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PREFACE

general chemistry text that provides a firm foun-

dation in chemical concepts and principles and to
instill in students an appreciation of the vital part chem-
istry plays in our daily life. It is the responsibility of the
textbook author to assist both instructors and their stu-
dents in their pursuit of this objective by presenting a
broad range of topics in a logical manner. I have tried
to strike a balance between theory and application and
to illustrate basic principles with everyday examples
whenever possible.

In this tenth edition, as in previous editions, my goal
is to create a text that is clear in explaining abstract con-
cepts, concise so that it does not overburden students with
unnecessary extraneous information, yet comprehensive
enough so that it prepares students to move on to the next
level of learning. The encouraging feedback I have re-
ceived from instructors and students has convinced me
that this approach is effective.

From the first edition, my aim has been to write a

What’s New in This Edition?

*  NEW to the chapters is Review of Concepts. This is
a quick knowledge test for the student to gauge his or
her understanding of the concept just presented. The
answers to the Review of Concepts are available in
the Student Solutions Manual and on the companion
ARIS (Assessment, Review, and Instruction System)
website.

*  NEW are powerful connections to electronic home-
work. All of the practice exercises for the Worked
Examples in all chapters are now found within the
ARIS (Assessment, Review, and Instruction System)
electronic homework system. Each end-of-chapter
problem in ARIS is noted in the Electronic Home-
work Problem section.

*  Many NEW end-of-chapter problems with graphical
representation of molecules have been added to test
the conceptual comprehension and critical thinking
skills of the student. The more challenging problems
are listed under the Special Problems section.

*  NEW computer-generated molecular orbital diagrams
are presented in Chapter 10.

*  Many sections have been revised and updated based
on the comments from reviewers and users. Some
examples include:

— Revised the treatment of Amounts of Reactants
and Products in Chapter 3.

— Revised the explanation of thermochemical equa-
tions in Chapter 6.

— Expanded coverage on effective nuclear charge in
Chapter 8.

— Revised the treatment of orientation factor in
Chapter 13.

— Revised the discussion of entropy in Chapter 18.

— Added a new Chemistry in Action (Boron Neutron
Capture Therapy) in Chapter 23.

Problem Solving

The development of problem-solving skills has always
been a major objective of this text. The two major catego-
ries of learning are the worked examples and end of chap-
ter problems. Many of them present extra tidbits of
knowledge and enable the student to solve a chemical
problem that a chemist would solve. The examples and
problems show students the real world of chemistry and
applications to everyday life situations.

*  Worked examples follow a proven step-by-step
strategy and solution.

— Problem statement is the reporting of the facts
needed to solve the problem based on the question
posed.

— Strategy is a carefully thought-out plan or method
to serve as an important function of learning.

— Solution is the process of solving a problem given
in a stepwise manner.

— Check enables the student to compare and verify
with the source information to make sure the an-
swer is reasonable.

— Practice Exercise provides the opportunity to solve
a similar problem in order to become proficient in
this problem type. The Practice Exercises are avail-
able in the ARIS electronic homework system. The
marginal note lists additional similar problems to
work in the end-of-chapter problem section.

Xxi
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End-of-Chapter problems are organized in various
ways. Each section under a topic heading begins
with Review Questions followed by Problems.
The Additional Problems section provides more
problems not organized by sections. Finally, the
Special Problems section contains more challeng-
ing problems.

Visualization

Graphs and Flow Charts are important in science.
In Chemistry, flow charts show the thought process
of a concept and graphs present data to comprehend
the concept.

Molecular art appears in various formats to serve
different needs. Molecular models help to visualize
the three-dimensional arrangement of atoms in a mol-
ecule. Electrostatic potential maps illustrate the elec-
tron density distribution in molecules. Finally, there
is the macroscopic-to-microscopic art, helping stu-
dents understand processes at the molecular level.
Photos are used to help students become familiar
with chemicals and understand how chemical reac-
tions appear in reality.

Figures of apparatus enable the student to visualize
the practical arrangement in a chemistry laboratory.

Study Aids
Setting the Stage

On the two-page opening spread for each chapter the
chapter outline, Student Interactive Activity, and A Look
Ahead appear.

Chapter Outline enables the student to see at a
glance the big picture and focus on the main ideas of
the chapter.

