and have only single bonds. A 
cycloalkane has a ring of carbon atoms. An alkene is a hydrocar­
bon with at least one double bond. An alkyne is a hydrocarbon 
with at least one triple bond. (b) alkane = C"H2,,+2, 
cycloalkane = C"H2/1> alkene = C"H2/1> atkyne = C"H2,,-

2 
(c) Alkanes and cycloalkanes are saturated hydrocarbons. 
I S.8(a), (c), and (f) 

1 5.9 (a) c=c-c-c-c-c 
I 

C=C-C-C-C-C 
I 

c C 
c=c-c-c-c-c C=C-C-C-C-C 

I I 
c C 

c-c=c-c-c-c C-C=C-C-C-C 
I I 

c C 
C-C=C-C-C-C C-C=C-C-C-C 

t I 
C 

C-C-C=c-c-c C-C-C=C-C-C 

t I 
C 

C-C-C-c-c-C 
I I  
C 

(b) c=c-c-c-c 
I I 
C C 

c 
I 

C=C-C-C-C 
I 
C 

C 
I 

c=c-c-c-c 
I 
C 

C-c=C-c-c 
I I 
c c 

C-C=C-C-C 
I I 
C C 

c-c=C-C-C 
I 
C-C 

C=c-c-C-c 
I I 
C c 

C=C-C-c-C 
I I 
C C 

C=c-C-c-C 
I 
C-C 

C-C=C-c-C 
I I 

c c 
c 
I 

C-C=C-C-C 

c 

I 
c 

(c) C C \ / 
/C" C C 

C 
I 
C 

C/ "c---C 
I 
C 

C/ "c 
\ / 
c-c 

\ / 
C-C 

\ / 
C-C "­

C 
I S. I I (a) 

CH2=C-CH2-CH2-CH2-CH3 CH2=CH-CH-CH2-CH2-CH3 
I I 

CH3 CH3 
CH2=CH-CH2-CH-CH2-CH3 

I 
CH2=CH-CH2-CH2-CH-CH3 

I 
CH3 CH3 

CH3-C=CH-CH2-CH2-CH3 
I 

CH3-CH=C-CH2-CH2-CH3 
I 

CH3 CH3 
CH3-CH=CH -CH-CH2-CH3 

I 
CH3-CH=CH -CH2-CH-CH3 

I 
CH3 CH3 

CH3-CH-CH=CH-CH2-CH3 
I 

CH3-CH2 -C =CH-CH2-CH3 
I 

CH3 CH3 
CH3-CH2-n-CH2-CH2-CH3 

CH2 
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(b) CH2=C-CH-CH2-CH3 
1 1 

CH3 CH3 

CH3 
1 

CH2= CH-C-CH2-CH3 
1 

CH3 

CH -CH =C-CH-CH 3 1 1  
3 

CH3 CH3 

CH =CH-CH-CH-CH 2 
1 1 

3 

CH3 CH3 

CH -C=CH-CH-CH 3 
1 1 

3 

CH3 CH3 

CH3 
1 

CH3-CH=CH -C-CH3 
1 

CH3 

1 5. 1 3(a) CH3 (b) H2C=CH-CH2-CH3 1 
CH -C-CH -CH 3 

1 
2 3 

CH3 

(c) HC=C-CH-CH3 
1 

CH2 
1 

CH3 

1 5. 1 5(a) CH3 
1 

(d) Structure is correct. 

CH3-CH-yH-CH2-CH2-CH2-CH2-CH3 

CH3 

(b) :c5:H' 

4 CH3 

(c) 3,4-dimethylheptane (d) 2,2-dimethylbutane 

1 5. 1 7(a) CH3 
1 

CH3-CH2-CH2-CH-CH2-CH3 

Correct name is 3-methylhexane. 
(b) CH2-CH3 

1 
CH3-CH2-CH2 -CH-CH3 

Correct name is 3-methylhexane. 

Correct name is methylcyclohexane. 
(d) CH3 

1 
CH -CH -C-CH-CH -CH -CH -CH 3 2 1 1 2 2 2 3  

CH3 CH2-CH3 

Correct name is 4-ethyl-3,3-dimethyloctane. 
1 5. 1 9(a) H

" /
H 

C 

H-A-CH3 
1 1 

CI H 

(b) H CH3 

CH3-CH2+i-CH3 

CH3 H 

1 5.21 (a) 3-Bromohexane is optical ly active. 

CH3-CH2rH-CH2-CH2-CH3 

Br 

(b) 3-Chloro-3-methylpentane is not optically active. 
CH3 
1 

CH3-CH2-C-CH2-CH3 
1 

CI 

(c) 1 ,2-Dibromo-2-methylbutane is optical ly active. 

CH3 

1H2+CH2-CH3 

Br Br 

1 5.23(a) H H \ / 
C=C / \ 

CH3CH2 CH3 

cis-2-pentene 

(b) H H \ / 
C=C 

o tH, 

cis-1 -cyclohexylpropene 

(c) no geometric isomers 
1 5.25(a) no geometric isomers 

(b) CH3-CH2 CH2-CH3 
\ / 
C=C / \ 

H H 

cis-3-hexene 

(c) no geometric isomers 
(d) CI CI \ / 

C=C / \ 
H H 

cis·1 ,2·dichloroethene 

trans-2-pentene 

trans-1-cyclohexylpropene 

trans-3-hexene 

CI H \ / 
C=C / \ 

H CI 

trans-1 ,2-dichloroethene 
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1 5.27 CI CI CI 

©(' ©lo ¢ 
CI 

1 ,2-dichlorobenzene 1 ,3-dichlorobenzene 1 ,4-dichlorobenzene 
(a-dichlorobenzene) (m-dichlorobenzene) (p-dichlorobenzene) 

1 5.30 CH3 CH3 
I 

CH3-CH CH2-CH3 \ / 
C=C / \ 

H H 

cis-2-methyl-3-hexene 

I 
CH3-CH H \ / 

C=C / \ 
H CH2-CH3 

trans-2-methyl-3-hexene 

The compound 2-methyl-2-hexene does not have cis-trans iso­
mers. 1 5.32(a) elimjnation (b) addition 
1 5.34(a) CH3CH2CH=CHCH2CH3 + H20 � 

CH3CH2CH2CH(OH)CH2CH3 
(b) CH3CHBrCH3 + CH3CH20K -

CH3CH=CH2 + CH3CH20H + KBr 
(c) CH3CH3 + 2Cl2 --1!.4 CHCl2CH3 + 2HCl 

1 5.37(a) Methylethylamine is more soluble because it has the 
ability to form H bonds with water molecules. (b) I -Butanol 
has a higher melting point because it can form intermolecular H 
bonds. (c) Propylamine has a higher boiling point because it 
contains N-H bonds that allow H bonding, and trimethylamjne 
cannot form H bonds. 1 5.39 Both groups react by addition to 
the 'IT bond. The very polar C=O bond attracts the electron-rich 
o of water to the partially positive C. There is no such polarity in 
the alkene, so either C atom can be attacked. 

OH 
I 

CH3-CH2-y-CH2-CH3 

OH 

CH3-CH2-yH-CH2-CH3 + CH3-CH2-CH2-yH-CH3 

OH OH 

1 5.41 Esters and acid anhydrides form through dehydration­
condensation reactions, and water is the other product. 
1 5.43(a) alkyl halide (b) njtrile (c) carboxylic acid (d) aldehyde 
1 5.45(a) � 

CH3� 
alkene alcohol 

(b) 

haloalkane carboxylic acid 

(c) (d) �=C CH C 2 
II 

3 

o 
nitrile ketone 

ester 
1 5.47 H3C-CH2-CH2-CH2-CH2-0H 

H3C-CH2-CH2-yH-CH3 

OH 

H C-CH-CH-CH 3 
I I 

3 

CH3 OH 

H3C-CH2-yH-CH2-CH3 

OH 

H C-CH -CH-CH -OH 3 2 
I 

2 

CH3 

H C-CH-CH -NH 3 
I 

2 2 

CH3 

H3C-CH2-7-CH2-CH3 

H 

H C-CH -N-CH 3 2 
I 

3 

1 5.51 (a) o 
I I  

CH3 

CH -C-N-CH 3 
I 

3 

H 

OH 
I 

H C-C-CH -CH 3 
I 

2 3 

CH3 

H C-CH-CH -CH -OH 3 
I 

2 2 

CH3 

CH3 
I 

H C-C-CH -OH 3 
I 

2 

CH3 

CH3 
I 

H C-C-NH 3 
I 

2 

CH3 

H3C-CH2-CH2-7-CH3 

H 

H C-CH-N-CH 3 
I I 

3 

CH3 H 

(b) � yH3 

(c) 

1 5.53(a) 

CH3-CH2-CH2-C-O-CH-CH3 

o CH 
I I  I 

3 

H-C-O-CH2-CH-CH3 

o 
I I  

CH3-(CH2). -C-OH 

(b) 0 g-g-OH and 

(c) 
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(b) C=N 
I 

CH3-CH2-CH -CH3 

OH 
I c=o 
I 

CH3-CH2-CH-CH3 

1 5.59 addition reactions and condensation reactions 1 5.61 Disper­
sion forces strongly attract the long, unbranched chains of high­
density polyethylene (HDPE). Low-density polyethylene (LDPE) 
has branching in the chains that prevents packing and weakens the 
attractions. 1 5.63 An amine and a carboxylic acid react to form 
nylon; a carboxylic acid and an alcohol form a polyester. 

1 5.64(a) 17 71 (b) 17 7J c-c c-c 
I I I I 

H CI n H CH3
n 

1 5.66 0 0 
1 1 _1(5\- 1 1  

nHO-C�C-OH + nHO -CH2-CH2 - OH -------. 

1 5.68(a) condensation (b) addition (c) condensation 
(d) condensation 1 5.70 The amino acid sequence in a protein  
determines its shape and structure, which determine its function. 
1 5.72(a) (b) (c) 

1 5.74(a) 0 0 0 

+ I I  I I  I I  
H N-CH-C-NH-CH-C-NH-CH -C-O-3 

I I I 
C� CH2 C� 

j�o H �� Co� 
bNH HN- / + .----:::: 

(b) 0 0 0 

+ I I  I I  I I  
H3N-CH2-C-NH-?H-C-NH-?H-C -0-

�:2 
� 

y 
OH 

1 5.76(a) AATCGG (b) TCTGTA 1 5.78(a) Both R groups are 
from cysteine, which can form a disulfide bond (covalent bond). 
(b) Lysine and aspartic aci d  give a salt link. (c) Asparagine and 
serine will hydrogen bond. (d) Vahne and phenylalanine inter­
act through dispersion forces. 1 5.80 CH3-CH=CH-CH3 

1 5.81 (a) 

a l kene E3J- 2 
CH2= CH CH

" 3 I 
/

CH 
CH -C 3 I 

CH3 

(b) Carbon 1 is Sp2 
hybridized. 

Carbon 3 is sp3 
hybridized. 

Carbon 5 is Sp3 
hybridized. 

Carbon 2 is sp3 
hybridized. 

Carbon 4 is Sp2 
hybridized. 

Carbons 6 and 7 are Sp2 
hybridized. 

(c) Carbons 2, 3, and 5 are chiral centers, as they are each 
bonded to four different groups. 

1 5.83 
ether 

aldehyde alcohol 

The shortest carbon-oxygen bond is the double bond in the alde­
hyde group. 

Chapter 1 6  
1 6.2 Reaction rate i s  proportional to concentration. An increase 
in pressure wil l  i ncrease the concentration, resulting in an in­
creased reaction rate. 1 6.3 The addition of water will  di lute the 
concentrations of all dissolved solutes, and the rate of the reac­
tion wil l  decrease. 1 6.5 An increase in temperature affects the 
rate of a reaction by increasing the number of coll isions between 
particles, but more importantly, the energy of collisions in­
creases. Both these factors increase the rate of reaction. 
1 6.8(a) The slope of the line joining any two points on a graph of 
concentration versus time gives the average rate between the two 
points. The closer the points, the closer the average rate will be 
to the instantaneous rate. (b) The initial rate is the instanta­
neous rate at the point on the graph where time = 0, that is, 
when reactants are mixed. 

16 . 10  

t: 
.2  � ... 
<= I1.l U t: o U 

Time 

( 1  ) tl[AX?] 
1 6. 1 2(a) rate = - - -

2 M = _ (.!.) (0.0088 M - 0.0500 M) 
2 (20.0 s - 0 s) = 0.00 1 0  Mis 

(a) 

(b) 



APPENDIX E Answers to Selected Problems A-3 1 

(b) .05 

.04 

.03 '" >< 
� 

.02 

.0 1 

1 0  20 
Time (s) 

The initial rate is higher than the average rate because the rate 
will decrease as reactant concentration decreases. 

il[A] ] Ll[B] Ll[C] 
1 6. 1 4  rate = - -- = - - -- = --; 0.2 mol/L·s 

ilt 2 ilt ill 
1 6. 1 6  2N20S(g) -----+ 4N02(g) + 02(g) 

1 Ll[02] 1 Ll[03] 
1 6. 1 9(a) rate = - - -- = - -- (b) 1 .45 X 10-5 mol/L·s 3 ilt 2 ill 
1 6.20(a) k is the rate constant, the proportionality constant in the 
rate law; it is reaction and temperature specific. (b) In represents 
the order of the reaction with respect to [A], and n represents the or­
der of the reaction with respect to [B] .  The order of a reactant does 
not necessarily equal its stoichiometric coefficient in the balanced 
equation. (c) L2/mot2 ·min 1 6.2 1 (a) Rate doubles. (b) Rate de­
creases by a factor of four. (c) Rate increases by a factor of nine. 
1 6.22 first order in Br03 - ; first order in Br- ; second order in H+; 
fourth order overall 1 6.24(a) Rate doubles. (b) Rate is halved. 
(c) The rate increases by a factor of 1 6. 1 6.26(a) second order in 
A; first order in B (b) rate = k[Af[B] (c) 5.00X \03 
L2/mol2 ·min 1 6.29(a) first order (b) second order (c) zero 
order 1 6.31 7 s 1 6.33(a) k = 0.0660 min- I (b) 2 l .0 min 
1 6.36 Measure the rate constant at a series of temperatures and plot 
In k versus I /T. The slope of the line equals -E,,/ R. 
1 6.38 0.033 s - I 1 6.42 No, other factors that affect the fraction of 
collisions that lead to reaction are the energy and orientation of the 
collisions. 1 6.45 At the same temperature, both reaction mixtures 
have the same average kinetic energy, but not the same velocity. 
The trimethylamine molecule has greater mass Ulan the ammonia 
molecule, so trimethylamine molecules will collide less often with 
HC!. Moreover, the bulky groups bonded to nitrogen in trimethy­
lamine mean that collisions with HCI having ule correct orientation 
occur less frequently. Therefore, the rate of the first reaction is 
greater. 1 6.46 1 2  unique collisions 1 6.48 2 .96x 1 0- 1 8 
1 6.50(a) 

ABC + 0 

AB + CO 

Reaction coordinate 

(b) 2.70X 1 02 
kllmol (c) bond fOl l11l1lg 

/8 . . . . I 
A / ·C · · · · · ·O 

bond weakening 

1 6.52(a) Because the enthalpy change is positive, the reaction is 
endothermic. 

Reaction coordinate 

(b) 3 kl (c) . .  . . . . . .  N �  :91 • • • • •  91•  q: 
1 6.53 The rate of an overall reaction depends on Ule rate of the 
slowest step. The rate of the overall reaction will be slower than 
the average of the individual rates because the average i ncludes 
faster rates as well .  1 6.57 The probabil ity of three particles col­
lid ing with one another with the proper energy and orientation is 
much less than the probabil ity for two partic les. 1 6.58 No, the 
overall rate law must contain  only reactants (no intermediates), 
and the overa l l  rate is determined by the slow step. 

1 6.59(a) CO2(aq) + 20H- (aq) -----+ CO/-(aq) + H20(l) 
(b) HC03 - (aq) 
(c) ( I )  molecularity = 2; rate l = k l [C02][OH-] 

(2) molecularity = 2; rate2 = k2[HC03 -HOlr] 
(d) Yes 

1 6.60(a) CI2(g) + 2N0zCg) -----+ 2N02C l (g) (b) Cl(g) 
(c) ( I )  molecularity = 2; rate l = k l [CI2][N02] 

(2) molecularity = 2; rate2 = k2[CI] [N02] (d) Yes 

1 6.61 (a) A(g) + B(g) + C(g) -----+ D(g) 
(b) X and Y are intermediates. 

(c) Step Molecular ity Rate Law 

A(g) + B(g) :::;::::::::: X(g) bimolecular rate l = k l [A][B ] 
X(g) + C(g) -----+ Y(g) bimolecular rate2 = k2[X][C] 
Y(g) -----+ D(g) unimolecular rate3 = k3[Y ]  

(d) yes (e) yes 1 6.63 The proposed mechanism i s  valid be­
cause the individual steps are chemical ly reasonable add to give 
the overall equation, and the rate law for the mechanism matches 
the observed rate law. 1 6.66 No. A catalyst changes the mecha­
nism of a reaction to one with lower activation energy. Lower 
activation energy means a faster react ion. An increase in tempera­
ture does not influence the activation energy, but increases Ule 
fract ion of coll isions with sufficient energy to equal or exceed 
the activation energy. 1 6.69 4.6 1 X 1 04 

Ilmol 1 6.72(a) Rate 
increases 2 .5 times. (b) Rate is halved. (c) Rate decreases 
by a factor of 0.0 I .  (d) Rate does not change. 1 6.75 57 yr 
1 6.77(a) 0.2 1  h - I ; 3 .3  h (b) 6.6 h (c) If the concentration of 
sucrose is relatively low, the concentration of water remains 
nearly constant even with small changes in the amount of water. 
This gives an apparent zero-order reaction with respect to 
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water. Thus, the reaction is first order overa l l  because the 
rate does not change with changes in the amount of water. 
1 6.81 7 .3X 1 03 llmol 1 6.82(a) 2 .4X I O- I S  M 
(b) 2.4X I O- 1 1  mol/L·s 

Chapter 1 7  
1 7. 1  If the change is one of concentrations, i t results temporari ly 
in more products and less reactants. After equi l ibrium is reestab­
li shed, the Kc remains unchanged because the ratio of products 
and reactants remains the same. If the change is one of tempera­
ture, [product] and Kc increase and [reactant] decreases. 
1 7.6 The equi l ibrium constant expression is K = [°2] ,  If the tem­
perature remains constant, K remains constant. If the initial 
amount of Li202 present i s  sufficient to reach equil ibrium, the 
amount of 00 obtained wi l l  be constant. -

[HIf 
1 7.7(a) Q = 

[H2] [12] 

c .g E c <U U C o U 
[HI] 

Time 
The value of Q i ncreases as a function of time until it reaches the 
value of K. (b) no 1 7. 1 0  Yes. If Q I is for the formation of 
1 mol NH3 from H2 and N2, and Q2 is for the formation of NH3 
from H2 and 1 mol of N2, then Q2 = Q ?  
1 7. 1 1 (a) 4NO(g) + OzCg) � 2N203(g) ; 

[N203]
2 

Qc = 
[NO]4[02] 

(b) SF6(g) + 2S03(g) � 3S02F2(g); 
[S02F2f 

Qc 
= 

[SF6] [S03f 
(c) 2SCIFs(g) + H2(g) � S2F I O(g) + 2HCI(g); 

[S2F IO] [HClf 
Qc 

= 
[SCIFsf[H2] 

1 7. 1 3(a) 7.9 (b) 3 .2X I O-s 
1 7. 1 5(a) 2Na202(S) + 2C02(g) � 2Na2C03(s) + 02(g); 

[02] 
Qc = 

[C02f 
(b) H20(l) � H20(g) ; Qc = [H20(g)] 
(c) NH4CI(s) � NH3(g) + HCI(g) ;  Qc = [NH3] [HCI] 

1 7. 1 8(a) ( 1 )  CI2(g) + F2(g) � 2ClF(g) 
(2) 2C1F(g) + 2F2(g) � 2ClF3(g) 
overal l :  CI2(g) + 3F2(g) � 2ClF3(g) 

IPFf [ClF3f 
(b) Qoveral l = Q IQ2 = 

[Cl2] [F2] 
X 

IPFf[F2f 
[ClF3f 

[C12] [F2]3 

1 7.20 Kc and Kp are equal when L1ngas = O. 1 7.21 (a) smaller 
(b) Assumjng that RT > 1 ( T > 1 2.2  K), Kp > Kc if there are 
more moles of products than reactants at equi l ibrium, and 
Kp < Kc if there are more moles of reactants than products. 

1 7.22(a) 3 (b) - 1  (c) 3 1 7.24(a) 3.2 (b) 28.5 1 7.26 The 
reaction quotient (Q) and equi l ibrium constant (K) are determined 
by the ratio [products]/ [reactants] .  When Q < K, the reaction 
proceeds to the right to form more products. 1 7.27 No, to the 
left 1 7.3 1  (a) The approximation applies when the change in 
concentration from initial concentration to equi l ibrium concentra­
tion is so small that it is insignificant; this occurs when K is small 
and initial concentration is large. (b) This approximation should 
not be used when the change in concentration is greater than 5%. 
This can occur when [reactant] initial is very small or when change 
in [reactant] is relatively large due to a large K. 1 7.32 50.8 
1 7.34 Concentration (M) PCIs(g) PCI3(g) + CI2(g) 

Initial 0.075 0 0 
Change -x +x +x 
Equi l ibrium 0.075 - x x x 

1 7.36 28 atm 1 7.38 0.33 atm 1 7.40 3.5 X 1 0-3 M 
1 7.42 [12]eq = [Cl2]eq = 0.0200 M; [ICl]eq = 0.060 M 
1 7.44 6.0 1 X 1 0-6 1 7.46 Equil ibrium position refers to the spe­
ci fic concentrations or pressures of reactants and products that 
exist at equi l ibrium, whereas equi l ibrium constant is the overall 
ratio of equil ibrium concentrations or pressures. 1 7.47(a) 8, 
because the amount of product increases with temperature 
(b) A, because the lowest temperature wil l  give the least product 
1 7.50 A rise in temperature favors the forward direction of an 
endothermjc reaction. The addition of heat makes K2 larger than K I •  
1 7.51 (a) shifts toward products (b) shifts toward products 
(c) does not shift (d) shifts toward reactants 1 7.53(a) more F 
and less F2 (b) more C2H2 and H2 and less CH4 1 7.55(a) no 
change (b) increase volume 1 7.57(a) amount decreases 
(b) amount increases (c) amount increases (d) amount 
decreases 1 7.60(a) lower temperature; higher pressure 
(b) Q decreases; no change in K (c) Reaction rates are lower at 
lower temperatures so a catalyst is used to speed up the reaction. 
1 7.65(a) 3X 1 0-3 atm (b) high pressure; low temperature 
(c) No, because water condenses at a higher temperature. 
1 7.68(a) 0.0 1 6  atm (b) Kc = 5 .6X 1 02; pso? = 0. 1 6  atm 
1 7.69 1 2.5 g CaC03 1 7.73(a) 3 .0X l O- 14 arm 
(b) 0.0 1 3  pg COIL 1 7.76(a) 98.0% (b) 99.0% 
1 7.77(a) 2CH4(g) + 02(g) + 2H20(g) � 2C02(g) + 6H2(g) 
(b) 1 .76 X 1 029 (c) 3 . 1 9 X I 023 (d) 48 atm 
1 7.78(a) 4.0X 1 0-2 1 atm (b) 5 .5X 1 0-8 atm (c) 29 N atoms/L; 
4.0X 1 0 1 4 H atomslL (d) N2(g) + H(g) - NH(g) + N(g) 
1 7.79(a) PN2 = 3 1  atm; PH2 = 93 atm; Ptotal = 1 74 atm; 
(b) PN? = ] 8 atm; P�h = 1 1 1  atm; Ptotal = 1 79 atm; not a valid 
argument 1 7.80(a) ?N? = 0.780 atm; po? = 0.2 1 0  atm; PNO = 
2.67 X IO- 16 atm (b) 0�990 atm (c) Kc � Kp = 4.35 X I O-3 1 
1 7.84(a) 1 .52 (b) 0.9626 atm (c) 0.2000 mol CO (d) 0.0 l 1 28 M  

Chapter 1 8  
1 8.2 All Arrhenius acids contain hydrogen i n  their formula and 
produce hydronium ion (H30+) in aqueous solution. All An'he­
nius bases produce hydroxide ion (OH-) in aqueous solution. 
Neutralization occurs when each H30+ ion combines with an 
OH- ion to form two molecules of H20. Chemists found the re­
action of any strong base with any strong aci d  always produced 
56 kllmol (L1H = -56 kllmol), which was consistent with 
Arrhenius' hypothesis describing neutralization. 1 8.4 Strong 
acids and bases dissociate completely into ions when dissolved 



APPENDIX E Answers to Selected Problems A·33 

in water. Weak acids and bases dissociate only partially. The 
characteristic property of all weak acids is that the great majority 
of acid molecules are undissociated. 1 8.5(a), (c), and (d) 

[NO - ] [H 0+ ]  
1 8.7(a) K = 2 3 a [HN02] 

[CH3COO-] [H30+]  
(b) Ka = 

[CH3COOH] 
[Br02 - ] [H30+] (c) Ka = 

[HBr02] 
1 8.9 CH3COOH < HF < HI03 < HI 1 8. 1 1 (a) weak acid 
(b) strong base (c) weak acid  (d) strong acid 1 8. 1 5(a) The 
acid with the smaller Ka (4X l O-s) has the higher pH, because 
less dissociation yields fewer hydronium ions. (b) The acid 
with the larger pKa (3 .5) has the high pH, because a l arger pKa 
means a smaller Ka. (c) Lower concentration (0.0 1 M) gives 
fewer hydronium ions. (d) A 0. 1 M weak acid solution gives 
fewer hydronium ions. (e) The 0. 1 M base solution has a lower 
concentration of hydronium ions. (f) The pOH = 6.0 because 
pH = 1 4.0 - 6.0 = 8.0 1 8. 1 6(a) 1 2.05 ; basic (b) 1 1 .09; 
acidic 1 8. 1 8(a) [H30+] = l .7X  10- 1 0 M, pOH = 4.22, [OH-] = 
6.0X I O-s M (b) pH = 3 .57, [H30+]  = 2.7X 10-4 M, [OH-] = 
3 .7 X IO - 1 1  M 1 8.20 6X l O -s moI OH- 1 8.23(a) Rising tem­
perature increases the value of Kw' (b) Kw = 2.5 X 10- 14; 
pOH = 6.80; [OH-] = 1 .6X 1 0-7 M 1 8.24 The Br0nsted-Lowry 
theory defines acids as proton donors and bases as proton accep­
tors, while the Arrhenius definition looks at acids as containing 
ionizable hydrogen atoms and at bases as containing hydroxide 
ions. In both definitions, an acid  produces hydronium ions and a 
base produces hydroxide ions when added to water. Ammonia 
and carbonate ion are two Br0nsted-Lowry bases that are not 
Arrhenius bases because they do not contain hydroxide ions. 
Br0nsted-Lowry acids must contain an ionizable hydrogen atom 
in order to be proton donors, so a Br0nsted-Lowry acid is also an 
Arrhenius acid. 1 8.27 An amphoteric species can act as either 
an acid or a base. The dihydrogen phosphate ion, H2P04 -, is an 
example. 
1 8.28(a) CI- (b) HC03 - (c) OH- 1 8.30(a) NH4 + 
(b) NH3 (c) CIOH I4N2H+ 
1 8.32(a) NH3 + H3P04 � NH4 + + H2P04-

base acid acid  base 
Conjugate acid-base pairs: H3P041H2P04 - and 
NH4 +/NH3 

(b) CH30- + NH3 � CH30H + NH2 -
base acid acid  base 
Conjugate acid-base pairs: NH3/NH2 - and 
CH30HlCH30-

(c)  HP04
2- + HS04 - � H2P04 - + SO/-

base acid acid base 
Conjugate acid-base pairs : HS04 -ISO/- and 
H2P04 -IHP04 

2-
1 8.34(a) OH-(aq) + H2P04 -(aq) � H20(I) + HPO/-(aq) 

Conjugate acid-base pairs: H2P04 -IHPO/- and 
H�OIOH-

(b) HS04 -(aq) + CO/-(aq) � 
SO/-(aq) + HC03 - (aq) 

Conjugate acid-base pairs: HS04 -ISO/- and 
HC03 -IC03

2-
1 8.36 Kc > 1 :  HS- + HCI � H2S + CI­

Kc < J :  H2S + Cl- � HS- + HCI 

1 8.38 Kc > 1 for both (a) and (b) 1 8.40(a) A strong acid i s  1 00% 
d issociated, so the acid concentration wi l l  be very different after 
d issociation. (b) A weak acid dissociates to a very small extent, 
so the acid concentration before and after dissociation is nearly 
the same. (c) same as (b), but with the extent of dissociation 
greater. (d) same as (a) 1 8.43 1 .5 x l O-s 1 8.45 [H30+] = 
[N02 - ] = 1 .9 X  1 0-2 M; [OH-] = 5 . 3X 10- 1 3 M 
1 8.47 [H30+]  = [C1CH2COO-] = 0.038 M; [CICH2COOH] = 
1 .0 1  M; pH = 1 .42 1 8.49(a) [H30+] = 7.5X l O-3 M; pH = 
2. 1 2 ;  [OH-] = 1 .3 X 1 0 - 1 2 M; pOH = 1 1 . 88 (b) 2 . 3X 1 0-4 

1 8.51 (a) 2.47 (b) 1 1 .4 1  1 8.54 1 .9% 1 8.55 Al l  Br0nsted­
Lowry bases contain at least one lone pair of electrons, which 
binds an H+ and allows the base to act as a proton acceptor. 
1 8.58(a) CsHsN(aq) + H20(l) � OH-(aq) + CsHsNH+(aq); 

[CsHsNH+ ] [OH-] 
Kb = ---''---''-----

[CsHsN] 
(b) CO/-(aq) + H20(l) � OH-(aq) + HC03 -(aq); 

K 
- [HC03 - ] [OH-] 

b - [CO/-] 
1 8.60 1 1 .7 1  1 8.62 (a) 1 2 .04 (b )  1 0.77 1 8.64 (a) 1 0.95 
(b) 5 .62 1 8.66 [OH- ]  = 4.8x 10-4 M; pH = 1 0.68 1 8.68 As a 
nonmetal becomes more electronegative, the acidity of its binary 
hydride i ncreases. The e lectronegative nonmetal attracts the elec­
trons more strongly in the polar bond, shifting the electron 
density away from H ,  thus making the H +  more easi ly trans­
ferred to a water molecule to form H30 + .  1 8.71 Chlorine i s  
more electronegative than iodine, and HCI04 has more oxygen 
atoms than HIO. 1 8.72 (a) H2Se (b) B(OHh (c) HBr02 
1 8.74(a) 0.05 M AI2(S04)3 (b) 0. 1 M PbCl2 1 8.77 NaF con­
tains the anion of the weak acid HF, so F- acts as a base. NaCI 
contains the anion of the strong acid HC!. 
1 8.79(a) KEr(s) + H20(l) ---+ K+(aq) + Br-(aq) ; neutral 

(b) NH4I(s) + H20(l) ---+ NH4 +(aq) + I-(aq) 
NH4 +(aq) + H20(l) � NH3(aq) + H30+(aq); acidic 

(c) KCN(s) + H20(l) ---+ K+(aq) + CN-(aq) 
CN-(aq) + H20(l) � HCN(aq) + OH-(aq) ; basic 

1 8.81 (a) KN03 < K2S03 < Na2C03 
(b) NaHS04 < NH4N03 < NaHC03 < Na2C03 

1 8.84 A Lewis  acid is an electron pair acceptor while a Br0nsted­
Lowry acid is a proton donor. The proton of a Br0nsted-Lowry 
acid fits the definition of a Lewis acid because it accepts an elec­
tron pair when it bonds with a base. Al l Lewis acids are not 
Br0nsted-Lowry acids . A Lewis base is an electron pair donor 
and a Br0nsted-Lowry base is a proton acceptor. All Br0nsted-
Lowry bases can be Lewis bases, and vice versa. 1 8.85(a) No, 
Zn(H20)i+(aq) + 6NH3(aq) � Zn(NH3)6

2+ + 6H20(l); 
NH3 is a weak Br0nsted-Lowry base, but a strong Lewis base. 
(b) cyanide ion and water (c) cyanide ion 1 8.88(a) Lewis  acid 
(b) Lewis base (c) Lewis acid (d) Lewis base 
1 8.90(a) Lewis acid :  Na+ ; Lewis base: H20 

(b) Lewis acid :  CO2; Lewis base: H20 
(c) Lewi s  acid :  BF3 ; Lewis base: F-

1 8.92(a) Lewis (b) Br0nsted-Lowry and Lewis (c) none 
(d) Lewis 1 8.94 3 .5 X 10-8  to 4.5 X 1 0- 8  M H30+ ;  5 .2X 1 0-7 
to 6.6X 1 0-7 M OH- 1 8.97(a) SnCI4 is the Lewis acid; 
(CH3)3N i s  the Lewis base (b) Sci 1 8.98 pH = 5 .00, 6.00, 
6.79, 6.98, 7.00 1 8.99 H3P04 1 8. 1 04 0.00 1 47 1 8. 1 05(a) Ca2+ 
does not react with water; CH3CH2COO-(aq) + H20(l) � 
CH3CH2COOH(aq) + OH-(aq); basic (b) 903 1 8. 1 1 1 (a) The 
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concentration of oxygen is h igher in the lungs so the equi l ibrium 
shifts to the right. (b) In an oxygen-deficient environment the 
equ i l ibrium shifts to the left to release oxygen. (c) A decrease 
in [H30+] shifts the equi l ibrium to the right. More oxygen is 
absorbed, but it wi l l  be more difficult to remove the O2, (d) An 
increase in [H30+] shifts the equil ibrium to the left. Less oxygen 
is bound to Hb, but i t w i l l  be easier to remove it. 1 8. 1 1 3(a) 1 0.0 
(b) The pKb for the 3° amine group is much smaller than that for 
the aromatic ring, thus the Kb is significantly larger (yielding a 
much greater amount of OH-) .  (c) 4.6 (d) 5 . 1  

Chapter 1 9  
1 9.2 The acid component neutralizes added base and the base 
component neutralizes added acid so the pH of the buffer solu­
tion remains relatively constant. The components of a buffer do 
not neutralize one another because they are a conjugate acid-base 
pair. 1 9.4 The pH of a buffer decreases only sl ightly with added 
H30 + . 1 9.7 The buffer range, the pH over which the buffer acts 
effectively, is greatest when the buffer-component ratio is I ;  the 
range decreases as the component ratio deviates from I .  
1 9.9 [H30+]  = 7 .8X I O-6 M; p H  = 5 . 1 1 1 9. 1 1 9.92 1 9. 1 3  
9.55 1 9. 1 5 1 .7 1 9. 1 7 3.37 19 . 19(a) 4.9 1 (b) 0.66 g KOH 
19.21 (a) HCOOHIHCOO- or C6HsNH/C6HsNH3 + 
(b) H2P04 -IHPO/- or H2As04 -IHAsO/- 1 9.24 1 .6 
1 9.26 To see a distinct color in a mixture of two colors, you need 
one to have about 1 0  times the intensity of the other. For this to 
be the case, the concentration ratio [H1n]/[In -] has to be greater 
than 10: I or less than I :  I O. This occurs when pH = pKa - 1 or 
pH = pK" + I ,  respectively, giving a pH range of about two 
units .  1 9.28 The equivalence point in a titration is the point at 
which the number of moles of base equals the number of moles 
of acid. The endpoint is the point at which the added indicator 
changes color. If an appropriate indicator is selected, the end­
point is close to the equivalence point, but they are not usual ly 
the same. The endpoint, or color change, may precede or fol low 
the equivalence point, depending on the indicator chosen. 
19.30(a) initial pH: strong acid-strong base < weak acid-strong 
base < strong acid-weak base (b) equivalence point: strong 
acid-weak base < strong acid-strong base < weak acid-strong 
base 19.32 At the center of the buffer region, the concentrations 
of weak acid and conjugate base are equal, so the pH = pK" of 
the acid .  1 9.33 pH range from 7.3 to 9.3 1 9.35(a) bromthy­
mol blue (b) thymol blue or phenolphthalein 1 9.37(a) 1 .00 
(b) 1 .48 (c) 3 .00 (d) 4.00 (e) 7 .00 (f) 1 0.00 (g) J 1 .96 
19.39(a) 2.9 1 (b) 4 .8 1 (c) 5 .29 (d) 6.09 (e) 7.40 (f) 8.76 
(g) 1 0 . 1 0 (h) 1 2 .05 1 9.41 (a) 59.0 mL and 8.54 (b) 24.5 mL 
and 7 .7 1  1 9.44 Fluoride ion i s  the conjugate base of a weak 
acid and reacts with H20: F-(aq) + H20(l) � HF(aq) + 
OH-(aq) . As the pH increases, the equi librium shifts to the left 
and [F- ] i ncreases. As the pH decreases, the equi l ibrium shifts to 
the right and [F-] decreases. The changes in [F-] i n fluence the 
solubi l ity of CaF2. Chloride ion is the conjugate base of a strong 
ac id so it does not react with water and its concentration is not 
in f'luenced by pH. 1 9.45 The compound precipitates. 
1 9.46(a) Ksp = [Ag+f [co/- ] (b) Ksp = [Ba2+ ] [F-f 
(c) Ksp = [Cu2+] [HS- ] [OH-] 1 9.48

. 
1 .3 X 1 0-4 

19.50 2 . 8X 1 0- 1 1  1 9.52(a) 2.3 X  1 0- ) M (b) 4 .2X 10-9 M 
1 9.54(a) 1 .7 X 1 0-3 M (b) 2.0x l O-4 

M 1 9.56(a) Mg(OH)2 

(b) PbS (c) Ag2S04 1 9.58(a) AgCI(s) � Ag+(aq) + 
Cl-(aq). The chloride ion is the anion of a strong acid, so it does 
not react with H 30+ .  No change with pH. (b) SrC03(s) � 
Sr2+(aq) + CO/-(aq). The strontium ion is the cation of a 
strong base so pH wil l  not affect its solubil ity. The carbonate ion 
acts as a base: C032-(aq) + H20(l) � HC03 -(aq) + 
OH-(aq) ; also CO2(g) forms and escapes: C032-(aq) + 
2H30+(aq) � CO2(g) + 2H20(l). Therefore, the solubility of 
SrC03 wil l  i ncrease with addition of H30+ (decreasing pH). 
1 9.60 yes 19.65 No, because it indicates that a complex ion forms 
between the lead ion and hydroxide ions: Pb2+ (aq) + nOH-(aq) 
� Pb(OH)/-II(aq) 19.66 Hg(H20)42+(aq) + 4CN-(aq) 
� Hg(CN)/-(aq) + 4H20(l) 19.68 Ag(H20)2 + (aq) + 
2S20/-(aq) � Ag(S203)2

3- (aq) + 2H20(l) 
19.70 9.4X IO-s M 1 9.74 1.3 X 10-4 M 1 9.76(a) 1 4  
(b) l g  19.78(a) 0.088 (b) 0. 1 4  1 9.80 8X l O-s 
1 9.8 1 (a) 

V (mL) pH 
0.00 1.00 

1 0.00 1 .22 
20.00 1 .48 
30.00 1 .85 
35 .00 2. 1 8  
39.00 2.89 
39.50 3 .20 
39.75 3.50 
39.90 3 .90 
39.95 4.20 
39.99 4.90 
40.00 7.00 
40.0 1 9.40 
40.05 9.80 
40. 1 0  1 0.40 
40.25 1 0.50 
40.50 1 0.79 
4 1 .00 1 1 .09 
45.00 1 1 .76 
50.00 1 2.05 
60.00 1 2.30 
70.00 1 2.43 
80.00 1 2.52 

(b) <!) 2 1 0  E 
;:l 1 90 

'0 1 70 > I SO � 
c 1 30 ::> 
... 11 0 <!) 90 0.. 

::r:: 70 
0.. SO .5 30 <!) 1 0  01) 
@ - 1 0 ..c: 30 U 

[BH+] [OH-] 19.84 K b = --'---"-'---
[B] 

35 

6.pH/6.V 

0.022 
0.026 
0.037 
0.066 
0. 1 8  
0.62 
1 .2 
2.7 
6 

1 8  

Vaverage (mL) 

5 .00 
1 5 .00 
25.00 
32.50 
37.00 
39.25 
39.63 
39.83 
39.93 
39.97 

200 40.00 
200 40.0 1 

1 0  40.03 
1 0  40.08 
0.67 40. 1 8  
1 .2 40.38 
0.60 40.75 
0. 1 7  43.00 
0.058 47.50 
0.025 55 .00 
0.0 1 3  65.00 
0.009 75 .00 

40 45 
Volume (rnL) 

Rearranging to isolate [OH- ] :  

[OH-] - K � -
b [BH+ ]  

SO 
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Taking the negative log: 
_ [B] 

- log [OH ] = - log Kb - log 
[BH+] 

[BH+]  
Therefore, pOH = pKb + 10g ----yB] 

1 9.92(a) 65 mol (b) 6.28 (c) 4 .0X 1 03 g 1 9.93 No. NaCI wil l  
preCIpItate. 1 9.95(a) A and D (b) pHA = 4.35; pHB = 8 .67; 
pHc = 2.67; pHD = 4.57 (c) C, A, D, B (d) B 

Chapter 20 
20.2 A spontaneous process occurs by itself, whereas a nonspon­
taneous process requires a continuous i nput of energy to make it 
happen. It is possible to cause a nonspontaneous process to oc­
cur, but the process stops once the energy source is removed. A 
reaction that is nonspontaneous under one set of conditions may 
be spontaneous under a different set of conditions. 20.5 The 
transition from liquid to gas i nvolves a greater increase in d isper­
sal of energy and freedom of motion than does the transition 
from solid to liquid. 20.6 In an exothermic reaction, ilSsurr > O. 
In an endothermic reaction, ilSSl,rr < O. A chemical cold pack for 
injuries is an example of an application using a spontaneous en­
dothermic process .  20.8(a), (b), and (c) 20. 1 0(a) positive 
(b) negative (c) negative 20. 1 2(a) negative (b) negative 
(c) positive 20. 1 4(a) positive (b) negative (c) positive 
20. 1 6(a) positive (b) negative (c) positive 20. 1 8(a) Butane. 
The double bond in 2-butene restricts freedom of rotation. 
(b) Xe(g) because it has the greater molar mass (c) CH4(g). 
Gases have greater entropy than l iquids. 20.20(a) diamond < 
graphite < charcoal. Freedom of motion is least in the network 
solid; more freedom between graphite sheets; most freedom in 
amorphous solid. (b) ice < L iquid water < water vapor. En­
tropy increases as a substance changes from solid to l iquid to 
gas. (c) ° atoms < 0z < 03' Entropy increases with molecular 
complexity. 20.22(a) CI04 - (aq) > CI03 -(aq) > Cl02 - (aq); 
decreasi ng molecular complexity (b) NOz(g) > NO(g) > 
Nz(g). N2 has lower standard molar entropy because it consists of 
two of the same atoms; the other species have two di fferent types 
of atoms. N02 is more complex than NO. (c) Fe304(s) > 
Fez03(s) > Alz03(s) . Fe304 is more complex and more massive. 
Fe203 is  more massive than A1203. 20.25 For a system at equ i­
l ibrium, ilSuniv = ilSsys + ilSSl,rr = O. For a system moving to 
equilibrium, ilSuniv > O. 20.26 SC I20(g) = 2SI-lC10(g) - SH20(g) -
ilS�xn 20.27(a) negative; ilSo = - 1 72.4 J/K (b) positive; 
ilSo = 1 4 l .6 J/K (c) negative; ilSo = -837 J/K 20.29 ilSo = 
93 . 1  J/K; yes, the positive s ign of ilS is expected because there is 
a net increase in the number of gas molecules. 20.31 -75 .6 J/K 
20.34 -97.2 J/K 20.36 A spontaneous process has ilSuniv > O. 
Since the absolute temperature is always positive, ilGsys must be 
negative (ilGsys < 0) for a spontaneous process. 20.38 M-f�xn i s  
positive and ilS�ys i s  positive. Melting i s  an example. 
20.39(a) - 1 1 38.0 kJ (b) - 1 379.4 kJ (c) -224 kJ 
20.41 (a) - 1 1 38 kJ (b) - 1 379 kJ (c) -226 kJ 20.43(a) En­
tropy decreases (ilSO is negative) because the number of moles of 
gas decreases. The combustion of CO releases energy (ilHO is 
negative) .  (b) -257.2 kJ or 257.3 kJ, depending on the method 
20.45(a) ilH�xn = 90.7 kJ ; LlS�xn = 22 1 J/K (b) at 38°C, ilGo = 
22. 1 kJ ; at 1 38°C, ilGo = 0.0 kJ; at 238°C, ilGo = -22. 1 kJ 
(c) For the substances in  their standard states, the reaction i s  

nonspontaneous a t  38°C, near equil ibrium at  1 38°C, and sponta­
neous at 238°C. 20.47 ilHo = 309 1 0  J, ilSO = 93. 1 5  J/K, T = 
33 1 .8 K 20.49(a) LlH�xn = -24 1 .826 kJ, LlS�xn = -44.4 J/K, 
ilG�xn = -228.60 kJ (b) Yes .  The reaction will become non­
spontaneous at h igher temperatures. (c) The reaction is sponta­
neous below 5 .45 X 1 03 K. 20.51 (a) ilGo is a relatively large 
positive value. (b) K »  I .  Q depends on initial conditions, 
not equi l ibrium conditions. 20.53 The standard free energy 
change, ilGo, appl ies when a l l  components of the system are in 
their standard states; ilGo = ilG. 20.54(a) 1 . 7 X J 06 
(b) 3 .89X l O-34 (c) 1 .26X I 048 20.56 4.89X I O-s 1 
20.58 3 .36x l OS 20.60 2.7 X l  04 J/mol; no 20.62(a) 2 .9X 104 

J/mol (b) The reverse d i l'ection, formation of reactants, is spon­
taneous so the reaction proceeds to the left. (c) 7 .0X 1 03 J/mol ;  
the reaction proceeds to the left to reach equ i l i brium. 
20.64(a) no T (b) 1 63 kJ (c) 1 X 1 0z kJ/mol 20.67(a) sponta­
neous (b) + (c) + (d) - (e) - ,  not spontaneous (f) -
20.69(a) 2 .3X 1 0z (b) Administer oxygen-rich air to counteract 
the CO poisoning. 20.72(a) 2N20S(g) + 6F2(g) --- 4NF3(g) + 
50z(g) (b) ilG�xn = -569 kJ (c) ilGrxn = -5.60X I Oz kJ/mol 
20.75(a) ilH�xn = 470.5 kJ; ilS�xn = 558.4 J/K (b) The reaction 
wi l l  be spontaneous at high T, because the - TilS term wi l l  be 
larger in magnitude than ilH. (c) no (d) 842.5 K 20.77(a) yes, 
negative Gibbs free energy (b) Yes .  It becomes spontaneous 
at 270.8 K. (c) 234 K. The temperature is different because 
the LlH and ilS values for N20S vary with physical state. 
20.8 1 (a) 465 K (b) 6 .59X 1 0-4 (c) The reaction rate is higher 
at the h igher temperature. The shorter time required (kinetics) 
overshadows the lower yield (thermodynamics). 

Chapter 2 1  
2 1 . 1  Oxidation i s  the loss of electrons and results in  a higher oxi­
dation number; reduction is the gain of electrons and results in a 
lower oxidation number. 2 1 .2 No, one half-reaction cannot take 
place independently because there is a transfer of electrons from 
one substance to another. I f  one substance loses electrons, an­
other substance must gain them. 2 1 .3 Spontaneous reactions, 
ilGsys < 0, take place in voltaic cells (also called galvanic cel ls) . 
Nonspontaneous reactions, ilGsys > 0, take place in  electrolytic 
cells. 2 1 .5(a) CI - (b) Mn04 - (c) Mn04 - (d) CI -
(e) from CI- to Mn04-
(f) 8H2S04(aq) + 2KMn04(aq) + 1 0KCI (aq) ---

2MnS04(aq) + 5Clig) + 8H20(l) + 6K2S04(aq) 
2 1 .7(a) CI03 -(aq) + 6H+(aq) + 6I-(aq) ---

CI-(aq) + 3H20(l) + 3 I2(s) 
Oxidizing agent is CI03 - and reducing agent is 1 - .  

(b) 2Mn04 -(aq) + H20(l) + 3S0/-(aq) ---
2Mn02(S) + 3S0/-(aq) + 20H-(aq) 

Oxidizing agent is Mn04 - and reducing agent is SO/-. 
(c) 2Mn04 - (aq) + 6H+(aq) + 5H202(aq) ---

2Mn2+ (aq) + 8H20(/) + 502(g) 
Oxidizing agent is Mn04 - and reducing agent is H20Z' 

2 1 . 1 0(a) 4N03-(aq) + 4H-I-(aq) + 4Sb(s) ---
4NO(g) + 2H20(l) + Sb406(s) 

Oxidizing agent is N03 - and reducing agent is Sb. 
(b) 5Bi03 - (aq) + 1 4H-I-(aq) + 2Mn2+ (aq) ---

5Bi3+ (aq) + 7HzO(l) + 2Mn04 -(aq) 
Ox idiz ing agent Bi03 - and reducing agent is Mn2+ 
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(c) Pb(OH)3-(aq) + 2Fe(OHMs) --->-
Pb(s) + 2Fe(OH)3(S) + OH-(aq) 

Oxidizing agent is Pb(OHh - and reducing agent i s  
Fe(OH)2' 

2 1 . 1 2(a) Au(s) + 3N03 -(aq) + 4CI-(aq) + 6H + (aq) --->­
AuCI4 - (aq) + 3N02(g) + 3H20(l) (b) Oxidizing agent i s  
N03 - and reducing agent i s  Au .  (c )  HCI  provides chloride ions 
that combine with the gold(I1I) ion to form the stable AuCI4 - ion. 
2 1 . 1 3(a) A (b) E (c) C (d) A (e) E (f) E 2 1 . 1 6  An ac­
tive electrode is a reactant or product in the cell reaction. An in­
active electrode does not take part in the reaction and is present 
only to conduct a current. Platinum and graphite are commonly 
used as inactive electrodes. 2 1 . 1 7(a) A (b) B (c) A 
(d) Hydrogen bubbles wi l l  form when metal A is placed in acid. 
Metal A i s  a better reducing agent than metal B, so if metal B 
reduces H+  in acid, then metal A wi l l  also. 
2 1 . 1 8(a) Oxidation: Zn(s) --->- Zn2+ (aq) + 2e-

(b) 

Reduction: Sn2+ (aq) + 2e - --->- Sn(s) 
Overal l :  Zn(s) + Sn2+ (aq) --->- Zn2+ (aq) + Sn(s) 

Zn 

( - )  

Anion 1 
flow 

1 M  
Zn2+ 

1 Cation 

flow 

1 M, 
Sn2+ 

Sn 

(+ ) 

21 .20(a) left to right (b) left (c) right (d) Ni (e) Fe (f) Fe 
(g) I M NiS04 (h) K+  and N03 - (i) Fe (j) from right to left 
(k) Oxidation: Fe(s) --->- Fe2+ (aq) + 2e-

Reduction: N i2+ (aq) + 2e- --->- Ni(s) 
Overall :  Fe(s) + Ni2+ (aq) --->- Fe2+ (aq) + Ni(s) 

2 1 .22(a) AI(s) I AI3+ (aq) I I Cr3+ (aq) I Cr(s) 
(b) Pt(s) I S02(g) I S042- (aq), H+(aq) I I  Cu2+ (aq) I Cu(s) 

2 1 .25 A negative E�ell indicates that the redox reaction is not 
spontaneous, that is, I:!.Go > O. The reverse reaction is sponta­
neous with E�ell > O. 2 1 .26 Similar to other state functions, 
EO changes sign when a reaction i s  reversed. Unl ike I:!.Go, I:!.Ho, 
and So, EO (the ratio of energy to charge) is an intensive 
property. When the coefficients in a reaction are multipl ied by a 
factor, the values of I:!.Go, I:!.Ho, and So are multiplied by that 
factor. However, EO does not change because both the energy 
and charge are multipl ied by the factor and thus their ratio 
remains unchanged. 
2 1 .27(a) Oxidation : Se2-(aq) --->- Sees) + 2e-

Reduction: 2S032- (aq) + 3H20(l) + 4e- --->­
S2032- (aq) + 60H-(aq) 

(b) E�llode = E�a�lode - E�ell = -0.57 V - 0.35 V = -0.92 V 
21 .29(a) Br2 > Fe3+ > Cu2+ (b) Ca2+ < Ag+ < Cr20l-
2 1 .3 1 (a) Co(s) + 2H+(aq) --->- C02+ (aq) + H2(g) 

E�ell = 0.28 V; spontaneous 
(b) 2Mn2+ (aq) + 5Br2(l) + 8H20(l) --->-

2Mn04 - (aq) + l OBr- (aq) + 1 6H+ (aq) 
E�ell = -0.44 V; not spontaneous 

(c) Hg/+(aq) --->- Hg2+ (aq) + Hg(l) 
E�ell = -0.07 V; not spontaneous 

2 1 .33(a) 2Ag(s) + Cu2+ (aq) --->- 2Ag+ (aq) + Cu(s) 
E�ell = -0.46 V; not spontaneous 

(b) Cr20l-(aq) + 3Cd(s) + 14H+ (aq) --->-
2Cr3+ (aq) + 3Cd2+ (aq) + 7H20(l) 

E�ell = 1 .73 V; spontaneous 
(c) Pb(s) + Nr(aq) --->- Pb2+ (aq) + Ni(s) 

E�ell = -0. 1 2  V; not spontaneous 
2 1 .35 3N204(g) + 2Al(s) --->- 6N02 -(aq) + 2AI3+(aq) 

E�ell = 0.867 V - ( - 1 .66 V) = 2.53 V 
2AI(s) + 3S0/-(aq) + 3H20(l) --->-

2AI3+ (aq) + 3S032- (aq) + 60H-(aq) 
E�ell = 2.59 V 
SO/-(aq) + 2N02 - (aq) + H20(l) --->-

S032-(aq) + N204(g) + 20H-(aq) 
E�ell = 0.06 V 

21 .37 2HCIO(aq) + Pt(s) + 2H+(aq) --->-

CI2(g) + Pt2+(aq) + 2H20(l) 
E�el l = 0.43 V 
2HClO(aq) + Pb(s) + SO/-(aq) + 2H+(aq) --->-

CI2(g) + PbS04(s) + 2H20(l) 
E�ell = 1 .94 V 
Pt2+ (aq) + Pb(s) + SO/-(aq) --->- Pt(s) + PbS04(s) 
E�ell = 1 .5 1  V 

2 1 .39 Yes; C > A >  B 2 1 .42 A(s) + B+(aq) --->- A + (aq) + 
B(s) with Q = [A + ]/ [B + ] .  (a) [A + ]  increases and [B + ]  de­
creases. (b) Eeell decreases. (c) Ecell = E�ell - (RT/nF) 
In ( [A +]/[B+] ) ;  Eeell = E�ell when (RT/nF) In ( [A + ]/[B+] )  = O. 
This occurs when In ( [A + ]/ [B +]) = 0, that is , [A +] equals [B +] .  
(d) Yes, when [A +]  > [B+ ] .  2 1 .44 In a concentration cell, the 
overall reaction decreases the concentration of the more concen­
trated electrolyte because it is reduced in the cathode compartment. 
2 1 .45(a) 3X  1 035 (b) 4X 1 0-3 1 2 1 .47(a) -2.03X 1 05 J 
(b) 1 .73 X 105 J 2 1 .49 1:!.Go = -2. 1 x 104 J; EO  = 0.22 V 
2 1 .5 1  9X  1 0-4 M 2 1 .53(a) 0.05 V (b) 0.50 M (c) [Co2+ ]  = 
0.9 1 M; [Nr] = 0.09 M 2 1 .55 A; 0.085 V 2 1 .57 Electrons 
flow from the anode, where oxidation occurs, to the cathode, 
where reduction occurs. The electrons always flow from the anode 
to the cathode no matter what type of battery. 2 1 .58 A D-sized 
alkaline battery is much larger than an AAA-sized one, so the 
D-sized battery contains greater amounts of the cell components. 
The cel l potential is an intensive property and does not depend on 
the amounts of the cel l  components. The total charge, however, 
depends on the amount of cell components so the D-sized battery 
produces more charge than the AAA-sized battery. 2 1 .60 The 
Teflon spacers keep the two metals separated so the copper cannot 
conduct electrons that would promote the corrosion (rusting) of the 
iron skeleton. 2 1 .62 Sacrificial anodes are made of metals with 
EO less than that of iron, -0.44 V, so they are more easily oxidized 
than iron. Only (b), (f), and (g) wil l work for iron. (a) wil l form an 
oxide coating that prevents further oxidation. (c) would react with 
groundwater quickly. 2 1 .64 To reverse the reaction requires 
0.34 V with the cell in its standard state. A 1 .5 V cell suppLies 
more than enough potential, so the cadmium metal is oxidized to 
Cd2+ and chromium plates out. 2 1 .66 The oxidation number of 
N in N03 - is + 5, the maximum O.N. for N. In the nitrite ion, 
N02 -, the O.N. of N is +3, so nitrogen can be fUI1her oxidized. 
2 1 .68 Iron and nickel are more easily oxidized and less easily re­
duced than copper. They are separated from copper in the roasting 
step and converted to slag. In the electrorefining process, all tlu'ee 
metals are in solution, but only Cu2+ ions are reduced at the 
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cathode to form Cu(s). 2 1 .70(a) Br2 (b) Na 2 1 .72 copper and 
bromine 
2 1 .74(a) Anode: 2H20(l) ----+ 02(g) + 4H+ (aq) + 4e­

Cathode: 2H20(l) + 2e- ----+ H2(g) + 20H- (aq) 
(b) Anode: 2H20(l) ----+ 02(g) + 4H+(aq) + 4e-

Cathode: Sn2+ (aq) + 2e- ----+ Sn(s) 
2 1 .76(a) 2.93 mol e- (b) 2.83 X I 05 C  (c) 3 1 .4 A  
21 .78 0.282 g Ra 21 .80 1 . l 0 X  1 04 s 2 1 .82(a) The sodium and 
sulfate ions make the water conductive so the current wi l l  flow 
through the water, faci litating electrolysis . Pure water, which 
contains very low ( 10-7 M) concentrations of H+ and OH-, con­
ducts electricity very poorly. (b) The reduction of H20 has a 
more positive half-potential than does the reduction of Na + ;  the 
oxidation of H20 is the only reaction possible because S042-
cannot be oxidized. Thus, it is easier to reduce H�O than Na + 
and easier to oxidize H20 than sol-. 2 1 .83(a) 4.6X 1 04 L 
(b) 1 .26 X 1 08 C (c) l .68 X 1 06 s 2 1 .84 44.2 g Zn 
2 1 .87 69.4 mass % Cu 2 1 .89(a) 1 3  days (b) 5 .2X 1 0 1  days 
(c) $3 1 0  2 1 .91 (a) 9 1  days (b) 44 g (c) $0.08/day 
2 1 .92 7 X 102 1b C12 2 1 .94(a) 1 .073 X lOs s (b) 1 .5 X 1 04 kW·h 
(c) 6.8¢ 2 1 .96 F < D < E. If metal E and a salt of metal F are 
mixed, the salt is reduced, produc ing metal F because E has the 
greatest reducing strength of the three metals .  
2 1 .97(a) Cel l  I :  4 mol electrons ;  t:J.G = -4 .75 X 1 0s J 

Cell I I :  2 mol electrons; t:J.G = - 3 .94X 1 05 J 
Cell III: 2 mol electrons; t:J.G = -4.53 X l OS J 

(b) Cel l  I: - 1 3.2 kJ/g 
Cell I I :  -0.6 1 3  kJ/g 
Cell III :  -2.62 kJ/g 
Cell I has the highest ratio (most energy released per 
gram) because the reactants have very low mass, while 
Cell II has the lowest ratio because the reactants have 
large masses. 

2 1 .98 Sn2+ (aq) + 2e- ----+ Sn(s) 
Cr3+(aq) + e- ----+ Cr2+ (aq) 
Fe2+ (aq) + 2e- ----+ Fe(s) 
U4+(aq) + e- ----+ U3+(aq) 

2 1 . 1 0 1  Li > Ba > Na > AI > Mn > Zn > Cr > Fe > Ni > Sn > 
Pb > Cu > Ag > Hg > Au. Metals with potentials lower than 
that of water (-0.83 V) can d isplace H2 from water: Li, Ba, Na, 
AI, and Mn. Metals with potentials lower than that of hydrogen 
(0.00 V) can displace H2 from acid: Li , Ba, Na, AI, Mn, Zn, Cr, 
Fe, Ni, Sn, and Pb. Metals with potentials greater than that of 
hydrogen (0.00 V) cannot displace H2: Cu, Ag, Hg, and Au. 
2 1 . 1 02(a) l .890 t AI203 (b) 0.3339 t C (c) 1 00% (d) 74% 
(e) 2.8 l 3 X 1 03 m3 2 1 . 1 03(a) 5 .3 X I 0- 1 1  (b) 0.20 V 
(c) 0.43 V (d) 8 .2X 1 0-4 M NaOH 2 1 . 1 05 2.94 

Chapter 22 
22. 1 (a) li2s22p63i3p64i3dl 04p65i4dx 

(b) ls22s22p63i3p64s23dl04p65s24dl05p66i4/45dx 
22.4(a) The elements should i ncrease in size as they increase in 
mass from Period 5 to Period 6. Because 14 additional elements 
lie between Periods 5 and 6, the effective nuclear charge in­
creases significantly; so the atomic size decreases, or "contracts." 
This effect is significant enough that Zr4+ and Hf4+ are almost 
the same size but differ greatly in atomic mass. (b) The atomic 
size increases from Period 4 to Period 5, but stays fairly constant 

from Period 5 to Period 6. (c) Atomic mass increases signifi­
cantly from Period 5 to Period 6, but atomic radius (and thus 
volume) increases sl ightly, so Period 6 elements are very dense. 
22.7(a) A paramagnetic substance is attracted to a magnetic field, 
while a diamagnetic substance is s lightly repelled by one. 
(b) Ions of transition elements often have half-filled d orbitals 
whose lII1paired electrons make the ions paramagnetic. Ions of 
main-group elements usually have a noble gas configuration with 
no partially fil led levels . (c) Some d orbitals in the transition 
element ions are empty, which al lows an electron from one d 
orbital to move to a s l ightly higher energy one. The energy 
required for this transition is small and fall s  in the visible wave­
length range. Al l  orbitals are fi lled in ions of main-group ele­
ments, so enough energy would have to be added to move an 
e lectron to the next principal energy level, not just another orbital 
within the same energy level .  This amount of energy is very large 
and much greater than the vis ible range of wavelengths. 
22.8(a) li2s22p63i3p64s23d3 
(b) li2s22p63s23p64s23d l 04p65s24d l (c) [Xe] 6s24/45d 10  
22. 1 0(a) [Ar] , no unpaired e lectrons (b) [Ar] 3d9, one unpaired 
electron (c) [Ar] 3d 5 ,  five unpaired e lectrons (d) [Kr] 4d 2, 
two unpaired electrons 22. 1 2  Cr, Mo, and W 22. 1 4  I n  CrF2, 
because the chromium i s  in a lower oxidation state. 
22. 1 6  Cr03, with Cr in a higher oxidation state, yields a more 
acidic aqueous solution. 22. 1 9  The coordination number indi­
cates the number of l igand atoms bonded to the metal ion. The 
oxidation number represents the number of electrons lost to form 
the ion. The coordination number i s  unrelated to the oxidation 
number. 22.21 2, l inear; 4, tetrahedral or square planar; 
6, octahedral 22.24(a) hexaaquanickel(II) chloride 
(b) tris(ethylenediamine)chromium(III) perchlorate (c) potas­
sium hexacyanomanganate(II) 22.26(a) 2 + ,  6 (b) 3 + ,  6 
(c) 2 + ,  6 22.28(a) potass ium dicyanoargentate(l) (b) sodium 
tetrachlorocadmate(II) (c) tetraammineaquabromocobalt(III) 
bromide 22.30(a) [Zn(NH3)4]S04 (b) [Cr(NH3)sCl]Cl2 
(c) Na3 [Ag(S203)2] 22.32(a) 4, two ions (b) 6, three ions 
(c) 2, four ions 22.34(a) The ni trite ion forms l inkage 
isomers because it can bind to the metal ion through either 
the nitrogen or one of the oxygen atoms-both have a lone 
pair of electrons. 

[:q � ligand lone pair 

(b) Sulfur dioxide molecules form l inkage i somers because both 
the sulfur and the oxygen atoms can bind the central metal ion. 

q=S � l i gand lone pair 

(c) Nitrate ions have three oxygen atoms, al l with a lone pair that 
can bond to the metal ion, but all of the oxygen atoms are equiva­
lent, so there are no l inkage isomers. [:O-N=0 1-. . I .. 

:0: 

22.36(a) geometric isomerism 
Br Br 

"- / PI and 
/ "­CH3NH2 NH2CH3 

cis tfallS 
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(b) geometric isomeri sm 
H3N NH3 H3N F 

,, / ,, / PI and PI 
/ " / " 

CI F CI NH3 
cis Irans 

(c) geometric isomerism 
H20 NH3 H20 NH3 

,, /  ,, / PI and PI 
/ "  / " CI F F CI 

22.38(a) geometric isomerism 

and 

CI
" /

CI ] 2- CI Br 2-

PI and 
/ " 

Br Br 
cis 

(b) l i nkage isomerism 
2+ 

" / PI 
/ " Br CI 
trans 

NH3 

H3N 1 NH3 
" / 

NH3 

H3N 1 NH3 
" / Cr 

/ 1 " H3N N02 

NH3 

and Cr 
/ 1 " H3N ONO 

NH3 

(c) geometric isomerism 
NH3 2+ 

H3N 1 I 
" / PI 
/ 1 " H3N I 

NH3 
cis 

and 

NH3 

H3N 1 I 
" / PI 
/ 1 " I NH3 

NH3 
Irans 

2+ 

2+ 

22.40(a) dspz (b) Sp3 22.43(a) The crystal field spl itting 
energy (L\) is the energy difference between the two sets of 
d orbitals that result from the bonding of l igands to a central tran­
sition metal atom. (b) In an octahedral field of l igands, the lig­
ands approach along the X-, yo, and z-axes. The dx2_y2 and 
dz' orbitals are located along the X-, yo, and z-axes, so l igand in­
teraction is higher in energy. The other orbital-ligand interactions 
are lower in energy because the d r\" d),z, and d \·z orbitals are lo­
cated between the X-, yo, and z-axes. ' (c) In a tetrahedral field of 
l igands, the ligands do not approach along the X-, yo, and z-axes. 
The ligand interaction is greater for the dxy, dyz, and dx, orbitals 
and lesser for the dr,_y' and dz' orbitals. Therefore, the �rystal 
field splitting is reversed, and the dxy, dyz, and dxz orbitals are 
higher in energy than the dx'-v' and elz' orbitals . 22.45 If L\ is 
greater than Epairing, electrons wi l l  pair their spins in the lower 
energy cl orbitals before adding as unpaired electrons to the 
higher energy cl orbitals .  If L\ is less than Epa ·' , 0  electrons will 
add as unpaired electrons to the higher energ�";;'orbitals before 
pairing i ll the lower energy el orbitals . 22.47(a) no d electrons 
(b) eight d electrons (c) six d electrons 22.49(a) and (d) 
22.5 1 

(a) LD 
1 1' 1 1' 1 1' 1  

(c) ITIIJ 
1 1' 1 1' 1 1'  

22.53 [Cr(HZO)6P+ < [Cr(NH3)6]
3+ < [Cr(NOZ)6]

3 -
22.55 A violet complex absorbs yellow-green light. The light 
absorbed by a complex with a weaker field l igand would be at a 
lower energy and higher wavelength. Light of lower energy than 
yel low-green l ight is yellow, orange, or red. The color observed 
would be blue or green. 22.60(a) 6 (b) + 3  (c) two (d) I mol 
22.64 [Co(NH3MHzO)Clf+ 

tetraammineaquachlorocobalt(III) ion 
2 geometric isomers 

2+ 2+ 

cis trans 

[Cr(HzOhBrzCI] triaquadibromochlorochromium(III) 
3 geometric isomers 

CI 
H20 .. , 1 " Br �" I Cr \\\' """" 1 "" Hp H 0 

Br 
2 

Br's are trans Br's are cis Br's and H20's are cis 
H20's are cis and trans 

[Cr(NH3)z(HzOhBrz]+ 
diamminediaquadibromochromium(III) ion 

6 isomers (5 geometric) 
+ + 

+ + 

NH3 
H20 .. 1 . .. Br 

� 1
r
(� Br 

H 0 
NH3 

2 

only Br is trans 

only H20 is trans optical isomers 
all three ligands are cis 

+ 

+ 

22.69(a) The first reaction shows no change i n  the number of 
particles. In the second reaction, the number of reactant particles 
is greater than the number of product particles. A decrease in 
the number of particles means a decrease in entropy. Based on 
entropy change only, the first reaction is favored. (b) The ethyl­
enediamine complex wi l l  be more stable with respect to l igand 
exchange in water because the entropy change for that exchange 
is unfavorable. 

Chapter 23 
23. 1 (a) Chemical reactions are accompanied by relatively small 
changes in energy; nuclear reactions are accompanied by relatively 
large changes in energy. (b) Increasing temperature i ncreases 
the rate of a chemical reaction but has no effect on a nuclear 
reaction. (c) Both chemical and nuclear reaction rates increase 
with higher reactant concentrations. (d) If the reactant is l imit­
ing in a chemical reaction, then more reactant produces more 
product and the yield increases. The presence of more radioactive 
reactant results in more decay product, so a higher reactant con­
centration increases the yield. 23.2(a) Z down by 2, N down 
by 2 (b) Z up by 1 ,  N down by 1 (c) no change in Z or N 
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(d) Z down by I ,  N up by I ;  a different e lement is produced i 
n all cases except (c). 23.4 A neutron-rich nuclide decays by 
beta decay. A neutron-poor nucl ide undergoes positron decay or 
electron capture. 23.6(a) 2��U ->- �He + 2�gTh 
(b) 2��Np + _?e ->- 2��U (c) I �N ->- ?f3 + I �C 
23.8(a) i�v ->- i�Ti + ?f3 (b) 1 ��Cd + _?e ->- l �jAg 
(c) 2�gRn ->- 2��PO + iHe 23. 1 0(a) Appears stable because 
its N and Z values are both magic numbers, but its N /Z ratio 
( 1 .50) is too high; it is unstable. (b) Appears unstable because 
its Z value is an odd number, but its N /Z ratio ( 1 . 1 9) is in the 
band of stabi l i ty, so it is stable (c) Unstable because its N /Z ra­
tio is too high. 23. 1 2(a) alpha decay (b) positron decay or 
electron capture (c) positron decay or electron capture 
23. 1 4  Stabil ity results from a favorable N /Z ratio, even num­
bered N and/or Z, and the occurrence of magic numbers. The 
N /Z ratio of 52Cr is 1 . 1 7 , which is within the band of stabi l i ty. 
The fact that Z is even does not account for the variation in sta­
bility because a l i  isotopes of chromium have the same Z. How­
ever, 52Cr has 28 neutrons, so N is both an even number and a 
magic number for this isotope only. 23. 1 8  No, it is not valid to 
conclude that 1 1 /2 equals 1 min because the number of nuclei is so 
smal! .  Decay rate is an average rate and is only meaningful when 
the sample is macroscopic and contains a large number of nuclei. 
For the sample containing 6x 1 0 1 2 nuclei, the conclusion is valid. 
23.20 2.89X 1 0-2 Ci/g 23.22 2.3 1 X 1 0-7 yr- I 23.24 1 .49 mg 
23.26 2.2X 1 09 yr 23.28 1 X 1 02 dpm 23.32 Protons are re­
pelled from the target nuclei due to interaction with l ike (positive) 
charges. Higher energy is required to overcome the repulsion. 
23.33(a) I �N; I �B + iHe ->- bn + I �N (b) lIn ;  ��Si + �H -----+­
T�P + bn (c) 2��Cm; 2��Cm + �He ->- 2 bn + 2��Cf 
23.37 Ionizing radiation is more dangerous to chi ldren because 
their rapidly dividing cells are more susceptible to radiation than 

an adult's slowly dividing cells . 23.38(a) 5.4X 1 0-7 rad 
(b) 5 .4X I 0-9 Gy 23.40(a) 7.5 X lO - l o Gy (b) 7.5 X I O-5 
mrem (c) 7.5 X 1 0- 1 0  Sv 23.42 2.45 X 1 0-3 rad 23.44 NAA 
does not destroy the sample, while chemical analyses do. Neu­
trons bombard a nonradioactive sample, inducing some atoms 
within the sample to be radioactive. The radioisotopes decay by 
emitting radiation characteristic of each isotope. 23.45 The 
oxygen isotope in the methanol reactant appears in the formalde­
hyde product. The oxygen isotope in the chromic acid reactant 
appears in the water product. The isotope traces the oxygen in 
methanol to the oxygen in formaldehyde. 23.48(a) 1 .86 1 X 1 04 e V 
(b) 2.98 1 X 1 0- 1 5 1 23.50(a) 8.768 MeV/nucleon 
(b) 5 1 7 .3 MeV/atom (c) 4.99 X 1 0 10 kl/mol 23.53 Radioactive 
decay is a spontaneous process in which unstable nuclei emit 
radioactive particles and energy. Fission occurs as the result of 
high-energy bombardment of nuclei with small particles that 
cause the nuclei to break into smaller nucl ides, radioactive parti­
cles, and energy. 23.56 The water serves to s low the neutrons 
so that they are better able to cause a fission reaction. Heavy 
water is a better moderator because it does not absorb neutrons 
as well as l ight water does, so more neutrons are available 
to initiate the fission process. However, D20 does not occur 
naturally in great abundance, so its production adds to the 
cost of a heavy-water reactor. 23.60(a) 1 . 1  X 1 0-29 kg 
(b) 9.8 X 1 0- 1 3 1 (c) 5 . 9X 1 08 kl/mo! . This is approximately 
I mil lion times larger than a typical heat of reaction. 
23.62 7 .6x 1 03 yr 23.65 1 .35 X 1 0-5 M 23.66(a) 5.99 h 
(b) 2 1  % 23.68 4.904X 1 0-9 Llh 23.75(a) 2.07x 1 0- 1 7 1 
(b) 1 .45 X 1 07 H atoms (c) 1 .4960X 1 0-5 ] (d) 1 .4959X 1 0-5 J 
(e) No, the Captain should continue using the current technology. 





Numbers in parentheses refer to the page(s) on which a term is 
introduced and/or discussed. 

A 
absolute scale (also Kelvin scale) The preferred temperature 
scale in scientific work, which has absolute zero (0 K, or 
-273. 1 5°C) as the lowest temperature. ( 19) [See also kelvin (K).] 
absorption spectrum The spectrum produced when atoms 
absorb specific wavelengths of incoming light and become excited 
from lower to higher energy levels .  (2 1 7) 
accuracy The closeness of a measurement to the actual 
value. (24) 
acid In common laboratory terms, any species that produces H+  
ions when dissolved in water. ( 1 1 7 )  [See also Arrhenius, Br¢nsted­
Lowry, and Lewis acid-base definitions.] 
acid anhydride A compound, sometimes formed by a 
dehydration-condensation reaction of an oxoacid, that yields two 
molecules of the acid when it reacts with water. (480) 
acid-base buHer (also buffer) A solution that resists changes 
in pH when a small amount of either strong acid or strong base is 
added. (6 1 6) 
acid-base indicator A species whose color is different in acid 
and in base, which is used to monitor the equivalence point of a 
titration or the pH of a solution. (587) 
acid-base reaction Any reaction between an acid and a base. 
( 1 1 7) (See also neutralization reaction. ) 
acid-base titration curve A plot of the pH of a solution of 
acid (or base) versus the volume of base (or acid) added to the 
solution. (624) 
acid-dissociation (acid-ionization) constant ( Ka) An equi­
l ibrium constant for the dissociation of an acid (HA) in H20 to 
yield the conjugate base (A - )  and H30 + : 

K = [H30+] [A -]  
a [HA] 

(58 1 )  

actinides The Period 7 elements that constitute the second inner 
transition series (Sf block), which includes thorium (Th; Z = 90) 
through lawrencium (Lr; Z = 1 03) . (247) 
activated complex (See transition state. ) 
activation energy (Eo) The minimum energy with which mol­
ecules must coll ide to react. (5 1 6) 
active site The region of an enzyme formed by specific amino 
acid side chains at which catalysis occurs. (53 1 )  
activity (.sIl) (also decay rate) The change i n  number of nu­
clei (N) of a radioactive sample divided by the change in time 
(t). (770) 
activity series of the metals A l isting of metals arranged in 
order of their decreasing strength as reducing agents in aqueous 
reactions. ( 1 30) 
actual yield The amount of product actually obtained in a 
chemical reaction. (93) 
addition polymer (also chain-reaction, or chain-growth, poly­
mer) A polymer formed when monomers (usually containing 
C=C) combine through an addition reaction. (483) 

Glossa ry 

addition reaction A type of organic reaction in which atoms 
l inked by a multiple bond become bonded to more atoms. (472) 
adduct The product of a Lewis acid-base reaction characterized 
by the formation of a new covalent bond. (606) 
adenosine triphosphate (AlP) A high-energy molecule that 
serves most conm10nly as a store and source of energy in organ­
isms. (672) 
alcohol An organic compound (ending, - 01) that contains a 

I .. 
-C-O-H functional group. (475) 

I . . � 
aldehyde An organic compound (ending, -al) that contains the 
carbonyl functional group ( C=O )  in which the carbonyl C is also 
bonded to H. (478) 

. . 
alkane A hydrocarbon that contains only single bonds (general 
formula, CIIH211+2) .  (463) 
alkene A hydrocarbon that contains at least one C=C bond 
(general formula, CIIH211). (468) 
alkyl group A saturated hydrocarbon chain with one bond 
available. (472) 
alkyl halide (See haloalkane. ) 
alkyne A hydrocarbon that contains at least one C-C bond 
(general formula, CIIH211-2) . (469) 
allotrope One of two or more crystal l ine or molecular forms of 
an element. In general, one allotrope is more stable than another at 
a particular pressure and temperature. (435)  
alloy A mixture with metallic properties that consists of solid 
phases of two or more pure elements, a solid-solid solution, or dis­
tinct intermediate phases. (395) 
alpha (<<) decay A radioactive process in which an alpha par­
ticle is emitted from a nucleus. (765) 
alpha particle (<< or �He) A positively charged particle, iden­
tical to a helium nucleus, that is one of the common types of 
radioactive ernissions. (764) 

:0: 
II I 

amide An organic compound that contains the -C-�-
functional group. (479) I . . amine An organic compound (general formula, -C-N- ) 

I I 
derived structurally by replacing one or more H atoms of ammo­
nia with alkyl groups; a weak organic base. (476) 
amino acid An organic compound [general formula, 
H2N-CH(R)-COOH] with at least one carboxyl and one 
amine group on the same molecule; the monomer unit of a pro­
tein. (487) 
amorphous solid A solid that occurs in different shapes because 
it lacks extensive molecular-level ordering of its particles. (369) 
ampere (A) The SI unit of electric current; I ampere of current 
resu lts when I coulomb flows through a conductor in I second. 
(724) 
amphoteric Able to act as either an acid or a base. (258) 
amplitude The height of the crest (or depth of the trough) of a 
wave; related to the intensity of the energy. (207) 

G- 1  
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angular momentum quantum number (I) (also orbital-shape 
quantum num.ber) An integer from 0 to n - I that is related to 
the shape of an atomic orbital. (224) 
anion A negatively charged ion. (48) 
anode The electrode at which oxidation occurs in an electro­
chemical cell . Electrons are given up by the reducing agent and 
leave the cell at the anode. (686) 
antibonding MO A molecular orbital formed when wave 
functions are subtracted from each other, which decreases electron 
density between the nuclei and leaves a node. Electrons occupying 
such an orbital destabi l ize the molecule. (335) 
aqueous solution A solution in which water is the solvent. (60) 
aromatic hydrocarbon A compound of C and H with one or 
more rings of C atoms (often drawn with alternating C-C and 
C = C  bonds), in which there is extensive delocal ization of 
'iT electrons. (47 1 )  
Arrhenius acid-base definition A model of acid-base be­
havior in which an acid is a substance that has H in its formula and 
produces H + in water, and a base is a substance that has OH in its 
formula and produces OH- in water. (579) 
Arrhenius equation An equation that expresses the exponen­
tial re lationship between temperature and the rate constant: 
k = Ae - E,,1NT (5 1 6) 
atmosphere (See standard atmosphere. ) 
atom The smal lest particle of an element that retains the chem­
ical nature of the element. A neutral, spherical entity composed of 
a positively charged central nucleus surrounded by one or more 
negatively charged electrons. (36) 
atomic mass (also atomic weight) The average of the masses of 
the naturally occurring isotopes of an element weighted according 
to their abundances. (44) 
atomic mass unit (amu) (also dalton, Da) A mass exactly 
equal to -&. the mass of a carbon- 1 2  atom. (43) 
atomic number (Z) The unique number of protons in  the 
nucleus of each atom of an element (equal to the number of elec­
trons in the neutral atom). An integer that expresses the positive 
charge of a nucleus in multiples of the electronic charge. (42) 
atomic orbital (also wave Junction) A mathematical expres­
sion that describes the motion of the electron's matter-wave in 
terms of time and posit ion in the region of the nucleus. The term is 
used quali tatively to mean the region of space in which there is a 
high probabi l i ty of finding the electron. (222) 
atomic size A term referring to the atomic radius, one-half the 
distance between nuclei of identical bonded elements . (249) (See 
also covalent radius and metallic radius. ) 
atomic solid A solid consi sting of indiv idual atoms held 
together by di spersion forces; the frozen noble gases are the only 
examples. (376) 
atomic symbol (also element symbol) A one- or two-letter ab­
breviation for the English, Latin, or Greek name of an element. (42) 
AlP (See adenosine triphosphate. ) 
aufbau principle (also buildin!?-up principle) The conceptual 
basis of a process of building up atoms by adding one proton (and 
one or more neutrons) at a time to the nucleus and one electron 
around it to obtain the ground-state electron configurations of the 
elements. (240) 
autoionization (also se(rionization) A reaction in which two 
molecules of a substance react to give ions. The most important 
example is for water: 

2H20(l) � H30+(aq) + OH- (aq) (583) 

average rate The change in concentration of reactants (or 
products) divided by a fin ite time period. (502) 
Avogadro's law The gas law stating that, at fixed temperature 
and pressure, equal volumes of any ideal gas contain equal num­
bers of particles, and, therefore, the volume of a gas is directly 
proportional to its amount (mol) : V ex  n. ( 1 47 )  
Avogadro's number A number (6.022 X 1 023 to  four signifi­
cant figures) equal to the number of atoms in  exactly 1 2  g of 
carbon- 1 2 ;  the number of atoms, molecules, or formula units in 
one mole of an element or compound. (70) 
axial group A group (or atom) that l ies above or below the tri­
gonal plane of a trigonal bipyramidal molecule, or a similar struc­
tural feature in a molecule. (3 1 1 ) 

B 
background radiation Natural ionizing radiation, the most 
important form of which is cosmic radiation. (777) 
balancing coefficient (also stoichiometric coefficient) A nu­
merical multipl ier of all the atoms in the formula immediately fol­
lowing it in a chemical equation. (83) 
band of stability The narrow band of stable nucl ides that 
appears on a plot of number of neutrons vs. number of protons for 
all nuclides. (767) 
band theory An extension of molecular orbital (MO) theory 
that explains many properties of metals, in particular, the differ­
ences in electrical conductivity of conductors, semiconductors, 
and insulators. (38 1 )  
barometer A device used to measure atmospheric pressure. 
Most commonly, a tube open at one end, which is fi l led with mer­
cury and inverted into a dish of mercury. ( 1 4 1 )  
base In common laboratory terms, any species that produces 
OH- ions when dissolved in water. ( 1 1 8) [See also Br¢nsted­
Lowry, classical (Arrhenius), and Lewis acid-base definitions. ] 
base-dissociation (base-ionization) constant (Kb) An 
equi l ibrium constant for the reaction of a base (B) with H20 to 
yield the conjugate acid (BH+ )  and OH-:  

[BH+] [OH-] 
Kb = 

[B) 
(596) 

base pair Two complementary bases in mononucleotides 
that are H bonded to each other; guanine (G) always pairs with 
cytosine (C), and adenine (A) always pairs with thymine (T) 
(or uraci l ,  U) .  (49 1 )  
base unit (also jitndamental unit) A unit that defines the stan­
dard for one of the seven physical quantities in the International 
System of Un its (SI) . ( 1 3) 
battery A self-contained group of voltaic cells arranged in se­
ries. (708) 
becquerel (Bq) The SI unit of radioactivity; I Bq = I dIs (dis­
integration per second). (770) 
bent shape (also V shape) A molecular shape that arises when 
a central atom is bonded to two other atoms and has one or two 
lone pairs; occurs as the AX2E shape class (bond angle < 1 20°) in 
the trigonal planar arrangement and as the AX2E2 shape class 
(bond angle < 1 09.5°) in the tetrahedral arrangement. (309) 
beta (13) decay A radioactive process in which a beta particle 
is emitted from a nucleus. (765) 
beta particle (13, 13-, or - ?13) A negatively charged particle 
identified as a high-speed electron that is one of the common types 
of radioactive emissions. (764) 



bimolecular reaction An elementary reaction involving the 
collision of two reactant species. (524) 
binary covalent compound A compound that consists of 
atoms of two elements in which bonding occurs primarily through 
electron sharing. (57) 
binary ionic compound A compound that consists of the 
oppositely charged ions of two elements. (48) 
body-centered cubic unit cell A unit cell in which a particle 
lies at each corner and in the center of a cube. (370) 
boiling point (bp or Tb) The temperature at which the vapor 
pressure of a gas equals the external (atmospheric) pressure. (355) 
boiling point elevation (.<1 Tb) The increase in the boiling 
point of a solvent caused by the presence of dissolved solute. 
(408) 
bond angle The angle formed by the nuclei of two surrounding 
atoms with the nucleus of the central atom at the vertex. (307) 
bond energy (BE) (also bond strength) The enthalpy change 
accompanying the breakage of a given bond in a mole of gaseous 
molecules. (279) 
bond length The distance between the nuclei of two bonded 
atoms. (279) 
bond order The number of electron pairs shared by two 
bonded atoms. (278) 
bonding MO A molecular orbital formed when wave functions 
are added to each other, which increases electron density between 
the nuclei .  Electrons occupying such an orbital stabilize the mol­
ecule. (335) 
bonding pair (also shared pair) An electron pai r shared by two 
nuclei; the mutual attraction between the nuclei and the electron 
pair forms a covalent bond. (278) 
Boyle's law The gas law stating that, at constant temperature 
and amount of gas, the volume occupied by a gas is inversely pro­
portional to the applied (external) pressure: V � l iP ( 1 44) 
Brensted-Lowry acid-base definition A model of acid-base 
behavior based on proton transfer, in which an acid and a base are de­
fined, respectively, as species that donate and accept a proton. (587) 
buffer (See acid-base buffa ) 
buffer capacity A measure of the ability of a buffer to resist a 
change in pH; related to the total concentrations and relative pro­
portions of buffer components. (62 1 )  
buffer range The pH range over which a buffer acts effec­
tively; related to the relative component concentrations. (622) 

c 
calibration The process of correcting for systematic error of a 
measuring device by comparing it to a known standard. (25) 
calorie (cal) A unit of energy defined as exactly 4. 1 84 joules; 
originally defined as the heat needed to raise the temperature of 
I g of water 1 °C (from 1 4.5°C to 1 5SC). ( 1 82) 
calorimeter A device used to measure the heat released or ab­
sorbed by a physical or chemical process taking place within it. 
( 1 88) 
capillarity (or capillary action) A property that results in a liq­
uid rising through a narrow space against the pull of gravity. (366) 
carbonyl group The C=O grouping of atoms. (478) 
carboxylic acid An organic compound (ending, -oic acid) 

:0: 
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that contains the -C-QH group. (479) 
catalyst A substance that increases the rate of a reaction without 
being used up in the process. (529) 
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cathode The electrode at which reduction occurs in an electro­
chemical cell. Electrons enter the cell and are acquired by the 
oxidizing agent at the cathode. (686) 
cathode ray The ray of light emitted by the cathode (negative 
electrode) in a gas discharge tube; travels in straight lines, unless 
deflected by magnetic or electric fields. (37) 
cation A positively charged ion. (48) 
cell potential (Ecell) (also electromotive force, or en?!;' cell volt­
age) The potential difference between the electrodes of an elec­
trochemical cell when no current flows. (692) 
Celsius scale (formerly centigrade scale) A temperature scale 
in which the freezing and boiling points of water are defined as 
O°C and 1 00°C, respecti vel y. ( 1 9) 
chain reaction In nuclear fission, a self-sustaining process in 
which neutrons released by splitting of one nucleus cause other 
nuclei to split, which releases more neutrons, and so on. (786) 
change in enthalpy (.<1H) The change in internal energy 
plus the product of the constant pressure and the change in vol­
ume: /::;.H = /::;.E + P/::;' V; the heat lost or gained at constant pres­
sure: /::;.H = qp. ( 1 85) 
charge density The ratio of the charge of an ion to its volume. 
(397) 
Charles's law The gas law stating that at constant pressure, the 
volume occupied by a fixed amount of gas is directly proportional 
to its absolute temperature: V � T. ( 1 45)  
chelate A complex ion in which the metal ion is bonded to a 
bidentate or polydentate ligand. (743) 
chemical bond The force that holds two atoms together in a 
molecule (or formula unit). (48) 
chemical change (also chemical reaction.) A change in which 
a substance is converted into a substance with different composi­
tion and properties. (3) 
chemical equation A statement that uses chemical formula 
to express the identities and quantities of the substances involved 
in a chemical or physical change. (83) 
chemical formula A notation of atomic symbols and numeri­
cal subscripts that shows the type and number of each atom in a 
molecule or formula unit of a substance. (5 1 )  
chemical kinetics The study of the rates and mechan isms of 
reactions. (499) 
chemical property A characteristic of a substance that ap­
pears as it interacts with, or transforms into, other substances. (3) 
chemical reaction (See chemical change. ) 
chemistry The scientific study of matter and the changes it 
undergoes. (2) 
chiral molecule One that is not superimposable on its mirror 
image; an optically active molecule. In organic compounds, a chi­
ral molecule typically contains a C atom bonded to four different 
groups (asymmetric C). (467) 
chlor-alkali process An industrial method that electrolyzes 
concentrated aqueous NaCI and produces C12, H2, and NaOH. 
(7 1 9) 
cis-trans isomers (See geometric isomers. ) 
Clausius-Clapeyron equation An equation that expres es 
the relationship between vapor pressure P of a liquid and temper­
ature T: 