Student Interactive Activity shows where the elec-
tronic media are used in the chapter. A list of the
animations, media player material, and questions in
ARIS homework, as well as the questions with ac-
cess to an electronic tutorial is given. Within the
chapter, icons are used to refer to the items shown in
the Student Interactive Activity list.

A Look Ahead provides the student with an overview
of concepts that will be presented in the chapter.

Tools to Use for Studying

Useful aids for studying are plentiful in Chemistry and
should be used constantly to reinforce the comprehension
of chemical concepts.

Marginal Notes are used to provide hints and feed-
back to enhance the knowledge base for the student.

Worked Examples along with the accompanying
Practice Exercise is a very important tool for learn-
ing and mastering chemistry. The problem-solving
steps guide the student through the critical thinking
necessary for succeeding in chemistry. Using sketches
helps student understand the inner workings of a
problem. (See Example 6.1 on page 237.) A margin
note lists similar problems in the end-of-chapter
problems section, enabling the student to apply new
skill to other problems of the same type. Answers to
the Practice Exercises are listed at the end of the
chapter problems.

Review of Concepts enables the student to evaluate
whether they understand the concept presented in the
section. Answers to the Review of Concepts can be
found in the Student Solution Manual and online in
the accompanying ARIS companion website.

Key Equations are highlighted within the chapter,
drawing the student’s eye to material that needs to be
understood and retained. The key equations are also
presented in the chapter summary materials for easy
access in review and study.

Summary of Facts and Concepts provides a quick
review of concepts presented and discussed in detail
within the chapter.

Key Words are a list of all important terms to help
the student understand the language of chemistry.

Testing Your Knowledge

Review of Concepts lets the student pause and test
his/her understanding of the concept presented and
discussed in the section. Answers to the Review of
Concepts can be found in the Student Solution Man-
ual and online in the accompanying ARIS compan-
ion website.

End-of-Chapter Problems enable the student to
practice critical thinking and problem-solving skills.
The problems are broken into various types:

— By chapter section. Starting with Review Ques-
tions to test basic conceptual understanding, fol-
lowed by Problems to test the student’s skill in
solving problems for that particular section of
the chapter.

— Additional Problems uses knowledge gained from
the various sections and/or previous chapters to
solve the problem.

— The Special Problem section contains more challeng-
ing problems that are suitable for group projects.



Real-Life Relevance

Interesting examples of how chemistry applies to life are
used throughout the text. Analogies are used where ap-
propriate to help foster understanding of abstract chemi-
cal concepts.

* End-of-Chapter Problems pose many relevant
questions for the student to solve. Examples include:
Why do swimming coaches sometimes place a drop
of alcohol in a swimmer’s ear to draw out water?
How does one estimate the pressure in a carbonated
soft drink bottle before removing the cap?

*  Chemistry in Action boxes appear in every chapter
on a variety of topics, each with its own story of how
chemistry can affect a part of life. The student can
learn about the science of scuba diving and nuclear
medicine, among many other interesting cases.

* Chemical Mystery poses a mystery case to the stu-
dent. A series of chemical questions provide clues as
to how the mystery could possibly be solved. Chem-
ical Mystery will foster a high level of critical think-
ing using the basic problem-solving steps built-up
throughout the text.

Instructor’s Resources

ARIS (Assessment, Review, and
Instruction System)

The Assessment, Review, and Instruction System, also
known as ARIS, is an electronic homework and course
management system designed for greater flexibility, power,
and ease of use than any other system. Whether you are
looking for a preplanned course or one you can customize
to fit your course needs, ARIS is your solution.

In addition to having access to all student digital learn-
ing objects, ARIS enables instructors to build assignments
and track student progress, and provides more flexibility.

Build Assignments

*  Choose from prebuilt assignments or create your
own custom content by importing your own content
or editing an existing assignment from the prebuilt
assignment.

* Assignments can include quiz questions, animations,
and videos—anything found on the website.

¢ Create announcements and utilize full course or indi-
vidual student communication tools.

* Assign questions developed following the problem-
solving strategy used within the textual material, en-
abling students to continue the learning process from
the text into their homework assignments in a struc-
tured manner.
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° Assign algorithmic questions providing students
with multiple chances to practice and gain skill at
problem solving on the same concept.

Track Student Progress
* Assignments are automatically graded.