-/::;.H"'lP ( I ) In P = 
R ' T + C, where C is a constant (354) 

colligative property A property of a solution that depends on 
the number, not the identity, of solute particles. (407) (See also 
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boiling point elevation, freezing point depression, osmotic pres­
sure, and vapor pressure lowering. ) 
collision theory A model that explains reaction rate as the re­
sult of particles colliding with a certain minimum energy. (5 1 8) 
combustion analysis A method for determining the formula 
of a compound from the amounts of its combustion products; used 
commonly for organic compounds. (80) 
common-ion effect The shift in the position of an ionic equi­
librium away from formation of an ion that i s  caused by the addi­
tion (or presence) of that ion. (6 1 7) 
complex (See coordination compound. ) 
complex ion An ion consisting of a central metal ion bonded 
covalently to molecules andlor anions called ligands. (64 1 , 74 1 )  
composition The types and amounts of simpler substances that 
make up a sample of matter. (2) 
compound A substance composed of two or more elements 
that are chemically combined in  fixed proportions. (33) 
concentration A measure of the quantity of solute dissolved in  
a given quantity of solution. (95) 
concentration cell A voltaic cell in which both compart­
ments contain the same components but at different concentra­
tions. (705) 
condensation The process of a gas changing into a liquid. (349) 
condensation polymer A polymer formed by monomers with 
two functional groups that are l inked together in a dehydration­
condensation reaction. (485) 
conduction band In band theory, the empty, higher energy 
portion of the band of molecular orbitals into which electrons 
move when conducting heat and electricity. (38 1 )  
conductor A substance (usually a metal) that conducts an elec­
tric current well. (382) 
conjugate acid-base pair Two species related to each other 
through the gain or loss of a proton ;  the acid has one more proton 
than its conjugate base. (589) 
constitutional isomers (also structural isomers) Compounds 
with the same molecular formula but different arrangements of 
atoms.  (465, 746) 
controlled experiment An experiment that measures the effect 
of one variable at a time by keeping other variables constant. (9) 
conversion factor A ratio of equivalent quantities that is equal 
to 1 and used to convert the units of a quantity. ( 1 0) 
coordinate covalent bond A covalent bond formed when 
one atom donates both electrons to give the shared pair; once 
formed, it is identical to any covalent single bond. (748) 
coordination compound (also complex) A substance con­
taining at least one complex ion. (74 1 )  
coordination isomers Two or more coordination compounds 
with the same composition in  which the complex ions have differ­
ent l igand arrangements. (746) 
coordination number In a crystal, the number of nearest 
neighbors surrounding a particle. (370) In a complex, the number 
of ligand atoms bonded to the central metal ion. (742) 
core electrons (See inner electrons.) 
corrosion The natural redox process that results in unwanted 
oxidation of a metal. (7 1 3) 
coulomb (C) The S l  unit of electric charge. One coulomb is the 
charge of 6.242 X J 0 1 8  electrons ;  one electron possesses a charge 
of 1 .602 x l O- 1 9  C. (692) 
Coulomb's law A law stating that the electrostatic force associ­
ated with two charges A and B is directly proportional to the product 

of their magnitudes and inversely proportional to the square of the 
distance between them: 

. charge A X charge B 
electrostatic force ex: 2 (274) 

(distance) 

counter ion A simple ion associated with a complex ion in a co­
ordination compound. (74 1 )  
coupling of reactions The pairing of reactions of which one 
releases enough free energy for the other to occur. (67 1 )  
covalent bond A type of bond i n  which atoms are bonded 
through the sharing of two electrons ;  the mutual attraction of 
the nuclei and an electron pair that holds atoms together in a mol­
ecule. (50, 277) 
covalent bonding The idealized bonding type that is based on 
localized electron-pair sharing between two atoms with little 
difference in their tendencies to lose or gain electrons (most com­
monly nonmetals). (270) 
covalent compound A compound that consists of atoms 
bonded together by shared electron pairs. (47) 
covalent radius One-half the distance between nuclei of identi­
cal covalently bonded atoms. (249) 
critical mass The minimum mass needed to achieve a chain re­
action. (786) 
critical point The point on a phase diagram above which the 
vapor cannot be condensed to a liquid; the end of the liquid-gas 
curve. (356) 
crystal field splitting energy (d) The difference in energy 
between two sets of metal-ion d orbitals that results from electro­
static interactions with the surrounding ligands. (752) 
crystal field theory A model that explains the color and 
magnetism of coordination compounds based on the effects of li­
gands on metal-ion d-orbital energies. (750) 
crystalline solid Solid with a well-defined shape because of 
the orderly arrangement of the atoms, molecules, or ions. (369) 
cubic closest packing A crystal structure based on the face­
centered cubic unit cell in which the layers have an abcabc . . .  
pattern. (372) 
cubic meter (m3) The Sl derived unit of volume. ( I 5) 
curie (Ci) The most common unit of radioactivity, defined as the 
number of nuclei disintegrating each second in 1 g of radium-226; 
1 Ci = 3.70X 1 0 1 0  dis (disintegrations per second). (770) 
cyclic hydrocarbon A hydrocarbon with one or more rings in 
its structure. (465) 

D 
d orbital An atomic orbital with I = 2. (228) 
dalton (Da) A unit of mass identical to atomic mass unit. (43) 
Dalton's law of partial pressures A gas law stating that, in 
a mixture of unreacting gases, the total pressure is  the sum 
of the partial pressures of the i ndividual gases: Ptotal = P I + 
P2 + . . . . ( 1 55)  
data Pieces of quantitative information obtained by observa­
tion. (8) 
de Broglie wavelength The wavelength of a moving particle 
obtained from the de Broglie equation: A. = hlmu. (2 1 9) 
decay constant The rate constant k for radioactive decay. (77 1 )  
decay rate (See activity. ) 
decay series (also disintegration series) The succession of 
steps a parent nucleus u ndergoes as i t  decays into a stable 
daughter nucleus. (770) 



dehydration-condensation reaction A reaction in which H 
and OH groups on two molecules react to form water as one of the 
products. (443) 
delocalization (See electron-pair delocalization. ) 
density (d) An intensive physical property of a substance at a 
given temperature and pressure, defined as the ratio of the mass to 
the volume: d = mlV. ( 1 7) 
deposition The process of changing directly from gas to 
solid. (350) 
derived unit Any of various combinations of the seven SI base 
units. ( 1 3) 
deuterons Nuclei of the stable hydrogen i sotope deuterium, 
2H. (774) 
diagonal relationship Physical and chemical s imilarities 
between a Period 2 element and one located diagonally down and 
to the right in  Period 3 .  (428) 
diamagnetism The tendency of a species not to be attracted 
(or to be slightly repelled) by a magnetic field as a result of Its 
electrons being paired. (26 1 )  
diffraction The phenomenon i n  which a wave striking the edge 
of an object bends around it. A wave passing through a slit as wide 
as its wavelength forms a circular wave. (208) 
diffusion The movement of one fluid through another. ( 1 65)  
dimensional analysis (also factor-label method) A calcula­
tion method in which arithmetic steps are accompanied by the ap­
propriate canceling of units. ( 1 1 )  
dipole-dipole force The intermolecular attraction between 
oppositely charged poles of nearby polar molecules. (360) 

. 
dipole-induced dipole force The intermolecular attra�tIOn 
between a polar molecule and the oppositely charged pole It Ill­
duces in a nearby molecule. (392) 
dipole moment (,....) A measure of molecular polarity; the 
magnitude of the partial charges on the ends of a molecule (Ill 
coulombs) times the distance between them (in meters). (3 1 6) 
disaccharide An organic compound formed by a dehydration­
condensation reaction between two simple sugars (monosaccha­
rides). (486) 
disintegration series (See decay series. ) 
dispersion force (also London force) The intermolecular 
attraction between all particles as a result of instantaneous polanza­
tions of their electron clouds; the intermolecular force primarily 
responsible for the condensed states of nonpolar substances. (363) 
disproportionation reaction A reaction in  whIch a gIven 
substance is both oxidized and reduced. (44 1 )  
donor atom An atom that donates a lone pair of electrons to 
form a covalent bond, usually from l igand to metal ion in a 
complex. (742) 
double bond A covalent bond that consists of two bonding 
pairs; two atoms sharing four electrons in the form of one (J' and 
one 1T bond. (278) 
double-displacement reaction (See metathesis reaction. )  
double helix The two intertwined polynucleotide strands held 
together by H bonds that form the structure of DNA (deoxy­
ribonucleic acid). (49 1 )  
Downs cell An industrial apparatus that electrolyzes molten 
NaCI to produce sodium and chlorine. (7 1 8) 
dynamic equilibrium In a chemical or physical change, the 
condition at which the forward and reverse processes are taking 
place at the same rate, so there is no net change in the amounts of 
reactants or products. (353) 
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E 
eg orbitals The set of orbitals (com�osed of (Zy2_y2 and dz.') that 
resul ts when the energies of the metal-Ion d orbItals are splIt by a 
ligand field. This set is higher in energy than the other (t2g) set in 
an octahedral field of ligands and lower in energy in a tetrahedral 
field. (752) 
effective collision A collision in which the particles meet with 
sufficient energy and an orientation that allows them to react. (5 19) 
effective nuclear charge (ZeH) The nuclear charge an elec­
tron actually experiences as a result of shielding effects due to the 
presence of other electrons. (239) 
effusion The process by which a gas escapes from its container 
through a tiny hole into an evacuated space. ( 1 64) 
electrochemical cell A system that incorporates a redox reac­
tion to produce or use electrical energy. (682) 
electrochemistry The study of the relationship between chem­
ical change and electrical work. (682) 
electrode The part of an electrochemical cell that conducts the 
electricity between the cell and the surroundings. (686) 
electrolysis The nonspontaneous lys ing (splitting) of a sub­
stance, often to its component elements, by supplying electrical 
energy. (7 1 7) 
electrolyte A substance that conducts a current when it dis­
solves in water. ( 1 1 0, 407) A mixture of ions, in  which the elec­
trodes of an electrochemical cell are immersed, that conducts a 
current. (686) 
electrolytic cell An electrochemical system that uses electrical 
energy to drive a nonspontaneous chemical reaction (tlG > 0). 
(686) 
electromagnetic (EM) radiation (also electromagnetic energy 
or radiant energy) Oscillating, perpendicular electric and mag­
netic fields moving simultaneously through space as waves and 
manifested as vis ible l ight, x-rays, microwaves, radio waves, and 
so on. (206) 
electromagnetic spectrum The continuum of wavelengths of 
radiant energy. (207) 
electromotive force (emf) (See cell potential. ) 
electron (e-) A subatomic particle that possesses a unit nega­
tive charge ( 1 .602 1 8  X 1 0- 19  C) and occupies the space around the 
atomic nucleus. (4 1 )  
electron affinity (EA) The energy change (in kJ) accompany­
ina the addition of one mole of electrons to one mole of gaseous b 
atoms or ions. (255) 
electron capture A type of radioactive decay in which a 
nucleus draws in an orbital electron, usually one from the lowest 
energy level, and releases energy. (766)

. , electron cloud An imaginary representatIon of an electron s 
rapidly changing position around the nucleus over time. (222) 

. electron configuration The distribution of electrons wIthlll 
the orbitals of the atoms of an element; also the notation for such 
a distribution. (236) 
electron deficient Referring to a bonded atom, such as Be or 
B, that has fewer than eight valence electrons. (303) 
electron density diagram (also electron probability density 
diagram) The pictorial representation for a given energy sublevel 
of the quantity \jJ2 (the probabil ity density of the electron lylllg 
within a particular tiny volume) as a function of r (distance from 
the nucleus). (222) 
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electron-pair delocalization (also delocalizalion) The 
process by which electron density is spread over several atoms 
rather than remaining between two. (30 I )  
electron-sea model A qualitative description of metall ic 
bonding proposing that metal atoms pool their valence electrons 
into a delocalized "sea" of electrons in which the metal cores 
(metal ions) are submerged in an orderly array. (380) 
electron volt (eV) The energy (in joules, J) that an electron 
acqu ires when it moves through a potential difference of I volt; 
l eV = 1 .602 X 1 0- 1 9  J. (783) 
electronegativity (EN) The relative ability of a bonded atom 
to attract shared electrons. (287) 
electronegativity difference (�EN) The difference in  elec­
tronegativities between the atoms in a bond. (289) 
element The simplest type of substance with unique physical 
and chemical properties. An element consists of only one kind of 
atom, so it cannot be broken down into si mpler substances. (32) 
elementary reaction (also elementary step) A s imple reac­
tion that describes a s ingle molecular event in a proposed reaction 
mechanism. (524) 
elimination reaction A type of organ ic reaction in  which 
C atoms are bonded to fewer atoms in  the product than in  the 
reactant, which leads to multiple bonding. (472) 
emission spectrum The l ine spectrum produced when excited 
atoms return to lower energy levels and emit photons characteris­
tic of the element. (2 1 7) 
empirical formula A chemical formula that shows the lowest 
relative numbers of atoms of elements in a compound. (5 1 )  
enantiomers (See optical isomers. ) 
end point The point i n  a ti tration at which the indicator 
changes color. ( 1 20, 626) 
endothermic process One occurring with an absorption of 
heat from the surroundings and therefore an increase in  the en­
thalpy of the system (D.H > 0). ( 1 86) 
energy The capacity to do work, that is, to move matter. (5) 
[See also kinelic energy (Ek) and potenlial energy (Ep) . ]  
enthalpy (H) A thermodynamic quantity that i s  the sum of  the 
internal energy plus the product of the pressure and volume. ( 1 85 )  
enthalpy diagram A graphic depiction of  the enthalpy 
change of a system. ( 1 85 )  
enthalpy of hydration (�Hhydr) (See heal of hydration. ) 
enthalpy of solution (�Hsoln) (See heat of solution.) 
entropy (5) A thermodynamic quantity related to the number 
of ways the energy of a system can be dispersed through the mo­
tions of its particles. (398, 654) 
enzyme A biological macromolecule (usually a protein) that 
acts as a catalyst. ( 53 1 )  
equatorial group A group (or atom) that l ies in  the trigonal 
plane of a trigonal bipyramidal molecule, or a s imi lar structural 
feature in a molecule. (3 1 1 )  
equilibrium constant (K) The value obtained when equilibrium 
concentrations are substi tuted into the reaction quotient. (542) 
equivalence point The point in a titration when the number of 
moles of the added species is stoichiometrically equivalent to the 
original number of moles of the other species. ( 1 20, 626) 
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ester An organic compound that contains the -C-O-C-
group. (479) 

.. I 

exact number A quantity, usually obtained by counting or 
based on a unit definition, that has no uncertainty associated with 
it and, therefore, contains as many significant figures as a calcula­
tion requires. (23) 
excitation The process by which a substance absorbs energy 
from low-energy radioactive particles, causing its electrons to 
move to higher energy levels. (776) 
excited state Any electron configuration of an atom or mol­
ecule other than the lowest energy (ground) state. (2 1 4) 
exclusion principle A principle developed by Wolfgang Pauli 
stating that no two electrons in an atom can have the same set of 
four quantum numbers. The principle arises from the fact that an 
orbital has a maxi mum occupancy of two electrons and their spins 
are paired. (238) 
exothermic process One occurring with a release of heat to 
the surroundings and therefore a decrease in the enthalpy of the 
system (D.H < 0). ( 1 85) 
expanded valence shell A valence level that can accommo­
date more than 8 electrons by using available d orbitals; occurs 
only for elements in Period 3 or h igher. (305) 
experiment A clear set of procedural steps that tests a 
hypothesis .  (8) 
extensive property A property, such as mass, that depends on 
the quantity of substance present. ( 1 7) 

F 
face-centered cubic unit cell A unit cell i n  which a particle 
occurs at each corner and in the center of each face of a cube. (370) 
factor-label method (See dimensional analysis.) 
Faraday constant (F) The physical constant representing the 
charge of I mol of electrons: F = 96,485 C/mol e - . (70 1 )  
fatty acid A carboxylic acid that has a long hydrocarbon chain 
and is derived from a natural source. (480) 
first law of thermodynamics (See law of conservation of 
energy. ) 
fission The process by which a heavier nucleus spl i ts into 
lighter nuclei with the release of energy. (78 1 )  
formal charge The hypothetical charge on an atom in  a mol­
ecule or ion, equal to the number of valence electrons minus 
the sum of all the unshared and half the shared valence elec­
trons. (302) 
formation constant (Kf) An equi librium constant for the for­
mation of  a complex ion from the hydrated metal ion and 
l igands. (642) 
formation equation An equation in which mole of a com­
pound forms from its elements. ( 1 94) 
formula mass The sum ( in  amu) of the atomic masses of a 
formula unit of an ionic compound. (58) 
formula unit The chemical unit of a compound that contains 
the number and type of atoms (or ions) expressed in  the chemical 
formula. (53) 
fraction by mass (also mass fraction) The portion of a 
compound's mass contributed by an element; the mass of an ele­
ment in a compound divided by the mass of the compound. (34) 
free energy (G) A thermodynamic quantity that i s  the differ­
ence between the enthalpy and the product of the absolute temper­
ature and the entropy: G = H - TS. (666) 
free radical A molecular or atomic species with one or more 
unpaired electrons, which typically make it very reactive. (304) 
freezing The process of cooling a l iquid until it solidifies. (349) 



freezing point depression (�Tf) A lowering of the freezing 
point of a solvent caused by the presence of dissolved solute par­
ticles. (4 1 0) 
frequency (11) The number of cycles a wave undergoes per sec­
ond, expressed in u nits of l /second, or s - I [also called hertz (Hz)] .  
(206) 
frequency factor (A) The product of the collision frequency Z 
and an orientation probability factor p that i s  specific for a reac­
tion. (5 1 9) 
fuel cell (also flow battelY) A battery that is not self-contained 
and in which electricity is generated by the controlled oxidation of 
a fuel. (7 1 1 ) 
functional group A specific combination of atoms, typically 
containing a carbon-carbon multiple bond and/or carbon­
heteroatom bond, that reacts in a characteristic way no matter 
what molecule it occurs in .  (460) 
fundamental unit (See base unit. ) 
fusion (See melting. ) 
fusion (nuclear) The process by which light nuclei combine to 
form a heavier nucleus with the release of energy. (78 1 )  

G 
galvanic cell (See voltaic cell.) 
gamma emission The type of radioactive decay in which 
gamma rays are emitted from an excited nucleus. (766) 
gamma (-y) ray A very high-energy photon. (764) 
gas One of the three states of matter. A gas fills its container 
regardless of the shape. (3) 
genetic code The set of three-base sequences that i s  translated 
into specific amino acids during the process of protein synthesis .  
(492) 
geometric isomers (also cis-trans isomers or diastereomers) 
Stereoisomers in which the molecules have the same connections 
between atoms but differ in the spatial arrangements of the atoms. 
The cis isomer has similar groups on the same side of a structural 
feature; the trans isomer has them on opposite sides. (468, 746) 
Graham's law of effusion A gas law stating that the rate of 
effusion of a gas is inversely proportional to the square root of its 
density (or molar mass):  

1 
rate ex: v:M: ( 1 64) 

gray (Gy) The SI unit  of absorbed radiation dose; 1 Gy = 
1 l/kg tissue. (777) 
ground state The electron configuration of an atom or ion that 
is lowest in energy. (2 1 4) 
group A vertical column in the periodic table. (45) 

H 
H bond (See hydrogen bond.) 
Haber process An industrial process used to form ammonia 
from its elements. (569) 
half-cell A portion of an electrochemical cell in which a half­
reaction takes place. (688) 
half-life ('1 /2) In chemical processes, the time required for half 
the initial reactant concentration to be consumed. (77 1 )  
In nuclear processes, the time required for half the initial number 
of nuclei in a sample to decay. (5 1 3) 
half-reaction method A method of balancing redox reactions 
by treating the oxidation and reduction half-reactions separately. 
(683) 
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haloalkane (also alkyl halide) A hydrocarbon with one or more 

I . . 
halogen atoms (X) in place of H; contains a -C-X: group. (475) 

I .. � 
heat (q) The energy transferred between objects because of dif­
ferences in their temperatures only; thermal energy. ( 1 8, 1 79) 
heat capacity The quantity of heat required to change the tem­
perature of an object by 1 K. ( 1 87) 
heat of fusion (�Hfus) The enthalpy change occurring when 
1 mol of a solid substance melts. (349) 
heat of hydration (�Hhydr) (also enthalpy of hydration) The 
enthalpy change occurring when 1 mol of a gaseous species is hy­
drated. The sum of the enthalpies from separating water molecules 
and mixing the gaseous species with them. (397) 
heat of reaction (� H�xn) The enthalpy change of a reac­
tion. ( 1 85)  
heat of solution (�Hsoln) (also enthalpy of solution) The en­
thalpy change occurring when a solution forms from solute and 
solvent. The sum of the enthalpies from separating solute and sol­
vent molecules and mixing them. (396) 
heat of sublimation (�H�ubl) The enthalpy change occurring 
when 1 mol of a solid substance changes directly to a gas. The sum 
of the heats of fusion and vaporization. (350) 
heat of vaporization (�H�ap) The enthalpy change occur­
ring when I mol of a l iquid substance vaporizes. (349) 
heating-cooling curve A plot of temperature vs. time for a 
substance when heat is absorbed or released by the system at a 
constant rate. (35 1 )  
Henderson-Hasselbalch equation An equation for calcu­
lating the pH of a buffer system: 

pH = pK" + log 
( [baSe] ) 

(62 1 )  
[acId] 

Henry's law A law stating that the solubil ity of a gas in a 
liquid is directly proportional to the partial pressure of the gas 
above the liquid: Sgas = kH X Pgas. (402) 
Hess's law of heat summation A law stating that the 
enthalpy change of an overall process is the sum of the enthalpy 
changes of the individual steps of the process. ( 1 92) 
heteroatom Any atom in  an organic compound other than C or 
H. (459) 
heterogeneous catalyst A catalyst that occurs in a different 
phase from the reactants, usually a solid interacting with gaseous 
or liquid reactants. (530) 
heterogeneous mixture A mixture that has one or more visible 
boundaries among its components. (60) 
hexagonal closest packing A crystal structure based on the 
hexagonal unit cell in which the layers have an abab . . .  
pattern. (372) 
high-spin complex Complex ion that has the same number of 
unpaired electrons as in the isolated metal ion; contains weak-field 
ligands. (754) 
homogeneous catalyst A catalyst (gas, l iquid, or soluble 
solid) that exists in the same phase as the reactants. (530) 
homogeneous mixture (also solution) A mixture that has no 
visible boundaries among its components. (60) 
homologous series A series of organic compounds in which 
each member differs from the next by a -CH2- (methylene) 
group. (463) 
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homonuclear diatomic molecule A molecule composed of 
two identical atoms. (337) 
Hund's rule A principle stating that when orbitals of equal 
energy are available, the electron configuration of lowest energy 
has the maximum number of unpaired electrons with parallel 
spins. (24 1 )  
hybrid orbital A n  atomic orbital postulated to form during 
bonding by the mathematical mixing of specific combinations of 
nonequivalent orbitals in a given atom. (325) 
hybridization A postulated process of orbital mixing to form 
hybrid orbitals. (325) 
hydrate A compound in which a specific number of water mol­
ecules are associated with each formula unit. (55) 
hydration Solvation in water. (397) 
hydration shell The oriented cluster of water molecules that 
surrounds an ion in aqueous solution. (39 1 )  
hydrocarbon An organic compound that contains only H and 
C atoms. (460) 
hydrogen bond (H bond) A type of dipole-dipole force that 
arises between molecules that have an H atom bonded to a small, 
highly electronegative atom with lone pairs, usually N, 0, or 
F. (36 1 )  
hydrogenation The addition of hydrogen to a carbon-carbon 
multiple bond to form a carbon-carbon single bond. (53 1 )  
hydrolysis Cleaving a molecule by reaction with water, in  
which one part of the molecule bonds to the water -OH and the 
other to the water H. (480) 
hydronium ion (H30+) A proton covalently bonded to a wa­
ter molecule. (578) 
hypothesis A testable proposal made to explain an observa­
tion. If inconsistent with experimental results, a hypothesis is re­
vised or discarded. (8) 

ideal gas A hypothetical gas that exhibits l inear relationships 
among volume, pressure, temperature, and amount (mol) at all 
conditions; approximated by simple gases at ordinary conditions. 
( 143) 
ideal gas law (also ideal gas equation) An equation that 
expresses the relationships among volume, pressure, temperature, 
and amount (mol) of an ideal gas: PV = nRT. ( 148) 
ideal solution A solution whose vapor pressure equals the 
mole fraction of the solvent times the vapor pressure of the pure 
solvent; approximated only by very dilute solutions. (407) (See 
also Raoult's law. ) 
indicator (See acid-base indicatOl: ) 
infrared ( IR) Radiation in the region of the electromagnetic 
spectrum between the microwave and visible regions. (207) 
infrared (IR) spectroscopy An instrumental technique for de­
termining the types of bonds in a covalent molecule by measuring 
the absorption of IR radiation. (282) 
initial rate The instantaneous rate occurring as soon as the 
reactants are mixed, that is, at t = O. (503) 
inner electrons (also core electrons) Electrons that fi ll all the 
energy levels of an atom except the valence level; electrons also 
present in atoms of the previous noble gas and any completed tran­
sition series. (246) 
inner transition elements The elements of the periodic table 
in which f orbitals are being fiIJed; the lanthanides and actinides. 
(247) 

instantaneous rate The reaction rate at a particular time, 
given by the slope of a tangent to a plot of reactant concentration 
vs. time. (502) 
insulator A substance (usually a nonmetal) that does not con­
duct an electric current. (382) 
integrated rate law A mathematical expression for reactant 
concentration as a function of time. (5 1 0) 
intensive property A property, such as density, that does not 
depend on the quantity of substance present. ( 1 7) 
intermolecular forces (also interparticle forces) The attrac­
tive and repulsive forces among the particles-molecules, atoms, 
or ions-in a sample of matter. (348) 
internal energy (E) The sum of the kinetic and potential ener­
gies of all the particles in a system. ( 1 78) 
ion A charged particle that forms from an atom (or covalently 
bonded group of atoms) when it  gains or loses one or more 
electrons. (48) 
ion-dipole force The intermolecular attractive force between 
an ion and a polar molecule (dipole). (360) 
ion-induced dipole force The intermolecular attractive force 
between an ion and the dipole i t  induces in the electron cloud of a 
nearby particle. (392) 
ion pair A pair of ions that form a gaseous ionic molecule; 
sometimes formed when a salt boils. (276) 
ion-product constant for water (Kw) The equilibrium con­
stant for the autoionization of water: 

Kw = [H30+] [OH-] (583) 
ionic atmosphere A cluster of ions of net opposite charge 
surrounding a given ion in solution. (4 1 4) 
ionic bonding The idealized type of bonding based on the at­
traction of oppositely charged ions that arise through electron 
transfer between atoms with large differences in their tendencies 
to lose or gain electrons (typically metals and nonmetals). (269) 
ionic compound A compound that consists of oppositely 
charged ions. (47) 
ionic radius The size of an ion as measured by the distance be­
tween the centers of adjacent ions in a crystalline ionic compound. 
(262) 
ionic solid A solid whose unit cell contains cations and anions. 
(377) 
ionization The process by which a substance absorbs energy 
from high-energy radioactive particles and loses an electron to be­
come ionized. (776) 
ionization energy (IE) The energy (in kJ) required to remove 
completely one mole of electrons from one mole of gaseous atoms 
or ions. (252) 
ionizing radiation The high-energy radiation that forms ions 
in  a substance by causing electron loss. (776) 
isoelectronic Having the same number and configuration of 
electrons as another species. (259) 
isomer One of two or more compounds with the same molec­
ular formula but different properties, often as a result of different 
arrangements of atoms. (8 1 , 465, 745) 
isotopes Atoms of a given atomic number (that is, of a specific 
element) that have different numbers of neutrons and therefore 
different mass numbers. (42, 764) 
isotopic mass The mass (in amu) of an isotope relative to the 
mass of carbon- 1 2 .  (44) 



J 
joule (J) The SI  unit of energy; 1 J = 1 kgo m2/s2 . ( 1 82) 

K 
kelvin (K) The SI base unit of temperature. The kelvin is the 
same size as the Celsius degree. ( 1 8) 
Kelvin scale (See absolute scale.) 
ketone An organic compound (ending, -one) that contains a 
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carbonyl group bonded to two other C atoms, -C-C-C-
(478) I I 
kilogram (kg) The SI base unit of mass. ( 1 6) 
kinetic energy (Ek) The energy an object has because of its 
motion. (5) 
kinetic-molecular theory The model that explains gas behav­
ior in terms of particles in random motion whose volumes and in­
teractions are negligible. ( 1 60) 

L 
lanthanide contraction The additional decrease in atomic 
and ionic size, beyond the expected trend, caused by the poor 
shielding of the increasing nuclear charge by f electrons in the 
elements following the lanthanides. (739) 
lanthanides (also rare earths) The Period 6 (4f) series of inner 
transition elements, which includes cerium (Ce; Z = 58) through 
lutetium (Lu; Z = 7 1 ). (247) 
lattice The three-dimensional arrangement of points created by 
choosing each point to be at the same location within each particle 
of a crystal; thus, the lattice consists of all points with identical 
surroundings. (370) 

lattice energy (aHlaHice) The enthalpy change (always posi­
tive) that occurs when I mol of an ionic compound separates into 
gaseous ions, with all components in their standard states. (274) 
law (See natural law. ) 
law of chemical equilibrium (also law of mass action) The 
law stating that when a system reaches equilibrium at a given tem­
perature, the ratio of quantities that make up the reaction quotient 
has a constant numerical value. (544) 
law of conservation of energy (also first law of thermody­
namics) A basic observation that the total energy of the universe 
is constant: �Euniverse = �Esys,em + �Esurroundings = o. ( 1 8 1 )  
law of definite (or constant) composition A mass law stat­
ing that, no matter what its source, a particular compound is com­
posed of the same elements in the same parts (fractions) by mass. 
(34) 
law of mass action (See law of chemical equilibrium. ) 
law of mass conservation A mass law stating that the total 
mass of substances does not change during a chemical reaction. (34) 
law of multiple proportions A mass law stating that if 
elements A and B react to form two compounds, the different 
masses of B that combine with a fixed mass of A can be 
expressed as a ratio of small whole numbers. (35) 
Le Chotelier's principle A principle stating that if  a system in 
a state of equilibrium is disturbed, it  will undergo a change that 
shifts its equi librium position in a direction - that reduces the 
effect of the disturbance. (56 1 )  
level (also shell) A specific energy state of an atom given by the 
principal quantum number n. (225) 
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Lewis acid-base definition A model of acid-base behavior in 
which acids and bases are defined, respectively, as species that ac­
cept and donate an electron pair. (606) 
Lewis electron-dot symbol A notation in which the element 
symbol represents the nucleus and inner electrons, and surround­
ing dots represent the valence electrons. (27 1 )  
Lewis structure (also Lewis formula) A structural formula 
consisting of electron-dot symbols, with lines as bonding pairs 
and dots as lone pairs. (297) 
ligand A molecule or anion bonded to a central metal ion in a 
complex ion. (64 1 , 74 1 )  
l ike-dissolves-like rule An empirical observation stating that 
substances having similar kinds of intermolecular forces dissolve 
in each other. (39 1 )  
limiting reactant (also limiting reagent) The reactant that is 
consumed when a reaction occurs and therefore the one that 
determines the maximum amount of product that can form. (90) 
line spectrum A series of separated lines of different colors 
representing photons whose wavelengths are characteristic of an 
element. (2 1 2) (See also emission spectrum.) 
l inear arrangement The geometric arrangement obtained 
when two electron groups maximize their separation around a 
central atom. (308) 
linear shape A molecular shape formed by three atoms lying 
in a straight line, with a bond angle of 1 800 (shape class AX2 or 
AX2E3).  (308) 
l inkage isomers Coordination compounds with the same 
composition but with different ligand donor atoms linked to the 
central metal ion. (746) 
lipid Any of a class of biomolecules, including fats and oils, 
that are soluble in nonpolar solvents. (480) 
liquid One of the three states of matter. A liquid fills a container 
to the extent of its own volume and thus forms a sUlface. (3) 
liter (L) A non-SI unit of volume equivalent to I cubic deci­
meter (0.00 1 m3) .  ( 1 5) 
London force (See dispersion force. ) 
lone pair (also unshared pair) An electron pair that is part of 
an atom's valence shell but not involved in covalent bonding. 
(278) 
low-spin complex Complex ion that has fewer unpaired elec­
trons than in the free metal ion because of the presence of strong­
field ligands. (754) 

M 
macromolecule (See polymer.) 
magnetic quantum number (m/) (also orbital-orien.tation 
quantum number) An integer from -I through 0 to + l that spec­
ifies the orientation of an atomic orbital in the three-dimensional 
space about the nucleus. (224) 
mass The quantity of matter an object contains. Balances are 
designed to measure mass. ( 1 6) 
mass defect The mass decrease that occurs when nucleons 
combine to form a nucleus. (782) 
mass fraction (See fraction by mass.) 
mass number (A) The total number of protons and neutrons in 
the nucleus of an atom. (42) 
mass percent (also mass % or percent by mass) The fraction by 
mass expressed as a percentage. A concentration term [% (w/w)] 
expressed as the mass in grams of solute dissolved per 1 00. g of 
solution. (34, 404) 
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mass spectrometry An instrumental method for measuring the 
relative masses of particles in a sample by creating charged particles 
and separating them according to their mass-charge ratio. (43) 
matter Anything that possesses mass and occupies volume. (2) 
melting (also fusion) The change of a substance from a solid to 
a L iquid. (349) 
melting point (mp or Tf) The temperature at which the solid 
and l iquid forms of a substance are at equilibrium. (356) 
metal A substance or mixture that is relatively shiny and 
malleable and is a good conductor of heat and electricity. In  
reactions, metals tend to transfer electrons to nonmetals and form 
ionic compounds. (46) 
metallic bonding An idealized type of bonding based on the 
attraction between metal ions and their delocalized valence elec­
trons. (270) (See also electron-sea model. ) 
metallic radius One-half the distance between the nuclei of 
adjacent individual atoms in a crystal of an element. (249) 
metallic solid A solid whose individual atoms are held to­
gether by metallic bonding. (378) 
metalloid (also semimetal) An element with properties be­
tween those of metals and nonmetals. (47) 
metathesis reaction (also double-displacement reaction) A 
reaction in which atoms or ions of two compounds exchange 
bonding partners. ( 1 1 6) 
meter (m) The SI base unit of length. The distance light travels 
in a vacuum in 1 /299,792,458 second. ( 1 5) 
milli liter (mL) A volume (0.00 1 L) equivalent to 1 cm3. ( 1 5) 
millimeter of mercury (mmHg) A unit of pressure based on 
the difference in the heights of mercury in a barometer or manome­
ter. Renamed the torr in honor of Evangelista Torricelli. ( 1 42) 
miscible Soluble in any proportion. (390) 
mixture A group of two or more elements and/or compounds 
that are physically intermingled. (33) 
MO bond order One-half the difference between the numbers 
of electrons in bonding and anti bonding Mas. (336) 
model (also theory) A simplified conceptual picture based on 
experiment that explains how an aspect of nature occurs. (9) 
molality (m) A concentration term expressed as number of 
moles of solute dissolved in  1 000 g ( 1  kg) of solvent. (403) 
molar heat capacity (C) The quantity of heat required to 
change the temperature of 1 mol of a substance by 1 K. ( 1 87) 
molar mass (JU) (also gram-molecular weight) The mass of 
I mol of entities (atoms, molecules, or formula units) of a sub­
stance, in units of g/mol. (72) 
molar solubility The solubility expressed in terms of amount 
(mol) of dissolved solute per l iter of solution. (634) 
molarity (M) A concentration term expressed as the moles of 
solute dissolved in 1 L of solution. (95) 
mole (mol) The SI  base unit for amount of a substance. The 
amount that contains a number of objects equal to the number of 
atoms in exactly 1 2  g of carbon- 1 2 .  (70) 
mole fraction (X) A concentration term expressed as the ratio 
of moles of one component of a mixture to the total moles present. 
( 1 56, 404) 
molecular equation A chemical equation showing a reaction 
in solution in which reactants and products appear as intact, undis­
sociated compounds. ( 1 1 3) 
molecular formula A formula that shows the actual number 
of atoms of each element in a molecule. (5 1 )  

molecular mass (also molecular weight) The sum (in amu) of 
the atomic masses of a formula unit of a compound. (58) 
molecular orbital (MO) An orbital of given energy and shape 
that extends over a molecule and can be occupied by no more than 
two electrons. (334) 
molecular orbital (MO) diagram A depiction of the relative 
energy and number of electrons in each MO, as well as the atomic 
orbitals from which the Mas form. (336) 
molecular orbital (MO) theory A model that describes a 
molecule as a collection of nuclei and electrons in which the elec­
trons occupy orbitals that extend over the entire molecule. (334) 
molecular polarity The overall distribution of electronic charge 
in  a molecule, determined by its shape and bond polarities. (3 1 5) 
molecular shape The three-dimensional structure defined by 
the relative positions of the atomic nuclei in a molecule. (307) 
molecular solid A solid held together by intermolecular forces 
between individual molecules. (377) 
molecularity The number of reactant particles involved in an 
elementary step. (524) 
molecule A structure consisting of two or more atoms that are 
chemically bound together and behave as an independent unit. (32) 
monatomic ion An ion derived from a single atom. (48) 
monomer A small molecule, l inked covalently to others of the 
same or similar type to form a polymer, on which the repeat unit 
of the polymer is  based. (483) 
mononucleotide A monomer unit of a nucleic acid, consisting 
of an N-containing base, a sugar, and a phosphate group. (490) 
monosaccharide A simple sugar; a polyhydroxy ketone or 
aldehyde with three to nine C atoms. (486) 

N 
natural law (also law) A summary, often in mathematical 
form, of a universal observation. (8) 
Nernst equation An equation stating that the voltage of an 
electrochemical cell under any conditions depends on the standard 
cell voltage and the concentrations of the cell components: 

RT 
EceJJ = E�ell - - I n  Q (703) 
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net ionic equation A chemical equation of a reaction in solu­
tion in which spectator ions have been eliminated to show the ac­
tual chemical change. ( 1 1 4) 
network covalent solid A solid in which all the atoms are 
bonded covalently. (378) 
neutralization In the Arrhenius  acid-base definition, the com­
bination of the H+ ion from the acid and the OH- ion from the 
base to form H20. (579) 
neutralization reaction An acid-base reaction that yields wa­
ter and a solution of a salt; when a strong acid reacts with a stoi­
chiometrically equivalent amount of a strong base, the solution is 
neutral. ( 1 1 7) 
neutron (no) An uncharged subatomic particle found in the 
nucleus, with a mass slightly greater than that of a proton. (4 1 )  
nitrile An organic compound containing the - C = N :  
group. (482) 
node A region of an orbital where the probability of finding the 
electron is zero. (227) 
nonelectrolyte A substance whose aqueous solution does not 
conduct an electric current. ( 1 12 , 407) 



nonionizing radiation Radiation that does not cause loss of 
electrons. (776) 
nonmetal An element that lacks metal l ic  properties. In reac­
tions, nonmetals tend to bond with each other to form cova]ent 
compounds or accept electrons from metals to form ionic 
compounds. (47) 
nonpolar covalent bond A covalent bond between identical 
atoms that share the bonding pair equally. (288) 
nuclear binding energy The energy required to break 1 mol 
of nuclei of an element into individual nucleons. (783) 
nuclear transmutation The induced conversion of one nucleus 
into another by bombardment with a particle. (774) 
nucleic acid An unbranched polymer consisting of mono­
nucleotides that occurs as two types, DNA and RNA (deoxy­
ribonucleic and ribonucleic acids), which differ chemically in the 
nature of the sugar portion of the mononucleotides. (490) 
nucleon A subatomic particle that makes up a nucleus;  a proton 
or neutron. (763) 
nucleus The tiny central region of the atom that contains all the 
positive charge and essentially all the mass. (40) 
nuclide A nuclear species with specified numbers of protons 
and neutrons. (764) 
N/Z ratio The ratio of the number of neutrons to the number of 
protons, a key factor that determines the stability of a nuclide.  
(767) 

o 
observation A fact obtained with the senses, often with the aid 
of instruments. Quantitative observations provide data that can be 
compared objectively. (8) 
octahedral arrangement The geometric arrangement ob­
tained when six electron groups maximize their space around a 
central atom; when aJl six groups are bonding groups, the molec­
ular shape is octahedral (AX6; ideal bond angle = 90°) .  (3 1 2) 
octet rule The observation that when atoms bond, they often 
lose, gain, or share electrons to attain a fi lled outer shell of eight 
electrons. (272) 
optical isomers (also enantiomers) A pair of stereoisomers 
consisting of a molecule and its mirror image that cannot be su­
perimposed on each other. (467, 747) 
optically active Able to rotate the plane of polarized light. (468) 
orbital diagram A depiction of electron number and spin in 
an atom's orbitals by means of arrows in a series of small boxes, 
lines, or circles. (240) 
organic compound A compound in which carbon is nearly al­
ways bonded to at least one other carbon, to hydrogen, and often 
to other elements. (458) 
osmosis The process by which solvent flows through a semiper­
meable membrane from a dilute to a concentrated solution. (4 1 1 )  
osmotic pressure (II) The pressure that results from the in­
ability of solute particles to cross a semipermeable membrane. 
The pressure required to prevent the net movement of solvent 
across the membrane. (4 1 1 )  
outer electrons Electrons that occupy the highest energy level 
(highest n value) and are, on average, farthest from the nucleus .  
(246) 
overvoltage The additional voltage, usually associated with 
gaseous products, that is required above the standard cell voltage 
to accomplish electrolysis. (7 1 9) 
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oxidation The loss of electrons by a species, accompanied by 
an increase in oxidation number. ( 1 24) 
oxidation number (O.N.) (also oxidation state) A number 
equal to the magnitude of the charge an atom would have if its 
shared electrons were held completely by the atom that attracts 
them more strongly. ( 1 24) 
oxidation-reduction reaction (also redox reaction) A 
process in which there is a net movement of electrons from one re­
actant (reducing agent) to another (oxidizing agent). ( 1 23) 
oxidation state (See oxidation numbel: ) 
oxidizing agent The substance that accepts electrons in a re­
dox reaction and undergoes a decrease in oxidation number. ( 1 24) 
oxoanion An anion in which an element is bonded to one or 
more oxygen atoms. (55) 

p 
p orbital An atomic orbital with I = 1 .  (228) 
packing efficiency The percentage of the available volume 
occupied by atoms, ions, or molecules in a unit cell. (372) 
paramagnetism The tendency of a species with unpaired 
electrons to be attracted by an external magnetic field. (26 1 )  
partial ionic character An estimate of the actual charge sep­
aI·ation in a bond (caused by the electronegativity difference of the 
bonded atoms) relative to complete separation. (289) 
partial pressure The portion of the total pressure contributed 
by a gas in a mixture of gases. ( 155) 
particle accelerator A device used to impaIt high kinetic en­
ergies to nuclear particles. (774) 
pascal (Pa) The SI unit of pressure; 1 Pa = 1 N/m2 ( 1 4 1 )  
penetration The process by which an outer electron moves 
through the region occupied by the core electrons to spend part of 
its time closer to the nucleus; penetration increases the average ef­
fective nuclear chaI·ge for that electron. (239) 
percent by mass (mass "10) (See mass percent.) 
percent yield ("10 yield) The actual yield of a reaction ex­
pressed as a percentage of the theoretical yield. (94) 
period A horizontal row of the periodic table. (45) 
periodic law A law stating that when the elements are 
arranged by atomic number, they exhibit a periodic recurrence of 
properties. (236) 
periodic table of the elements A table in which the ele­
ments are aITanged by atomic number into columns (groups) and 
rows (periods). (45) 
pH The negative common 10gaI·ithm of [H30+] . (584) 
phase A physically distinct portion of a system. (348) 
phase change A physical change from one phase to another, 
usually refeITing to a change in physical state. (348) 
phase diagram A diagram used to describe the stable phases 
and phase changes of a substance as a function of temperature and 
pressure. (356) 
photoelectric effect The observation that when monochro­
matic light of sufTIcient frequency shines on a metal, an electric 
current is produced. (2 1 0) 
photon A quantum of electromagnetic radiation. (2 1 1 ) 
physical change A change i n  which the physical form (or 
state) of a substance, but not its composition, i s  altered. (3) 
physical property A chaI·acteristic shown by a substance itself, 
without interacting with or changing into other substances. (2) 
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pi ('IT) bond A covalent bond formed by sideways overlap of 
two atomic orbitals that has two regions of electron densIty, one 
above and one below the internuclear axis. (332) 
pi ('IT ) MO A molecular orbital formed by combinatio� of two 
atomic (usually p) orbitals whose orientations are perpendIcular to 
the internuclear axis.  (338) 
Planck's constant (h) A proportionality constant relating the 
energy and the frequency of a photon, equal to 6.626X 1 0-34 J ·s .  
(2 1 0) 
polar covalent bond A covalent bond in which the �lectron 
pair is shared unequally, so the bond has partially negative and 
partially positive poles. (288) 

. . . polar molecule A molecule with an unequal dlstnbutlon of 
charge as a result of its polar covalent bonds and shape. ( 1 09) 
polarizability The ease with which a particle's electron cloud 
can be distorted. (362) 
polyatomic ion An ion in which two or more atoms are 
bonded covalently. (5 1 )  
polymer (also macromolecule) An extremely large molecule 
that results from the covalent l inking of many simpler molecular 
units (monomers).  (483) 
polyprotic acid An acid with more than one ionizable pro­
ton. (595) 
polysaccharide A macromolecule composed of many simple 
sugars !. inked covalently. (486) 
positron (� 13) The antiparticle of an electron. (766) 
positron emission A type of radioactive decay in which a 
positron is emitted from a nucleus. (766) 

. 
potential energy (Ep) The energy an object has as a res

.
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position relative to other objects or because of its compOSition. (5) 
precipitate The insoluble product of a precipitation reaction. ( 1 15)  
precipitation reaction A reaction in  which two soluble IOmc 
compounds form an insoluble product, a precipitate. ( 1 1 5) 
precision (also reproducibility) The closeness of a measure­
ment to other measurements of the same phenomenon in a series 
of experiments. (24) 
pressure (P) The force exerted per unit of surface area. ( 1 40) 
pressure-volume work (PV work) A type of work in which 
a volume change occurs against an external pressure. ( 1 8 1 )  
principal quantum number (n) A positive integer that spec­
ifies the energy and relative size of an atomic orbital. (224) 
probability contour A shape that defines the volume around 
an atomic nucleus within which an electron spends a given per­
centage of its time. (223) 
product A substance formed in a chemical reaction. (83) 
property A characteristic that gives a substance its unique 
identity. (2) 
protein A natural, l inear polymer composed of any of about 20 
types of amino acid  monomers l inked together by peptide 
bonds. (487) 
proton (p+) A subatomic particle found in the nucleus that has 
a unit positive charge ( 1 .602 1 8 X  1 0- 1 9  C). (4 1 )  
proton acceptor A substance that accepts an H + ion; a 
Br0nsted-Lowry base. (588) 
proton donor A substance that donates an H+ ion; a Br0nsted­
Lowry acid. (587) 
pseudo-noble gas configuration The (n - l )dl o  configu­
ration of a p-block metal atom that has emptied its outer energy 
level. (259) 
pure substance (See substance.) 

Q 
quantum A packet of energy equal to hv. The smallest quantity 
of energy that can be emitted or absorbed. (2 1 0) 
quantum mechanics The branch of physics that examines the 
wave motion of objects on the atomic scale. (22 1 )  
quantum number A number that specifies a property of an 
orbital or an electron. (210) 

R 
rad (radiation-absorbed dose) The quantity of radiation 
that results in 0 .01  J of energy being absorbed per kilogram of tis­
sue; 1 rad = 0 .01  J/kg tissue = 1 0-

2 
Gy. (777) 

radial probability distribution plot The graphic depiction 
of the total probability distribution (sum of tJi2) of an electron in  
the region near the nucleus.  (222) 
radioactivity The emissions resulting from the spontaneous 
disintegration of an unstable nucleus. (763) 
radioisotope An isotope with an unstable nucleus that decays 
through radioactive emissions. (773) 
radioisotopic dating A method for determining the age of an 
object based on the rate of decay of a particular radioactive 
nuclide. (773) 
random error Human error that occurs in  all measurements 
and results in values both higher and lower than the actual value. 
(24) 
Raoult's law A law stating that the vapor pressure of a solu­
tion is directly proportional to the mole fraction of solvent: 
Psolvent = Xsolvent X P�olvent. (407) 
rare earths (See lanthanides. ) 
rate constant (k) The proportionality constant that relates the 
reaction rate to reactant (and product) concentrations. (505) 
rate-determining step (also rate-limiting step) The slowest 
step in a reaction mechanism and therefore the step that l imits the 
overall rate. (525) 
rate law (also rate equation) An equation that expresses the 
rate of a reaction as a function of reactant (and product) concen­
trations. (505) 
reactant A starting substance in a chemical reaction. (83) 
reaction energy diagram A graph that shows the potential 
energy of a reacting system as it progresses from reactants to 
products. (52 1 )  
reaction intermediate A substance that i s  formed and used 
up during the overall reaction and therefore does not appear in the 
overall equation. (524) 
reaction mechanism A series of elementary steps that sum to 
the overall reaction and is consistent with the rate law. (523) 
reaction order The exponent of a reactant concentration in a 
rate law that shows how the rate is affected by changes in that con­
centration. (505) 
reaction quotient (Q) A ratio of terms for a given reaction con­
sisting of product concentrations multiplied together and divided 
by reactant concentrations multiplied together, each raised to the 
power of their balancing coefficient. The value of Q changes until 
the system reaches equi!.ibrium, at which point i t  equals K. (544) 
reaction rate The change in the concentrations of reactants (or 
products) with time. (50 1 )  
reactor core The part of a nuclear reactor that contains the fuel 
rods and generates heat from fi ssion. (786) 
redox reaction (See oxidation-reduction reaction.) 
reducing agent The substance that donates electrons in a 
redox reaction and undergoes an increase in oxidation number. ( 1 24) 



reduction The gain of electrons by a species, accompanied by 
a decrease in oxidation number. ( 1 24) 
refraction A phenomenon in  which a wave changes its speed 
and therefore its direction as it passes through a phase bound­
ary. (208) 
rem (roentgen equivalent for man) The unit of radiation 
dosage for a human based on the product of the number of rads and 
a factor related to the biological tissue; I rem = 1 0 -2 Sv. (777) 
reproducibility (See precision. ) 
resonance hybrid The weighted average of the resonance 
structures of a molecule. (300) 
resonance structure (also resonance form) One of two or 
more Lewis structures for a molecule that cannot be adequately 
depicted by a single structure. Resonance structures differ only in 
the position of bonding and lone electron pairs. (300) 
rms (root-mean-square) speed (urms) The speed of a mol­
ecule having the average kinetic energy; very close to the most 
probable speed. ( 1 63)  
round off The process of removing digits based on a series of 
rules to obtain an answer with the proper number of significant 
figures (or decimal places). (22) 

5 
s orbital An atomic orbital with I = o. (226) 
salt An ionic compound that results from an Arrhenius acid­
base reaction. ( 1 1 9) 
salt bridge An inverted U tube containing a solution of nonre­
acting electrolyte that connects the compartments of a voltaic cell 
and maintains neutrality by allowing ions to flow between com­
partments. (689) 
saturated hydrocarbon A hydrocarbon in which each C is 
bonded to four other atoms. (463) 
saturated solution A solution that contains the maximum 
amount of dissolved solute at a given temperature in  the presence 
of undissolved solute. (399) 
Schrodinger equation An equation that describes how the 
electron matter-wave changes in space around the nucleus. Solu­
tions of the equation provide allowable energy levels of the H 
atom. (22 1 )  
scientific method A process of creative thinking and testing 
aimed at objective, verifiable discoveries of the causes of natural 
events. (7) 
second (s) The SI  base unit of time. (20) 
second law of thermodynamics A law stating that a 
process occurs spontaneously in the direction that increases the 
entropy of the universe. (657) 
seesaw shape A molecular shape caused by the presence of 
one equatorial lone pair in a trigonal bipyramidal arrangement 
(AX4E). (3 1 1 ) 
self-ionization (See auto ionization. ) 
semiconductor A substance whose electrical conductivity is 
poor at room temperature but increases significantly with 
rising temperature. (382) 
semimetal (See metalloid. ) 
semipermeable membrane A membrane that allows sol­
vent, but not solute, to pass through. (4 1 1 )  
shared pair (See bonding pair. ) 
shell (See level. ) 
shielding The ability of other electrons, especially inner ones, 
to lessen the nuclear attraction for an outer electron. (238) 
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SI unit A unit composed of one or more of the base units of the 
Systeme International d'Unites, a revised metric system. ( 1 3) 
side reaction An undesired chemical reaction that consumes 
some of the reactant and reduces the overall yield of the desired 
product. (93) 
sievert (Sv) The SI unit of human radiation dosage; 1 Sv = 
1 00 rem. (777) 
sigma (a) bond A type of covalent bond that arises through 
end-to-end orbital overlap and has most of its electron density 
along the bond axis. (33 1 )  
sigma (a) MO A molecular orbital that i s  cylindrically 
symmetrical about an imaginary line that runs through the nuclei 
of the component atoms. (336) 
significant figures The digits obtained in a measurement. The 
greater the number of significant figures, the greater the certainty 
of the measurement. (2 1 )  
silicate A type of compound found throughout rocks and soil 
and consisting of repeating -Si  -0 groupings and, in most 
cases, metal cations. (437) 
silicone A type of synthetic polymer containing -Si-O 
repeat units, with organic  groups and crosslinks. (437) 
simple cubic unit cell A unit cell in which a particle occurs at 
each comer of a cube. (370) 
single bond A bond that consists of one shared electron pair. (278) 
solid One of the three states of matter. A solid has a fixed shape 
that does not conform to the container shape. (3) 
solubility (5) The maximum amount of solute that dissolves in 
a fixed quantity of a particular solvent at a specified temperature 
when excess solute is present. (390) 
solubility-product constant (Ksp) An equilibrium constant for 
the dissolving of a slightly soluble ionic compound in water. (632) 
solute The substance that dissolves in the solvent. (95, 340) 
solution (See homogeneous mixture. ) 
solvated Surrounded closely by solvent molecules. ( 1 1 0) 
solvation The process of sUlTounding a solute particle with sol­
vent particles. (397) 
solvent The substance in which the solute(s) dissolve. (95, 390) 
sp hybrid orbital An orbital formed by the mixing of one s 
and one p orbital of a central atom. (325) 
Sp2 hybrid orbital An orbital formed by the mixing of one s 
and two p orbitals of a central atom. (327) 
Sp3 hybrid orbital An orbital formed by the mixing of one s 
and three p orbitals of a central atom. (327) 
sp3d hybrid orbital An orbital formed by the mixing of one s, 
three p, and one d orbital of a central atom. (328) 
sp3d2 hybrid orbital An orbital formed by the mixing of one 
s, three p, and two d orbitals of a central atom. (329) 
specific heat capacity (e) The quantity of heat required to 
change the temperature of 1 gram of a substance by 1 K. ( 1 87) 
spectator ion An ion that is present as part of a reactant but is 
not involved in the chemical change. ( 1 1 4) 
spectrochemical series A ranking of ligands in terms of their 
ability to split d-orbital energies. (753) 
spectrophotometry A group of instrumental techniques that 
create an electromagnetic spectrum to measure the atomic and 
molecular energy levels of a substance. (2 1 7) 
speed of light (e) A fundamental constant giving the speed 
at which electromagnetic radiation travels in a vacuum: 
c = 2.99792458 X  1 08 m/s. (207) 
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spin quantum number ( ms) A number, either +� or -t that 
indicates the direction of electron spin. (237) 
spontaneous change A change that occurs by itself, that is, 
without an ongoing input of energy. (65 1 )  
square planar shape A molecular shape (AX4E2) caused by 
the presence of two axial lone pairs in an octahedral arrange­
ment. (3 1 2) 
square pyramidal shape A molecular shape (AXsE) caused 
by the presence of one lone pair in an octahedral arrangement. (3 1 2) 
standard atmosphere (atm) The average atmospheric pres­
sure measured at sea level ,  defined as 1 .0 1 325X 1 05 Pa. ( 14 1 )  
standard cell potential (E�ell) The potential of a cell mea­
sured with al l  components in their standard states and no current 
flowing. (692) 
standard electrode potential (Ehalf-cell) (also standard haLj� 
cell potential) The standard potential of a half-cell, with the 
half-reaction written as a reduction . (693) 
standard entropy of reaction (A5�xn) The entropy change 
that occurs when all components are in their standard states. (66 1 )  
standard free energy change (AGO) The free energy change 
that occurs when all components are in their standard states. (667) 
standard free energy of formation (AGf ) The standard 
free energy change that occurs when 1 mol of a compound is made 
from its elements. (668) 
standard half-cell potential (See standard electrode potential. ) 
standard heat of formation (AHf ) The enthalpy change 
that occurs when I mol of a compound forms from its elements, 
with all substances in  their standard states. ( 1 94) 
standard heat of reaction (AH�xn) The enthalpy change that 
occurs during a reaction, with all substances in their standard 
states. ( 1 94) 
standard hydrogen electrode (See standard reference 
haLj�cell. ) 
standard molar entropy (S°) The entropy of 1 mol of a sub­
stance in its standard state. (657) 
standard molar volume The volume of 1 mol of an ideal gas 
at standard temperature and pressure: 22.4 1 4 1  L. ( 1 47) 
standard reference half-cell (also standard hydrogen elec­
trode) A specially prepared platinum electrode immersed in I M 
H+ (aq) through which H2 gas at 1 atm is bubbled. Ef,alf-cell is de­
fined as 0 Y. (693) 
standard states A set of specifications used to compare ther­
modynamic data: 1 atm for gases behaving ideally, 1 M for dis­
solved species, or the pure substance for l iquids and solids. ( 1 94) 
standard temperature and pressure (STP) The reference 
conditions for a gas: 

ooe (273 . 1 5  K) and 1 atm (760 torr) ( 1 47) 

state function A property of a system determined by its cur­
rent state, regardless of how it  arrived at that state. ( 1 83) 
state of matter One of the three physical forms of matter: 
solid, l iquid, or gas. (3) 
stationary state In the Bohr model, one of the aLlowable energy 
levels of the atom in which it does not release or absorb energy. (2 1 3) 
stereoisomers Molecules with the same connections of atoms 
but different orientations of groups in space. (467, 746) (See also 
geometric isomers and optical isomers.) 
stoichiometric coefficient (See balancing coefficient. ) 
stoichiometry The study of the mass-mole-number relation­
ships of chemical formulas and reactions. (70) 

strong-field ligand A l igand that causes larger crystal field 
spl i tting energy and therefore is part of a low-spin complex. (752) 
structural formula A formula that shows the actual numbers of 
atoms, their relative p lacement, and the bonds between them. (5 1 )  
structural isomers (See constitutional isomers. ) 
sublevel (also subshell) An energy substate of an atom within a 
level. Given by the n and l values, the sublevel designates the size 
and shape of the atomic orbitals. (225) 
sublimation The process by which a solid changes directly 
into a gas. (350) 
substance (also pure substance) A type of matter, either an 
element or a compound, that has a fixed composition. (32) 
substitution reaction An organic reaction that occurs when 
an atom (or group) from one reactant substitutes for one in another 
reactant. (472) 
superconductivity The abil i ty to conduct a current with no 
loss of energy to resistive heating. (382) 
supersaturated solution An unstable solution in which more 
solute is dissolved than in a saturated solution. (400) 
surface tension The energy required to i ncrease the surface 
area of a l iquid by a given amount. (365) 
surroundings All parts of the universe other than the system 
being considered. ( 1 78) 
system The defined part of the universe under study. ( 1 78) 
systematic error A type of error producing values that are all 
either higher or lower than the actual value, often caused by faulty 
equipment or a consistent fau l t  in technique. (24) 

T 
t2g orbitals The set of orbitals (composed of dxy, dyz, and dxz) 
that results when the energies of the metal-ion d orbitals are split by 
a l igand field. This set is lower in energy than the other (eg) set in 
an octahedral field and higher in energy in a tetrahedral field.  (752) 
T shape A molecular shape caused by the presence of two equa­
torial lone pairs in a trigonal bipyramidal arrangement (AX3E2) '  
(3 1 1  ) 
temperature (T) A measure of how hot or cold a substance is 
relative to another substance. ( 1 8) 
tetrahedral arrangement The geometric arrangement formed 
when four electron groups maximize their separation around a 
central atom; when all four groups are bonding groups, the molecu­
lar shape is tetrahedral (AX4; ideal bond angle 1 09.5°). (309) 
theoretical yield The amount of product predicted by the 
stoichiometrically equivalent molar ratio in the balanced equa­
tion. (93) 
theory (See model.) 
thermochemical equation A chemical equation that shows 
the heat of reaction for the amounts of substances specified. ( 1 9 1 )  
thermochemistry The branch of thermodynamics that focuses 
on the heat involved in chemical reactions. ( 1 78) 
thermodynamics The study of heat (thermal energy) and its 
interconversions. ( 1 78) 
thermometer A device for measuring temperature that con­
tains a fluid that expands or contracts within a graduated tube. ( 1 8) 
third law of thermodynamics A law stating that the entropy 
of a perfect crystal is zero at 0 K .  (657) 
titration A method of determining the concentration of a 
solution by monitoring its reaction with a solution of known con­
centration. ( 1 1 9) 
torr A unit of pressure identical to 1 mmHg. ( 1 42) 



total ionic equation A chemical equation for an aqueous re­
action that shows al l  the soluble ionic substances dissociated into 
ions. ( 1 1 4) 
tracer A radioisotope that signals the presence of the species of 
interest by emitting nonionizing radiation. (779) 
transition element (also transition metal) An element that oc­
cupies the d block of the periodic table; one whose d orbitals are 
being fi l led. (244, 735) 
transition state (also activated complex) An unstable species 
formed in an effective col l ision of reactants that exists momentar­
i ly when the system is highest in energy and that can either form 
products or re-form reactants. (520) 
transition state theory A model that explains how the energy 
of reactant col lision is used to form a high-energy transitional 
species that can change to reactant or product. (520) 
transuranium element An element with atomic number 
higher than that of uranium (Z = 92). (735, 776) 
trigonal bipyramidal arrangement The geometric arrange­
ment formed when fi ve electron groups maximize their separation 
around a central atom. When al l  fi ve groups are bonding groups, 
the molecul ar shape is trigonal bipyramidal (AXs; ideal bond 
angles, axial-center-equatorial = 90° and equatorial-center­
equatorial = 1 20°). (3 1 1 ) 
trigonal planar arrangement The geometric arrangement 
formed when three electron groups maxi mize their separation 
around a central atom. (308) 
trigonal planar shape A molecu lar shape (AX3) formed 
when three atoms around a central atom l ie at the corners of an 
equilateral triangle; ideal bond angle = 1 20°. (307) 
trigonal pyramid A molecular shape (AX3E) caused by the 
presence of one lone pair in a tetrahedral arrangement. (3 1 0) 

. triple bond A covalent bond that consists of three bondmg pairs, 
two atoms sharing six electrons; one (J and two 11 bonds. (278) 
triple point The pressure and temperature at which three 
phases of a substance are in equi l ibrium.  In a phase diagram, the 
point at which three phase-transition curves meet. (357) 

U 
ultraviolet (UV) Radiation in the region of the electromagnetic 
spectrum between the visible and the x-ray regions. (207) 
uncertainty A characteristic of every measurement that 
results from the inexactness of the measuring device and the 
necessity of estimating when taking a reading. (2 1 )  
uncertainty principle The principle stated by Werner Heisen­
berg that it i s  impossible to know simultaneously the exact posi­
tion and velocity of a particle; the principle becomes Important 
only for particles of very small mass. (22 1 )  
unimolecular reaction A n  elementary reaction that involves 
the decomposition or rearrangement of a single particle. (524) 
unit cell The smal lest portion of a crystal that, if repeated in al l  
three directions, gives the crystal. (370) 
universal gas constant (R) A proportionality constant that 
relates the energy, amount of substance, and temperature of a sys­
tem; R = 0.0820578 atm' L!mo l ' K  = 8 .3 1 447 J/mol · K. ( 1 48) 
unsaturated hydrocarbon A hydrocarbon with at least one 
carbon-carbon multiple bond; one in which at least two C atoms 
are bonded to fewer than four atoms. (468) 
unsaturated solution A solution in which more solute can be 
dissolved at a given temperature. (400) 
unshared pair (See lone pail: ) 
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v 
V shape (See bent shape. ) 
valence band In band theory, the lower energy portion of the 
band of moleculaI' orbitals, which is fi l led with valence electrons. 
(38 1 )  
valence bond (VB) theory A model that attempts to recon­
c i l e  the shapes of molecu les with those of atomic orbitals through 
the concepts of orbital overlap and hybridization. (324) 
valence electrons The electrons involved in compound 
formation; in main-group elements, the e lectrons in the valence 
(outer) leve l .  (246) 
valence-shell electron-pair repulsion (V5EPR) theory A 
model explaining that the shapes of molecu les and ions result 
from minimizing electron-pair repulsions around a central atom. 
(306) 
van der Waals equation An equation that accounts for the 
behavior of real gases. ( 1 68) 
van der Waals radius One-half of the closest d istance be­
tween the nuclei of identical non bonded atoms. (359) 
vapor pressure (also equilibrium vapor pressure) The pres­
sure exerted by a vapor at equilibrium with its l iquid in a closed 
system. (353) 
vapor pressure lowering (AP) The lowering of the vapor 
pressure of a solvent caused by the presence of dissolved solute 
particles. (407) 
vaporization The process of changing from a l iquid to a gas. 
(349) 
variable A quantity that can have more than a single value. (9) 
(See also controlled experiment. ) 
viscosity A measure of the resistance of a l iquid to flow. (367) 
volt (V) The SI unit of electric potential : I V = I J/C. (692) 
voltage (See cell potential. ) 
voltaic cell (also galvanic cell) An electrochemical cell that 
uses a spontaneous reaction to generate electric energy. (686) 
volume (V) The space occupied by a sample of matter. ( 1 5) 
volume percent [% (v/v)] A concentration term defined as 
the volume of solute in 1 00. volumes of solution. (404) 

W 
wave function (See atomic orbital. ) 
wave-particle duality The principle stating that both matter 
and energy have wavelike and particle-like properties. (220) 
wavelength (A) The distance between any point on a wave and 
the corresponding point on the next wave, that is, the distance a 
wave travels  during one cycle. (206) 
weak-field ligand A l igand that causes smal ler crystal field 
splitting energy and therefore is part of a high-spin complex. (752) 
weight The force exerted by a gravitational field on an object. 
( 1 6) 
work (w) The energy transferred when an object is moved by a 
force. ( 1 79) 

X 
x-ray diffraction analysis An instrumental technique used 
to determine spatial di mensions of a crystal structure by measur­
ing the diffraction patterns caused by x-rays i mpinging on the 
crystal. (374) 
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Absolute temperature scale, 1 9, 1 45,  G - I  
Absolute zero, 1 9, 1 45 

Absorption spectrum, 2 1 7, 2 1 7/, G - I  
Accuracy, i n  measurement, 24-25, 

25/, G- I 
Acetaldehyde 

boiling point, 360, 360/ 
dipole moment, 360, 360/ 
molecular structure, 474r, 478/ 

Acetaminophen, molecular structure, 
48 1/ 

Acetate ion, 54r, 6 1 7-62 1 ,  6 1 7r 
Acetic acid 

boiling point elevation constant, 409r 
dissociation of, 1 22, 6 1 7-62 1 ,  6 1 7r 
freezing point depression constant, 

409r 
K", 58 1 
molecular structure, 474r 

Acetone 
bonds and orbitals, 334 
molecular shape, 3 15 
molecular structure, 474r, 478/ 

Acetonitrile 
boiling point, 360f 
dipole moment, 360/ 
molecular structure, 474, 

Acetylene, 1 57, 33 1 , 332, 333f, 474r 
Acid(s) 

acidic solutions, balancing redox 
reactions in, 683-684, 683f 

Arrhenius acids, 579 
Br;lnsted-Lowry acids, 1 2 1 - 1 22, 

587-59 1 ,  598-600, 602 
buffers, 6 1 6-624 
concentration, finding from titration, 

1 20- 1 2 1  

conjugate acid-base pairs, 588-59 1 ,  
589r, 59 If, 599-600, 6 1 8f, 
62 1 , 623 

defined, 1 1 7, 1 2 1 , 579, 587, G - I  
displacement o f  hydrogen from, 

1 28- 1 29 
dissociation, 1 1 2- 1 1 3, 579-582, 580f, 

595, 598-599, 6 1 7-62 1 , 6 1 7r, 
A-8-A- 1 O  

equilibria (see Acid-base equilibria) 
indicators, 1 20, 1 20f, 587, 587f, 

624-625, 625/ 
Lewis acids, 606-608, 64 1 
naming, 56-57 

pH (see pH) 
polyprotic, 595, 604 
strength (see Acid strength) 
strong acids, 1 1 8, 1 1 8r.  1 2 1- 1 22, 1 22f, 

579, 580f, 58 1 ,  590, 59 1j; 
598-599, 603-604, 605r, 
626-627, 63 1 

t itrations, I 1 9- 1 2 1 , 624-63 1 
in water, 578-582, 580f 
weak acids, 1 1 8, 1 1 8r, 1 22, 580-582, 

580/, 590, 591-600, 59 If, 
603-605, 605r, 628-630 

weak bases and, 596-600 
weak-acid equilibrium, 59 1 -596 

Acid anhydride, 480, G-I  
Acid rain, 86,  6 1 6, 639-640, 640/ 

Acid strength 
acid-dissociation constant and, 579-5 8 1  
classifying, 58 1-582 
conjugate acid-base pairs, 590, 59 1/ 
direction of reaction and, 590, 5 9 1/ 
hydrated metal ions, 602, 602/ 
molecular properties and, 600-603 
of nonmetal hydrides, 600-60 I ,  600f 
of oxoacids, 601 -602, 601/ 
strong acids, 1 1 8, 1 1 8r,  1 2 1- 1 22, 1 22/, 

579, 580f, 58 1 , 590, 59 1/, 
598-599, 603-604, 605r, 
626-627, 63 1 

weak acids, 1 1 8 ,  1 1 8r, 1 22, 580-582, 
580/, 590, 59 1 -600, 59 If, 
603-605, 605r, 628-630 

Acid-base behavior, of element 
oxides, 258 

Acid-base buffer systems, 6 1 6-624, 
6 1 6/-6 1 7/ 

buffer capacity, 621-622, 622/ 
buffer range, 622 
common-ion effect, 6 1 7-62 1 
conjugate base pair, 6 1 8/, 62 1 ,  623 
defined, 6 1 6, G - I  
essential features, 6 1 8-621 

Henderson-Hasselbalch equation, 
62 1 , 623 

preparing, 623-624 
Acid-base equilibria, 577-608 

acid-base indicators, 1 20, 1 20/, 587, 
587f, 624-625, 625/ 

acid-dissociation consl.ant (Ko), 
579-582, 59 1 -596, 599-600, 
A-8-A- 1 O  

weak bases and weak acids, 599-600 
weak-acid equilibrium problem 

solving, 59 1 -596 
auto ionization of water, 583-587, 584f 
base-dissociation constant (Kb)' 

596-600, 597f, A- I I-A- 1 2  

Br;lnsted-Lowry acid-base definition, 
587-59 1 ,  606 

conjugate acid-base pairs, 588-59 1 ,  
589r, 59 1j; 599-600, 6 1 8f, 62 1 

hydrated metal ions, 602, 602f, A- 1 2  
hydronium ion, 54r, 578-582, 578/, 

580f, 584-587, 585/-587/ 
ion-product constant for water (K,I.), 

583-587 
Lewis acid-base definition, 

606-608, 64 1  
pH, 584-587, 585/-587/ 
polyprotic acids, 595, 604 
salt solutions, 603-606 

of weakJy acidic cations and weakly 
basic anions, 605-606 

yielding acidic solutions, 
603-604, 605r 

yielding basic solutions, 604, 605r 
yielding neutral solutions, 603, 605r 

variation in acid strength, 579-582, 580/ 
weak-acid equilibrium problem 

solving, 59 1-596 
acid-dissociation constant (Ka), 

5 9 1 -595 
concentrations, 592-595 
notation system, 592 
polyprotic acids, 595 

Acid-base indicator 
acid-base titration, 1 20, 1 20f, 624-625, 

625/ 
color and pH range of common, 625/ 
defined, 1 20, 587, 624, G - I  
pH paper, 587, 587f 

Acid-base (neutralization) reactions, 
1 1 7- 1 22 

acid-base indicator, 1 20, 1 20f 
acid-base titrations, I 1 9- 1 2 1 ,  1 20/, 

624-63 1 
acids, 1 1 7-1 1 8, 1 1 8r,  1 2 1  
bases, 1 1 7- 1 1 8, 1 1 8r, 1 2 1  
defined, 1 1 7, G- I 
of element oxides, 258, 258/ 
end point, 1 20 
equations, I 1 8- 1 1 9  
equivalence point, 1 20 
H20 formation, 1 1 8-1 1 9  
key event, 1 1 8- 1 19 
proton transfer, 1 2 1 - 1 22, 1 22f 
relative acid-base strength and the 

net direction of reaction, 
590, 59 1/ 

salt fortnation, 1 1 9, 1 22/ 
strong acid with strong base, 1 2 1 - 1 22, 

1 22/ 
ti trations, 1 1 9-1 2 1 ,  1 20/ 
of weak acids, I 1 8, 1 22 
of weak bases, I 1 8  

Acid-base titration, 1 1 9-1 2 1 ,  1 20/ 
Acid-base titration curves 

acid-base indicators, 624-625, 625/ 
defined, 624, G - I  
end point, 1 20, 626 
equivalence point, 1 20, 626-629, 63 1 
strong acid-strong base, 626-627, 626/ 
weak acid-strong base, 628-630, 6281 
weak base-strong acid, 63 1 ,  63 1/ 

Acid-d issociation constant (Ka) 
defined, 58 1 ,  G- I  
of hydrated metal ions, A- 1 2  
meaning of, 58 1 
relation with Kb in conjugate pair, 

599-600 
tables of, A-8-A- 1 0 
weak-acid equilibrium problem 

solving, 5 9 1 -596 
Acidic solutions, balancing redox 

reactions in, 683-684, 683/ 
Acid-ionization constant. See Acid­

dissociation constant (K(I) 
Acrylonitrile, 436f 
Actinides 

defined, 247, G- I 
electron configuration, 246/ 247 
in periodic table, 46, 46/ 

Actinium, 247 
Activated complex, 520 
Activation analysis, 780 
Activation energy (Ea)' 5 1 6-52 1 ,  5 1 6;; 

5 1 9;; 5 1 9r, 52 1/, 529-530, G - I  
Active metal 

displacing hydrogen from water, 1 28/ 
production by electrolysis, 1 28 
reactivity, 699 

Active site, enzyme, 5 3 1 -532, G- I 
Activity (AJ. 770, G- I  
Activity series or the halogens, 1 30 

Activity series of the metals, 1 28-1 30, 
1 30f, 699-700, G- 1 

Actual yield, 93, 94, 95, G- I 

Addition polymers, 483-485, 484r, G-I 
Addition reaction 

defined, 472, G- I  
organ ic, 472-473 

Addition, significant figures and, 23 
Adduct, 606-608, G- I  
Adenine, 477f, 49 1 
Adenosine triphosphate. See A TP 
Air pollution 

acid rain, 86, 6 1 6, 639-640, 640/ 
chlorofluorocarbons (CFCs), 532 
thermal pollution, 787 

-al (suffix), 474r, 478 
Alcohols 

defined, 475, G- I 
functional group, 460/, 474r, 475 
solubility, 392-393, 393f, 393r 

Aldehydes, 474r, 478-479, 478/ G-I  
Alizarin, 625/ 
Alkali metals 

alkaline eanh metals compared, 428 
anomalous behavior of lithium, 427 
atomic radius, 252[ 
electron configuration, 243, 425, 426 
first ionization energy, 253/ 
important reactions, 426 
ion formation, 49 
melting point, 380 
properties, 425-427, 427/ 
reactivity, 425, 427 

Alkaline ballery, 709, 709/ 
Alkaline earth metals, 428-430 

alkali metals compared, 428 
anomalous behavior of beryllium, 427 
atomic radius, 25 1 
diagonal relationships, 428, 428/ 430 
electron configuration, 428, 429 

important reactions, 429 
ion formation, 49 
melting point, 380 
properties, 428-430 

Alkanes 
branched, 58 
chiral molecules, 467-468. 467f 
cycloalkanes, 465, 465/ 
defined, 58, 463, G- I  
depicting with formulas and models, 

464, 464f, 465f 
general formula, 463 
haloalkanes, 475-476 
homologous series, 463 
isomers 

constitutional, 465-466, 466r 

optical, 467-468, 467/ 
naming, 58, 58r, 463-464, 463r, 

464r. 470 
properties, 465-466, 4661. 467/ 
saturated hydrocarbons. 463 
straight-chain, 58 

Alkenes 
defined, 468, G- I  
functional group, 474r. 478 

general formula, 468 
isomerism, 468-469, 469r 
naming, 468, 470 
unsaturated hydrocarbons, 468 

1 · 1  
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Alkyl group, 472, G- I 
Alkyl halides, 475-476, 477 
Alkynes, 469, 482, G- I 
Allotropes 

carbon, 435, 435J 
defincd, 435, G- I 
entropy and, 660 
oxygen, 445 
phosphorus, 438, 438J 
selenium, 445 
sulfur, 445 

Alloys, 395, G- I 
Alpha (a) decay, 765, 7651, G- I 
Alpha (a) paJ1icies 

behavior in electric field, 764, 764l 
de Broglie wavelength, 2 1 91 
decay process, 765, 7651 
defined, 764, G- I  
penetrating power, 777, 777J 
radioactivc dccay, 764-765, 7651 
Rutherford's scattering experiment, 

39-40, 40J 
Aluminosilicates, 640 
Aluminum 

acid strength of hydrated ion, 602f, 603 
bond type, 4331 
diagonal relationship with beryllium, 

428f, 430 
diffraction pall ern, 2 1 9, 2 1 9J 
displacement reactions, 1 29 
elcctron configuration, 242, 243f, 2431 
ion formation, 49 
ionization energy. 254 
isolation, 722-724, 723J 
mclting point, 4331 
propcrties, 254, 430-43 1 
spccific heat capacity, 1 871 

Aluminum chloride, 607, 659 
Aluminum hydroxide, 6331 
Aluminum ion, 49, 521 
Aluminum oxide, 43 1 
Aluminum salts, uses of, 602 
-amide (suffix), 4741, 48 1 
Amides, 4741, 48 1 ,  48 If, 488, G- I 
-amine (suffix), 4741, 476 
Amines 

defined, 476, 596, G- I 
functional group, 4741, 476-477, 477J 
as weak bases, 582, 596-598, 597J 

Amino acids, 487-490, G- I .  See a/so 
Proteins 

Ammonia 
fixcd mass ratio of, 33 
formation, 440, 663-664 
hybrid orbimls, 328 
as Lewis base, 608 
molecular shape, 3 1 0  
oxidation of, 1 96-197 
polarity, 3 1 7  
proton transfer, 588, 588J 
synthesis of, 569, 5691, 570J 
titration of, 63 1 ,  63 1J 
as weak base, 582, 596-598 

Ammonium carbonate, 75 
Ammonium cyanide, 605 
Ammonium ion, 541, 3 1 0, 588-589, 588J 
Ammonium nitrate, 77, 397f, 398, 653 
Ammonium perchlorate, 450 
Amonton's law, 146 
Amorphous solids, 369, 379, 379f, G- I 
Amount, unit of measurement, 1 3t 
Ampere (A) (unit), 1 31, 724, G- I  
Amphoteric 

defined, 258, G- I 
nature of water, 588 

Amplitude, wave, 207, 207f, 2 1 1 ,  G- I 
Analysis. See Chemical analysis 
-ane (suffix), 69 
Angstrom (A) (unit), IS, 206 

Index 

Angular momentum quantum number (I), 
224-226, 2241, 2371, 239f, G-2 

Anionic ligands, 744, 7441 
Anions 

acid names and, 56-57 
common, 521, 541 
complex, 7441 
defined, 48, G-2 
ionic radius, 262-263, 262J 
namjng, 52 
salts of weakly acidic cations and 

weakly basic anions, 605-606 
solvated, 1 1 2 
of weak acids as weak bases, 598-599 

Anode 
battery, 709-7 1 2, 709J-7 1 2J 
defined, 686, 687f, G-2 
sacrificial, 7 1 5, 7 1 5J 

Antacid, 98, I 1 9  
Antibonding MO, 335-337, 335f, G-2 
Antilogarithms, A-2 
Antimony 

bond type, 4331 
electron configuration, 439 
melting point, 4331 
properties, 257, 438-440 

Aqueous equilibria 
acid rain and, 639-640, 640J 
acid-base buffer systems, 6 1 6-624 
acid-base titration curves, 624-631 
complex ions, 64 1-644 
slightly soluble ionic compounds, 

632-64 1 
Aqueous ionic reactions 

acid-base [see Acid-base 
(ncutralization) reactions] 

molecular equations, 1 1 3, 1 14f, 1 1 5 
net ionic equation, 1 14-1 1 5,  1 1 4J 
precipitation reactions, 1 1 5- 1 17, 1 1 5f, 

1 1 6f, 1 1 61 
spectator ions, I 14, I 1 4f, I 15 
total ionic equation, 1 1 4, 1 14f, 1 1 5 

Aqueous solutions 
chemical equation, specifying 

state in, 84 
defined, 60, G-2 
determining moles of ions in aqueous 

ionic solutions, 1 1 1- 1 1 2  
electrolysis of, 7 1 9-721 ,  720J 
salts, 603-606 
standard state, 1 94 

Arginine, structure of, 487f 
Argon 

cubic closest packing, 376J 
electron configuration, 242, 243f, 2431 
properties, 450-45 1 

Aristotle, 32 
Arithmetic operations, significant figures 

and, 23 
Aromatic hydrocarbons, 47 1 ,  G-2 
Arrhenius acid-base definition, 579, G-2 
Arrhenius acids, 579 
Arrhenius bases, 579, 596 
Arrhenius equation, 5 1 6, 5 1 8-5 1 9, G-2 
Arrhenius, Svante, 5 1 6, 578 
Arsenic 

bond type, 4331 
electron configuration, 2451, 439 
melting point, 4331 
properties, 257, 438-440 

Asbestos, 437 
Asparagine, structure of, 487J 
Aspartic acid, structure of, 487J 
Astatine, 244 
-ate (suffix), 55, 55f, 56, 744 
Atmosphere 

Earth 
ozone, stratospheric, 298, 445, 

532-533 

ozone depletion, 298, 532-533 
temperature, 1 98 

pollution (see Air pollution) 
Atmosphere (atm) (unit), 1 4 1 - 1 42, 1421 
Atmospheric pressure 

boiling point and, 355-356 
effect of, 1 4 1 ,  14 1J 
measurement, 1 40-14 1 ,  1 4 1J 
units of measurement, 1 4 1 - 1 42, 142J 

Atom 
defined, 36, G-2 
depiction, 42J 
energy, 2 1 0, 2 1 3-21 6, 2 1 4J, 2 1 5f, 2 1 6f, 

222, 223 
history of concept, 32 
notation, 42, 45 
nucleus (see Nucleus) 
structure (see Atomic structure) 

Atomic clock, 20 
Atomic mass, 42-45 

calculating, 44-45 
defined, 44, 7 1 ,  G-2 
fixed, 7 1  
mass spectrometry and, 43-44, 43J 
mole concept and, 7 1 ,  7 1J 
periodic table arrangement by, 45, 46J 
relative, 37, 43, 7 If, 7211 

Atomic mass unit (amu), 43, 7 1 ,  G-2 
Atomic nucleus. See Nucleus 
Atomic number (2), 764 

atom notation and, 42, 42f, 45 
defined, 42, G-2 
periodic table organization and, 45, 

46f, 236 
Atomic orbital, 221 -230 

autbau principle, 240, 249 
d orbital, 228-229, 229f, 751-752, 

75 If, 752J 
defined, 222, G-2 

J orbital, 229, 229J 
filling order, 239f, 244-246, 247J 
g orbital, 229 
hybrid orbital, 325-33 1 
molecular orbital [see Molecular orbital 

(MO)] 
overlap (see Orbital overlap) 
p orbital, 228, 228f, 338-340, 339J 
Pauli exclusion principle, 238, 240, 324 
quantum numbers, 223-226, 2241 
s orbital, 226-228, 227J 

Atomic properties. See a/so specific 
properties 

alkali metals, 426 
alkaline earth metals, 429 
atomic size (see Atomic size) 
boron family elements, 43 1 
carbon family elements, 434 
chemical bonds and, 269-272, 

269J-27 1J 
electron configuration (see Electron 

configuration) 
electronegativity (see Eleclronegativity 

(EN) 
halogen family elements, 448 
ionization energy (see Ionization 

energy (IE» 
nitrogen family elements, 439 
noble gases, 45 I 
oxygen family elements, 444 
Period 2 elements, 427 
transition elements, 737-739, 737f, 738J 

Atomic radius 
alkali metals, 426 
alkaline earth metals, 428, 429 
boron family elements, 430, 43 1 
carbon family elements, 434 
determining from crystal structure, 374 
entropy and, 659 
halogen family elements, 448 

ion size compared, 262-263, 263J 
main-group elements, 249-25 1 ,  250J 
nitrogen family elements, 439 
noble gases, 45 1 
oxygen family elements, 444 
Period 2 elements, 427 
periodic trends, 249-25 1 ,  25Q(, 

252f, 256J 
transition elements, 25 1 ,  252f, 

737f, 738J 
Atomic size. See also Atomic radius 

covalent radius, 358-359, 358f, 359J 
defined, 249, G-2 
electronegativity and, 287, 288J 
entropy and, 659 
ion size compared, 262-263, 263J 
main-group elements, 249-25 1 ,  250J 
periodic trends, 249-25 1 ,  250f, 

252f, 256J 
transition elements, 25 1 ,  252f, 

737-739, 737f, 738J 
Atomic solids, 376, 3761, G-2 
Atomic spectra, 2 1 2-2 1 7  

Bohr model o f  the hydrogen atom, 
2 1 3-2 14 

energy states of the hydrogen atom, 
2 1 5-2 1 6, 2 16J 

excited state, 2 1 4  
ground state, 2 1 4  
line spectrum, 2 1 2-2 13 ,  2 1 2f, 

2 1 211, 2 1 3J 
quantum staircase, 2 1 4/  
Rydberg equation, 2 1 3, 2 1 5J 
stationary state, 2 1 3-2 14 

Atomic structure. See also Electron (e-);  
Neutron (nO); Proton (p + ) 

Bohr model, 2 1 3-2 14, 2 1 5J 
chemical reactivity and, 257-264 
general features, 4 1 ,  4 If, 41 I 
many-electron atoms, 236-240 
overview, 4 1  
quantum-mechanical model, 22 1-230, 

240-249 
Atomic symbol, 42, 42f, 45, G-2 
Atomic theory 

atomic nucleus, discovery of, 39-40 
Dalton's theory, 32, 36-37 
electron, discovery of, 37-39 
history, 32, 36-40 
law of definite composition, 34-35, 

37, 37J 
law of mass conscrvation, 34, 37 
many-electron atoms, 236-240 
matter, atomic view of, 34-36 
Mill ikan's oil-drop experiment, 

38-39, 39J 
modern theory, 4 1-45 
nuclear atom model, 37-40 
relative atomic masses of atoms, 37 
Rutherford's scattering experiment, 

39-40, 40J 
Atomic wave functions, 335, 335J 
Atomic weight, 44. See a/so Atomic mass 
ATP (adenosine triphosphate), 672, 

672f, G-I 
Aufbau principle, 240, 249, G-2 
Autoionization, 583-587, 584f, G-2 
Average reaction rate, 502, 502f, G-2 
Avogadro, Amedeo, 70 
Avogadro's law 

breathing and, 147 
defined, 147, G-2 
gas density and, 153 
kinetic molecular lheory, 1 60, 162 
molecular view of, 1 62, 162J 
relationship between volume and 

amount, 146-147 
Avogadro's number 

Boltzmann constant and, 654 



chemical reactions, 82, 83J 
as conversion factor, 73-75, 73J, 74J, 

77, 88J 
defined, 70, 77, G-2 

Axial group, VSEPR theory, 3 1 1 ,  G-2 

B 
Background radiation, 777-778, G-2 
Bacterium, approximate composition 

of, 3901 
Balanced equations 

information in, 87, 871 
nuclear equations, 767 
process of balancing, 83-86 
reaction quotient and, 545 
redox reaction, 683-686 
states of matter, 84 
stoichiometrically equivalent molar 

ratios, 87-90 
using gas laws to determine, 152 

Balancing coefficient, 83 ,  G-2 
Ball-and-stick model, 60, 60J, 464, 464J 
Band of stability, 767, G-2 
Band theory, 381-383, 38 IJ-382J, G-2 
Bar (unit), 142, 1421 
Barite, 369J 
Barium 

atomic radius, 374 
electron configuration, 247 
ionic compounds, 257 
properties, 257, 428-429 

Barium ion, 521 
Barium nitrate, 58 
Barometer, 1 4 1 ,  1 4 1J, G-2 
Bartlett, Neil, 450, 452 
Base(s). See also Acid-base equilibria; 

Acid-base (neutralization) 
reactions; Acid-base titration 
curves 

anions of weak acids as, 598-599 
Arrhenius base, 579, 596 
Br¢nsted-Lowry base, 587-59 1 ,  

596-600, 602 
buffers, 6 1 6-{524 
conjugate acid-base pairs, 588-591 ,  

5891, 59 1J, 599-600, 6 1 8J, 
62 1 , 623 

defined, 1 1 7, 1 22, 579, 588, 596, G-2 
indicators, 1 20, 1 20J, 587, 587J, 

624-{)25, 625J 
Lewis base, 606-608, 641 
strong, 1 1 8, 1 1 81, 1 2 1- 1 22, 1 22J, 582, 

603-604, 6041, 626-630 
titration, 1 19- 1 2 1 ,  624-63 I 
in water, 578-580 
weak, 1 1 8, 1 1 81, 582, 596-600, 

603-605, 6041, 63 1 
Base pairs, DNA, 49 1 ,  G-2 
Base unit, 13 ,  G-2 
Base-dissociation constant (K,,) 

of ammonia and amines, 596-598, 
597J 

defined, 596, G-2 
pH determination from, 597 
relation to Ko in conjugate acid-base 

pair, 599-{500 
table of, A- I I-A-12 

Base-ionization constant. See Base­
dissociation constant (K,,) 

Basic solutions, balancing redox 
reactions in, 684-{)85 

Battery, 708-7 1 2  
alkaline, 709, 709J 
button, 709, 709J 
defined, 708, G-2 
flow baHeries, 71 1 -7 1 2  
free energy change and, 669 
fuel cells, 7 1 1-7 1 2, 7 1 2J 

lead-acid, 7 1 0, 71 OJ 
lithium, 7 1 1 , 7 1 1J 
mercury and silver, 709, 709J 
nickel-cadmium (NiCad), 7 1 0  
nickel-metal hydride (Ni-MH), 

7 1 0-7 1 1 , 7 1 1J 
nonrechargeable balleries, 709, 709J 
primary balleries, 709, 709J 
rechargeable baHeries, 7 1 0-7 1 I ,  7 1  OJ, 

7 1 1 
secondary balleries, 7 1 0-7 1 I ,  7 1  OJ, 

7 1 1  
Bauxite, 1 9 1 - 1 92, 722 
Becquerel (Bq) (unit), 770, G-2 
Bent shape, VSEPR theory, 308J, 309, 