*  Gradebook functionality enables full course manage-
ment including:

— Dropping the lowest grades

— Weighting grades/manually adjusting grades

— Exporting your gradebook to Excel, WebCT, or
BlackBoard

— Manipulating data, enabling you to track student
progress through multiple reports

Offers More Flexibility

* Sharing Course Materials with Colleagues—
Instructors can create and share course materials and
assignments with colleagues with a few clicks of the
mouse, allowing for multiple section courses with
many instructors (and TAs) to continually be in sync
if desired.

* Integration with BlackBoard or WebCT—once a
student is registered in the course, all student activity
within McGraw-Hill’s ARIS is automatically re-
corded and available to the instructor through a fully
integrated grade book that can be downloaded to
Excel, WebCT, or BlackBoard.

Access to your book, access to all books! The Presen-
tation Center library includes thousands of assets from
many McGraw-Hill titles. This ever-growing resource
gives instructors the power to utilize assets specific to an
adopted textbook as well as content from all other books
in the library.

Nothing could be easier! Accessed from the instruc-
tor side of your textbook’s ARIS website, Presentation
Center’s dynamic search engine enables you to explore
by discipline, course, textbook chapter, asset type, or
keyword. Simply browse, select, and download the files
you need to build engaging course materials. All assets
are copyrighted by McGraw-Hill Higher Education but
can be used by instructors for classroom purposes.
Instructors: To access ARIS, request registration infor-
mation from your McGraw-Hill sales representative.

Presentation Center

Accessed from your textbook’s ARIS website, Presenta-
tion Center is an online digital library containing photos,
artwork, animations, and other media types that can be
used to create customized lectures, visually enhanced
tests and quizzes, compelling course websites, or attractive
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printed support materials. All assets are copyrighted by
McGraw-Hill Higher Education, but can be used by in-
structors for classroom purposes. The visual resources in
this collection include:

* Art Full-color digital files of all illustrations in the
book can be readily incorporated into lecture presen-
tations, exams, or custom-made classroom materials.
In addition, all files are preinserted into PowerPoint
slides for ease of lecture preparation.

*  Photos The photos collection contains digital files
of photographs from the text, which can be repro-
duced for multiple classroom uses.

* Tables Every table that appears in the text has been
saved in electronic form for use in classroom presen-
tations and/or quizzes.

* Animations Numerous full-color animations illus-
trating important processes are also provided. Har-
ness the visual impact of concepts in motion by
importing these files into classroom presentations or
online course materials.

*  Media Player The chapter summary and many
animations can be downloaded to a media player for
ease of study on the go.

Also residing on your textbook’s ARIS website are

*  PowerPoint Lecture Outlines Ready-made pre-
sentations that combine art and lecture notes are pro-
vided for each chapter of the text.

*  PowerPoint Slides For instructors who prefer to
create their lectures from scratch, all illustrations,
photos, and tables are preinserted by chapter into
blank PowerPoint slides.

Computerized Test Bank Online

A comprehensive bank of test questions, revised by Ken
Goldsby (Florida State University), is provided within a
computerized test bank enabling you to create paper and
online tests or quizzes in this easy-to-use program.
Imagine being able to create and access your test or quiz
anywhere, at any time.

Instructors can create or edit questions, and drag-and
drop questions to create tests quickly and easily. The test
can be published automatically online to your course and
course management system, or you can print them for
paper-based tests.

The test bank contains over 2000 multiple-choice
and short-answer questions. The questions, which are
graded in difficulty, are comparable to the problems in
the text.

Instructor’s Solution Manual

The Instructor’s Solution Manual is written by Brandon J.
Cruickshank (Northern Arizona University) and Raymond
Chang. The solutions to all of the end-of-chapter prob-
lems are given in the manual. The manual also provides
the difficulty level and category type for each problem.
This manual is online in the text’s ARIS website.

The Instructor’s Manual provides a brief summary
of the contents of each chapter, along with the learning
goals, reference to background concepts in earlier chap-
ters, and teaching tips. This manual is online in the text’s
ARIS website.

Content Delivery Flexibility

Chemistry by Raymond Chang is available in many for-
mats in addition to the traditional textbook to give in-
structors and students more choices when deciding on the
format of their chemistry text. Choices include:

Color Custom by Chapter

For even more flexibility, we offer the Chang Chemistry
text in a full-color, custom version that enables instruc-
tors to pick the chapters they want. Students pay for only
what the instructor chooses.