309J, G-2 
Benzaldehyde, molecular structure, 478J 
Benzene 

boiling point elevation constant, 4091 
freezing point depression cons tam, 

4091 
resonance forms, 30 I 

Benzor aJpyrene, 79 
Benzoic acid, molecular strucLure, 479J 
Beryl, 369J, 437 
Beryllium 

anomalous behavior of, 427 
diagonal relationship with aluminum, 

428J, 430 
diatomic, 337, 338J 
electron configuration, 24 1 ,  243J 
electron-deficient molecules, 303-304 
ionization energy, 254J, 2551 
isotopes, decay constants and half-lives 

of, 7721 
properties, 257, 30411, 428-430 

Beryllium chloride, 427 
hybrid orbitals, 325, 326J 
Lewis structure, 304 
linear shape, 308 

Beta (13) decay, 765-766, 76511, 7651, G-2 
Beta (13) particles 

behavior in electric field, 764, 764J 
decay process, 765-766, 7651 
defined, 764, G-2 
penetrating power, 777, 777J 
radioactive decay, 765-766, 7651 

Bicarbonate ion, 541, 640 
Bidentate ligands, 743, 7431 
Bimolecular reaction, 524, 5241, G-3 
Binary acid, naming, 56 
B inary covalent compound 

defined, 57, G-3 
formation, 57 
names and formulas of, 57-58 
redox reactions, 1 27 

B inary hydrides, boiling point, 362J 
Binary ionic compound 

defined, 48, G-3 
formation of, 48-49, 48J 
formula, determining, 53 
naming, 52-53 

Binding energy. See Nuclear binding 
energy 

B iological energetics 
ATP, 672, 672J 
thermOChemistry, 67 1 -672, 672J 

B iological macromolecules 
amino acids, 487-490, 487J 
base pairs, 49 1 
cellulose, 486 
chromosomes, 49 1 
disaccharides, 486, 486J 
DNA, 490-492, 490J, 491J 
double helix, 49 1 ,  49 1J 
fibrous proteins, 489 
genetic code, 492 
globular protein, 490 
glycogen, 487 

Index 

mononucleotides, 490, 490J 
monosaccharides, 486 
as natural polymers, 486 
nucleic acids, 490-492, 490J, 491J 
nucleotides, 490, 490J 
peptide bond, 48 1 ,  488, 488J 
polysaccharides, 486-487 
proteins, 487-490, 488J, 489J 
RNA, 490 
starch, 486-487 
sugars, 486-487, 486J 

Biopolymers 
nucleic acids, 490-492, 490J, 49 1J 
polysaccharides, 486-487 
proteins, 487-490, 488J, 489J 

Bismuth 
bond type, 4331 
melting point, 4331 
properties, 257, 438-440 

Bisulfate ion, 541 
Bisulfite ion, 446 
B lackbody radiation, 2 10, 2 1 011 
Body-centered cubic unil cell, 370, 37 1J, 

372, 373J, G-3 
Bohr model of the hydrogen atom, 

2 1 3-214, 2 15ff 
Bohr, Niels, 2 1 3  
Boiling point 

alkali metals, 426 
alkaline earth metals, 429 
alkanes, 467J 
boron family, 43 1 
carbon family, 434 
defined, 355, G-3 
dipole moment and, 360, 360J 
halogen family, 448 
hydrogen bonding and, 362, 362J 
ionic compounds, 2761 
molar mass and, 363-364, 363J 
molecular shape and, 364, 364f 
nitrogen family. 439 
noble gases, 45 1 
oxygen family, 444 
phase changes, 355-356 
solubiLity and, 3941 
solution, 408-409, 409J, 4091, 4 1 0-41 I 
vapor pressure and, 355-356 
water, 1 9-20, 1 9J 

Boiling point elevation (tlTb), 408-409, 
409J, 4091, 4 10-4 1  I ,  G-3 

Boltzmann, Ludwig, 1 60, 654 
Boltzmann constant, 654 
Boltzmann equation, 656 
Bomb calorimeter, 1 89-1 90, 1 90J 
Bond angle, 307-3 15 ,  G-3 
Bond energy (B E) 

average, 2791 
calculating heal of reaction from, 

283-286, 284J, 285J 
chemical change and, 283-287 
defined, 279, G-3 
in foods and fuels, 286-287, 286J, 2871 
halogens, 447J 
relation to bond order and bond length, 

280, 2801 
Bond enthalpy. See Bond energy 
Bond length, 279-280, 2791, 280J, 2801, 

447J, G-3 
Bond order, 278, 2801, 30 I ,  336, G-3 
Bond polarity, 288-289 
Bond strength, 286-287 
Bonding, 268-291 

alkali metals, 426 
alkaline earth metals, 429 
atomic properties, 269-272, 288J, 290J 
bond energy (see Bond energy) 
bond length, 279-280, 2791, 280J, 

2801, 447J 
bond strength, 286-287 

1-3 

boron family, 43 1 
carbon family, 434 
chemical bond defined, 48 
covalent (see Covalent bonds) 
electronegativiLY, 287-29 1 ,  288J, 290J 
electron-pair delocalization, 301 
in homonuclear diatomic molecule, 

337-342 
intermolecular forces compared, 348, 

354-355. 354J 
ionic (see Ionic bonding) 
Lewis electron-dot symbols, 27 1-272, 

271J 
metallic bonding, 270-27 1 ,  270J, 27 1J, 

3591, 3661, 380-383 
molecular orbital band theory, 

38 1-383, 38 1J, 382J 
octet rule, 272 
oxygen family, 444 
partial ionic character, 279-280, 280J 
physical properties, effect on 

elements, 433 
polar covalent bonds, 288-290, 290J 
types, 268-282, 35911 

Bonding MO, 335-337, 335J, G-3 
Bonding pair, 278, G-3 
Bond-line formula, 60, 60J 
Boranes, 432-433, 432J, 433J 
Boric acid, 432 
Boron 

anomalous behavior. 427 
bond type, 4331 
chemistry, 432-433, 432J, 433J 
diagonal relationship with silicon, 

428J, 430 
diatomic molecule, orbitals of, 

339-341 ,  339J, 340J 
electron configuration, 24 1 ,  243f 
electron-deficient molecules, 303-304 
ionization energy, 254, 255l 
melting point, 4331 
properties, 430-432 

Boron family 
atomic radius. 25 1 
important reactions, 43 1 
ion formation, 49 
properties, 430-432 

Boron trifluoride, 607 
hybrid orbitals, 327, 327J 
Lewis structure, 304 
molecular shape, 308 
polarity, 3 1 7  

Boyle, Robert, 32, 1 43 
Boyle's law, 1 43-1 44, 146 

breathing and, 147 
defined, 144, G-3 
kinetic-molecular theory and, 160, 1 6 1  
molecular view of, 1 6 1 ,  1 6 1J 

Bragg equation, 375 
Bragg, W. H. ,  375 
Bragg. w. L., 375 
Brass, 395 
Breathing, gas laws and, 147 
Bridge bond, 432 
British thermal unit (Btu), 1 82 
Bromcresol green, 625J 
Bromide ion, 521 
Bromine 

electron configuration, 2451 
oxoacids, 45011 
properties, 447-449 
reaction with sodium, 273, 273J 
reactivity, 1 30 
states of, 140J 

Bromine trifluoride, molecular 
shape, 3 1 1  

Bromphenol blue, 62V 
Bromthymol blue, 625, 625J 
Br0nsted, Johanness, 1 2 1  
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Br�nsted-Lowry acid-base definition, 
1 2 1- 1 22, 587-59 1 , 606, 0-3 

Br¢nsted-Lowry acids, 1 2 1 - 1 22, 
587-59 1 , 598-600, 602 

Buckminsterfullerene ("bucky ball"), 
435, 435f 

Buffcr. See Acid-base buffer systems 
Buffer capacity, 62 1-622, 622f, 0-3 
Buffer range, 622, G-3 
Buffered solution, 96 
But- (numerical root), 4631 
Butane 

boiling point, 467f 
combustion of, 1 30 
constitutional isomers, 4661 
formula, 681, 4661 
model, 681 
properties, 4661 

Butanoic acid, molecular structure, 479f 
Butanol 

infrared (IR) spectroscopy, 282, 282f 
solubility, 3931 
surface tension, 3661 

Butanone, molecular structure, 478f 
Butene, 468-469, 4691 
Button battery, 709, 709f 

c 
Cadmium, in nickel-cadmium (NiCad) 

battery, 7 1 0  
Cadmium ion, 521 
Calcium 

atomic radius, 25 1 
electron configuration, 244, 2451 
ion format ion, 49 
properties, 428-429 
reaction in water, 700f 

Calcium carbonate, 436 
aciel rain and, 640 
law of definite composition and, 

34, 34f 
solubility, 637-638 
structure, 5 1 ,  5 1f 

Calcium chloride, 7 1 8  
Calcium fluoride, I 1 5f 
Calcium hydroxide, 635 
Calcium ion, 49, 521 
Calcium sulfate, 632 
Calculations, significant figures in, 22-24 
Calculators, significant figures and, 23 
Calibration, 25, 0-3 
Calorie (cal) (unit), 1 82, 0-3 
Calorimeter 

bomb, 1 89-1 90, 1 90f 
coffee-cup, 1 88 
defined, 1 88, 0-3 

Calorimetry 
bond energy values and, 284 
constant-pressure, 1 88-1 89, 1 88f 
constant-volume, 1 89-1 90, 1 901 
specific heat-capacity and, 

1 87- 1 88, 1 871 
Candela (cd) (unit), 1 31 
Capillarity, 366-367, 368, 0-3 
Carbohydrates, 486 

energy from, 286-287 
heat of combustion, 2871 

Carbon. See also Diamond; Oraphite; 
Hydrocarbons; Organic chemistry; 
Organic compounds; Organic 
reactions 

allotropes, 435, 435l 
anomalous behavior, 427 
bond type, 4331 
chemistry, 436, 459-460 
diatomic molecule, orbitals of, 339, 

339j; 340f 
electron configuration, 24 1 ,  243l 

Index 

ionization energy, 25S1 
isotopes, 42 
Lewis symbol, 272 
melting point, 4331 
molecular stability, 459 
as network covalent solids, 

378-379, 3791 
phase diagram, 435, 435f 
properties, 433-435, 458-459, 458f 
radioactive decay, 77 1 ,  77 If 
radiocarbon dating, 773-774 
skeletons, 460-46 1 ,  46 If 

Carbon compounds, naming, 4631 
Carbon dioxide, 436 

dipole moment, 3 1 6  
dry ice, 356 
greenhouse effect and global warming, 

1 97- 1 98, 1 9�r 
law of multiple proportions, 35-36, 

37, 37f 
linear shape, 308 
molecular shape, 3 1 6  
phase diagram, 356-357, 357f 
release from fossil fuel combustion, 

1 97 - 1 98 
solubility in water, 395 

Carbon disulfide 
boiling point elevation constant, 4091 
Freezing point depression 

constant, 4091 
Carbon family 

allotropes, 435 
important reactions, 434 
properties, 433-435 

Carbon monoxide, 436 
boiling point, 3941 
law of multiple proportions, 35-36, 

37, 37f 
solubility in water, 3941 
toxicity, 757 

Carbon oxides, 35-36, 37, 37l 
Carbon tetrach loride 

boiling point elevation constant, 4091 
freezing point depression constant, 

4091 
polarity, 3 1 6  
specific heat capacity, 1 871 

Carbonate ion, 541, 30 I , 638f 
Carbonates, 428, 436, 6 1 6  

solubility-product constant (K,p)' A- 1 3  
Carbon-skeleton formula, 464, 464f 
Carbonyl group, 478-479, 478f, 479J, 0-3 
Carboxylate ion, 479 
Carboxylic acids, 4741 

defined, 479, 0-3 
examples of, 479f 
functional group, 460f, 4741, 

479-480, 479f 
propcrties, 479-480 
strength, 582 

Catalysis, 529-533, 529f�53 1f 
in biological systems, 529, 530, 

5 3 1 -532 
heterogeneous, 530-53 1 ,  53 If, 532 
homogeneous, 530, 532, 533 
ozone depletion and, 532-533 

Catalyst 
biological (enzymes), 529, 530, 

5 3 1 -532 
defined, 529, 0-3 
effect on equilibrium, 567 
heterogeneous, 530-53 1 ,  53 If, 532 
homogeneous, 530, 532, 533 

Catalytic converter, automobile, 640 
Catalytic hydrogenation, 53 1 ,  53 If 
Catenation, 436, 458 
Cathode 

battery, 709-7 1 2, 709f-7 1 2f 
defined, 686, 687f, 0-3 

Cathode ray tube, 38f 
Cathode rays, 37-38, 38f, 0-3 
Cathodic protection, 7 1 4-7 1 5, 7 1 5  
Cation-electron pairs, 776 
Cations 

common, 521, 541 
defined, 48, 0-3 
ionic radius, 262-263, 262f 
metal cations as Lewis acids, 607-608 
naming, 52 
salts of weakly acidic cations and 

weakJy basic anions, 605-606 
solvated, 1 1 2 

Cell potential (E"ll), 692-708 
changes during operation, 704-705 
concentration and, 703-708 
defined, 692, 0-3 
standard cell potential (E"" ll) , 

692-695, 693f, 700-708 
voltaic cells, 692-700 

Cellulose, 486 
Celsius, Anders, 1 9  
Celsius (0C) temperature scale, 1 8-20, 

1 9f, 0-3 
Cement, specific heat capacity, 1 871 
Centi- (prefix), 1 31 
Centimeter (cm) (unit), English equivalent 

of, 141  
Cerium sulfate, 400f 
Cesium 

atomic clock, 20 
electron configuration, 247 
properties, 425-427 

Cesium ion, 521 
Cetyl palmitate, molecular structure, 480f 
CFCs (chlorofluorocarbons), 436, 532 
Chadwick, James, 40 
Chain reaction, nuclear reactions, 786, 

786f, 0-3 
Chain-reaction (chain-growth) polymcrs, 

483 
Chair conformation, of cyclohexane. 

465, 465f 
Chalocite, 89 
Change in enthalpy (C1H). See Enthalpy 

change (MI) 
Charcoal, as amorphous solid, 379 
Charge density, 397, 0-3 
Charge, electron, 38-39, 39f, 4 1 ,  4 1f 
Charge-induced dipole forces 

polarizabi lity and, 362 
in solutions, 392 
types, 362 

Charles, Jacques A. c., 144 
Charles's law, 144-146 

breathing and, 1 47 
defined, 145, 0-3 
kinetic-molecular theory and, 1 60, 1 62 
molecular view of, 1 62, 1 62/ 

Chelate, 743, 0-3 
Chemical analysis 

infrared spectroscopy, 282, 282f 
mass spectrometry, 43-44, 43f 
reaction rates, measuring, 505 
spectrophotometry, 2 1 7  
X-ray di ffraction analysis, 374-375, 

375f 
Chemical bond, 48, 0-3. See also 

Bonding 
Chemical change, 283. See also Chemical 

reactions 
defined, 3, 0-3 
physical change compared, 3j; 4-5 

Chemical elements. See Element(s) 
Chemical equations 

aqueous ionic reactions, 
1 1 3-1 1 5 , 1 1 4f 

balancing, 82-86 
defined, 83, 0-3 

molecular equation, l 1 3,  I I'\{. 1 I 5, 
1 1 8- 1 1 9, 1 22 

net ionic equation, 1 1 4- 1 1 5, 1 1 4f, 
1 1 8-1 1 9, 1 22 

products (see Products) 
reactants (see Reactants) 
in schematic molecular scene, 86 
thermochemical equations, 1 9 1 - 1 92 
total ionic equation, 1 1 4, l 1 4f, 1 15, 

1 1 8- 1 1 9, 1 22 
yield, 93-95 

Chemical equilibrium, 544. See also 

Equilibrium 
Chemical formulas 

alkanes, 468, 4691 
bond-line, 60, 60f 
by combustion analysis, 80-8 1 ,  80f 
coordination compounds, 743-745 
covalent compounds, 57-58 
defined, 5 1 ,  0-3 
determining, 77-82 
electron dot, 60, 60f 
empirical formula, 5 1 , 53, 5311, 60, 

77-78 
ionic compounds 

binary, 52-53 
hydrates, 55, 551 
metals that form more than one ion, 

53-54, 541 
monatomic, 52-53, 52f, 521 
oxoanions, 55, 55/ 
polyatomic, 54-55, 541 

mass percent from, 75-77 
molecular formula, 5 1 ,  58, 581, 

60, 78-82 
molecular masses from, 58-59, 72, 721 
structural formula, 5 1 ,  60, 8 1 -82, 821 

Chemical kinetics 
defined, 499, 0-3 
reaction rates, 499-533 

Chemical names. See Nomenclature 
Chemical potential energy, 7 
Chemical problem solving. See Problem 

solving 
Chemical properties. See also illdividual 

chemical elements 

defined, 3,  0-3 
transition metals, 739-7 4 1 ,  739f, 

740f, 7401 
Chemical reactions. See also Chemical 

equations; specific reac/iolls 

acid-base, 1 1 7 - 1 22 
aqueous ionic, 1 1 3- 1 1 5, 1 1 4f 
combination, 1 27 
coupling of reactions to drive a 

nonspontaneous change, 
67 1 -672 

decomposition, 1 27-1 28 
defined, 3 
dehydration-condensation, 443, 480, 

485, 488, 490 
displacement 

defined, 1 27 
double, 1 1 6, 1 1 9 
metathesis, 1 1 6, 1 1 9 
oxidation-reduction, 1 28-1 30, 

1 28f, 1 29f 
single, 1 28- 1 30 

disproportionation, 441 
elementary steps, 524-525, 5241 
eli mination, 472, 473 
endothermic (see Endothermic 

processes) 
exothermic (see Exothermic processes) 
law of mass conservation, 34, 37 
law of multiple proportions, 35-36, 

37, 37f 
moles, 82 
neutralization, 1 1 8, l 1 9, 578, 579 



nuclear (see Nuclear reactions) 
nuclear reactions compared, 763, 763t 
organic reactions 

addition reactions, 483-485, 484t 
elimination reactions, 472, 473 
substitution reactions, 472, 473 

precipitation reactions, 1 15- 1 l7, 1 15J, 
1 16J, 1 1 6t 

radioactive tracer use, 779, 779J 
rate (see Reaction rate) 
redox (see Redox reactions) 
reversibility, 541 
side reactions, 93, 93J 
solution stoichiometry, 98-99 
standard entropy of reaction, 66 1 --{)62 
stoichiometry (see Stoichiometry) 
titration (see Titration) 
water 

polar nature of, 109, 1 09J 
as a sol vent, 1 09- 1 1 3  

yield, 93-95 
Chemical reactivity, atomic structure and, 

257-264 
Chemistry 

analytical (see Chemical analysis) 
central theme in, S 
defined, 2, G-3 

Chernobyl disaster, 787 
Chiral molecule, 467-468, 467J, G-3 
Chlor-alkali process, 7 19-72 1 ,  720J, G-3 
Chlorate ion, 54t 
Chloride ion, 52t 
Chlorine 

covalent and van der Waals radii, 
358-359, 358J, 359J 

diatomic, 258, 290, 291J 
electron configuration, 242, 243J, 243t 
ion formation, 48-49, 48J 
oxoacids, 450t 
ozone depletion and, 532-533 
properties, 33, 331, 289, 447-450 

Chlorine dioxide, 449 
Chlorine oxides, 449 
Chlorine trifluoride, 9 1  
Chlorite ion, 541 
Chlorofluorocarbons (CFCs), 436, 532 
Chloroform 

boiling point elevation constant, 409t 
formation of, 285 
freezing point depression constant, 

4091 
intennolecular forces, 39 1 ,  39 1J 
polarity, 3 1 6  

Chloromethane, molecular structure, 474t 
Chlorophyll, 2 1 7, 2 1 7J, 608, 756 
Chlorous acid, 58 1  
Cholesterol, molecular structure, 475J 
Chromate ion, 541, 636, 636J 
Chromates, solubility-product constant 

(K,p)' A- 1 3  
Chromium 

appearance of, 736J 
chromium(ll) and (Ill), 541 
electron configuration, 244, 2451, 

248, 7361 
oxidation states, 739, 739J, 7401 
in vohaic cell, 69 1 

Chromosomes, 49 1 
cis-I rails isomers, 468-469, 4691, 745J, 

746-747, 747J, G-3 
Clausius-Clapeyron equation, 

354--355, G-3 
Clean Air Act, 640 
Climate change, 1 97-1 98 
Clock, atomic, 20 
Coal, 640 
Cobalt 

appearance, 737J 
cobah(I1) and (III), 54t 

electron configuration, 245, 736t 
oxidation states, 739, 740t 

Cobalt(I1) carbonate, SOlubility-product 
constant, 633t 

Cobalt(m chloride hexahydrate, 740J 
Cocaine, molecular structure, 477J 
Coffee-cup calorimeter, 1 88, 1 88J 
COlligative properties of solutions, 

407-4 1 6  
boiling point elevation, 408-409, 409J, 

409t, 4 1 0-4 1 1  
defined, 407, G-3 
electrolytes, 407, 414-4 1 5  
fractional distillation, 4 1 3  
freezing point depression, 409, 409t, 

4 1 0-4 1 1 
nonelectrolytes, 407-413 ,  407J 
osmotic pressure, 4 1 1 -4 1 2, 4 1  IJ 
solute molar mass and, 4 12-4 1 3  
vapor pressure lowering, 407-408, 

407J, 409 
Collision energy and reaction rate, 

5 1 8-5 19, 5 1 9J 
Collision theory, 5 1 8-520, 

5 1 8J-520J, G-4 
Color, 740, 740J, 750, 750J, 75 1 t, 

752-753, 752J, 753J 
Combination reactions, 1 27 
Combined gas law, 146 
Combustion. See also Fuels; Heat of 

combustion (flH,omb) 
biological respiration as, 1 30 
calculating heat of, 1 90 
fossil fuels, 1 97 
gasoline, 1 82, 1 83 
glucose, 1 30 
methane, 284--285, 285 
octane, 85-86, 1 84, 1 84J 
propane, 87-88, 871, 662 
as redox reactions, 1 30 

Combustion analysis, 80-8 1 ,  80J, G-4 
Common-ion effect, 6 1 7--{)21 ,  636--{)37, 

636J, G-4 
Complementary color, 750 
Complex. See Coordination compounds 
Complex ions, 74 1-748 

coordination compounds, 74 1-748, 
741J, 7421 

coordination number, 742 
crystal field theory, 750 
defined, 64 1 , 74 1 ,  G-4 
formation, 641-642, 642J 
fonnation constant (Kr), A- 12  
geometry of, 742, 7421 
isomerism, 745-748, 745J-747J 
names and formulas, 743-745, 7441 
precipitates, solubility of, 643--{)44 
structure, 64 1 ,  64 IJ 
valence bond theory, 748-750, 

749J, 750J 
octahedral complexes, 749, 749J 
square planar complexes, 

749-750, 749J 
tetrahedral complexes, 750, 750J 

Composition, 2, G-4 
Compound(s) 

chemical formulas, 52-60 
covalent (see Covalent compounds) 
defined, 32J, 33, G-4 
depiction of, 60, 60J 
fixed ratios, 33 
fonnalion 

covalent compounds, 50-5 1 ,  50J, 
1 23-1 24, 1 23J 

ionic compounds, 48-49, 48J, 
1 23-1 24, 1 23J 

from polyatomic ions, 5 1 ,  5 1J 
fonnula of unknown, determining, 

77-82 

Index 

ionic (see Ionic compounds) 
law of multiple proportions, 35-36, 

37, 37J 
mass fraction, 34-35 
mixtures distinguished from, 6Q--{) I, 6 1J 
models, 60, 60J 
molar mass, 72 
molecular mass, 58-59, 7 1  
moles, converting, 74-75, 741 
naming, 52-60 
physical properties of, 33 
salts, 1 1 9, 1 22J 
specific heat capacity, 1 871 
standard state, 1 94, 1 95 

Compton, Arthur, 220 
Computer chips. See Semiconductors 
Concentrated solution, preparing dilute 

solution from, 96-97, 97J 
Concentration, 402-407 

from acid-base titration, 1 20- 1 2 1  
cell potential and, 703-708 
converting units, 405-406 
defined, 95, 402, 4031, G-4 
effect of change on equilibrium, 

56 1 -564 
mass percent [%(w/w)], 404 
molality, 403, 403t 
molarity, 402-403, 4031 
mole fraction, 4031, 404, 405 
parts by mass, 4031, 404, 405 
pans by volume, 4031, 404, 405 
reaction rates and, 499-500 
solution stoichiometry, 95 
units of, 402, 405-406 
volume percent [%(v/v)], 404 
weak-acid equilibrium problem 

solving, 592-595 
Concentration cell, 705-708, 706J, 

708J, G-4 
Condensation, 349, 35 1J, 352, G-4 
Condensation polymers, 485, G-4 
Condensed electron configuration, 

243-245, 243J, 2431, 245t 
Condensed formula, 464, 464J 
Condensed phases, 348 
Conduction band, 38 1 ,  G-4 
Conductivity. See Electrical conductivity 
Conductometric methods, for reaction 

rate measurement, 505 
Conductors, 380-383, 383J, G-4 
Conjugate acid-base pair, 588-591 , 5881, 

591J, 599--{)00 
acid-base buffer system, 6 1 8J, 62 1 ,  623 
defined, 589, G-4 

Conservation of energy. 6, 7. 
1 8 1 - 1 82, 65 1 

Constant-pressure calorimetry, 
1 88-1 89, 1 88J 

Constant-volume calorimetry, 
1 89-1 90, 1 90J 

Constitutional (structural) isomers, 821 
alkanes, 465-466, 4661 
coordination compounds, 745J, 

746, 746J 
defined, 8 1 -82, G-4 
infrared (IR) spectroscopy, 282, 282J 
number of, 82 

Controlled experiment, 9, G-4 
Conversion factor 

Avogadro's number, 73-75, 73J, 74J, 
77, 88J 

defined, 1 0, G-4 
interconverting wavelength and 

fTequency, 208 
mass-mole-number relationships, 

73-75, 73J, 74J, 88, 88J, 
95-96, 96J 

SI-English equivalent quantities, 141 
use in calculations, 1 0- 1 1 ,  1 2- 1 3  

I-S 

Cooling curve, 351-352, 35 lf 
Coordinate covalent bond, 748, 0-4 
Coordination compounds, 741-748. See 

also Transition metal complexes 
(coordination compounds) 

bidentate l igands, 743, 7431 
chelate, 743 
complex ions, 74 1 -748, 741J, 7421 
components of, 741 -742, 741J 
constitutional isomers, 745J, 746[746 
coordination isomers, 745J, 746 
coordination numbers, 370, 37 1J, 

372, 742 
counter ions, 74 1 
defined, 741 ,  G-4 
donor atoms, 742-743 
enantiomers, 745J, 747-748, 747J 
formulas and names, 743-745, 7441 
geometric isomers, 745J, 746-747, 

747J 
isomerism, 745-748, 745J-747J 
l igands, 741-748, 7431, 7441 
linkage isomers, 745J, 746, 746J 
monodentate ligands, 743, 7431 
optical isomers, 745J, 747-748, 747J 
polydentate ligands, 743, 7431 
stereoisomers, 745J, 746-748, 747J 

Coordination isomers, 745J, 746, G-4 
Coordination number, 370, 37 1J, 372, 

742, G-4 
Copolymer, 485 
Copper 

appearance, 737J 
in concentration cells, 705-707, 706J 
copper(l) and (II), 541 
cubic crystal structure, 372, 378J 
displacement reactions, 1 29, 1 29J 
electron configuration, 244, 2451, 

248, 7361 
electrorefining, 721-722, 722J 
oxidation states, 739, 7401 
roasting, 89-90 
specific heat capacity, 1 871 
uses, 89 
in voltaic cells, 687-690, 688J, 689J, 

693, 693J, 695-696, 704-705, 
705J, 7 1 6, 7 1 6J 

Copper(l) oxide, 89-90, 67 1 ,  67 1J 
Copper(Il) ox.ide, 1 58 
Copper(U) sulfate pentahydrate, 740J 
Copper(l) sulfide, 89 
Core electrons, 246, G-4 
Corrosion, 7 1 3-7 1 5 ,  7 1 3f, 7 15f, G-4 
Cosmic radiation, 77311, 778 
Coulomb (C) (unit), 38, 692, G-4 
Coulomb's law, 49, 238, 239, 274, 

358, G-4 
Counter ions, 74 1 ,  G-4 
Coupling of reactions, 67 1--{j72, G-4 
Covalent bonds 

bond energy, 279-280, 2791, 2801, 
283-286, 284J, 285J 

bond length, 279-280, 2791, 280J, 2801 
bond order, 278, 2801, 30 I 
bonding pairs, 278 
coordinate, 748 
defined, 50, 270, 277, G-4 
double, 278, 2791, 2801, 303-304, 309, 

332, 468-469, 478-482 
electron distribution, 1 09 
electronegativity, 287-29 1 ,  

288J, 290J 
formation, 277-278, 2779J 
intermolecular forces compared, 

3591 
lone pairs, 278 
nonpolar, 288, 290J 
polar, 288-290, 290J 
pOlyatomic ions, 5 1 ,  5 1J 
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Covalent bonds-COlli. 
properties, 270, 270J, 279-282 
single, 278, 2791, 2801, 297-299, 

33 1 -333, 463-468, 475-477, 
479-482 

strength, 28 1 
triple, 278, 2801, 332, 469, 482-483 
valence bond theory (see Valence bond 

(VB) theory) 
Covalent compounds 

defined, 47, G-4 
formation, 50-5 1 ,  50J 

by redox reaction, 1 23-124, 
1 23J, 1 27 

ionic compounds distinguished from, 
50-5 1 

network covalent solids, 28 1 ,  28 1 f 
numerical prefixes, 551, 57 
oxidation numbers, 1 27 
properties, 281-282 
in water, 1 12-1 1 3  

Covalent hydrides, 425 
Covalent radius, 358-359, 358J, 359/ 

bond length and, 280J 
defined, 249, 249J, G-4 

Critical mass, 786, 786J, G-4 
Critical point, 356, 357J, G-4 
Critical pressure (Pc), 357 
Critical temperature (Tc)' 357 
Crutzen, Paul J., 532 
Cryolite, 723 
Crystal field splitting energy, 

752-754, G-4 
Crystal field theory, 750-756 

color and, 750, 750J, 75 1 1, 752-753, 
752J, 753/ 

crystal field splitting in tetrahedral and 
square planar complexes, 
755-756, 755J, 756J 

defined, 750, G-4 
eJ,' orbitals, 752, 752f, 753 
high-spin complexes, 754-755, 754J 
ligand field-molecular orbital 

theory, 756 
low-spin complexes, 754-755, 754J 
magnetic properties, 754 
octahedral complexes, 75 1-752, 

75 1J, 752J 
spectrochemical series and, 753, 753}' 
splitting d orbitals in an octahedral 

field of ligands, 75 1-752, 
75 1J, 752J 

square planar complexes, 756, 756J 
strong-field ligands, 752, 752J-754J, 

754 
12K orbitals, 752, 752J, 753 
tetrahedral complexes, 755, 755}' 
weak-field ligands, 752, 752J-754J, 

754 
Crystal lattice, 370, 370J 
Crystal structure, determination from 

atomic radius, 374 
Crystal violet, 625/ 
Crystalline solids 

atomic radius determination, 374 
beauty of, 369/ 
coordination number, 370, 37 1J, 372 
crystal laltice, 370, 370J 
defined, 369, G-4 
dissolution and, 658-659, 658/ 
entropy, 657-659, 657J-658/ 
packing efficiency, 372, 372J, 

373J, 374 
random motion in, 65 1/ 
types 

atomic, 376, 376J, 3761 
ionic, 3761, 377-378, 378/ 
metallic, 3761, 378, 378J 
molecular, 3761, 377, 377/ 

Index 

network covalent, 3761, 378-379, 
3791 

unit cell, 370, 370J, 37 1J, 372, 373/ 
x-ray diffraction analysis of, 374-375, 

375J 
Crystals. See Crystalline solids 
Cubic centimeter (cm3), English 

equivalent, 141 
Cubic closest packing, 372, 373J, 376J, 

377J, 378J, G-4 
Cubic decimeter (dm3), English 

equivalent, 141 
Cubic meter (m3), 141, 15, G-4 
Cubic system, crystals, 370, 370J, 37 1}' 
Curie (Ci) (unit), 770, G-4 
Current. See also Electrical conductivity 

ionic compounds and, 276, 276/ 
photoelectric effect and, 2 1 0, 2 1 0/ 

Cyanate ion, resonance forms, 303 
Cyanide ion, 541, 436, 605 
Cyanides, solubility-product constant 

(K,p)' A-13  
Cyclic hydrocarbons, 465, 465J, G-4 
Cycloalkanes, 465, 465/ 
Cyclobutane 

decomposition of, 5 1 1  
molecular structure, 465/ 

Cyclohexane, molecular structure, 465/ 
Cyclopentane 

entropy, 660 
molecular structure, 465/ 

Cyclopropane 
half-life, 5 1 4-5 1 5  
molecular structure, 465/ 

Cyclo-S8, 445, 445/ 
Cyclotron accelerator, 775, 775/ 
Cysteine, structure of, 487/ 
Cytosine, 49 1 

D 
d block, 430, 735, 735/ See also 

Transition elements 
d orbital, 228-229, 229/ 

defined, 228, G-4 
orbital overlap, 324-325 
splitting d orbitals in an octahedral 

field of ligands, 75 1-752, 
75 1J, 752/ 

Dacron, 485 
Dalton, John, 1 55 

atomic theory, 32, 36-37 
law of mUltiple proportions, 35 

Dalton (Da) (unit), 43, G-4 
Dalton's law of partial pressures, 

1 55-156, 4 1 3, G-4 
kinetic-molecular theory and, 

1 60, 1 6 1  
molecular view of, 1 62, 1 62/ 

Data, 8, G-4 
Davisson, C., 2 1 9  
d e  Broglie, Louis, 2 1 8  
de Broglie wavelength, 2 1 8-2 19, 

2 1 91, G-4 
Debye, Peter, 3 1 6  
Debye (D) (unit), 3 1 6  
Dec- (numerical root), 4631 
Deca- (prefix), 551 
Decane 

boiling point, 467/ 
formula and model, 581 

Decay constant, 77 1-772, 7721, G-4 
Decay rate, 770-773, 77 1/ 
Decay series, 770, 770J, G-4 
Deci- (prefix), 1 31 
Decimal point, significant figures and, 

22-23 
Decimal prefixes, 14, 1 41 
Decomposition reaction, 1 27-1 28 

Definite (or constant) composition, law 
of, 34-35, 34J, 37 

Dehydration-condensation reaction, 443, 
480, 485, 488, 490, G-5 

Deka- (prefix), 1 31 
Delocalization, electron, 270, 30 1 ,  334, 

336, 38 1-382 
Democritus, 32 
Density (d) 

alkali metals, 426 
alkaline earth metals, 429 
boron family elements, 430, 43 1 
calculating from mass and length, 1 8  
carbon family elements, 434 
defined, 17,  G-5 
gas, 1 39, 153-1 54 
halogen family elements, 448 
as intensive property, 1 7  
nitrogen family elements, 439 
noble gases, 45 1 
oxygen family elements, 444 
transition elements, 738J, 739 
units of measurement, 1 7  
o f  water, 368J, 369 

Deoxyribonucleic acid. See DNA 
(deoxyribonucleic acid) 

Deoxyribose, 490 
Deposition, 350, G-5 
Derived units, in SI, 13 ,  G-5 
Deuterons, 774, G-5 
Di- (prefix), 551 
Diagonal relationships in the periodic 

table, 428, 430, G-5 
Diamagnetism, 261 -262, 26 1J, 340-34 1 ,  

340J, 74 1 ,  G-5 
Diamond, 435, 435J 

covalent bonding, 28 1 ,  28 1J 
properties, 378-379, 3791 

Diatomic molecules 
bond polarity, 3 1 5  
defined, 33 
elements as, 50J 
formation of, 50 
homonuclear, 337-342, 338/-340J 
molar mass, 72 
orbital overlap, 324J 
oxygcn, 33 

Diberyllium, 337, 338/ 
Diborane, 432, 432/ 
Dichlorine heptaoxide, 449 
Dichlorine monoxide, 449 
Dichlorofluoromethane, 298-299, 

309-3 1 0  
Dichromate ion, 683-684, 683J, 739 
Diethyl ether, 607 

boiling point elevation constant, 4091 
freezing point depression constant, 

4091 
infrared (IR) spectroscopy, 282, 282J 
surface tension, 3661 

Diffraction 
defined, 208, G-5 
pattern of light, 209, 209/ 
wave, 208, 209J 
x-ray diffraction analysis, 374-375, 

375/ 
Diffraction patterns 

electron, 2 19, 2 1 9/ 
light, 209/ 
X-ray, 2 19 ,  2 1 9/ 

Diffusion 
defined, 1 65, G-5 
gas, 1 65, 1 65/ 
in liquids, 1 65 

Digits, determining significant, 22 
Dihydrogen phosphate ion, 541, 443 
Dilithium, 337, 338J, 3 8 1 , 3 8 1/ 
Dilution, of molar solutions, 96-97, 97/ 
Dimensional analysis, I I ,  G-5 

Dimethyl ether 
boiling point, 360/ 
dipole moment, 360/ 
isomer, 821 

Dimethylamine, 597-598 
Dimethylbenzenes, 47 1 
Dirnethylbutane, 364, 364/ 
Dimethylformamide, molecular structure, 

48 1J 
Dimethylmethanamide, molecular 

structure, 481/ 
Dinitrogen monoxide, 440-441 ,  44 1 1  
Dinitrogen pentaoxide, structures and 

properties, 44 1 1  
Dinitrogen tetraoxide, 92-93, 441 1, 

541-542, 542J, 544, 544f, 5441 
Dinitrogen trioxide, structures and 

properties, 441 1  
Dinitrophenol, 625/ 
Dipole moment (,...), 3 1 6-3 1 7  

boiling point and, 360, 360/ 
defined, 3 1 6, G-5 

Dipole-dipole forces, 3591, 360, 360/ 
defined, 360, G-5 
in solutions, 39 1 ,  39 1/ 

Dipole-induced dipole forces, 3591, 362 
defined, 392, G-5 
in solutions, 39 1J, 392 

Direction of reaction, 550-5 5 1 ,  55 1J, 
559-560 

Disaccharide, 486, 486J, G-5 
Disintegration series, 770, 770J 
Dispersion, of light, 208 
Dispersion force, 3591, 363-364, 363J, 

364J, 39 1J, 392, 394, G-5 
Displacement reaction 

defined, 1 27 
double, 1 1 6, 1 19 
metathesis, 1 16, 1 19 
oxidation-reduction, 1 28-1 30, 

I 28J, 129f 
single, 1 28-1 30 

Disproportionation reaction, 441 ,  G-5 
Dissociation. See also Acid-dissociation 

constant (Ka); Base-dissociation 
constant (K,,) 

acids, 1 12-1 13, 1 17-1 1 8, 579-582, 
580J, 595, 598-599, 6 1 7-62 1 ,  
6 1 71, A-8-A-1O 

bases, 596-598, A-I I -A- 1 2  
o f  ions, 1 10-1 1 2, I l 0J 

Dissolution 
covalent compounds, 1 1 2-1 13 
dispersal of particle energy, 653 
enthalpy change, 396-399, 396J, 

397J, 399/ 
entropy change, 398, 658-659, 

658J, 659/ 
ionic compounds, 1 1 0-1 1 2, I I  OJ 
molar solution preparation, 95 
solution process, 395-399 

Distillation, fractional, 4 1 3  
Disulfide bridge, 489 
Division, significant figures and, 23 
DNA (deoxyribonucleic acid), 490-492, 

490J, 49 1/ 
Donor atom, 742-743, G-5 
Double bonds 

alkenes, 468-469 
aromatic hydrocarbons, 47 1 
bond energy, 2791, 2801 
bond length, 2791, 2801 
bond order, 278, 2801 
defined, 278, G-5 
functional groups with, 478-479 
functional groups with single and 

double bonds, 479-482 
Lewis structure, 300-304 
molecular shapes, 309 



pi (7T) bond, 332 
sigma (0") bond, 332 

Double helix, DNA, 49 1 ,  49 II. G-5 
Double-displacement reaction, I 1 6, I 1 9  
Downs cell, 7 1 8, G-5 
Dry ice, 356 
Dynamic equilibrium, 353, G-5 

E 
Effective collision, 5 19, 520I. G-5 
Effective nuclear charge (201"'), 239, 

250-25 1 , 262, 269I. G-5 
Effusion, 1 64- 1 65, G-5 
eN orbitals, 752, 752I. 753, G-5 
Electric current, unit of measurement, 13 1  
Electrical conductivity 

band theory and, 38 1 -383, 38 II. 382f 
ionic solutions, I 10, I I  If 

Electrical work, 1 85 
Electrocatalyst, 7 1 2  
Electrochemical cells, 682, 686-687, 

687I. G-5 
Electrochemistry, 68 1-726 

batteries, 708-7 1 2, 709f-7 1 2f 
cell potential, 692-708 
corrosion, 7 1 3-7 1 5, 7 1 3I. 7 1 5f 
defined, 682, G-5 
electrochemical cells, 682, 686-687, 

687f 
electrolysis, 1 28, 7 1 7-72 1 ,  7 1 8I. 720f 
electrolytic cells (see Electrolytic cells) 
electrorefining of copper, 72 1 -722, 

722f 
free energy and electrical work, 

700-708 
galvanic cells (see Voltaic cells) 
isolation of aluminum, 722-724, 723f 
redox reactions, 682-700 
voltaic cells, 686-700, 687f 

Electrodes 
defined, 686, G-5 
inactive, 690 
pH meter, 587, 587I. 707-708, 708f 
voltaic cell, 686-687, 690, 690f 

Electrolysis 
of aqueous ionic solutions, 7 1 9-72 1 ,  

720f 
decomposition, 1 28 
defined, 1 28, 7 1 7, G-5 
Faraday's law of, 724 
overvoltage, 7 1 9  
o f  pure molten salts, 7 1 7-7 1 8, 7 1 8f 
stoichiometry, 724-726, 724f 
of water, 7 1 8-7 1 9, 7 1 8f 

Electrolytes 
coordination compound behavior, 742 
defined, 1 1 0, 686, G-5 
strong, 1 1 0, 1 1 8, 1 1 8I. 407, 4 1 4--4 1 5  
weak, 1 1 8, 407 

Electrolytic cells, 7 1 5-726 
ampere, 724 
aqueous ionic solutions, electrolysis of, 

7 I 9-72 I , 720f 
construction and operation, 7 1 6-7 1 7  
defined, 682, 686, G-5 
nonstandard half-cell potentials, 

7 1 8-7 1 9  
overvoltage. 7 1 9  
pure molten slats, electrolysis of, 

7 1 7-7 1 8, 7 1 8[ 
stoichiometry of electrolysis, 724-726, 

724f 
voltaic cells compared, 686-687, 687I. 

7 1 6-7 1 7, 7 1 71 
water, electrolysis of, 7 1 8-7 1 9, 7 1 8f 

Electrolytic decomposition, 1 28 
Electromagnetic radiation, 206-208, 

207I. G-5 

Electromagnetic spectrum, 207, 207I. G-5 
Electromotive force (emf), 692 
Electron (e-) 

categories. 246 
charge, 38-39, 39I. 4 1 , 4 1 1  
compound formation and, 47-5 1 
as current, 2 1 0, 2 1  Of 
de Broglie wavelength, 2 1 8-2 1 9, 2 191 
defined, 4 1 ,  G-5 
delocalized, 270, 30 1 , 334, 336, 

38 1-382 
diffraction pauern, 2 1 9, 2 1 9f 
discovery of, 37-39 
energy, 2 1 3-2 1 4, 2 1 4f, 2 1 5f 
filling order, 239I. 244-246, 247f, 336 
inner (core), 246 
mass, 38-39, 4 1 1  
Millikan's o i l  drop experiment, 

38-39, 39f 
outer, 246 
probable location, 221-223, 223f 
quantum numbers, 223-226, 2241, 

236-237, 2371, 238 
valence, 246, 270-27 1 , 288, 

297-298, G- 15  
wave nature of, 2 1 8-220, 2 1 8I. 

2 1 9f, 222 
Electron affinity (EA), 269I. 28711 

defined, 255, G-5 
trends in, 255-256, 256I. 257 

Electron capture, 7651, 766, G-5 
Electron cloud representation, 222, 226, 

227I. 228I. 229I. G-5 
Electron configuration 

alkali metals, 425, 426 
alkaline earth metals, 429 
atomic properties and, 249-25 1 ,  269f 

atomic size, 249-25 1 ,  250I. 252f, 
256I. 269f 

electron afJjnity, 255-256, 256): 
257, 269f 

ionization energy, 252-255, 253f, 
254J, 2551, 256f, 269f 

aufbau principle, 240, 249 
boron family elements, 430, 43 1 
carbon family elements, 434 
condensed, 243-245, 243I. 2431, 2451 
defined, 236, G-5 
determining, 248-249 
filling order, 239f, 244-246, 247f 
within groups, 243-244 
halogen family elements, 448 
Hund's rule, 24 1 , 242, 249 
magnetic properties, 26 1 -262 
main-group ions, 258-260, 259f 
many-electron atoms, 236-240 
nitrogen family elements, 439 
noble gases, 451  
notation, 240-242 
orbital diagram, 240-242, 2431, 2451 
oxygen family elements, 444 
Period I and Period 2 elements, 

240-242, 243f 
Period 3 elements, 242-243, 243I. 2431 
Period 4 elements, 244-245, 2451 
periodic table and, 246I. 247f 
principles, 245-247 
transition elements, 244-245, 246I. 

247-248, 249 
transition metal ions, 260-262 

Electron delocalization, 334, 336 
Electron density contour map, 278, 278f 
Electron density diagram, 222, 

223I. G-5 
Electron density distributions, 289f 
Electron density relief map, 226, 227I. 

278, 278f 
Electron distribution, in covalent 

bonding, 1 09, 1 09f 

Index 

Electron pair, Lewis acid-base definition 
and, 606-608 

ElectTon pooling and metallic bonding, 
270, 270f 

Electron repulsion, 238-239, 240 
Electron sharing, and covalcI1l bonding, 

270, 270I. 287): 290 
Electron transfer, ionic bonding and, 

269-270, 270f 
Electron volt (cY) (unit), 783-785, G-6 
Electron-deficient atoms, Lewis acids 

and, 607 
Electron-deficient molecules, 303-304 
Electron-density model, 60, 60f 
Electron-dot formula, 60, 60f 
Electron-dot symbols. See Lewis 

structure (formula) 
Electronegativity (EN), 287-29 1 ,  

288I. 290f 
acid strength and, 600-60 I , 600f 
alkali metals, 426 
alkaline earth metals, 429 
atomic size and, 287, 288f 
boron family elements, 43 1 
carbon family elements, 434 
defined, 287, G-6 
electron affinity compared, 28711 
halogen family elements, 448 
nitrogen family elements, 439 
noble gases, 45 1 
oxidation number, 288, 303 
oxygen family elements, 444, 445 
Pauling scale, 287, 288f 
periodic trends, 287, 288f 
transition elements, 737I. 738, 

738I. 739 
Electronegativity difference (Ll.EN), 

289-291 ,  290f, 29 If, G-6 
Electron-group arrangements, 307-3 1 5  
Electron-pair delocalization, 3 0  I ,  G-6 
Electron-sea model, 380, G-6 
Electron-spin quantum number, 237 
Electrorefining of copper, 72 1-722, 722f 
Electrostatic energy, Coulomb's law 

and, 274 
Electrostatic forces, 7, 274 

energy-level splitting and, 238-240 
ionic compound properties and, 275f 

Element(s), 45-47. See also specific 

elements 

atomic mass, 42-45, 7 1  
atomic number, 42, 42I. 45 
atomic size (see Atomic size) 
compound, fomlation of, 47-5 1 
Dalton's atomic theory, 36-37 
defined, 32, G-6 
electron configuration (see Electron 

configufmion) 
history, 32 
ionization energy, 252-255, 253f, 

254f, 2551 
isotopes, 42-43, 42I. 45 
law of multiple proportions and, 35-36, 

37, 37f 
line spectra, 2 1 2-2 13 ,  2 1 2I. 2 1 3f 
mass number IA). 42, 42I. 45, 764 
mass percent (mass %), 34, 75-77, 404 
molar mass, 72 
molecules. 32-33. 32I. 50. 50f 
moles, converting, 73-74, 73f 
name, 32 
oxidation number, 1 25,  1 25f 
periodic table (see Periodic table of the 

elements) 
in redox reactions, 1 26-1 3 1  
relati ve atomic mass, 37 
specific heat capacity, 1 871 
standard state, 194, 1 95 
symbol, 42, 42I. 45 

trace, 756 
uniqueness, 32 

Element oxide, acid-base behavior 
of, 258 

Element symbol, 42, 42I. 45 
Elemental substances, 32 
Elementary reactions (steps), 524-525, 

5241, G-6 
Elimination reactions, 472, 473, G-6 
Emf series, 695, 6961 
Emission spectrum, 2 1 7, G-6 
Empirical formula 

defined, 5 1 ,  60, 77, G-6 
determining, 77-78 
ionic compound, 53, 5311 

1·7 

molecular formula relationship, 78-79 
Enantiomers, 467-468, 745f, 747-748, 

747[ See also Optical isomers 
End point, titration, 120, 626, G-6 
Endothernlic processes 

bond breakage as, 279 
defined, 1 86, G-6 
enthalpy change, 1 86 
entropy change in the surroundings, 663 
heat of reaction (tJ.H",), 283, 28'\

f 

phase changes, 349 
solution process, 396, 396I. 398, 399 
spontaneous, 652-653, 665, 665f 

End-to-end overlap, 33 1 
-ene (suffix), 4741 
Energy 

activation energy (Ea), 5 1 6-52 1 ,  5 1 6I. 
5 1 9I. 5 1 91, 52 1): 529-530, G- I 

atom, 2 1 0, 2 13-216, 2 1 4J, 2 1 5}; 216}; 
222, 223 

blackbody radiation and the 
quantization of energy, 
2 1 0, 2 1 01/ 

bond energy (see Bond energy (BE)) 
conservation of, 6, 7, 1 79, 1 8 1- 182, 

65 1  
Coulomb's law, 49 
crystal field splitting, 752-754, G-4 
defi ned, S, G-6 
dispersal, 653-656 
electromagnetic, 206-208 
as extensive property, 1 8  
first ionization energy (see First 

ionization energy) 
flow to and fTom a system, 1 78- 1 79, 

1 79f 
forms and interconversion, 1 78- 1 84 
free (see Free energy (G») 
free energy change (see Free energy 

change) 
Gibbs free energy, 666 
heat, 1 8, 1 79, 1 80, 1 80f 
interconversion of mass and energy, 

781-785 
internal energy IE), 178-1 79, 1 79I. 

1 83- 1 84, 1 84J, 1 85, 283, 
65 1 ,  G-8 

ionization energy (see Ionization 
energy (JE)) 

k.inetic energy (Ek)
' 

5-7, 6I. 1 60, 1 6 1 ,  
1 63, 1 78, 283, 348, 352, 354, 
355, G-9 

lattice, 273-274, 275I. 397-398, 427, 
427I. G-9 

matter distinct from, 208-209 
nuclear (see Nuclear fission; Nuclear 

fusion) 
nuclear binding energy, 783-785, 784f 
potential energy (Ep), 5-7, 6I. 178, 

269, 283, 348, 352, G-12 
quantization of energy, 2 1 0, 2 1 1 
radiant, 206 
solar, 1 97 
as state function, 1 83-184 



1-8 

Energy-Collt. 
system energy, 1 78- 1 82, 1 79f 
thermal, 1 79 
units of, 1 82 
wave-particle duality, 2 1 8-221 
work, 178, 1 79, 1 80- 1 8 1 ,  1 8 1f 

Energy diagram, 179  
Energy transfer (tlE) 

determining change in internal system 
energy, 1 83 

as heat, 1 79, 1 80, 1 80f 
path independence of, 183-1 84, 1 84f 
sign conventions, 1 8 1  I 
as work, 1 79, 1 80-1 8 1 ,  1 8 1f 

Energy-level diagram, 5 1 9f 
Energy-level splitting, 238-240 
Enthalpy (H) 

bond, 279 
defined, 1 85, G-6 
endothermic processes, 1 86, 1 86f 
enthalpy diagram, 1 85-1 86, 1 86f 
exothermic processes, 1 85,  1 86, 1 86f 
Hess's law of heat summation, 

192-194 
as state function, 192 

Enthalpy change (tlH) 
defined, 1 85,  G-3 
energy change compared, 1 85 
free energy change and, 669-670, 6701 
Hess's law of heat summation, 

1 92-1 94 
phase changes, 349-350, 350f 
sign, determining, 1 86 
solution process, 396-399, 397f, 399f 

spontaneous change and, 652-653 
standard heat of formation, 1 94-197, 

1951, 1 96f 
standard heat of reaction, 1 94-1 97, 

1 96f, 283-286 
Enthalpy diagram, 1 85- 1 86, 1 86f, 396f, 

397f, 399f 
Entropy (S) 

change and the solution process, 398 
defined, 654, G-6 
number of microstates and, 653-656 
second law of thermodynamics and, 

656-657 
standard molar entropy (.5"), 657-66 1 

Entropy change (tlS) 

with atomic size or molecular 
complexity, 659-660 

calculating in reactions, 66 1-665 
defined, 654 
with dissolution of a gas, 659, 659f 
with dissolution of solid or liquid, 

658-659, 658f-659f 
equilibrium state and, 664-665 
with physical states and phase changes, 

658, 658f 
quantitative meaning of, 654-656 
spontaneous, 654, 665, 665f 
standard entropy of reaction, 66 1-662 
in surroundings, 662-663 
with temperature changes, 657-658, 

657f, 663 
Environmental issues 

acid rain, 86, 6 1 6, 639-640, 640f 
air pollution 

acid rain, 86 
chlorofluorocarbons (CFCs), 532 
thermal pollution, 401 , 787 

fuels, 197 
global warming, 197-198 
greenhouse effect, 197-198, 1 97f 
ozone depletion, 298, 532-533 
thermal pollution, 40 1 , 787 

Enzymes 
as catalysts, 529, 530, 53 1 -532 
defined, 53 j, G-6 

Index 

Epinephrine, molecular structure, 477f 
Epsom salt, 55 
Equations. See Chemical equations 
Equatorial group, VSEPR theory, 

3 1 1 ,  G-6 
Equilibrium, 540-570 

acid-base (see Acid-base equilibria) 
disturbances, 567 I 

catalyst presence, 567, 5671 
concentration changes, 561-564 
pressure changes, 564-566, 565f 
temperature changes, 566-567 

dynamic nature of, 353, G-5 
entropy change and, 664-665 
free energy change and, 672-673 
law of chemical equilibrium, 544 
Le Chiltelier's principle, 561-570 
phase changes 

equilibrium nature of, 353-356, 353f 
liquid-gas equilibria, 353, 353f 
solid-gas equilibria, 356 
solid-liquid equilibria, 356 

pressure units, 549-550 
reaction direction, 550-55 1 ,  55 1f 
reaction quotient, 543-548 
solubility and, 399-402 
solving problems, 55 1 -560 

Equilibrium constant (K) 
defined, 542, G-6 
free energy change, 700-703, 70 If 
K, and Kp relationship, 549-550 
range of, 542-543, 543f 
reaction direction and, 550-55 1 ,  55 If 
reaction quotient and, 543-548, 

672-675 
solving equilibrium problems, 

55 1 -560 
standard cell potential and, 700-703, 

70 If 
units, 546 

Equilibrium constants, A-8-A- 1 3  
Equ.ilibrium vapor pressure, 353 
Equivalence point, 1 20, 626-627, 

63 1 ,  G-6 
Error, 24-25 
Esterification, 480 
Esters, 460f, 4741, 480-48 1 ,  480f, 0-6 
Eth- (numerical root), 4631 
Ethanal 

intermolecular forces, 391f 
molecular structure, 4741, 478f 

Ethanamide, molecular structure, 4741 
Ethanami ne, 4741 
Ethane 

boiling point, 467f 
formula and model, 681 
molecular shape, 3 14, 33 1 ,  33 If, 

333, 333f 
Ethanediol, 475f 
Ethanenitrile, molecular structure, 4741 
Ethanoic acid, molecular structure, 4741 
Ethanol 

boiling point elevation constant, 4091 
dissolution in water, 659, 659f 
entropy, 660 
freezing point depression constant, 

4091 
isomers, 821 
molecular shape, 3 1 4f, 4 1 5  
solubility, 3931 
specific heat capacity, 1 871 
surface tension, 3661 

Ethene. See Ethylene 
Ethylamine, molecular structure, 4741 
Ethylene 

cyclobutane decomposition, 5 1 1  
double bond, 278 
hydrogenation of, 53 1 ,  531f 
Lewis structure, 299-300 

molecular shape, 33 1-332, 332f, 333f 
molecular structure, 4741 

Ethylene glycol 
molecular structure, 475f 
specific heat capacity, 1 871 

Ethyne, molecular structure, 4741 
Europa (Jupiter moon), 6 1 6  
Evaporation, o f  sweat, 349 
Exact number, 23-24, G-6 
Excitation, radioactive emissions, 

776, G-6 
Excited state, 214, 223, G-6 
Exclusion principle, 237-238, 240, 24 1 ,  

249, 324, G-6 
Exothermic processes 

bond formation as, 279 
defined, 1 85, G-6 
enthalpy change, 1 85, 1 86, 1 86f 
entropy change in the surroundings, 

663 
heat of reaction (tlH"n)

' 
283, 284f 

phase changes, 349 
solution process, 396-399, 396f 
spontaneous reactions, 652, 

665, 665f 
Expanded formula, 464, 464f 
Expanded valence shells, 304-305, 0-6 
Experiment, in scientific method, 8-9, 

8f, G-6 
Exponential notation, 14, 141, 22, 

A-2-A-3 
Extensi ve property, 1 7, 1 8, G-6 

F 
fblock, 430, 735, 735/ See also Inner 

transition elements 
f orbital, 229, 229f 
Face-centered cubic unit cell, 370, 37 If, 

372, G-6 
Fahrenheit (OF) temperature scale, 

1 8-20, 19f 
Faraday constant (F), 70 I ,  724, 0-6 
Faraday, Michael, 70 1 ,  724 
Fats 

energy from, 286-287 
heat of combustion, 2871 

Fatty acids, 480, G-6 
Feedstocks, hydrocarbons as, 460 
Femto- (prefix), 1 31 
Ferric chloride, 54 
Ferrous chloride, 54 
Fibrous proteins, 489 
Fireworks, 667 
First ionization energy, 252-254, 253f, 

254J, 2551, 273 
alkali metals, 426 
alkaline earth metals, 429 
boron family elements, 43 1 
carbon family elements, 434 
halogen family elements, 448 
nitrogen family elements, 439 
noble gases, 45 1 
oxygen family elements, 444 
transition elements, 737f, 738f, 

739, 1 738 
First law of thermodynamics, 1 8 1- 1 82, 

65 1-652 
First-order reactions, 506, 508, 5 1 0-5 1 5, 

5 1 2f, 5 1 3f 
Fission, 78 1 ,  0-6. See also Nuclear 

fission 
Fixation, nitrogen, 439 
Flashbulb, chemical action in, 83-85, 

85f, 1 23 
Flow batteries, 7 1 1 -7 1 2  
Fluid oUllce (unit), conversion to 

S l  units, 141 
Fluoride ion, 521 

Fluorine 
anomalous behavior, 427 
diatomic molecule, orbitals of, 339, 

339f, 340f, 341 
electron configuration, 242, 243f 
electronegativity, 287 
ionic bonding, 272-273, 272f 
ionization energy, 255 
orbital overlap, 324f, 325 
oxoacids, 4501 
properties, 447-449, 447f 

Food 
irradiation of, 78 1 ,  78 1f 
potential energy, 7 
relative bond strength in, 286-287, 

287f 
Formal charge, 302-303, G-6 
Formaldehyde, 308-309, 478f 
Formation constant (Kr), 642-644, 

A- 1 2, G-6 
Formation equation, 1 94-195, G-6 
Formula. See Chemical formulas 
Formula mass, 58-59, 7 1 ,  G-6 
Formula unit, 53, 75, 0-6 
Fossil fuels, 197-198 
Fraction by mass, 34-35, G-6 
Fractional distillation, 4 1 3  
Francium, 425-426 
Free energy (G) 

in biOlogical systems, 67 1 -672, 672f 
defined, 666, G-6 
electrical work and, 700-708 
Gibbs free energy, 666 

Free energy change (tlO) 
calculating, 667-668 
defined, 666 
equilibrium, 672-673 
extent of reaction, 675, 675f 
reaction direction, 672-675 
reaction quotient, 673-675, 6731, 6751 
reaction spontaneity and, 666, 

669-67 1 ,  6701, 67 If, 675 
standard cell potential and, 700-703, 

70 If 
standard free energy change (tlGO), 

667 
standard free energy of formation 

(tlGor), 668 
temperature and, 669-67 1 ,  6701, 67 If 
work and, 668-669 

Free radical, 484, 485f 
defined, 304, G-6 
Lewis structure, 304 

Free-radical polymerization, 484 
Freezing, 349, 356, G-6 
Freezing point depression (tlTr), 409, 

4091, 4 1 0-41 1 ,  G-7 
Freezing point, of water, 19-20, 1 9f 
Freons (chlorofluorocarbons), 436 
Frequency (v), of wave, 206-208, 206f, 

207f, G-7 
Frequency factor (A), 5 1 9, G-7 
Frisch, Otto, 785 
Fructose, structure, 486f 
Fuel cells, 7 1 1-7 1 2, 7 1 2[, G-7 
Fuels. See also Combustion 

defined, 286 
fossil, 1 97-198 
greenhouse effect and global warming, 

1 97-198, 1 97f 
methanol, 299 
nuclear, 1 64 
potential energy, 7, 7f 
relative bond strength in, 286, 286f 
renewable and nonrenewable, 197 

Functional groups, organic, 473-483 
alcohols, 4741, 475, 475[, 477 
aldehyde, 4741, 478-479, 478f 
alkene, 4741, 478, 482 



amide, 4741, 48 1 ,  481J 
amine, 4741, 476-477, 477J 

carbonyl, 478-479, 478J, 479J 

carboxylic acid, 479-480, 479J 

defined, 460, G-7 
with double bonds, 478-479 
ester, 460J, 4741, 480-4 8 1 ,  480J 

haloalkane, 4741, 475-476, 477 

ketones, 4741, 478-479, 478J 
list of important, 4741 

nitrile, 4741, 482 
reactivity, 473 
with single and double bonds, 

479-482 

with single bonds, 475-477 
with triple bonds, 482-483 

Fundamental units, in SI, 1 3, 1 31 

Fusion (melting), 349 

Fusion, nuclear, G-7. See also Nuclear 
fusion 

G 
g orbital, 229 
Galena, 1 6  

Gallium 
atomic radius, 25 1 

bond type, 4331 

electron configuration, 2451 

melting point, 4331 

properties, 380, 430-43 1 

Gallon (gal) (unit), conversion to SI 
units, 1 41 

Galvanic cell, 686, G-7. See also 

Voltaic cells 
Gamma ('I) emission, 7651, 766, G-7 
Gamma ('I) ray 

behavior in electric field, 764, 7641 

defined, 764, G-7 
emission, 7651, 766 

penetrating power, 777, 777J 

wavelength, 207, 207J 

Gas 
atomic-scale arrangement of particles, 

4, 4J 

chemical behavior, 1 39 

chemical equation, specifying 
state in, 84 

defined, 4, G-7 
density, 1 39, 1 53-1 5 4  

calculating, 1 53-1 54 

ideal gas law and, 153  

deviations from ideal behavior, 
1 65- 1 68 

diffusion, 1 65, 1 65J 

dissolution and entropy change, 659, 

659J 

effusion, 1 64- 1 65 

extreme conditions and, 1 66-1 67, 

1 66J, 1 67J 
gas laws. See also specific lalVs 

Amonton's law, 146 

Avogadro's law, 146-147, 1 60, 

1 62, 1 62J 

Boyle's law, 143-144, 146, 160, 

1 6 1 , I 6 1J 

breathing and, 147 

Charles's law, 144- 1 46, 1 60, 

1 62. 1 62J 
combined gas law, 1 46 

Dalton's law of partial pressures, 
1 55-1 56, 1 6 1 ,  1 62J, 4 1 3  

Henry's law, 402 
ideal gas law, 143, 1 48, 1 58- 1 59 
molecular view of, 1 6 1 - 1 62, 

1 6 1J, 1 62J 

solving problems, 1 49- 1 5 2  

Graham's law, 1 64-1 65 

ideal, 654-656 

kinetic-molecular theory, 1 60-1 68, 
348-349 

miscibility, 1 39 

molar mass, 1 53, 1 54-1 5 5  

molar volume of common gases, 1 661 

partial pressure, 155-156 
physical behavior, 1 39, 1 43 
pressure, 1 40- 1 43 

properties, 1 39- 1 40, 3481 
solubi l ity 

Henry's law and, 402 

pressure and, 40 1 -402, 40lJ 
temperature and, 40 I 

spontaneous expansion, 654-656, 655 

standard molar volume, 147- 1 48, 148 
standard state, 1 94 

standard temperature and pressure 
(STP), 1 47 

universal gas constant, 148 

van der Waals constant for common 
gases, 1 68, 1 681 

van der Waals equation, 1 68 

viscosity, 139 

Gas-gas solutions, 395 

Gas-liquid equilibria, 353, 353J 

Gas-liquid solutions, 394-395 

Gasoline, combustion of, 1 82, 1 83 

Gas-solid equilibria, 356 

Gas-solid solutions, 395 

Gay-Lussac, Joseph, 1 44 

Genes, 492 

Genetic code, 492, G-7 

Geometric isomers, 468-469, 4691, 745J, 
746-747, 747J, G-7 

Germanium 
bond type, 4331 

electron configuration, 2451 

melting point, 4331 

properties, 433-435 
Germer, L., 2 1 9  

Gibbs free energy, 666 

Gibbs, Josiah Willard, 666 

Giga- (prefix), 1 31 

Glass 
as amorphous solid, 379, 379J 

laboratory glassware, 1 5- 1 6, 1 5J 
specific heat capacity, 1 871 

Glass electrode, 708, 708J 

Global wanning, 197-198, 1 97J 

Globular proteins, 490 

Glucose, 486-487, 486J 

chemical fonnula, infonnation in, 721 

combustion of, 1 30 

mass percentage of elements in, 76-77 

Glutamic acid, 487J 

Glutamine, structure of, 487J 

Glycine, 95, 487J 

Glycogen, 487 

Gold 
displacement reactions, 1 29 

electron configuration, 248 
molar mass, 72 

specific heat capacity, 1 871 

Graham's  law of effusion, 1 64-165, G-7 
Gram (g) (unit) 

atomic mass unit, 7 1  

English equivalent, 141 

Gram-molecular weight. See Molar mass 
Granite, specific heat capacity, 1871 
Graphing data, AA 

Graphite, 74 

allotropism, 435, 435J 
electrodes, 690 

properties, 378, 3791 
specific heat capacity, 1 871 

in voltaic cells, 690, 690J 

Gray (Gy) (unit), 777, G-7 
Greenhouse effect, 1 97- 1 98, 1 97J 

Ground state, 2 1 4, 2 1 5 ,  223, 240, G-7 

Index 

Group I A( I) elements. See Alkali metals 
Group 2A(2) elements. See Alkaline earth 

metals 
Group 3A( 1 3) elements. See Boron 

family 
Group 4A( 14)  elements. See Carbon 

family 
Group 5A( l 5 )  elements. See Nitrogen 

family 
Group 6A ( 1 6) elements. See Oxygen 

family 
Group 7 A( 1 7) elements. See Halogens 
Group 8A( 1 8) elements. See Noble gases 
Groups. See also specific groups 

electron configurations within, 
243-244, 245 

ionic radius, 262 

ionization energies trends, 252, 

253J, 254 
number, 247 

periodic table, 46-47, 46J 

Guanine, 49 1 

Guldberg, Cato, 543, 544 

H 
Haber, Fritz, 569 

Haber process, 569, 5691, 570J, G-7 

Half-cell, 688, G-7 

Half-cell potentials, 693-695, 694J, 

705-706, A- 1 4  
Half-life (1 112) 

defined, 77 1 ,  G-7 

radioacti ve decay, 7 7 1 -772, 77 1J, 7721 

of a reaction, 5 1 3-5 1 5 ,  5 1 51 

Half-reaction method, for balancing 
redox reactions, 683-686, G-7 

HaLic acid, 4501 

Halides 
fonnation, 439, 440, 444 

hydrogen, 449 

monocarbon, 436 

nitrogen family, 439, 440 
oxygen family, 444-445 
solubility-product constant (K,p)' 

A- 1 3  

Halite, 450, 7 1 7  
Hall-Heroult process, 723 

Halo- (prefix), 4741 

Haloalkanes, 4741, 475-476, G-7 

Halogens 
acid strength of hypohalous acids, 

60 1 -602, 60 1f 

activity series, 1 30 

bond energies and bond lengths, 447J 

chemistry, 449-450 

diatomic molecules, 50, 244 

displacement reactions, 1 30 

important reactions, 448 

ion formation, 49 

oxidizing ability, 449, 449f 
properties, 447-449 

reactivity, 497, 499 
in redox reactions, 1 27- 1 28, 1 30 

Halomethanes, 436 

Halous acid, 4501 

H bond. See Hydrogen bond 
Heat 

defined, 1 8, G-7 
endothermic processes, 1 86, 1 86J 
energy transfer, 1 79, 1 80, 1 80J 

exothermic processes, 1 85, 1 86, 1 86J 

kinetic energy as, 1 7 8  

phase changes and, 35 1 -352 

sign conventions, 1 8 1  t 
units of measurement, 1 82 

Heat capacity 
defined, 1 87, G-7 

molar heat capacity, 1 87 

specific heat capacity, 1 87- 1 88, 

1 8711, 1 871 
of water, 352, 368 

Heat of combustion (tlHcomb)' 1 90 

Heat of formation (tlH,), 1 94-197, 

1 951, I 96J 
Heat of fusion (tlHr",), 349, 350J, G-7 
Heat of hydration (tlHhyd,), 397-398, 

397J, G-7 
Heat of reaction (IlHrxn) 

calorimetry, 188- 1 90, 1 88J, 1 90J 
defined, 1 85, G-7 
determining, 1 89 

1·9 

exothermic and endothermic processes, 
1 85- 1 86, 1 86 

standard, 1 94-197, 1 96J, 283-286, 

284J, 285f 
stoichiometry of thermochemical 

equations, 1 9 1 - 1 92 
Heat of solution (tlHwln), 396, 396J, G-7 
Heat of sublimation (tlH"bl), 350, 

350J, G-7 
Heat of vaporization (tlH"p)' 349, 350J, 

368, G-7 
Heat summation, Hess's law of, 1 92-194 

Heating-cooling curve, 35 1 -352, 

35 1J, G-7 

Hecto- (prefix), 1 31 

Heisenberg uncertainty principle, 22 1 

Heisenberg, Werner, 22 1 
Helium 

anomalous behavior, 427 

boiling point, 3941 
dihelium, molecular orbitals of, 

336-337 

effusion rate, 1 64-165 
electron configuration, 237-238, 

240-241 , 243J 

properties, 450-45 1 
solubility in water, 3941 

Hemoglobin, 375J, 756-757, 757f 

Henderson-Hasselbalch equation, 62 1 ,  

623, G-7 

Henry's law, 402, G-7 
Hept- (numerical root), 4631 
Hepta- (prefix), 551 

Heptane 
boiling point, 467J 
fonnula and model, 681 

Hertz (Hz) (unit), 206 
Hess's law or heat summation, 1 92-194, 

284, G-7 

Heteroatoms, 459, G-7 

Heterogeneous catalysis, 530-53 1 ,  531J, 

532, G-7 
Heterogeneous equilibrium, 548 

Heterogeneous mixture, 60-6 1 ,  6 1J, 

390, G-7 

Hex- (numerical root), 4631 
Hexa- (prefix), 551 

Hexaamminechromium(ill) ion, 749, 

749J, 749" 
Hexagonal closest packing, 372, 373J, 

378J, G-7 

Hexagonal cubic unit cell, 372, 373J 

Hexane 
boiling point, 467J 

formula and model, 581 

intermolecular forces, 364, 364[, 391J 
as solvent, 392, 3931, 394, 398, 399J 

Hexanol, SOlubility, 3931 

High-spin complexes, 754-755, 
754J, G-7 

Histidine, structure of, 487J 

Homogeneous catalysis, 530, 532, 
533, G-7 

Homogeneous equilibrium, 548 

Homogeneous mixture, 60-6 1 ,  6 1J, 

390, G-7 



1- 1 0  

Homologous series, 463, G-7 

Homonuclear diatomic molecules, 
337-342 

atomic p-orbital combinations, 
338-340, 338f, 339f 

bonding in p-block, 340-34 1 ,  340f 

bonding in s-block, 337, 338f 

defined, 337, G-8 

Hund's rule, 24 1 , 242, 249, 325, 336, 
340, G-8 

Hybrid orbital, 325-33 1 

composition and orientation, 3291 

defined, 325, G-8 

molecular formula and, 330f 

postulating in a molecule, 330 

sp hybridization, 325, 326f, 3291 

'p2 hybridization, 327, 327f, 3291 

sp3 hybridization, 327-328, 327f, 

328f, 3291 

'p3d hybridization, 328, 328f, 3291 

'p3d2 hybridization, 329, 329f, 3291 

Hybridization, 325, G-8 

Hydrate, 55, 551, G-8 

Hydrated metal ions 
dissociation constants, table of, A- 1 2  
trends i n  acid strength of, 602, 602f 

Hydration, 397, G-8 

Hydration, heat of (tlHhyd,), 397-398, 

397f 

Hydration shells, 39 1 ,  39 If, G-8 

Hydrazine, 92-93 
Hydride ion, 521 

Hydrides 
bridge bond, 432 

covalent, 425 

Group 5A( IS)  elements, 440 

Group 6A elements, 445 

ionic, 424-425 

trends in acid strength, 600-60 I ,  600f 
Hydrocarbons, 460-47 1 

alkanes, 58, 581, 463-468, 4631, 464f, 

4641, 465f, 4661, 467f 

alkenes, 468-469, 4691, 4741 

alkynes, 469, 4741 

aromatic, 47 1 

cyclic, 465, 465f 

defined, 460, G-8 

double bonds, 468-469 

drawing, 462-463 

isomers 
constitutional isomers, 465-466, 

4661 

geometric isomers, 468-469, 4691 

optical isomers, 467-468, 467f 

naming, 58, 463, 4631, 4641, 470 

saturated, 463 

structure, 460-463, 46 1f 

triple bonds, 469 

unsaturated, 468 

Hydrochloric acid 
acid-base reactions, 1 2 1  

dissociation, I 1 2  

formation of, 1 23 

proton transfer, 588, 588f 

stomach release of, 98 

Hydrocyanic acid, 580 

Hydrogen 
chemistry, 424-425 

covalent bonding, 50, 50f 

electron configuration, 238, 240-24 1 ,  

243f 

fuel cells, 7 1 2, 7 1 2f 

molecular orbitals, 335-337, 335f, 336f 

orbital overlap, 324f 

purification using palladium, 395 

Hydrogen atom 
Bohr model, 2 1 3-214, 2 1 5f 

electron probability density, 223f 

energy levels of the, 230, 230f 

Index 

energy states, 2 1 5-216, 2 1 6f, 223 

ionjzation energy. 252 

line spectra, 2 1 2-2 1 3 ,  2 1 2f, 2 1 3f 

Hydrogen bond (H bond) 
boiling point and, 362, 362f 

defined, 36 1 ,  G-8 

intermolecular forces, 3591, 361 -362 

significance of, 362 

in solutions, 39 1 ,  391f 
surface tension and, 366, 366t 

water, 367-369, 367f 

Hydrogen carbonate ion, 541 

Hydrogen chloride, 1 1 2, 1 23, 289 

Hydrogen fluoride, 82, 83f 

covalent bonding and, 50, 278, 283, 
284, 287, 289f 

electronegativity and, 287, 288 

orbilal overlap, 324, 324/ 

polarity, 3 1 5-3 1 6, 3 1 6f 

Hydrogen ion, 521 

acid-base reactions, 1 1 7- 1 22, 1 20f 

concentration measurement, 1 1 3, 

707-708, 708f 

Hydrogen molecule 
covalent bond, 277-278, 277f, 

278f, 287 

electron density, 277-278, 278f 

electron distribution, 1 09, 109/ 

Hydrogen peroxide, 78 

Hydrogen phosphate ion, 541, 443 

Hydrogen sulfate ion, 541, 446 

Hydrogen sulfide, 588-589 

Hydrogen sulfide ion, 633 

Hydrogen sulfite, 446 

Hydrogenation 
catalytic, 53 1 ,  53 If 

defined, 5 3 1 ,  G-8 

Hydrohalic acids, 449, 5 8 1 -582 

Hydrolysis, 480, G-8 

Hydronium ion (H30+), 541 

acid-base reactions, 1 2 1 - 1 22, 1 22f 

calculating concentration in aqueous 
solution, 583-587 

defined, 578, G-8 

formation of, 1 1 3 

pH scale and, 584-587, 585f-587f 

water and, 578-582, 578f, 580/ 

Hydroxide ion, 541, 633 

Arrhenius acid-base definition and, 
578-579 

calculating concentration in aqueous 
solution, 584 

Hydroxides, A- J 3  

Hypo- (prefix), 5 5 ,  55f, 5 6  

Hypochlorite ion, 541 

Hypohalous acids, 4501, 60 1 -602, 60 If 

Hypothesis, in scientific method, 8, 

8f, 9, G-8 

-ic (suffix), 54, 56 

Ice, 368-369, 368f 

-ide (suffix), 52, 56, 57 

Ideal gas, 143, 148f, 654-656, G-8 

Ideal gas law 
application, 1 5 2- 1 5 8  

defined, 1 4 3 ,  1 48, G-8 

gas density, 1 5 3  

individual gas laws and, 1 48f 

limiting-reactant problem and, 159 

molar mass, 1 54-155 

reaction stoichiometry, 1 5 8- 1 60, 1 5 8f 

van der Waals equation and, 1 68 

Ideal solution, 407, G-8 

Inch (in) (unit), conversion to SI 
units, 141 

Indium 
bond type, 4331 

melting point, 4331 

properties, 430-43 1 

Indium oxide, 432 

Induced-fit model, of enzyme action, 532 

Inert-pair effects, 432 

Infrared (IR) radiation, 207, 207J, G-8 

Infrared (IR) spectroscopy, 282, 

282J, G-8 

Initial reaction rate, 502J, 503, 505-506, 
509, G-8 

Inner (core) electrons, 246, G-8 

Inner transition elements 
actinides, 46, 46J, 246J, 247 

defined, 247, G-8 

electron configurations, 246J, 247 

lanthanides, 246J, 247 

periodic table, 46, 46J, 735, 735f 

Inorganic chemistry, 47 

Instantaneous dipole-induced dipole 
forces, 363 

Instantaneous reaction rate, 502, 

502J, G-8 

Instrument calibration, 25 

Insulator, 382, 382J, G-8 

Integrated rate law, 5 1 0-5 1 6  

defined, 5 1 0, G-8 

first-order reactions, 5 1 0-5 1 5 ,  

5 1 2J, 5 J 3f 

half-life, 5 1 3-5 1 5, 5 1 51 

reaction order, determining, 5 1 2-5 1 3, 

5 1 2J, 5 1 3f 

second-order reactions, 5 1 1-5 1 3, 5 1 2J, 

5 1 3J, S I S, 5 1 51 

zero-order reactions, 5 1 ,  5 1 2J, 5 1 3,  

5 1 3J, S IS,  5 1 51 

Intensive property, 1 7, 1 8, G-8 

Interference, 209, 209f 

Interhalogen compounds, 449 

Intermolecular attractions, gas pressure 
and, 1 66, 167, 167f 

Intermolecular forces, 347-383 

covalent bonding forces compared, 28 1 

defined, 348, G-8 

dipole-dipole forces, 3591, 360, 360f 

dipole-induced dipole forces, 
3591, 362 

dispersion (London) forces, 3591, 

363-364, 363J, 364f 

enzyme-substrate binding, 5 3 1 -532 

hydrogen bonds, 3591, 3 6 1 -362, 362f 

ion-dipole forces, 3591, 360 

ion-induced dipole forces, 3591, 362 

liquids, 354-355, 354J, 365-367 

phase changes, 348-358 

polarizability, 362 

solids, 369-383 

in solution, 39 1-392, 391f 

summary diagram for analyzing a 
sample, 365f 

types compared, 3591 

van der Waals radius, 358-359, 

358J, 359f 

vapor pressure and, 354-355, 354f 

Internal energy (E), 1 78-1 79, 1 79J, 

1 8 3-1 84, 1 84f, 1 85, 283, 65 1 ,  G-8 

International System of Units. See SI unit 
Intramolecular forces, 348, 358-359. See 

also Bonding 
Iodide ion, 49, 521. 683-684, 683f 
Iodine 

ion formation, 49 

oxoacids, 4501 

properties, 447-448 

radioactive tracers, 780, 780f 

Iodine pentaftuoride, 3 1 2  

lon(s) 
charge density, 397 

charge notation, 48 

defined, 48, G-8 

formation, 48-49, 48f 

naming 
monatomic, 52-53, 521, 53f 

oxoanion, 55, 55f 

polyatomic, 54-55, 541 

spectator, 1 1 4, 1 1 4f, 1 1 5 ,  1 1 8,  1 22f 

Ion pairs, 276, G-8 

lon-dipole forces, 3591 

defined, 360, G-8 
in solutions, 39 1 ,  39 1/ 

Ionic atmosphere, 4 1 4, G-8 

Ionic bonding, 3591 

Coulomb's law, 274 

defined, 269, G-8 
depicting ion fornlation, 272f, 273 

ion pairs, 276 

lattice energy 
importance, 273-274 

periodic trends, 274, 275f 

metal with nonmetal, 269-270, 270f 

octet rule, 272 

partial ionic character, 289-290, 290f 

strength, 49, 49f 

Ionic compounds 
covalent compound distinguished from, 

50-5 1 

crystal structure, 3761, 377-378, 377/ 

defined, 47, G-8 

dissolving in water, 397-398, 397/ 

entropy change with dissolution, 
658f, 659 

equilibria of Slightly soluble ionic 
compounds, 632-64 1 

formation, 48-49, 48f 

by redox reaction, 1 23-1 24, 

1 23f, 1 27 

formula mass, 58 

hydrated, 55, 551  

names and formulas of, 52-57 

neutral, 49 

oxidation numbers, 127 

polyatomic ions, 5 1 ,  5 If, 54-55, 541 

properties 
electrical conductance, 276, 276f 

electrostatic forces, 275/ 

ionic bonding model and, 275-276 

melting and boiling points, 276, 276f 

vaporization, 276 

solubility and temperature, 400-40 I ,  
400f 

in water, 1 09- 1 1 2, I I  Of 

Ionic equations 
for acid-base reactions, 1 1 8-1 19 

reaction of weak acids, 1 22 

Ionic equilibria, 6 1 5-644 

acid-base buffer systems, 6 1 6-624 

acid-base titration curves, 624-63 1 

complex ions, 641-644 

slightly soluble ionic compounds, 
632-64 1 

Ionic hydrides, 424-425 

Ionic radius, 262-263, 262J, 263f 

alkali metals, 426 

alkaline earth metals, 429 

boron family elements, 43 1 

carbon family elements, 434 

defined, 262, G-8 

halogens, 448 

nitrogen family elements, 439 

oxygen family elements, 444 

Ionic solids, 3761, 377-378, 377f, G-8 

Ionic solutions 
corrosion of iron and, 7 1 3, 7 1 4  

electrical conductivity, 1 1 0, I I  If 

Ion-induced dipole force, 3591, 362 

defined, 392, G-8 

in solutions, 39 1 ,  391f 

Ionization energy (lE), 269f 

alkali metals, 426 



alkaline earth metals, 428, 429 

boron family elements, 430, 431 
carbon family elements, 434 

defined, 252, G-8 

electron configuration and, 252-255, 

253f 254f 2551 

halogen family elements, 448 

of the hydrogen atom, 216 
of metals, 257 
nitrogen family elements, 439 

noble gases, 451 

oxygen family elements, 444 
periodic trends, 252-255, 256f 

successive, 254-255, 2551 

transition elements, 737f 738, 

738f 739 

Ionization, radioactive emissions, 

776, G-8 

Ionizing radiation 

applications, 780-781, 781f 

background radiation, 777-778 

defined, 776, G-8 
penetrating power of, 777, 777f 

sources, 777-778, 7781 

units of radiation dose, 777 

Ion-product constant for water (Kw), 
583-587, G-8 

Ion-product expression (Q,p)' 632-633 

Iron 

appearance, 737f 

corrosion of, 713-715, 713f 715f 

electron configuration, 2451, 7361 

in hemoglobin, 756-757, 757f 

iron(lJ) and (llI), 53-54,541 

molar mass, 73-74 

nuclide, 783-784 

oxidation states, 739, 7401 

physical states of, 4 

specific heat capacity, 1871 
!ron(H) hydroxide, solubility-product 

constant, 633 

Irradiation of food, 781, 781f 

Isobutane, 4661 

Isoelectronic, 259, G-8 

Isoleucine, structure of, 487f 

Isomers 

chirality, 467-468, 467f 

cis-Iralls isomerism, 468-469, 4691 

constitutional (structural), 81-82, 821, 

465-466,4661, 745f 746, 746f 

in coordination compounds, 745-748, 

745f-747f 

defined, 81,465, 745, G-8 

enantiomers, 467-468, 745f 747-748, 

747f 

geometric, 468-469, 4691, 745f 

746-747,747f 

linkage, 745f 746, 746f 

number of, 82 

optical, 467-468, 467f 745f 747-748, 

747f 

stereoisomers, 467-468, 745f 

746-748,747f 

Isopentane, 4661 

Isotonic saline, 96-97 

Isotopes. See also Radioisotopes 

carbon, 42 

defined, 42, 45, 764, G-8 

mass spectrometry, 43-44, 43f 

silicon, 42-43 

silver, 44-45 

Isotopic mass, 44, 45, G-8 

-ite (suffix), 55, 55f 56 

-ium (suffix), 52 

J 
Joule (J) (unit), 182, G-9 

Jupiter (planet), 616 

K 
K. See Equilibrium constant (K) 
K". See Acid-dissociation constant (K,J 
Kb· See Base-dissociation constant (Kb) 
Kelvin (K) (unit), 131, 18-19, G-9 

Kelvin (K) temperature scale, 18-20, 

19f G-9 

Ketones, 4741,478-479, 478f G-9 

Kr. See Formation constant (K,) 
Kilo- (prefix), 131 
Kilocalorie (kcal) (unit), 182 

Kilogram (kg) (unit), 131 
defined, 16, G-9 

English equivalent, 141 

Kilojoule (kj) (unit), 182 

Kilometer (km), English equivalent, 141 

Kinetic energy (E,), 5-7, 6f 160,161, 

163, 178, 283, 348, 352, 354, 

355, G-9 

Kinetic-molecular theory 

defined, 160, G-9 

diffusion, 165, 165f 
effusion, 164-165 

gas laws and, 160 

molecular speed, 161, 161f 163, 163f 

molecular view of the gas laws, 

161-162, 161f 162f 

origin of pressure, 160, 161 

phase changes, 348-349, 3481 

postulates of, 160-161 

rms speed, 163 

temperature, 163 

Kinetics. See Chemical kinetics 

Krypton 

electron configuration, 245, 2451 

properties, 450-451 

Kw See Solubility-product constant (K,p) 
Kwo See lon-product constant for water 

(Kw) 
Kyoto Protocol (1987), 198 

L 
Laboratory glassware, 15-16, 15f 

Lactic acid, 79 

Lactose, 76 

Lanthanide contraction, 739, G-9 

Lanthanides 

defined, 247, G-9 

electron configuration, 246f 247 

period.ic table, 46, 46f 

Lanthanum, 247 

Lattice, 370, 370f G-9 

Lattice energy (6.H\.IIIicc) 
alkali metal chlorides, 427, 427f 

defined, 274, G-9 

importance, 273-274 

periodic trends, 274, 275f 

solution process and, 397-398 

Lavoisier, Antoine 

element list, 45 
law of mass conservation, 3441 

Law of chemical equilibrium, 

544, G-9 

Law of conservation of energy, 181-182, 

651, G-9 

Law of definite (or constant) 

composition, 34-35, 34f 37, G-9 

Law of heat summation, Hess's. 