Electronic Book

If you or your students are ready for an alternative ver-
sion of the traditional textbook, McGraw-Hill can pro-
vide you innovative and inexpensive electronic textbooks.
By purchasing E-books from McGraw-Hill, students can
save as much as 50% on selected titles delivered on an
advanced E-book platform.

E-books from McGraw-Hill are smart, interactive,
searchable, and portable. There is a powerful suite of
built-in tools that enable detailed searching, highlight-
ing, note taking, and student-to-student or instructor-
to-student note sharing. In addition, the media-rich
E-book for Chemistry integrates relevant animations
and videos into the textbook content for a true multi-
media learning experience. E-books from McGraw-Hill
will help students study smarter and quickly find the
information they need. And they will save money. Con-
tact your McGraw-Hill sales representative to discuss
E-book packaging options.

Primis LabBase

The Primis LabBase is by Joseph Lagowski (the Univer-
sity of Texas at Austin). More than 40 general chemistry
experiments are available in this database collection of



general lab experiments from the Journal of Chemical
Education and experiments used by Professor Lagowski
at the University of Texas at Austin, enabling instructors
to customize their lab manuals.

Cooperative Chemistry Laboratory Manual

This innovative guide by Melanie Cooper (Clemson Uni-
versity) features open-ended problems designed to simu-
late experience in a research lab. Working in groups,
students investigate one problem over a period of several
weeks, so that they might complete three or four projects
during the semester, rather than one preprogrammed ex-
periment per class. The emphasis is on experimental design,
analysis problem solving, and communication.

Student Resources

Designed to help students maximize their learning expe-
rience in chemistry—we offer the following options to
students:

ARIS

ARIS (Assessment, Review, and Instruction System) is
an electronic study system that offers students a digital
portal of knowledge.

Students can readily access a variety of digital learn-
ing objects that include:

* chapter-level quizzing
e animations
° interactives

* Media Player downloads of selected content

Intelligent Tutors

Intelligent Tutors, powered by Quantum Tutors, provides
real-time personal tutoring help for struggling and ad-
vanced students with step-by-step feedback and detailed
instruction based on the student’s own work. Immediate
answers are provided to the student over the Internet, day
or night, on topics including chemical reactions, chemical
bonding, equation balancing, equilibrium, oxidation
numbers, stoichiometry, and more. Intelligent Tutors can
be accessed through the ARIS book site.

Student Solutions Manual

The Student Solutions Manual is written by Brandon J.
Cruickshank (Northern Arizona University) and Raymond
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Chang. This supplement contains detailed solutions and ex-
planations for all even-numbered problems in the main text.
The manual also includes a detailed discussion of different
types of problems and approaches to solving chemical prob-
lems and tutorial solutions for many of the end-of-chapter
problems in the text, along with strategies for solving them.

Student Study Guide

This valuable ancillary by Kim Woodrum (University of
Kentucky) contains material to help the student practice
problem-solving skills. For each section of a chapter, the
author provides study objectives and a summary of the
corresponding text. Following the summary are sample
problems with detailed solutions. Each chapter has true-
false questions and a self-test, with all answers provided
at the end of the chapter.

Schaum’s Outline of College Chemistry

This helpful study aid by Jerome Rosenberg (Michigan
State University) and Lawrence Epstein (University of
Pittsburgh) provides students with hundreds of solved and
supplementary problems for the general chemistry course.
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Tools for Success

Reactions in
Aqueous Solutions

Black smokers form when
superheated water, rich in minerals,
flows out onto the ocean Noos
through the lava on an ocean
voleano. The hydogen sulfide
present converts the metals 10
insoluble metnl sulfides. The
models show hydrogen sulfide,
metals ions, and a metal sulfide.

41 | Propenics of
s Solutions
4.2 Procipitation Reactions
43 Acil-Base Reactions
44 Oridation-Reduction
Resctions
45  Concentration of Solations
46 Grvimetric Analysis
47 Ackl Base i
48 Redox Tarations

Enhance your learning by utilizing
the list of media available for the
chapter.

Newtralization Reactions (4,31
Reduction

Preparinig a Solution by

Dhlition (4.5)
Player

Medis
The

i Magnesium

Formation of Ag:S by
Onidation-Reduetion (4.4}
Reac of Cu with
AgNO, (4.4)
Chagter Sumsasy

wtice Problems
apter Probleens

Cuanium Tutors
End of Chapicr Problems

g
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Study Tools

Chapter opening page: Set yourself up for
success by reviewing the chapter outline.