192-194 

Law of mass action, 544 
Law of mass conservation, 34, 37, G-9 

Law of multiple proportions, 35-36, 37, 

37f G-9 

Lawrence, E. 0., 775 

Laws of thermodynamics 

first, 181-182,651-652 

second, 651-657, 661 

third, 657-661 

Index 

Le Chatelier's principle, 561-570, 617, 637 

catalyst effect, 567-568, 5671 
concentration changes, 561-564 

defined, 561, G-9 

Haber process for ammonia synthesis, 

569, 5691, 570f 

pressure changes, 564-566, 565f 

temperature changes, 566-567 
Lead 

bond type, 4331 
cubic crystal structure, 372 
electron configuration, 248-249 
leadeU) and (IY), 541 

melting point, 4331 

properties, 433-435 

radioactivity, 774 

uses, 99 

Lead-acid battery, 710, 71 Of 

Lead(U) chloride, 632 

Leaden) chromate, 636, 636f 

LeadeIl) fluoride, 6331, 634-635 
LeadeH) iodide, I 16 

Leaden) sulfate, 632, 6331, 634 

Lecithin, 480f 
Length 

converting units of, 12-13 

SI-English equivalent quantities, 141 

unit of measurement, 131, 141, 15 

Leucine, structure of, 487f 

Level, 225, G-9 

Lewis acid-base definition, 606-608 

adduct, 606-608 

complex ions and, 641 

defined, 606, G-9 

Lewis acids, 606-608 

complex ions, 641 

with electron-deficient atoms, 607 

metal cations as, 607-608 

molecules as, 607 
with polar multiple bonds, 607 

Lewis bases, 606-608, 641 

Lewis electron-dot symbols, 271-272, 

271j; G-9 

Lewis, Gilbert Newton, 271 

Lewis structure (formula), 297-306 

defined, 297, 29711, G-9 

electron-deficient molecules, 303-304 

electron-pair delocalization, 30 I 

expanded valence shells, 304-305 

formal charge, 302-303 

free radicals, 304 

molecules with multiple bonds, 299-300 

molecules with single bonds, 297-299 

octet rule, 297-300 

exception to, 303-306 

odd-electron molecules, 304 

resonance, 300-302 

valence-shell electTOn-pair repulsion 

theory, 306 

Libby, Willard F. ,  773 
Ligand field-molecular orbital 

theory, 756 

Ligands 
bidentate, 743, 7431 

coordination compounds and, 

741-748,7431,7441 

defined, 641, 741, G-9 

monodendate, 743, 7431 

polydendate, 743, 7431 
spectrochemical series, 753, 753f 

splitting d orbitals in an octahedral field 
of ligands, 751-752, 75 If 752f 

strong-field ligands, 752, 752f 753f 

754,754f 

weak-field ligands, 752, 752f 753f 

754,754f 

Light 
as electromagnetic radiation, 206-208, 

207f 

particle nature of, 210-212 

photon theory, 210-211 
rainbows, 208 
speed of, 207 

1-11 

wave nature of, 206-209 

Like-dissolves-like rule, 391, 392, 393f 

395, G-9 
Limestone, acid rain and, 640 

Limiting reactant 
chemical reactions involving. 90-91 

defined, 90-91, G-9 
Limiting-reactant problem 

reactant and product amounts, 
calculating, 92-93 

solving for reaction in solution, 

98-99 

solving with molecular depictions, 

91-92 

using the ideal gas law in a, 159 

Line spectrum 
appearance of, 212f 21211, 213f 

defined, 212-213, G-9 

Linear accelerator, 775, 775f 

Linear arrangement 
defined, 308, G-9 

hybrid orbitals, 3291 

YSEPR, 307f 308, 308f 

Linear shape, 307f 308, 308f 311-312 

complex ion, 742, 7421 

defined, 308, G-9 

hybrid orbitals, 325, 3291 

Linkage isomers, 745f 746, 746f G-9 

Lipids, 480, G-9 
Liquid 

atomic-scale arrangement of particles, 

4,4f 

chem_ical equation, specifying state 
in, 84 

defined, 4, G-9 
diffusion in, 165 

entropy change with dissolution, 

658-659,659f 

intermolecular forces, 354f 

365-367.354-355 

kinetic-molecular view, 348-349 

properties, 3481 

capillarity, 366-367, 368 

surface tension, 365-366, 365f 

3661, 368 

supercooled, 379 

viscosity, 367,3671 

Liquid solutions, molecular polarity and, 

392-395 

Liquid-gas equilibria, 353, 353f 

Liquid-liquid solutions, 392-394 

Liquid-solid equilibria, 356 

Liter (L), 15, G-9 

Lithium 

anomalous behavior, 427 
calculating density from mass and 

length, 18 
diagonal relationship with magnesium, 

428 

diatomic, 337, 338f 

electron configuration, 238, 239, 

241,243f 

ionic bonding, 272-273, 272f 

ionization energy, 2551, 273 

molecular orbitals, 381, 381f 
properties, 425-427 

Lithium battery, 711, 711f 

Lithium chloride, 289 

Lithium fluoride 
ionic bonding, 272-273, 272f 

lattice energy, 273-274 

Lithium ion, 521 
Lock-and-key model, of enzyme action, 

532 

Logarithms, A-I-A-2 
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London forces, 3591, 363-364. See also 

Dispersion force 
London, Fritz, 363 
Lone pairs, 278, 309, 0-9 

Lowry, Thomas, 122 

Low-spin comp lexes, 754-755, 754f, 0-9 
LSD (lysergic acid diethylamine), 

molecular structure, 481/ 

Luminous intensity, un it of measurement, 
131 

Lysergic acid diethylamine (LSD), 
molecular structure, 481/ 

Lysine, 436J, 477J, 487/ 

M 
Macromolecules. See also Biological 

macromolecules; Polymers 
biologica l, 486-492 
synthetic, 483-485 

Macroscopic property, 5,32 

Magnesium 
electron configuration, 242, 243]2431 

in flashbulbs, 83-85, 85J, 123-124 

hexagonal crystal structure, 372, 378/ 
properties, 257,428-429 

Magnesium chloride, 290, 291/ 

Magnesium hydroxide, 98 

Magnesium ion, 521 

Magnesium oxide 
flashbulbs and, 83-85, 85J, 123-124 
lattice energy, 274 

Magnetic propert ies 
crystal field theory, 754 

diamagnetism, 261-262, 261J, 

340-341, 340J, 741,0-5 

paramagnetism, 261-262, 261J, 

340-341, 340J, 741,0-11 

of transition elements, 741 
of transition metal complexes, 754 

of transition metal ions, 26 1-262 

Magnet.ic quantum nu mber (m,). 

224-226,2241, 2371, 0-9 

Main-group elements, 423-452. See also 

specific elell1enls 

atomic size, 249-250, 250/ 

electron affinities, 256/ 

eleclron configuratjon, 245, 246J, 247 

electronegativity, 287, 288/ 
ionic versus atomic radii. 263/ 

ionization energies, 253/ 

Lewis symbol, 271-272, 271/ 

oxidation states/numbers, 1 25, 125/ 

periodic patterns, 46, 46/ 

Main-group ions, electron configurations 
of, 258-260, 259/ 

Malleabi lity, 380 

Manganese 
appearance of, 736/ 

in bat teries, 709, 709/ 

electron configuration, 244, 2451, 7361 

oxidation states, 739, 739J, 7401 
Manganese(II) chloride tetrahydrate, 740/ 

Manganese(U) sulfide, 633 
Many-electron atoms, 236-240 
Mass 

converting units of, 16-17 

defined, 16, 0-9 

as extensive property, 17 
fixed, 70-71,71/ 

interconversion of mass and energy, 
81-85 

mass-mole-number relationships, 
73-75, 73J, 74J, 88, 88J, 95-96, 

96/ 
molality and, 403 

molecular speeds, 163, 163/ 

SI-English equivalent quantities, 141 
unit of measurement, 131, 141, 16-17 

Index 

Mass action, law of, 544 

Mass conservation, law of, 34, 37 
Mass defect, 782, 0-9 

Mass fraction, 34-35, 75-77, 0-9 

Mass number (A), 42, 42J, 45, 764, 0-9 
Mass percent (mass %), 34, 75-77, 

404,0-9 

Mass spectrometry, 43-44, 43J, 0-10 

Mass-action expression. See Reaction 
quotient (Q) 

Mass/charge ratio (III/e), 43 

Mass-energy, 65211 

Material flow, tracers and, 779-780 

Matter 
ancient Oreek view of, 32 
atomic theory (see Atomic theory) 
atomic view of , 34-36 

de Broglie wavelength, 219, 2191 

defined, 2, 0-10 

effects of nuclear radiation on, 
776-778 

element (see Element) 
energy changes, 5-7, 6/ 

energy content of, 178 

energy distinct f rom, 208-209 

properties of, 2-3 

states of, 3-4, 4J, 139-140, 140/ 
types, 32-33 

wave-particle duality, 218-221 

Maxwell, James Clerk, 160 

Measurement 
accuracy, 24-25, 25/ 

conversion factors, 10-11, 12-13 

decimal prefixes, 14, 141 

history, 13 

precis ion, 24-25, 25/ 

random error, 24-25 

SI units, 13-21, 131, 141, 15/ 

significant figures, 21-24, 21/ 
systematic error, 24-25 

uncertainty in, 21-25 

volumetric glassware, 15-16 

Medical diagnosis, radioactive tracer use, 
780, 780J, 7801, 781/ 

Mega- (prefix), 131 

Meitner, Lise, 785 

Melting, 349, 0-10 

Melting point, 4331 

alkali metals, 426 

alkaline earth metals, 429 

boron family elements, 431 
carbon family elements, 434 

defined, 356, 0-10 

effects on, 356 

halogen family elements, 448 

ionic compounds, 2761 

nitrogen family elements, 439 

noble gases, 45 I 
oxygen family clements, 444 

Mendeleev, Dmjtri, 45, 236 

Meniscus, 366-367, 366/ 

Mercury 
in batteries, 709 

line spectrum, 212/ 

meniscus shape in glass, 366J, 367 

mercury(l) and (11), 541 

surface tension, 3661 

uses, 98 

Mercury and s ilver battery, 709, 709/ 
Mercury barometer, 141, 141/ 

Mercury(l) iodide, solubil ity-product 
constant, 6331 

Mercury(lI) n itrate, 98-99 

Metal(s). See also Transition elements 
acid strength of hydrated metal ions, 

602,602/ 

activity series, 128-130, 130J, 699-700 

bonding, 269-271, 269/ 

conduction by, 380, 382-383, 382/ 

crystal s tructure, 378, 378/ 
defined, 46, 0-10 
displacement reactions, 128-130, 

128J, 129/ 
electron affinity, 256 

electron configuration, 260 

forming more than one ion, 53-54, 541 

ion formation, 48 

ionization energy, 256 
magnetic properties, 261-262 

malleability, 380 
metal cations as Lewis acids, 607-608 

periodic table and, 46-47, 46J, 269/ 

production by electrolysis, 128 
properties, 47, 256-258, 257J, 269/ 

acid-base behavior of element 
oxides, 258, 258Jf 

tendency to lose electrons, 257-258 

redox reactions, 127 

relative reactivities, 699-700 

Metallic bonding 
alkali meta ls, 426 

alkaline earth meta ls, 429 

band theory, 381-383, 381J, 382/ 

characteristics of, 270-271, 270J, 271/ 

defined, 270, 0-10 

intermolecular forces compared, 3591 

in mercury , 366J, 3661, 367 

Metallic radius, 249, 249J, 0-10 

MetaLlic solids, 3761, 378, 378J, 0-10 

Metalloids 
defined, 47, 0-10 

oxides, 258 

periodic table and, 46J, 47, 269/ . 
properties, 47, 257, 269/ 

as semiconductors, 382, 382/ 

Metathesis reaction, 116, 119, 0-10 

Meter (01) (unit), 131 

defined, 15, 0-10 
English equivalent, 141 

wavelength expressed in, 206 

Meth- (numerical root), 4631 

Methanal, molecular structure, 478/ 

Methane 
boiling point, 467/ 

cubic closest packing, 377/ 

effusion rate, 164-165 

entropy, 660 

formula and model, 581 

as greenhouse gas, 198 

heat of combustion, 284-285, 285/ 

hybrid orbitals, 325, 327, 327/ 

molecular shape, 309 

PV/RT curve, 166, 166/ 

standard heat of formation, 195 

Methanoic acid, molecular structure, 479/ 

Methanol 
intermolecular forces, 391/ 

Lewis structure, 299 

molecular structure, 4741 

solubility, 393, 393/ 
Methionjne, s tructure of, 487/ 

Methyl acetate, molecular structure, 4741 

Methyl chloride 
boi ling point, 360, 360/ 

dipole moment, 360, 360/ 

molecular structure, 4741 

Methyl cyanide, molecular structure, 4741 

Methyl ethanoate, molecular structure, 
4741 

Methyl ethyl ketone, 478/ 

Methyl red, 625J, 626, 626J, 628, 628J, 

631,631/ 

Methylamine, 596, 597/ 

Methylbenzene, 471 

Meyer, Julius Lothar, 236 
Mica, 437 

Micro- (prefix), 131 
Micrometer (].I.m) (unit), 15 

Microstate, 653-656 

Microwave, 211 
Mile (mi) (unit), conversion to 

SI units, 141 

Milli- (prefix), 131 

Millikan, Robert, 38-39 

Millikan's oil-drop experiment, 
38-39,39/ 

Milliliter (mL) (unit), 15,0-10 
Millimeter of mercury (mmHg) (unit), 

141,1421,0-10 

Miscible substances, 139,390, 0-10 

Mixtures, 389-416 
compounds distinguished from, 

60-61,61/ 
defined, 32J, 33, 390, 0-10 

heterogeneous, 60-61, 61/ 

homogeneous, 60-61, 61/ 

reaction direction and, 559-560 

MO bond order, 336, 0-10 

Model, in scientific method, 8J, 9, 0-10 

Molal boiling point elevation constant, 
409,4091 

Molal freezing point depression constant, 
4091,410 

Molality (m) 

calculating, 403 

defined, 403, 4031, 0-10 

Molar heat capacity (e), 187,0-10 

Molar mass (M) 
boiling point and, 363-364, 363/ 

compound, 72 

converting to grams, 73 

convertjng to moles, 73-75, 88, 88/ 

defined, 72, 0-10 
dispersion (London) forces and, 

363-364, 363/ 

of elements, 72 

entropy and, 659 
gas, 153, 154-155 

gas effusion and diffusion, 164-165 
molecular formula determination 

from, 79 

molecular speed and, 163, 163/ 

of solutes, from coLligative properties, 
412-413 

Molar ratio, stoichiometrically equivalent, 
87-90 

Molar SOlubility, 634-636, 6361,0-10 

Molar solution, preparing and diluting, 
96-97,97/ 

Molar volume, of common gases, 166r 

Molari ty (M) 
calculating, 95 

defined, 95, 402, 0-10 

expressing concentration as, 
402-403 

of H+ ions in an aqueous solution of 
an acid, 113 

mole-mass-number-volume 
relationshjps, 95-96, 96/ 

Mole (mol) (unjt), 131 

Avogadro's number and, 70, 73-75, 

73J, 74J, 77 
of common objects, 70n, 72/ 

defined, 70-72, 72J, 77, 0-10 

Mole fraction (X), 156,4031,404, 

405,0-10 

Mole percent (mol %),404 
Molecular elements, molar mass, 72 

Molecular equation 
for acid-base reactions, 118-119 

aqueous ionic reactions, 113, 

114J, 115 

defined, 113, 0-1 ° 
Molecular formula, 58, 581, 60 

converting to Lewis structure, 
297-300,297/ 

defined, 51, 78, 0-10 



determining, 78-82 
hybrid orbitals and, 329, 330f 
isomers and, 8 1 -82, 821 

Molecular hydrides, 425 
Molecular mass 

in amu, 7 1  
from chemical formulas, 58-59 
defined, 58, G-I 0 
mass percent calculation, 75 

Molecular orbital (MO). See also 

Molecular orbital (MO) theory 
antibonding, 335-337, 335f 
bond order , 336 
bonding, 335-337, 335f 
defined, 334, G-I  0 
energy and shape of, 335-336, 335f 
fil ling, 336 
formation, 335 
of hydrogen, 335-337, 335f 336f 
of lithium, 3 8 1 ,  3 8 1f 

Molecular orbital (MO) band theory, 
3 8 1 -383, 38 If 382f 

Molecular orbital (MO) diagram, 336, 
336f 337, 338J, 342, G- l 0 

Molecular orbital (MO) theory, 334-342. 
See also Molecular orbital (MO) 

antibonding MO, 335-337, 335f 
atomic 2p-orbital combinations, 

338-340, 338J, 339f 
bonding MO, 335-337, 335f 
central themes, 335-337 
defined, 334, G- I 0 
formation of molecular orbitals, 335 
homonuclear diatomic molecules, 

337-342 
atomic p-orbital combinations, 

338-340, 338J, 339f 
bonding in p-block, 340-34 1 ,  340f 
bonding in s-block, 337, 338f 

ligand field-molecular orbital 
theory, 756 

MO bond order, 336 
pi  (or) MOs, 338-340, 338f 
sigma (rr) MOs, 336 

Molecular polarity 
bond polarity, 3 1 5  
defined, 3 1 5 ,  G - I  0 
dipole moment, 3 1 6  
effect on behavior, 3 1 5  
liquid solutions and, 392-395 
molecular shape and, 3 1 5-3 1 7  

Molecular shape, 296-3 1 7  
defined, 307, G-!O 
dispersion forces and, 363,  364f 
Lewis structure (formula), 297-306 

defined, 297, 297n 
electron-deficient molecules, 

303-304 
expanded valence shells, 304-305 
formal charge, 302-303 
molecules with multiple bonds, 

299-300 
molecules with single bonds, 

297-299 
odd-electron molecules, 304 
resonance, 300-302 

molecular polarity and, 3 1 5-3 1 7, 3 1 6f 
valence-shell electron-pair repulsion 

(YSEPR) theory, 306-3 15 
defined, 306, G- 1 5  
electron-group arrangements, 

307-308, 307! 
linear arrangement, 307J, 308, 308f 
molecules with multiple central 

atoms, 3 1 4-3 1 5, 3 1 4f 
octahedral arrangement, 307J, 

3 1 2, 3 1 2f 
square planar shape, 3 1 2, 3 1 2! 
square pyramidal shape, 3 1 2 ,  3 1 2f 

tetrahedral arrangement, 307f, 
309-3 1 I ,  309f 

trigonal bipyramidal arrangement, 
307J, 3 1 1-3 1 2, 3 1 1f 

trigonal p lanar arrangement, 307J, 
308-309, 308f 

trigonal pyramidal, 309J, 3 10 
using YSEPR to determine 

molecular shape, 3 1 2-3 1 4, 3 1 3f 
viscosity, effect on, 367 

Molecular solids, 3761, 377, 377J, G- I O  
Molecular speeds, 1 6 1 ,  1 6 1f, 1 63, 1 63f 
Molecular volume, gas pressure and, 1 66, 

1 67, 1 67f 
Molecular wave functions, 335 
Molecular weight. See Molecular mass 
Molecularity, elementary reactions and, 

524-525, 5241, G- I 0 
Molecules 

bonds (See Bonding) 
chemical formulas, 52-60 
covalent compound, 50- 5 1  
defined, 32, G- I 0 
element, 32-33, 32f, 50, 50f 
Lewis structures, 297-306 
naming, 52-60 
orbitals (See Molecular orbital (MO)) 
polarity (See Molecular polarity) 
reaction rates and structure, 5 1 9-520, 

520f 
shape (See Molecular shape) 

Molina, Mario J., 532 
Molybdenum, 248 
Momentum, 220 
Monatomic elements, molar mass, 72 
Monatomic ions 

common, 52, 52J, 521 
compounds for med from, 52-53 
defined, 48, G- I 0 
formation of, 48, 48J, 49 
metals that form more than one, 

53-54, 541 
oxidation number, 1 241 
properties of, 258-264 

Mono- (prefix), 551 
Monochromatic light, 207, 2 10  
Monodentate ligands, 743, 7431 
Monomer, 483, G- I O  
Mononucleotide, 490, 490J, G-I 0 
Monosaccharide, 486, G- I O  
Motion, kinetic energy and, S 
Multip le proportions, law of, 35-36, 

37, 37f 
Multiplication, s ignificant figures 

and, 23 
Mylar, 485 

N 
NAA (neutron activation analysis), 780 
Naming. See Nomenclature 
Nano- (prefi x), 1 31 
Nanometer (nm) (unit), 1 5, 206 
Nanotubes, 435, 435f 
Natural law, 10 ,  G- I 0 
Neon 

boiling point, 3941 
diatomic molecule, orbitals of, 339, 

339f, 340f, 341 
electron configuration, 242, 243f 
expansion of, 654-656, 655f 
ionization energy, 2551 
mass spectrometry, 43, 43f 
molar mass, 72 
properties, 450-45 1 
sign, 2 1 2  
solubility i n  water, 3941 

Neopentane, 364, 364f 4661 
Nemst equation, 703-704, G-I  a 

Index 

Nemst, Walther Hermann, 703 
Net ionic equation, 1 1 4- 1 1 5, 1 1 4f 

for acid-base reactions, I 1 8- 1  1 9  
defined, 1 14, G - I  0 
reaction of weak acids, 1 22 

Network covalent solids, 28 1 ,  28 If, 3761, 
378-379, 3791, G- I O  

Neutralization, l iS ,  1 1 9, 578, 579, G- I O. 
See also Acid-base (neutralization) 
reactions 

Neutralization, partial, 624 
Neutralization reaction, 1 1 7, G-IO 
Neutron (nO) 

in accelerators, 774 
defined, 4 1 ,  G- I O  
discovery of, 40 
isotopes, 42 
mass number and, 42, 42f 
properties, 4 1 ,  4 1 1  

Neutron activation analysis (NAA), 780 
Neutron-to-proton (Nfl) ratio, 767-780, 

76SJ, 7681 
Nickel 

appearance, 737f 
cubic crystal structure, 372 
displacement reactions, 1 29 
electron configuration, 2451, 7361 
oxidation states, 739, 7401 

Nickel-cadmium (NiCad) battery, 7 1 0  
Nickel-metal hydride (Ni-MH) b attery, 

7 10-7 1 1 , 71 If 
Nickel(II) nitrate hexahydrate, 740f 
Nitrate ion, 541, 442f 

molecular shape, 308 
resonance structure, 302 

Nitric acid, 1 1 3, 442, 4421, 579, 639 
Nitric oxide 

boiling point, 3941 
solubility in water, 3941 

Nitride ion, 521 
-nitrile (suffix), 4741 
Nitriles, 4741, 482, G- I O  
Nitrite ion, 541, 442f 
Nitrogen 

anomalous behavior, 427 
bond type, 4331 
chemistry, 440-442 
covalent bonding, 278 
diatomic molecule, 50 
diatomic molecule, orbitals of, 

339-34 1 ,  339f, 340f 
electron configuration, 24 1 ,  243f 
fixation, 439 
ionization energy, 2551 
Lewis structure, 299-300 
melting point, 4331 
properties, 257, 438-440 
states of, 1 39- 1 40 

Nitrogen dioxide 
equilibrium with dinitrogen tetraoxide. 

541-542, 542f 544, 544f, 5441 
formation, 441 
Lewis structure, 304 
structures and properties, 44 1 1  

Nitrogen family 
chemical behavior, 440-442 
important reactions, 439 
ion formation, 49 
oxygen family compared, 445-446 
physical behavior, 438 
properties, 438-440 

Nitrogen fixation, 439 
Nitrogen gas 

boiling point, 3941 
solubility in water, 3941 

Nitrogen monoxide. See Nitric oxide 
Nitrogen oxides, 440-44 1 ,  44 1 1, 639, 

640, 640J, 660, 660f 
Nitrogen trifluoride, 297-298 

Nitrous acid, 442, 4421 
Noble gases 

atomic radius, 252! 
as atomic soLids, 376, 376f 
electron affinity, 256 
first ionization energy, 253f 
ionization energy, 256 

1-13 

ions formed and nearest noble gas, 49 
natural occurrence, 47 
periodic tab le and, 47 
properties, 450-452 

Node, 227, G-I 0 
Nomenclature 

acids, 56-57 
alkanes, 58, 581, 463, 4631, 4641, 470 
common (trivial) names, 54, 541 
coordination compounds, 743-745, 

7441 
covalent compounds, 57-58 
hydrates, 55, 551 
ionic compounds, 52-57 
ions, 52-57, 52J, 521, 541, 55f 
metals that fonn more than one ion, 

53-54, 541 
numerical prefixes, 55, 551, 57 
numerical roots, 463, 4631 

Non- (numerical root), 4631 
Nona- (prefix), 551 
Nonane 

boiling point, 467f 
formula and model, 581 

Nonelectrol ytes 
colligative properties 

nonvolatile nonelectrolyte solutions, 
407-4 1 2  

volatile nonelectrolyte solutions, 4 1 3  
defined, 1 1 2, 407, G- I O  

Nonionizing radiation 
applications of, 779-780, 779J, 

780J, 7801 
defined, 776, G- I I 

Nonmetal(s) 
bonding, 269-27 1 ,  269f 
covalent bonding, 50 
defi ned, 47, G- I I 
diatomic molecules, 50 
electron affinity, 256 
as insulators, 382, 382f 
ion formation, 48 
ionization energy, 256 
oxide, 258 
periodic table and, 46f, 47, 269f 
properties, 47, 256, 257, 269f 
redox reactions, 1 2 7  

Nonmetal hydrides, trends in acid 
strength, 600-60 I, 600f 

Nonpolar covalent bond, 288, 290f, G- I I  
Nonrechargeable batteries, 709, 709f 
Nonstandard half-cell potentials, 

7 1 8-7 1 9  
Nonvolatile nonelectrolyte solutions, 

colligative properties of, 407-4 1 2  
N uclear atom model, 37-40 
Nuclear binding energy, 783-785, 784J, 

G - I I 
Nuclear charge (l), effect on orbital 

energy, 238 
Nuclear energy reactors, 786-787, 787f 
Nuclear equations, 767 
Nuclear fission 

binding energy per nucleon and, 784, 
784f 

chain reaction, 786, 786f 
defined, 7 8 1  
nuclear energy reactors, 786-787, 787f 
process, 785-787 

Nuclear fusion 
binding energy per nucleon and, 784, 

784f 
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Nuclear fusion-COni. 
defined, 781 
promise of, 785-787 

Nuclear reactions, 762-788 
balancing, 767 
chain reaction, 786, 786f 
chemical reactions compared, 

763, 763[ 
fission, 785-787, 785[-787f 
fusion, 788, 788f 
mass defect, 782 
nuclear binding energy, 783-785, 

784f 
nuclear energy reactors, 786-787, 

787J 
nuclear equations, 767 
nuclear radiation, effect on maller, 

777-778 
nuclear stability, 763, 767-770, 

768f, 770f 
radioactive decay, 763-774 

decay series, 770, 770f 
half-life, 771-772, 77 If, 772[ 
kinetics, 770-774 
nuclear equations, 767 
nuclear stability and, 763, 767-770, 

768f, 770[ 
predicting mode of, 769 
radioisotopic dating, 773-774 
rate of, 770-773, 77IJ 
types of, 764-766, 764f, 765f 

radioisotope (see Radioisotopes) 
transmutation (see N uclear 

transmutation) 
transuranium elements, 776, 776[ 

Nuclear stability, and the mode of decay, 
767-770 

Nuclear transmutation, 774-776 
cyclotron accelerator, 75f, 775 
defined, 774, G- I I 
linear accelerators, 775, 775J 
particle accelerators, 774-775 
transuranium elements, 776, 776[ 

Nucleic acids, 490-492, 490f, 49 If, G-I I 
Nucleon shells, 768 
Nucleons 

binding energy per, 783-784, 784J 
defined, 763, G- I I  

Nucleotides, 490, 490f 
Nucleus 

components of, 40, 41, 4 If, 41 [, 
763-764 

defined, 40, G- II 
discovery of, 39-40 
notation, 764 

Nuclide 
defined, 764, G- I I  
notation, 764 
stability, 767-770, 768f, 768[ 

Nylons, 485 
NIZ (neutron-to-proton) ratio, 767-780, 

768f, 768[, G- I I  

o 

-oate (suffix), 474[,479 
Observations, in scientific method, I ,  

8f, 9, G-I I 
Oct- (numerical root), 463[ 
Octa- (prefix), 55[ 
Octadecanoic acid, molecular structure, 

479J 
Octahedral arrangement 

defined, 312, G-I I 
hybrid orbitals, 328, 329f, 329[ 
YSEPR, 307f, 311, 312J 

Octahedral complexes 
coordination compounds, 742, 742[, 

747,747J 

Index 

crystal field theory and, 751-752, 
75 If, 752f 

hemoglobin, 756-757, 757J 
valence bond theory, 749, 749J 

Octahedral shape, 307f, 312, 312J 
complex ion, 742, 7421, 747, 74�[ 
hybrid orbitals, 3291 

Octane 
boiling point, 467J 
combustion, 85-86, 184, 184J 
dissolving in hexane, 398, 399J 
formula and model, 58t 
intermolecular forces, 391J 

Octatomic molecules, 50J 
Octet ru Ie, 272 

defined, 297, G-I I 
exceptions to, 303-306 
Lewis structures, 297-300 

Odd-electron molecules, 304 
-oic acid (suffix), 474[,479,481 
-01 (suffix), 474[,475 
-one (suffix), 4741,478 
Opporlunily, robot vehicle, 780 
Optical isomers, 467-468, 467f, 745f, 

747-748, 747f, G-I I 
Optically active substance, 468, G- I I  
Orbital diagram, 240-242, 243[, 

245[, G-II 
Orbital energy 

electron repulsion and, 238-239, 240 
nuclear charge and, 238 
orbital shape and, 239 
penetration, 239, 239f 
shielding, 238-239 

Orbital overlap 
description, 324-325, 324J 
molecular rotation and, 333 
in single and multiple bonds, 331-334, 

331f-333J 
Organic chemistry, 47 
Organic compounds, 457--492 

alcohols, 460f, 474[, 475 
aldehydes, 474[, 478-479, 478J 
alkanes, 4631, 464[, 465f, 4661, 

467-468, 467f 
alkenes, 468-469, 469[, 474[ 
alkynes, 469, 4741 
amides, 4741, 481, 48 If, 488 
amines, 474[,476--477, 477J 
aromatic compounds, 471 
biological macromolecules (see 

Biological macromolecules) 
bond properties, 458-459 
carbonyl group, 478-479, 478f, 479f 
carboxylic acid, 460f, 474[, 479-480, 

479f 
chemical diversity, factors in, 

459-460, 459J 
combustion analysis of, 80-81, 80J 
defined, 458, G-I I 
esters, 460f, 474[, 480-481,480/ 
haloalkanes, 474[, 475-476 
heteroatoms, 459 
hydrocarbons (see Hydrocarbons) 
ketones, 474[, 478-479, 478f 
naming, 463, 463[, 4641, 470 
nitriles, 474[,482 
reactions (see Organic reactions) 
structural complexity, factors in, 

458-459 
vital force, 458 

Organic reactions 
addition reactions, 472-473 
elimination reactions, 472, 473 
substitution reactions, 472, 473 

Orientation probability factor (1'), 
519-520 

Orthosilicate, 437 
Osmosis, 411, G-I I 

Osmotic pressure (Il), 411-412, 
411f, G-II 

Ostwald process, 442 
Ounce (oz) (unit), conversion to 

SI units, 141 
-ous (suffix), 54, 56 
Outer electrons, 246, G-I  I 
Overvoltage, 719, G-I I 
Oxalate ion, 695 
Oxidation, 124,682, 682f, G-I I 
Oxidation number (O.N.) 

defined, 124, G- I I 
determining, 125 
electronegativity and, 288 
formal charge compared to, 303 
oxidizing and reducing agents, 

recognizing, 125-126 
of reactive main-group elements, 

125,125/ 
rules for assigning, 124, 124[ 
transition elements, 739, 740[ 

Oxidation states 
alkali metals, 426 
alkaline earth metals, 429 
boron family elements, 431,432 
carbon family elements, 434 
coordination compound, 744 
halogen family elements, 448-450, 

4501 
nitrogen family elements, 439 
noble gases, 451 
oxygen family elements, 444, 445 
transition elements, 739, 740t 

Oxidation-reduction reaction, 123, G-I l .  
See also Redox reactions 

Oxide ion, 52[ 
Oxides 

alkaline earth, 428 
boron family elements, 432 
carbon, 436 
halogen, 449-450, 450[ 
nitrogen, 440-441,441/ 
phosphorus, 443, 443/ 
properties, 446 
sulfur, 446 

Oxidizing agent 
defined, 124, 682, G-I I 
in displacement reaction, 129, 130 
recognizing, 125-126 
relative strengths, 695-700 

Oxoacids 
for mation, 439 
halogen, 449-450, 4501 
nanling, 56 
nitrogen, 442, 442/ 
phosphorus, 443 
strength of, 581-582, 601-602, 

601/ 
sulfur, 446 

Oxoanions, 739, 739f 
defined, 55, G- I I 
halogen, 449 
naming, 55, 55/ 
nitrogen, 442, 442/ 

Oxygen 
allotropes, 445 
anomalous behavior, 427 
boiling point, 394[ 
chemistry, 446 
as diatomic molecule, 50 
diatomic molecule, orbitals of, 339, 

339f, 340f, 341-342 
electron configuration, 242, 243/ 
ionization energy, 255[ 
molar mass, 72 
paramagnetic properties of diatomic, 

341,341/ 
properties, 443-446 
solubility in water, 394-395, 394[ 

Oxygen family 
allotropism, 445 
chemistry, 446--447 
important reactions, 444 
ion formation, 49 
nitrogen fami ly compared, 445-446 
properties, 443-446 

Ozone 

P 

decomposition, 445 
depletion of, 298, 532-533 
hybrid orbitals, 327 
Lewis structure, 300-30 I 
properties, 445 
stratospheric, 298, 445, 532-533 
transition state, 522-523 

I' block, 340-341, 340f, 430 
P orbital, 228, 228f, 338-340, 339/ 

defined, 228, G-I I 
orbital overlap, 324-325 

Packing efficiency, unit cells and, 372, 
372f, 373f, 374, G-II 

Pair production, 76611. 
Palladium, 395 
Paramagnetism, 261-262, 26 If, 340-341, 

340f, 341f, 741, G-I I 
Partial bond, 30 I 
Partial ionic character, 289-290, 

290f, G-I I 
Partial pressure 

collecting a gas over water, 156-158, 
157/ 

D alton's law of partial pressures, 
155-156,161, 162f, 413 

defined, 155, G-I I 
of gas in mixture of gases, 155-156 

Particle accelerator, 774-775, G- I I 
Particles 

dispersal of particle energy, 653 
freedom of particle motion, 653 
nature of lightJphotons, 210-212, 

218-220 
uncertainty principle, 221 
wave behavior compared to, 208-209, 

209f 
Parts by mass, 403[, 404, 405 
Parts by volume, 403[, 404,405 
Pascal (Pa) (unit), 141-142, 142[, G- I I  
Path independence of energy change, 

183-184, 184/ 
Pauli exclusion principle, 237-238, 

240-241,249, 324 
Pauli, Wolfgang, 238 
Pauling electronegativity scale, 287, 288/ 
Pauling, Linus, 287, 325 
PCBs (polychlorinated biphenyls), 436f 
PEM (proton exchange membrane), 712 
Penetration, orbital energy and, 239, 

239J, G- I I  
Pent- (numerical root), 463[ 
Penta- (prefix), 55[ 
Pentane 

boi ling point, 467/ 
constitutional isomers, 466[ 
formula, 58[, 4661 
model, 58[ 
molecular shape, 364, 364/ 
properties, 281, 28 If, 466, 4661 

Pentanol, solubility, 3931 
Pentene, 660 
Peptide bond, 48 1, 488, 488/ 
Per- (prefix), 55, 55f, 56 
Percent by mass (mass %), 34, G- I I  
Percent ionic character, 290, 290/ 
Percent yield (% yield), 94, 95, G-I I 
Perchlorate ion, 54[ 
Perhalates , 450 



Perhalic acid, 450t 
Period numbers, 247 
Periodic law, 236, G-I I 
Periodic table of the elements. See also 

specific elements; specific groups 

actinides, 46, 46J 
atomic number, 236 
for calculating molar mass, 72 
common monatomic ions of elements, 

52, 52J 
defined, 45, G-I I 
development of, 236 
electron configuration, 246J 

atomic properties and,  249-257, 
249J-250f, 255t, 256J 

filling order, 244-246, 247J 
within groups, 243-244 
Period I and Period 2, 240--242, 

243JJ 
Period 3, 242-243, 243f, 243t 
Period 4, 244-245, 245t 
principles, 245-247 
transition elements, 244-245, 246f, 

247-248, 249 
electronegativity and, 287, 288J 
group number, 247 
groups, 45-47, 46f, 243-244, 245 
history, 45, 236 
inner transition elements, 46, 46f, 

735, 735J 
lanthanides, 46, 46J 
organization of, 45-47 , 46J 
oxidation numbers and, 1 25,  1 25J 
periods, 45, 46f, 290--29 I 
quantum-mechanical model, 240--249 
transition elements, 46, 46f, 735, 735J 
trends in covalent and van der Waals 

radii, 359J 
Periods 

continuum of bonding across a, 
290--29 1 , 29 1J 

defined, 45, G-I I 
ionization energies trends, 253f, 254 

Permanganate ion, 54t, 685-686, 739 
Peroxide ion, 54t 
Perspective drawing, 309 
PET (positron-emission tomography), 

780, 78 1J 
pH, 584-587 

buffer capacity and pH change, 
62 1 -622, 622J 

calculation, 629-630 
common aqueous solutions, 585J 
defined, 584-585, G- I I 
measurement, 587, 587f, 707-708, 

708J 
mon itoring with acid-base indicators, 

624-625, 625J 
relation with pOH and pK", 585-586, 

586J 
solubility and, 637-638 

pH meter, 587, 587f, 707-708, 708 
pH paper, 587, 587J 
Phase, 348, G-I I 
Phase change 

boiling point, 355-356 
condensation, 349, 35 If, 352 
critical point, 356, 357J 
defined, 348, G-I I 
deposition, 350 
entropy change, 654, 658 
equilibrium nature of, 353-356, 353J 
freedom of particle motion and 

d ispersal of particle energy, 653 
freezing, 349, 352, 356 
fusion, 349, 350J 
heat involved in, 35 1-353 
kinetic-molecular view, 348-349, 348t 
liquid-gas equilibria, 353, 353J 

melting, 349 
quantitative aspects, 35 1 -358 
solid-gas equilibria, 356 
solid-liquid equilibria, 356 
standard molar entropy and, 658, 658J 
sublimation, 350, 350f, 356 
triple point, 357-358, 357J 
types, 349-350 
vapor pressure, 354-356, 354[. 355J 
vaporization, 349.350J 

Phase d iagram 
of carbon, 435, 435J 
carbon dioxide, 356-357, 357J 
defined, 356, G-I I 
of solvent and solution, 409-410, 409J 
water, 357-358, 357f, 369 

Phenol red, 625J 
Phenolphthalein, 1 20f, 625f, 626, 626f, 

628, 628f, 63 I , 631J 
Phenylacetic acid, 593 
Phenylalanine, structure of, 487J 
Phosgene, 558-559 
Phosphate ion, 54t, 443 
Phosphates 

fonnation, 443, 443J 
polyphosphates, 443 

Phosphite ion, 443 
Phosphoric acid, 75, 443, 595 
Phosphorous acid, 443 
Phosphorus 

allotropes, 438, 438J 
bond type, 433t 
chemistry, 433 
electron configuration, 242, 243f, 243t 
melting point, 433t 
properties, 257, 438-440 
standard state, 19411 

Phosphorus pentachloride, 305-3 I I ,  
337, 338J 

Phosphorus trichloride, 290, 29 I 
Photochemical smog, 44 1 
Photoelectric effect, 2 10--2 1  I ,  2 1 0f, G-I I 
Photography, silver compounds and, 

643-644 
Photon theory of light, 210--2 I I 
Photons 

defined, 2 1  I ,  G - I  I 
particle nature of, 2 1 0--2 I 1 , 2  I 8-220 

Photosynthesis, 182, 436, 446 
Physical change, 3, 3f, 4-5, G- I I 
Physical properties 

alkali metals, 426 
alkaline earth metals, 429 
bonding effect on, 433 
boron family elements, 43 I 
carbon family elements, 434 
defined, 2-3, G-I I 
halogens, 448 
n itrogen family elements, 438-440 
noble gases, 45 I 
oxygen family elements, 443-445 
Period 2 elements, 427 
transition elements, 737-739, 

7 37f, 7 38J 
Physical states 

density and, 17  
gas (see Gas) 
kinetic-molecular view, 348-349, 348t 
liquid (see Liquid) 
reaction rate, influence on, 500 
solid (see Solid) 

pi (1T) bond, 332-334, 332f, 333f, G- I 2 
pi (1T) MO 

338-340, 338f, G-I 2 
Pi co- (prefix), 1 31 
Picometer (pm) (unit), 1 5 , 206 
Pitchblende, 35 
Planck, Max, 2 10 
Planck ' s  constant (h), 210, G- I 2 

Index 

Plasma, fusion, 788, 788J 
Platinum 

electrodes, 690 
in voltaic cells, 690 

Platinum fluorides, 450, 452 
pOH, 585-587, 586J 
Polar covalent bond, 288-290, 

290f, G - 1 2  
Polar molecules, 1 09J 

defined, 1 09, G- I 2 
dipole-dipole forces, 360, 360J 

Polarity, molecular, 3 1 5-3 17, 3 I 6f, 
392-395 

Polarizability, 362, G-12 
Pollution 

acid rain, 86, 6 I 6, 639-640, 640J 
thennal pollution, 40 1 ,  787 

Polonium, 443-444 
Poly(methyl methacrylate), 4841 
Poly(vinyl acetate), 4841 
Poly(vinyl chloride), 4841 
Poly(vinylidene chloride), 4841 
Poly- (prefix), 483 
Polyacrylon itrile, 4841 
Polyamides, 485,  487 
Polyatomic ions 

common, 541 
compounds fonned from, 54-55 
defined, 5 I , 5 If, G- I 2 
Lewis structure, 302 
molecular shape, 3 1 0 
oxidation number, 1 24 
oxoanions, 55, 55J 

Polychlorinated biphenyls (PCBs), 436J 
Polychromatic light, 207 
Polydentate ligands, 743, 7431 
Polyesters, 485 
Polyethylene, 483, 4841, 485 
Polymers. See also Macromolecules 

addition polymers, 483-485, 4841 
condensation polymers, 485 
defined, 483, G- 1 2  
naming, 483 
nucleic acids, 490-492, 490f, 49 1J 
polysaccharides, 486-487 
proteins, 487-490, 488f, 489J 
synthetic, 483-485 

Polypeptide, 488J 
Polyphosphates, 443 
Polypropylenes, 4841, 485 
Polyprotic acids, 595, 604, G- I 2 
Polysaccharides, 486-487, G- I 2 
Polystyrene, 484t 
Polytetraftuoroethylene, 4841 
Porphin, 756, 757J 
Position, energy due to, 5 
Positron 

defined, 766, G-I 2 
emission, 7651, 766, 76611, 777 
penetrating power, 777 

Positron emission, 765t, 766, 76611, 777, 
1 0481,1049, 1 049n, 1 063, G- 1 2  

Positron-emission tomography (PET), 
780, 78 1J 

Potassium 
electron configuration. 244, 

245t, 248 
properties, 425-427 

Potassium bromide, I 1 0, III 
Potassium chlorate, 450, 667 
Potassium ferricyanide, 740J 
Potassium ion, 521 
Potassium sulfide, 72 
Potential energy (Ep), 5-7, 6f, 178, 269, 

283, 348, 352, G - 1 2  
Pound (Ib) (unit), conversion to 

SI units, 1 41 
Pounds per square inch (psi) (unit), 

1 40, 1 421 

Precipitate 
complex ion effect on solubility, 

643-644 
defined, 1 1 5 ,  G- 1 2  
predicting formation of, 638-639 

Precipitation reactions 
aqueous ionic reactions, 1 1 5-1 17, 

1 1 5f, 1 16J 
defined, 1 1 5 ,  G- 1 2  
key event, I 1 5  
metathesis reactions, I 1 6  
predicting, 1 1 6-1 17, 1 1 6t 

Precision, in measurement, 24-25, 
25f, G-12 

1·1 S 

Predictions, in scientific method, 8f, 9 
Prefix 

alkane, 58 
coordination compounds and, 744 
numerical, 55, 551, 57 
organic compounds, 463, 4641 

Pressure (P) 
Amonton 's law, 146 
atmosphere, 140-- 1 4 1 ,  1 41f, 1 421 
Boyle's law, 143-144,  146 
Dalton ' s  law of partial pressure, 

1 55-156, 1 60, 1 6 1 ,  1 62f, 413 
defined, 140, G- 1 2  
effect o f  change on equjlibrium, 

546-566, 565J 
equilibrium constant and, 549-550 
Le Chatelier's principle, 564-566, 

565J 
measuring, 1 40-- 1 4 1 ,  1 4 1J 
origin of, 1 60, 1 6 1  
partial, 1 55-156 
real gases, effect on, 1 66-I 68 
solubility and, 401-402, 40lJ 
units of, 1 4 1 - 142, 1421 

Pressure-volume work (PV work), 1 8 1 ,  
185, 185f, G- 1 2  

Primary batteries, 709, 709J 
Primary structure, of protein, 489, 489J 
Principal quantum number (II), 224, 2241 , 

226, 229, 2371, 239f, 250, G- 1 2  
Prism, 208, 2 1 2  
Probability contour, 223, 223f, G - 1 2  
Probability density, 222-223, 223f, 

226, 227J 
Problem solving 

conversion factors, 10-- 1 1 , 1 2- 1 3  
systematic approach to, I 1 - 1 3  
units o f  measurement, 9- 1 0  

Products 
calculating amounts of, 89-90, 98 
defined, 83, G - 1 2  
determining heal o f  reaction from heat 

of formation values, 195-196, 
1 96J 

using gas variables to find amounts of, 
1 58-159 

Proline, structure of, 487J 
Prop- (numerical root), 463t 
Propane 

boiling point, 360f, 467J 
combustion, 87-88, 871, 662 
dipole moment, 360J 
fonnula and model, 581 

Propanoic acid, 594 
titration curve, 628-630, 628J 

Propanol, 393t 
Propanone, 4741, 478J 
Property. See also specific properlies 

chemical, 3 
defined, 2, G- 1 2  
extensive, 1 7 ,  18 
intensive, 17,  18 
macroscopic, 5, 32 
physical, 2-3 
submicroscopic, 5 
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Proteins, 487-490, 4881. 4891. G- 1 2  

Proton (p+) 
in accelerators, 775, 775f 

defined, 4 1 ,  G- 1 2  

discovery of, 40 

mass number and, 42 

properties, 4 1 ,  4 1 1  

solvated, 1 1 2-1 1 3  

Proton acceptor, 588, 5881. G- 1 2  
Proton donor, 587, 588, 5881. G- 1 2  

Proton exchange membrane (PEM), 7 1 2  

Proton transfer 
in acid-base reactions, 1 2 1 - 1 22, 1 22f 

Br�nsted-Lowry acid-base definition, 
587-59 1 , 588f 

p-scale, 584 

Pseudo-noble gas configuration, 
259, G- 1 2  

Pure substance, 32, 6 11. 194 

Pyrite, 369f 

Q 
Quadratic formula, use in problem 

solving, 556-557, A-3 

Quantization of energy, 2 1 0  

Quantum, 2 1 0, G- 1 2  

Quantum mechanics 
atomic orbital (wave function), 

22 1 -230 

quantum numbers, 223-226, 2241 

shapes, 226-230, 227f-229f 

band theory, 3 8 1  

defined, 22 1 ,  G- 1 2  

electron cloud representation, 222, 

226, 227f-229f 

electron density diagram, 222, 223f 

energy levels in the hydrogen atom, 
230, 230f 

level (shell), 225 

nodes, 227 

periodic table and, 240-249 

probability contour, 223, 223f 

radial probability distribution plot, 
222-223, 2231. 226-227, 

227f-229f 
Schrodinger equation, 22 1 ,  22211 

sublevel (subs hell), 225 

Quantum number, 2 1 0, 2 1 4, 223-226, 

2241, 236-237, 2371, 238, 242, 

250, G- 12 

Quantum theory, 2 1 8, 220f 

Quart (qt) (unit), conversion to 
Si units, 141 

QU3l1Z 
covalent bonding, 281  

crystal structure, 379, 379f 

Quaternary structure, of protein, 
489, 489f 

R 
R. See Universal gas constant (R) 
Rad (radiation-absorbed dose) (unit), 

777, G- 1 2  

Radial probability distribution plot, 
222-223, 2231. 226-227, 227f-229;; 

239, 2391. G- 12 
Radiant energy, 206 
Radiation 

background, 777-778, G-2 

blackbody, 2 1 0  

cosmic, 77311, 778 

electromagnetic, 206-208, 207, G-5 

infrared (lR), 207, G-8 

ionizing 
applications, 780-78 1 ,  78 If 

background radiation, 777-778 

defined, 776, G-8 

Index 

penetrating power of, 777, 777f 

sources, 777-778, 7781 

units of radiation dose, 777 

nonionizing, 776, 779-780, 7791. 7801. 

7801, 1 066- 1 069, G- I I  

nuclear radiation, effect on matter, 
776-778 

ultraviolet (UV), 207, 2071. 532, G- 15 

Radiation-absorbed dose (rad) (unit), 777 
Radioactive decay, 763-774 

decay series, 770, 770f 

half-life, 771-772, 77 11. 7721 

kinetics, 770-774 

nuclear equations, 767 
nuclear stability and, 763, 767-770, 

7681. 7701 

predicting mode of, 769 

radioisotopic dating, 773-774 

rate of, 770-773, 77 If 

types of, 764-766, 764f, 765f 

Radioactive emissions 
alpha (a) particles, 39-40, 401. 764, 

7641. 765, 7651, 777, 777f 

behavior in electric field, 764, 764f 

beta ([3) particles, 764, 7641. 765-766, 

7651, 777, 777f 

excitation, 776 

gamma (")I) rays, 764, 7641. 7651, 766, 

777, 777f 

ionization, 776 

penetrating power of, 777, 777f 

positron emission, 7651, 766, 76611 

Radioactive tracers, 779-780, 7791. 7801. 

7801 

Radioactivity. See also Nuclear reactions 
defined, 763, G- 1 2  

discovery of, 39 

Radiocarbon dating, 773-774 

Radioisotopes 
applications, 779-78 1 

dating, 773-774 

defined, 773, G- 1 2  

ionizing radiation, 780-78 1 ,  78 1f 

tracers, 779-780, 7791. 7801. 7801 

Radioisotopic dating, 773-774, G- 1 2  

Radium 
Ernest Rutherford and, 39 

properties, 428-429 

Radon, 450-45 1 ,  778 

Rainbows, diffraction of light and, 208 

Random error, 24-25, G-12 

Raoult's law, 407-408, G- 1 2  

Rare earth elements. See also 

Lanthanides 
electron configuration, 2461. 247 

Rate constant (k) 
defined, 505, G- 1 2  

determining, 509-5 1 0  

temperature and, 509, 5 1 6-5 1 7, 5 1 6f 

units, 5 1 0, 5 1 01 

Rate law (rate equation) 
collision theory, 5 1 8-520, 5 1 8f-520f 

defined, 505, G- 1 2  

elementary steps, 5241 

first order, 506, 508, 5 1 0-5 1 5 ,  

5 1 21. 5 1 3f 

initial rate, 5021. 503, 505-506, 509 

integrated, 5 1 0-5 1 6, 5 1 2f-5 1 6f 
rate constant, 505, 509-5 1 0  

reaction mechanism and, 526-528 

reaction order terminology, 506-507 

reaction orders, 505-508, 5 1 0-5 1 5  

second order, 5 1 1-5 1 3, 5 1 21. 5 1 31. 

5 1 5, 5 1 51 

zero order, 506, 5 1 21. 5 1 3, 5 1 31. 

5 1 5, 5 1 5 1  

Rate of reaction. See Reaction rate 
Rate-determining step, 525-526, G- 1 2  

Rate-limiting step, 525-526 

Reactants 
calculating amounts of, 89-90, 98 

defined, 83, G- 1 2  

determining heat o f  reaction from heat 
of formation values, 195-1 96, 

196 

limiting, 90-93, 98-99 

using gas variables to find amounts of, 
1 58-159 

Reaction direction 
determining, 559-560 

equilibrium, 550-55 1 ,  55 If 

Reaction energy diagram, 521-523, 52 11. 

5221. 5271. 5291. G- 1 2  

Reaction half-life (11/2), 5 1 3-5 1 5 ,  5 1 51 

Reaction intermediate, 524, G- 1 2  

Reaction mechanism 
defined, 499, 523, G- 1 2  

elementary reaction, 524-525, 5241 

molecularity, 524-525 

rate law and, 526-528 

rate-detennining step, 525-526 

Reaction order 
defined, 505, G- 1 2  

determining experimentally, 507-509 

determining from the integrated rate 
law, 5 1 2-5 1 3, 5 1 2f 

first-order reactions, 506, 508, 

5 1 0-5 15 , 5 1 21. 5 1 3f 

rate constant (k) and, 509-5 1 0, 5 1 01 

rate law and, 505, 506-507 

second-order reactions, 5 1 1-5 1 3, 5 1 21. 

5 1 31. 5 1 5, 5 1 51 

terminology, 506-507 

third-order reactions, 5 1 0, 5 101 

zero-order reactions, 506, 5 1 21. 5 1 3, 

5 1 31. 5 1 5, 5 1 51 

Reaction quotient (Q), 672-675, 6731, 

675J 

defined, 544, G- 1 2  

law o f  mass action, 544 

reaction direction, 550-55 1 ,  55 If 

relation to equilibrium constant, 
544-548 

units, 546 

variations in form, 546-548 

writing, 545-548 

Reaction rate 
average, 502, 502f 

catalysis, 529-533, 529f-5 3 If 

concentration and, 499-500 

defined, 499, 4991. 50 1 ,  G- 1 2  

expressing, 500, 504 

initial, 5021. 503, 505-506, 509 

instantaneous, 502, 502f 

measurement of, 505 

molecular structure and, 5 1 9-520, 520f 

physical state and, 500 

range of, 499-500 

temperature and, 500, 5001. 5 1 6-5 1 9, 

5 1 61. 5 1 91. 5 1 91 

Reaction table, 552-553 

Reactions. See Chemical reactions; 
Nuclear reactions; Organic 
reactions 

Reactor core, nuclear plant, 786-787, 

7871. G- 1 2  

Real gases 
extreme conditions, 1 66-168, 

1 661. 167f 

intermolecular attractions, 1 66, 

1 67, 1 67f 

molecular volume, 1 66, 1 67, 1 67f 

van der Waals constants, 1 68, 1 681 

van der Waals equation, 168 

Rechargeable batteries, 7 1 0-7 1 1 , 

7 1 01. 7 1 1 

Redox reactions 
activity series of halogens, 1 30 

activity series of metals, 128-130, 1 30J 

biological respiration as, 1 30 

combination reactions as, 1 27 

combustion reactions as, 1 30 

decomposition reactions as, 127- 128 

defined, 1 23 

displacement reactions, 1 27-130, 

1 281. 1 29f 

disproportionation, 441 
electrochemistry 

acidic solutions, 683-684, 683f 

basic solutions, 684-685 

electrolytic cells, 682, 686, 687f 

electron movement, 1 23- 1 24, 1 23J 

elements in, 1 26- 1 3 1  

half-reaction method for balancing, 
683-686 

key event, 1 23- 124 

oxidation, 1 24 

oxidation numbers (see Oxidation 
number) 

oxidizing agent, 124, 1 25-1 26, 1 29, 

1 30, 682, 695-700 

redox titrations, 155- 1 57 

reducing agent, 124, 125-1 26, 1 29, 1 30, 

1 301. 425, 427, 428, 44 1 ,  682, 

695-700 

reduction, 124 

terminology, 1 24, 1 251. 682 

voltaic cells, 686, 687-700, 687J 

relative reactivities of metals, 
699-700 

spontaneous redox reactions, 
687-69 1 ,  688, 696-699, 700 

Reducing agent 
alkali metals, 425, 427 

alkaline earth agents, 428 

defined, 1 24, 682, G- ! 2  

i n  displacement reactions, 1 29, 

1 30, 130f 

recognizing, 1 25-126 

relative strengths, 695-700 

Reducing strength, of transition 
elements, 740 

Reduction, 1 24, 682, 6821. G- 1 3  

Refraction, 208, 2091. G- 1 3  

Relative atomic mass, 37, 43, 7 !f, 7211 

Rem (roentgen equivalent for man) 
(unit), 777, G- 1 2  

Representative element, 46 

Reproducibility, in measurement, 9, 

24, G- ! 3  

Resonance hybrid, 300-302, G- 1 3  

Resonance structures (resonance forms) 
defined, 300, G-13  

formal charge and, 302-303 

Lewis structures, 300-302 

Respiration, 1 30 

Retinal, 469 

Rhodopsin, 469 

Ribonucleic acid (RNA), 490 

Ribose, 490 

Rms (root-mean-square) 
speed (unn,), 1 63 

RNA (ribonucleic acid), 486-487 

Roasting copper, 89-90 

Rock salt, 275 

Roentgen equivalent for man (rem) 
(unit), 777, G- 1 3  

Root-mean-square speed (rms speed), 
1 63, G- ! 3  

Roots, in organic compound naming, 
463, 4631, 4641 

Rounding off, 22-24, G-/3 

Rowland, F. Sherwood, 532 

Rubber, 379 

Rubidium, 425-427 

Rusting of iron, 7 1 3-7 15 ,  7 1 31. 7 1 5f 

Rutherford, Ernest, 39-40 



Rutherford's a-scattering experiment, 
39-40, 40J 

Rydberg equation, 2 1 3, 2 1 5J, 2 1 6  

s 
s block, 337, 338J 
s orbital, 226-228, 227J, 324-325, G- 1 3  
Sacrificial anodes, for prevention of 

corrosion, 7 1 5, 7 1 5J 
Salt(s) 

defined, I 1 9, G- 1 3  
dissolution and entropy change, 

658--{559, 658J 
electrolysis of pure molten salts, 

7 1 7-7 1 8, 7 1 8J 
formation, I 22J 
of weakly acidic cations and weakly 

basic anions, 605-606 
yielding acidic solutions, 603--{504, 

6051 
yielding basic solutions, 604, 6051 
yielding neutral solutions, 603, 6051 

Salt bridge, 689--{590, 689J, G- 1 3  
Saltwater, 3 3  
Saturated calomel electrode, 708, 708J 
Saturated hydrocarbons, 463, G- 1 3  
Saturated solution, 399-400, 399J, 

400J, G- 1 3  
Scandium 

appearance of, 736J 
electron configuration, 244, 2451, 7361 
oxidation states, 7401 

Scandium oxide, 740J 
Scatter, 25 
Schrbdinger equation, 22 1 ,  222n, 

236, G- 1 3  
Schrbdinger, Erwin, 22 1 
Scientific method, 7-9, 8J, G- 1 3  
Scientific notation. See Exponential 

notation 
Second (s) (unit), 1 31, 20, G- 1 3  
Second law o f  thermodynamics, 

65 1 --{557, 66 1 ,  G- 1 3  
Secondary batteries, 7 1 0-7 1 I ,  7 ! OJ, 7 1  I 
Secondary structure, of protein, 489, 489J 
Second-order reactions, 5 1 1 -5 1 3, 5 1 2J, 

5 1 3J, 5 I S, 5 1 51 
Seesaw shape, VSEPR theory, 3 1 1 ,  3 1 1J, 

380, 382J, G- 1 3, G- 1 5  
Selenium 

allotropes, 445 
electron configuration, 2451 
properties, 443-445 

Self-ionization. See Autoionization 
Semiconductors, 383, 383J, G- 1 3  
Semi metals, 47. See also Metalloids 
Semipermeable membrane, 4 1 1 ,  G- 1 3  
Serine, molecular structure, 475J 
Shape. See Molecular shape 
Shared pair, 278 
Shell. See Level 
Shielding, 238-239, 250, 25 1 ,  G- 1 3  
SI unit, 1 3-2 1  

base units, 1 3- 1 4, 1 31 
decimal prefixes, 14, 1 41 
defined, 1 3, G- 1 3  
derived units, 1 3  
English equivalents, 1 41 

Side reactions, effect on yield, 93, G- 1 3  
Side-to-side overlap, 33 1 
Sievert (Sv) (unit), 777, G- 1 3  
Sigma (a) bond, 3 3 1 -334, 33 IJ-333J, 

G- 1 3  
Sigma (a) MO, 336, G- 1 3  
Significant figures 

in calculations, 22-24 
defined, 2 1 ,  G- 1 3  
determining, 22 

electronic calculators and, 23 
exact numbers, 23-24 
measuring devices and, 2 1 ,  2 1J 
rounding off, 22-24 

Silicates, 379, 437, 437J, G- 1 3  
Silicon 

bond type, 4331 
chemistry, 437 
diagonal relationship with boron, 

428J, 430 
electron configuration, 24, 243J, 2431 
isotopes, 42-43 
melting point, 4331 
properties, 257, 433-435 

Silicon carbide, 94 
Silicon dioxide 

amorphous structure, 379, 379J 
crystalline structure, 379, 379J 
glass, 366 

Silicon tetrachloride, 290, 29 1 
Silicones, 437, G- 1 3  
Silver 

in batteries, 709, 709J 
in concentration cells, 707, 708, 708J 
displacement reactions, 1 29, 1 29J 
electron configuration, 248 
isotopes, 44-45 
molar mass, 73-74 
in voltaic cell, 69 1 

Silver bromide, 643--{544 
Silver chloride, 638 
Silver chromate, 1 1 3- 1 1 4, 1 1 4J 
Silver ion, 621 
Silver nitrate, 1 1 3-1 14, 1 14J 
Silver sulfide, solubility-product 

constant, 6331 
Simple cubic unit cell, 370, 37 1J, 372, 

373J, G- 1 3  
Single bonds 

alkanes, 463-468 
covalent bonding and, 278, 2791, 2801 
defined, 278, G- 1 3  
functional groups with, 475-477 
functional groups with single and 

double bonds, 479-482 
Lewis structures for molecules with, 

297-299 
orbital overlap, 3 3 1 -333 

Single-displacement reactions, 1 28-1 30 
Slightly soluble ionic compounds 

common-ion effect on solubility, 
636-637, 636J 

equilibria, 632-641 
ion-product expression, 632-633 
molar solubility, 634--{)36, 6361 
pH effect on solubility, 637-638 
precipitate, 638--{539 
solubility-product constant, 632--{536, 

6331, 6361 
Smog, 44 1 
Snowflakes, crystal structure of ice and, 

368, 368J 
Soaps, 480 
Sodium 

electron configuration, 242, 243J, 2431 
ion formation, 48-49, 48J 
ionization energy, 255r 
properties, 33, 331, 257, 425-427 
reaction in water, 700 
reaction with bromine, 273 

Sodium acetate, 599-600, 604 
Sodium chloride 

crystal structure, 377, 377J 
diSSOlving, 397-398, 397J, 399J 
electrolysis, 7 1 7-7 1 8, 7 1 8J 
formation of, 48-49, 48J 
properties, 33, 331, 290, 29 1J 
rock salt, 275 
solubility, 390 

Index 

Sodium chromate, 1 1 3- 1 1 4, 1 1 4J, 740J 
Sodium hydroxide, 720 

dissolving, 397J, 398 
proton transfer, 1 2 1 ,  1 22 

Sodium ions, 48-49, 48J 
Sodium monohydrogen phosphate, 96 
Sodium perchlorate, 450 
Sodium thiosulfate, 643 
Solar energy, 1 97 
Solar system, age of, 774 
Solid, 369-383 

amorphous, 369, 379, 379J 
atomic-scale arrangement of particles, 

4, 4J 
binary ionic compounds as, 48 
bonding in, molecular orbital band 

theory, 380-383, 380J-382J 
chemical equation, specifying 

state in, 84 
crystalline, 369-379, 369J-373J, 

375J, 3761 
defined, 3, G- 1 3  
entropy change with dissolution, 

658--{559, 658J 
kinetic-molecular view, 348-349 
phase changes, 356-358, 357J, 409J, 

435, 435J 
properties, 3481 
solubility and temperature, 400-40 I ,  

400J 
structural features, 369-375 

Solid-gas equilibria, 356 
Solid-liquid equilibria, 356 
Solid-liquid solutions, 392 
Solid-solid solutions, 395 
Solubility 

boiling point and, 3941 
common-ion effect, 636-637, 636J 
complex ion, effect on, 643--{544 
defined, 390, G- 1 3  
equilibria o f  Slightly soluble ionic 

compounds, 632-64 1 
equilibrium, 399-400 
gas-gas solution, 395 
gas-liquid solution, 394-395 
gas-solid solution, 395 
of ionic compounds, 1 09-1 1 2, I I OJ, 

1 1 5- 1 1 6, 1 1 61 
liquid-liquid solution, 392-394 
pH, effect on, 637--{538 
precipitates, 638--{539, 643--{544 
prediction of, 394 
pressure and, 40 1-402, 40lJ 
rules for ionic compounds in 

water, 1 1 61 
solid-liquid solutions, 392 
solid-solid solutions, 395 
temperature and, 400-40 I 

Solubility-product constant (K,p), 
632-636, 6331, 6361, A- I 3, G- 1 3  

Solute 
defined, 95, 390, G- 1 3  
molar mass determination from 

colligative properties, 4 1 2-4 1 3  
vapor pressure and, 407-408, 

407J, 409J 
Solution. See also Solubility; Solute; 

Solution process; Solvent 
acid-base properties of salt solutions, 

603--{506 
balancing redox reactions in 

acidic solutions, 683-684, 683J 
basic solutions, 684-685 

buffered, 96 
colligative properties, 407-4 1 6  

boiling point elevation, 408-409, 
409J, 4091, 4 1 0-4 1 1  

defined, 407 
electrolytes, 407, 4 1 4-4 1 5  

1-17 

fractional distillation, 4 1 3  
freezing point depression, 409, 4091, 

4 1 0-41 1 
nonelectrolytes, 407-41 3, 407J 
osmotic pressure, 4 1  1 -4 1 2, 41 IJ 
solute molar mass and, 4 1 2-4 1 3  
vapor pressure lowering, 407-408, 

407J, 409 
concentration, 402-407 
defined, 60, 390, G- 1 3  
diluting, 96-97, 97J 
electrical conductivity, 1 1 0, I I IJ 
gas-gas, 395 
gas-liquid, 394-395 
gas-solid, 395 
ideal, 407 
intermolecular forces in, 39 1-392, 

39 1J 
liquid-liquid, 392-394 
molarity, calculating, 95 
molecular polarity and, 392-395 
mole-mass-number-volume 

relationships, 95-96, 96J 
physical states, 60 
saturated, 399-400, 399J, 400J 
solid-liquid, 392 
solid-solid, 395 
solution process, 395-399 
stock, 96 
stoichiometry (see Solution 

stoichiometry) 
supersaturated, 400, 400J 
unsaturated, 400 

Solution cycle, 396, 396J 
Solution, heat of (I:J.H,oh,), 396, 396J 
Solution process, 395-399. See also 

Solubility; Solution 
enthalpy change, 396-399, 396J, 

397J, 399J 
entropy change, 398 
heat of hydration, 397-398, 397J 
heat of solution, 396, 396J 

Solution stoichiometry 
chemical reactions in solution, 98-99 
concentration, 95 
molar solutions, preparing and 

diluting, 96-97, 97J 
molarity, 95 

Solvated, 1 1 0, G- 1 3  
Solvation, 1 1 2- 1 1 3, 397, G- 1 3  
Solvent 

alcohols as, 392-393, 393J, 3931 
defined, 95, 390, G- 1 3  
hexane as, 392, 3931, 394 
water as, 1 09-1 1 3, 368, 392-394, 

393J, 3931 
sp hybridization, 325, 326J, 3291, G- 1 3  
Sp2 hybridization, 327, 327J, 3291, G- 1 3  
sp '  hybridization, 327-328, 327J, 328J, 

3291, G- 1 3  
sp'd hybridization, 328, 328J, 3291, G- 1 3  
sp'd2 hybridization, 329, 329J, 

3291, G- 1 3  
Space-filling model, 60, 60J, 464, 464J 
Specific activity, 77 1 
Specific heat capacity (e), 1 87-188, 

1 8711, 1 871, 368, G- 1 3  
Spectator ions, 1 14, 1 1 4J, l i S, 1 1 8, 

1 22, G- 1 3  
Spectra 

absorption, 2 1 7, 2 1 7J 
atomic, 2 1 2-2 1 7  
emission, 2 1 7  
line, 2 1 2-2 1 3, 2 1 2J, 2 1 211, 2 1 3J 

Spectrochemical series, 753, 753J, G- 1 3  
Spectrometry, measuring reaction rates 

by, 505 
Spectrophotometry, 2 1 7, G- 1 3  
Speed o f  light (e), 207, G- 1 3  
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Spin quantum number (111.,), 237, 
2371, G - 1 4  

Spiril, robot vehicle, 780 
Spontaneous change 

defined, 651, G-14 
exothermic and endothennic reactions, 

665, 665f 
free energy change and, 666, 669-67 1 ,  

6701, 67 II. 675 
redox reactions, 687-69 1 ,  688I. 

696-699,700 
second law of thermodynamics and, 

652-653 
temperature and, 669-67 1 ,  6701, 671f 
voltaic cells, 687-69 1 ,  696-699, 700 

Square planar complex 
complex ions, 742, 7421 
erystal field splitting, 756, 756f 
valence bond theory, 749-750, 749/ 

Square planar shape, 3 1 2, 3 1 2I. 
329, G- 14  

Square pyramidal shape, 3 1 2, 3 1 2I. 
329, G - 1 4  

Standard atmosphere (atm) (unit), 
1 4 1 - 142, 1 421, G- 14  

Standard cell potential (E�,"), 692-695, 
693I. 700-708, G- 1 4  

Standard electrode potential (E�'lf_'ol') ' 
693-695, 694J, 696, 6961, 740, 
7401, A- 1 3, G - 1 4  

Standard entropy of reaction (Ll-s;'xnJ, 
66 1 -662, G - 1 4  

Standard free energy change (Ll-GO), 
667, G-14 

Standard free energy of formation (Ll-GfJ, 
668, G- 14  

Standard half-cell potential (E�'lf_<cII)' 
693-695, 694I. 696, 6961, 740, 
7401, A- 1 3  

Standard heat o f  formation (Ll-Hf'J, 
1 94-1 97, 1 951, 1 96I. G-14 

Standard heat of reaction (Ll-tt:xn)' 
1 94- 1 97, 1 96I. 283-286, 284I. 
285I. G - 1 4  

Standard hydrogen electrode, 693-695, 
694f 

Standard molar entropy (SO), 657-66 1 ,  
G- 1 4  

Standard molar volume, 1 47- 1 48,  
1 48I. G - 1 4  

Standard reference half-cell, 693-695, 
694I. G- 14  

Standard states, 194, 1 9411, G- 14  
Standard temperature and pressure (STP), 

1 47, 1 66, G- 1 4  
Stareh, 486-487 
State function, 183-184, 184I. G - 1 4  
States o f  matter 

changes in state (see Phase change) 
defined, 3, G - 1 4  
density, 17 
gas (see Gas) 
kinetic-molecular view, 348-349, 3481 
liquid (see Liquid) 
overview, 3-4, 4I. 1 39- 1 40, 140f 
solid (see Solid) 
specifying in chemical equations, 84 

Stationary states, 2 1 3-214, G - 1 4  
Stearic acid, molecular structure, 479/ 
Steel, speci fic heat capacity of, 1871 
Stereoisomers, 467-468 , 745I. 746-748, 

747I. G- 1 4  
Stereoselective catalysts, 484 
Stock solution, 96 
Stoichiometric coefficient, 83, G- 1 4  
StoiChiometrically equivalent molar 

ratios, 87-90 
Stoichiometry, 69-99 

chemical equations, 82-86 

Index 

chemical formulas, 77-82 
defined, 70, G-14 
electrolysis, 724-726, 724/ 
ideal gas law and, 1 58-1 60, 1 58f 
limiting reactants, 90-93, 98-99 
mass percent, 75-77 
molar ratios from balanced equations, 

87-90 
moles and molar mass, 70-77 
percent yield, 94, 95 
products, 83, 89-90, 98-99 
reactants and products, 83, 87-95, 

98-99 
schematic molecular scene, 

viewing in, 86 
side reactions, 93, 93f 
solution stoichiometry, 95-99 
theoretical yield, 93 
thermochemical equations, 1 9 1 - 1 92 

STP (standard temperature and pressure), 
147, 1 66, G- 14  

Strong acids, 1 18, 1 181, 1 2 1 - 1 22, I 22I.  
579, 580I. 58 1 ,  590, 59 II. 
598-599, 603-604, 6051, 626-627, 
63 1 

strong acid-strong base titration 
curves, 626-627, 626f 

Strong bases, 1 18 ,  1 181, 1 2 1 - 1 22, 1 22}; 
582, 603-604, 6041, 626-630 

strong acid-strong base titration 
curves, 626-627, 626f 

weak acid-strong base titration curves, 
628-630, 628f 

Su·ong electrolyte solutions, eolligative 
properties of, 407 , 4 1 4-4 1 5  

Strong-field ligands, 752, 752f-754I. 
754, G - 1 4  

Strontium 
line spectrum, 2 1 2f 
properties, 428-429 
radioactivity, 772 

Strontium ion, 521 
Structural formula, 5 1 , 60, G - 1 4  
Structural isomers, 8 1 -82, 821. See also 

Constitutional isomers 
Subcritical mass, 786 
Sublevel, 225, 238-239, 239I. 240-241, 

242, 244, 247I. G - 1 4  
Sublimation, 350, 350I. 356, G - 1 4  
Sublimation, heat o f  (Ll-H,nb')' 350, 350f 
Submicroscopic property, 5 
Substance 

compounds as, 33 
defined, 32, G - 1 4  
elements as, 3 2  
mass conservation, 34 

Substitution reactions, 472, 473, G- 14  
Substrate, enzyme, 5 3 1 -532 
Subtraction, significant figures and, 23 
Sucrose, 286 
Suffix, organic compound, 463, 4641 
Sulfate ion, 541, 446 
Sulfide ion, 621, 633 
Sulfite ion, 541, 446 
Sulfur 

allotropes, 445 
chemistry, 446 
eleclron configuration, 242, 

243I. 2431 
molar mass, 72 
ox idation of, 1 92- 1 93 
properties, 443-446 

Sulfur chloride, 290, 29 If 
Sulfur dioxide 

acid rain and, 639, 640 
molar mass, 72 
oxidation, 674 
properties, 446 
roasting copper, 89 

Sulfur hexafluoride 
hybrid orbitals, 329, 329f 
molecular shape, 3 1 2  
valence shells, 305 

Sulfur tetrafluoride, molecular 
shape, 3 1  I 

Sulfur trioxide, 446 
Sulfuric acid, 446 

acid rain, 639 
Lewis stmcture, 305 

Sulfurous acid, 446 
acid rain, 639 
aeid-dissociation constant (K,,), 607 

Superconducting oxides, 382-383, 383f 
Superconductivity, 382-383, 383I. G - 1 4  
Supercooled liquidS, 379 
Supersaturated solution, 400, 400I. G- 1 4  
Surface tension, 365-366, 365I. 3661, 

368, G- 1 4  
Surfactants, 366 
Surroundings 

defined, 178, G- 1 4  
energy flow and, 178-18 1 ,  179I. 

180I. 18 1f 
entropy change, 662-663 

Synthetic macromolecules, 483-485 
System 

defined, 178, G-14 
energy flow to and from, 178- 18 1 ,  

179I. 180I. 18 1f 
entropy change, 661-662 
state function, 183-I 84, 184 

Systematic error, 24-25, G - 1 4  

T 
T shape, VSEPR theory, 3 1 1 ,  3 1  II. G - 1 4  
128 orbitals, 752, 752I. 753, G - 1 4  
Tellurium, properties of, 443-444 
Temperature (T). See also Endothermic 

processes; Exothermic processes 
Charies's law, 144-146 
common values, 1 9f 
converting units of, 20 
defined, 18,  G - 1 4  
Eanh's atmosphere, 1 97- 1 98 
effect of change on equilibrium, 

566-567 
entropy change and, 657-658, 

657I. 663 
free energy change and, 669-67 I ,  

670l, 67 1f 
gases, 1 39, 143, 144-148, 1 45I. 1 50, 

153, 1 60-1 62 
as intensive property, 18 
kinetic-molecular theory and, 1 63 
measuring, 1 8  
molecular speeds, 1 6 1 ,  1 6 1f 
reaction rate and, 500, 500I. 5 1 6-5 1 9, 

5 1 6I. 5 1 9I. 5 1 91 
reaction spontaneity, effect on, 

669-67 1 ,  6701, 67 1/ 
solubility and 

gas solubility, 40 I 
solid solubility, 400-40 1 ,  400f 

standard molar entropy and, 657, 657f 
unit of measurement, 1 3 1  
vapor pressure, effect on, 354-355, 

354J, 355f 
viscosity and, 367, 3671 

Temperature scales, 18-20, 1 9f 
absolute, 19, 1 45 
Celsius, 1 9  
Fahrenheit, 18- 1 9  
Kelvin, 1 9, 145 

Tera- (prefix), 141 
Termolecular elementary step, 524 
Tertiary structure, of protein, 489, 489f 
Tetra- (prefix), 551 

Tetrahedral arrangement 
defined, 309, G - 1 4  
hybrid orbitals, 327-328, 328I. 3291 
VESPR, 307I. 309-3 1 1 , 309f 

Tetrahedral complexes 
crystal field splitting, 755, 755f 
valence bond theory, 750, 750f 

Tetrahedral shape, 307I. 309, 309f 
complex ion, 742, 7421 
hybrid orbitalS, 3291 

Tetraphosphorus decaoxide, 443, 443f 
Tetraphosphorus hexaoxide, 443, 443f 
Tetratomic molecules, 50f 
Thallium 

bond type, 4331 
melting point, 4331 
properties, 430-43 1 

Theoretical yield, 93, 94, 95, G - 1 4  
Theory, in scientific method, 8I. 9 
Thermal decomposition, 1 27 
Thermal energy, 179 
Thermal pollution, 40 1 ,  787 
Thermite, 90 
Thermochemical equation, 1 9 1 - 1 92, 

G - 1 4  
Thermochemical solution cycle, 396 
ThermOChemistry, 177-1 98 

calorimetry, 187-190 
defined, 178, G- 14 
energy forms and interconversion, 

178-184 
enthalpy, 184-186 
Hess's law of heat summation, 192-194 
standard heats of reaction, 1 94- 1 97 
stoichiometry of thermochemical 

equations, 1 9 1 -192 
Thermodynamics 

defined, 178, G- 14  
laws 

firsl, 1 8 1 -182, 65 1 -652 
second, 65 1-657, 66 1 
third, 657-66 1 

standard values for common 
substances, A-5-A-7 

Thermometer, 18, 2 II. G - 1 4  
Third law o f  thermodynamics, 657-66 1 ,  

G - 1 4  
Third-order reactions, 5 10, 5 1 01 
Thompson, William (Lord Kelvin), 1 9  
Thomson, J .  J., 38, 39, 40 
Thorium, 778, 1 065 
Threonine, structure of, 487f 
Threshold frequency, 2 1 0-2 1 1 
Thymine, 49 1 
Time, unit of measurement, 1 31, 20 
Tin 

bond type, 4331 
in electrolytic cells, 7 1 6, 7 1 6f 
melting point, 4331 
properties, 433-435 
tin(ll) and (IV), 541 

Tin(H) chloride, molecular shape, 309 
Titanium 

appearance of, 736/ 
electron configuration, 2451, 261, 

736, 7361 
hexagonal crystal structure, 372 
oxidation states, 740, 7401 

Titanium(IV) oxide, 740f 
Titration. See also Acid-base titration 

curves 
acid-base, I 1 9- 1 2 1 ,  1 201 
defined, 1 19, G - 1 4  
end point, 1 20, 626 
equivalence point, 1 20, 626-629, 63 1 
redox, 1 55- 1 57 

Tokamak design, 788, 788f 
Torr (unit), 142, 1421, G - 1 4  
Torricelli, Evangelista, 1 4 1  



Total ionic equation, 1 1 4, 1 1 4f, 1 1 5 
for acid-base reactions, 1 1 8- 1 1 9  
defined, 1 14, G- 1 5  
reaction o f  weak acids, 1 22 

Trace elements, 756 
Tracers, radioactive, 779-780, 779f, 780f, 

7801, G- 1 5  
trans isomer. See cis-trans isomers 
Transition elements 

actinides, 46, 461 
atomic size, 250f, 2 5 1  
complexes [see Transition metal 

complexes (coordination 
compounds)] 

coordination compounds, 74 1 -748 
defined, 735, G- 1 5  
electron configuration, 244-245, 246f, 

247-248, 249f, 736-737, 7361 
forming more than one ion, 53-54, 541 
inner (see Inner transition elements) 
lanthanide contraction, 739 
monatomic ion, 521 
periodic table, 46, 46f, 735, 7351 
properties, 735-74 1 

chemical, 739-74 1 
color and magnetism, 740-74 1 ,  7401 
metallic behavior and reducing 

strength, 739-740, 7401 
oxidation states, 739, 739f, 7401 
physical and atomic, 737-739, 

737f, 7381 
uses, 735 

Transition metal complexes (coordination 
compounds) 

in biological systems, 756-757, 
7561, 7571 

color, 752-753, 752f, 7531 
crystal field theory, 750-756 
formulas and names, 743-745, 7441 
isomerism, 745-748, 745J-747J 
magnetic properties, 754 
structure, 742, 7421 
valence bond theory, 748-750, 

749f, 750J 
Transition metal ions 

electron configurations of, 260, 
260f, 262 

magnetic properties, 261-262 
Transition state theory, 520-523, 

520J-523f, G- 1 5  
Transuranium element, 776, 7761, G- 1 5  
Tri- (prefix), 551 
Trial and error, 7 
Triglycerides, 480 
Trigonal bipyramidal arrangement 

defined, 3 1 1 ,  G- 1 5  
hybrid orbitals, 328, 328f, 3291 
VSEPR, 307f, 3 1 1 -3 1 2, 3 1 1J 

Trigonal bipyramidal shape, 307f, 
3 / /-3/2, 3 1  If, 3291 

Trigonal planar arrangement 
defined, 308, G- 1 5  
hybrid orbitals, 327, 3291 
VSEPR, 307f, 308-309, 308J 

Trigonal planar shape, 307f, 308-309, 
308J 

defined, 308, G- 1 5  
hybrid orbitals, 3291 

Trigonal pyramidal shape, 309f, 3 1 0, 
328, G- 1 5  

Triiodide ion, 3 12 
Triolein, 286f 
Triple bonds 

alkynes, 469, 4741. 482 
defined. 278, G- 1 5  
functional groups with. 482-483 
molecular shape and, 332 
pi (TI) bond, 332 
sigma (0") bond. 332 

Triple point. 357, 357f, G- 1 5  
Tristearin, 4801 
Tryptophan. structure of, 487J 
Tungsten, electron configuration, 248 
Tyrosine. structure of, 487J 

U 
Ultraviolet (UV) radiation. 207, 207f, 

532. G- 1 5  
Uncertainty i n  measurement. 2 1 -25. 

G- 1 5 
Uncertainty principle, 22 1 .  G- 1 5  
Unimolecular reaction, 524. 5241. G- 1 5  
Unit cell 

body-centered cubic. 370, 37 If, 
372. 373J 

defined, 370, G- 1 5  
face-centered cubic, 370, 3 7  If, 372 
hexagonal cubic, 372, 373J 
packing efficiency. 372, 373f, 374 
simple cubic. 370. 37 If, 372, 373J 

Units of measurement 
arithmetic operations. 9- 1 0  
conversion factors, 1 0- 1 1 ,  1 2- 1 3  
history, 1 3  
S I  units, 1 3-2 1 ,  1 31. 1 41. 1 5J 

Universal gas constant (RJ. 1 48, G- 1 5  
Unsaturated hydrocarbons. 468, G- 1 5  
Unsaturated solution, 400, G- 1 5  
Unshared pair. 278 
Uraci l , 49 1 
Uranium 

enrichment, 1 54 
induced fission. 785-786. 785f, 786J 
isotopes, 42f, 1 64 
mass fraction, calculating, 35 
radioactivity. 774. 778, 785-786 

Urease. 532 

v 
V shape, VSEPR theory, 308f, 309, 

309J 
Valence band, 38 1 ,  G- 1 5  
Valence bond (VB) theory 

central themes, 324-325 
complexes. 748-750, 749f, 750J 

hybrid orbitals in, 749-750. 749f, 
750J 

octahedral, 749, 749J 
square planar, 749-750, 749J 
tetrahedral, 750, 750J 

defined. 324, G- 1 5  
hybrid orbitals, 325-33 1 ,  326J-330f, 

3291 
molecular rotation, 333 
orbital overlap, 324-325, 324f, 

3 3 1 -334, 33 IJ-333J 
single and multiple bonds, 33 1 -334 

Valence electrons, 246, 270-27 1 ,  288. 
297-298, G- 1 5  

Valence shell, expanded. 304-305 
Valence-shell electron-pair repulsion 

(VSEPR) theory, 306-3 1 5  
defined, 306, G- 1 5  
e lectron-group arrangements, 307-308, 

307J 
linear arrangement, 307f, 308, 3081 
molecules with multiple central atoms. 

3 1 4-3 1 5 , 3 1 4J 
octahedral arrangement, 307f, 

3 1 2. 3 1 2J 
square planar shape, 3 1 2, 3 1 2J 
square pyramidal shape, 3 1 2, 3 1 2J 
tetrahedral arrangement, 307f, 

309-3 1 1 , 309J 
trigonal bipyramidal arrangement, 

307f, 3 1 1-3 1 2, 3 1 1J 

Index 

trigonal planar arrangement, 307f, 
308-309, 308J 

trigonal pyramidal shape, 309f, 3 1 0  
using VSEPR to determine molecular 

shape, 3 1 2-3 1 4, 3 1 3J 
Valine, structure of, 487J 
van der Waals constants, 1 68, 1 681  
van der Waals equation, 1 68, G- 1 5  
van der Waals forces, 359 
van der Waals, Johannes, 1 68, 359 
van der Waals radius, 358-359, 358f, 

359f, G- 1 5  
Vanadate ion, 739 
Vanadium 

appearance of, 736J 
atomic radius. 25 1 
electron configuration, 244, 

2451. 7361 
oxidation states, 739, 739f, 7401 

Vanadyl sulfate dihydrate. 740J 
Van't Hoff factor, 4 1 4  
Van't Hoff, Jacobus, 4 1 4  
Vapor pressure 

boiling point and, 355-356 
defined, 353. G- 1 5  
equilibrium, 353 
solute effect on vapor pressure of 

solution, 407-408, 407f, 409J 
temperature and intermolecular forces 

effect on, 354-355, 354f, 355J 
water, 1 56. 1 5 7f, 1 571 

Vapor pressure lowering (6.P). 407-408, 
407f, 409f, G- 1 5  

Vaporization, 349, 353 
defined, 349, G- 1 5  
heat o f  vaporization (6.H",p)' 349. 

350f, 368 
Variable, 9, G- 1 5  
Vibrational motion, 282, 283 
Vibrational motion, entropy and. 660J 
Viscosity 

defined. 367, G- 1 5  
gas. 1 3 9  
intermolecular forces and, 367 
of liquid. 367 
of water, 3671 

Vision, chemistry of, 469 
Vital force, 458 
Vitamin B 12, 608 
Vitamin C, 80-8 1 
Volatile nonelectrolyte solutions, 

colligative properties of, 4 1 3  
Volt (V) (unit), 692, G- 1 5  
Voltage, 692, See also Cell potential 

(E" II) 
Voltaic cells. See also Battery 

cell potential. 692-708 
construction and operation. 688-690, 

688f, 689J 
defined, 686, G- 1 5  
diagramming. 69 1 
electrodes, 686-687, 687f, 690, 690J 
electrolytic cells compared, 686, 687f, 

7 1 6-7 1 7, 7 1 71 
half-cell .  688 
notation, 690-69 1 
oxidizing and reducing agents 

relative reactivities of metals, 
699-700 

relative strengths, 695-700 
spontaneous redox reactions, 

687-69 1 ,  688f, 696-699, 700 
salt bridge. 689-690, 689J 
spontaneous redox reactions, 687-69 1 ,  

688f, 696-699, 700 
standard cell potential, 692-695, 693f, 

700-708 
standard electrode potentials. 693-695, 

694f, 696, 6961 

1·19 

standard hydrogen electrode, 693-695, 
6941 

voltages, 692r 
Volume (V) 

Boyle's law, 143- 1 44, 146 
Charles's law. 144-146 
converting units of, 1 6  
defined. 1 5, G-15  
determining by water displacement, 1 6  
effect o f  change on equilibrium, 

564-566, 565J 
as extensive property, 1 7  
gas, 1 39-140, 143-152, 1 43f, 145f, 

146f, 1 47f, 1 60-1 62 
mole-mass-number-volume 

relationships. 95-96. 96J 
SI-EngJish equivalent quantities, 141 
unit of measurement. 1 41, 1 5- 1 6. 1 5J 

Volume percent [% (v/v)], 404, G- 1 5  
Volumetric glassware, 1 5- 1 6. 1 5J 
VSEPR theory. See Valence-shell 

w 

electron-pair repUlsion (VSEPR) 
theory 

Waage, Peter, 543, 544 
Water 

acids and bases in, 578-582, 580J 
amphoteric nature of, 588 
autoionization of, 583-587, 584J 
chemical change, 3, 3J 
collecting a gas over, 1 56- 1 58, 157J 
cooling curve, 35 1 -352, 35 1J 
covalent bonding. 50 
covalent compounds dissolving in, 

1 1 2-1 1 3  
decomposition. 1 28 
depiction of molecule, 60J 
dipole moment, 3 1 6  
electrolysis, 1 28, 7 1 8-7 1 9, 7 1 8J 
electron distribution in, 109 
formation in acid-base reactions, 

1 1 8- 1 1 9 
hybrid orbitals, 328, 328J 
hydrated ionic compounds, 55, 551 
hydrogen bonds, 367-369, 367J 
hydrogen displacement from, 

1 28- 129 
hydronium ion, 1 1 3, 1 2 1- 1 22, 122 
intermolecular forces. 3 9 1J 
ionic compounds dissolving in, 

109- 1 1 2, I I OJ 
meniscus shape in glass, 366. 366J 
molecular mass. 58 
molecular shape, 3 1 0, 3 1 6 
phase changes, 349-350. 35 1 -352, 

35 1J 
phase diagram for, 357-358, 

357f, 369 
physical change, 3, 3J 
physical states of, 4 
polar nature of. 1 09 
properties 

atomic, 367, 367J 
boiling point, 1 9-20, 1 9J 
boiling point elevation 

constant. 4091 
capiJ1.rity. 368 
density, 368-369, 368J 
freezing point, 1 9-20, 1 9J 
freezing point depression 

constant, 4091 
gas solubility in. 401 
heat of vaporization, 349, 

3501. 368 
molar heat capacity, 352 
specific heat capacity, 1 871. 368 
surface tension, 366, 3661. 368 
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Water-COII/. 
thermal, 368 
vapor pressure, 1571 
viscosity, 3671 

as solvent, 1 09- 1 1 3 ,  368, 392-394, 
393J, 3931, 659, 659f 

uniqueness of, 367-369 
volume measurement by displacement 

of, 1 6  
Water vapor, 368 
Waters of hydration, 55 
Wave 

nature of electrons, 2 18-220, 218J, 2 1 9f 
nature of light, 206-209 
particle behavior compared to, 

208-209, 209f 
Wave function, 222 
Wavelength (h), 206-208, 206J, 207J, 

220, 0- 1 5  
Wave-particle duality, 2 1 8-22 1 ,  0- 1 5  
Waxes, 395 
Weak acids, 1 18,  1 181, 122, 580-582, 

580J, 590, 59 1 -600, 59 1J, 
603-605, 6051, 628-630 

anions as weak bases, 598-599 
dissociation extent, 580, 580f 

Index 

Ka values, 58 1 
weak acid-strong base titration curves, 

628-630, 628f 
weak bases and, 596-600 
weak-acid equilibrium, 59 1 -596 

Weak bases, 1 18 , 582, 596--600, 
603-605, 6041 

anions of weak acids as, 598, 599 
weak acids and, 596-600 
weak base-strong acid titration 

curves, 63 1 
Weak-acid equilibrium problem solving, 

59 1 -596 
acid-dissociation constant (K,,), 

59 1 -596 
concentrations, 592-596 
notation system, 592 
polyprotic acids, 595 

Weak-field ligands, 752, 752f-754J, 
754, 0- 1 5  

Weight, 1 6, 404, 0- 1 5  
Wood, specific heat capacity of, 1871 
Work 

defined, 1 78,  0- 1 5  
energy defined as, 5 
energy transfer as, 1 79, 180-18 1 ,  18 1f 

X 

free energy and electrical work, 
700-708 

free energy change and, 668-669 
pressure-volume work, 18 1 ,  185 
sign conventions, 181 I 
units of measurement, 182  

Xenon, 3 9 1J, 450-452 
Xenon tetrafluoride, 3 1 2  
X-rays 

y 

diffraction, 2 1 9, 2 1 9J, 374-375, 375J, 
0- 1 5  

radiation dose, 778, 7781 
wavelength, 207, 207J, 208 

Yard (yd) (unit), conversion to 
SI units, 1 41 

Yield 
actual, 93, 94, 95 
percent, 94, 95 
side reactions, effect on, 93, 93f 
theoretical, 93, 94, 95 

-yne (suffix), 4741 

Z 
Zero point, temperature scale, 1 9-2 1 
Zero-order reactions, 506, 5 1 2J, 5 1 3, 

5 1 3J, 5 1 5, 5 1 51 
Zinc 

appearance, 737f 
atomic size, 25 1 
in batteries, 709, 709f 
displacement reactions, 1 29 
electron configuration, 245, 

2451 , 7361 
hexagonal crystal structure, 372 
oxidation states, 739, 7401 
in voltaic cells, 687-690, 688J, 689J, 

693-696, 693J, 694J, 700, 
704-705, 705f 

Zinc formate, 605-606 
Zinc iodate, SOlubility-product constant, 

6331 
Zinc ion, 521 
Zinc phosphate, 78 
Zinc sulfate, 643 
Zinc sulfate heptahydrate, 740f 
Zircon, 437 