Review “A Look Ahead” to famil-
iarize yourself with the chapter
concepts.

A Look Ahead

®  We begin by studying the propenies of sobutions prepared by dissolving
subanpees in water, called ngueots solutions. Aqueous sobutions can be
classified as noneleciralyte of clectrolyle, depending o their ahility 1o con-
duct ehectricity. (4.1)

*  We will sce that precipitation reactions ane these in which the product ik an
imsoluble compound. We learm 10 represent these reactions using iosic equa-
tions and et ionkc cguations. (4.2),

®  Next, we leam acid-base reactions, which imvolve the wansfer of proton (H' |
from an acid 1o a base. (4.3

*  We then bearn onidation-reduction (redox) reactions in which clectrons are
tranaferred betwien teactants. We will see that there are several types of
redox reactions (4.4)

#  Tocatry out quantitative didies of solutions, we learn how 10 express the
concentrathon of a solution in molarity, (4.5)

: will apply our knowledge of the ke method from Chapter 3
ree Lypes of reactions stisdicd here. We will see how gravimetric
amalysis is wsed 10 study precipitation reactions, and the timation techniqus
it uned 10 study acid-base and redon reactions. (4.6, 4.7, and 4.8)

w the

M.m;. chemical reactions snd virtually all biological processes take place in
waler .

g
i base reactions, and
turil charscteristics and

that oceur in pgueous sol
o reactions. In lat

aplers, we will study

portics of water—ihe so-cufled wiversd sofveni—and jts solutions,




Visuals: Understand the chemical principles
though the various styles of visual aids and
breakdown of important concepts.
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Problem Solving Tools

Examples: Master problem-solving and think through prob-

lems logically and systematically. Review of Concepts
The diagrams here show three compounds AB, (a), AC; (b), and AD; (c)
dissolved in water. Which is the strongest electrolyte and which is the weakest?
(For simplicity, water molecules are not shown.)

© ¢ Qe &
EXAMPLE 4.7 ‘q' - © ©° ™ e 9‘

In a biochemical assay, a chemist needs to add 3.81 g of glucose to a reaction mixture. ® ot ® ¢ 9 «® 0"‘ o
Calculate the volume in milliliters of a 2.53 M glucose solution she should use for the © ©

addition. c o P o O c ‘@
Strategy We must first determine the number of moles contained in 3.81 g of glucose 3 P p
and then use Equation (4.2) 1o calculate the volume. e 5
Solution From the molar mass of glucose, we write L4
o -1 Note that we have camed an adaitsonal
381 g CHRO X — = 211 X 1077 mol CH 105 digit past the number ol significant figures
for the intermodiate stop.
Next, we calculate the volume of the solution that contains 2,114 % 107% mole of the
solute. Rearranging Equation (4.2) gives Review of Concepts:
" Check your understanding by
Al . i
M using the Review of Concepts
_ 2114 % 107° mol CiH 0, . 1000 mL soln f 5
© 253 mol CyH:0./L soln 1L soln tool found after appropnate
= 8.36 mL soln chapter sections.

Check One liter of the solution contains 2.53 moles of CH,;0,. Therefore, the number
of moles in 836 mL or 8.36 % 107" L is (2.53 mol X 836 x 10" or 2.12 X 107% mol.
The small difference is due to the different ways of rounding off. Similar problem: 4.65.

Practice Exercise What volume (in milliliters) of a 0.315 M NaOH solution contains CARIS
6.22 g of NaOH?
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3.68 Consider the combustion of butane (CyH,):

2CH () + 1304(g) — 8CO4(g) + 10H0(/)

In a particular reaction, 5.0 moles of C;H,, are reacted
with an excess of O,. Calculate the number of moles
of CO, formed.

The annual production of sulfur dioxide from burning
coal and fossil fuels, auto exhaust, and other sources is
about 26 million tons. The equation for the reaction is

3.69

8(s) + Oyg) — S0:(g)

How much sulfur (in tons}), present in the original ma-
terials, would result in that quantity of SO,?

Equations

moles of solute

arity = — 4, “alculating molari

molarity o of solotion 4.1) Caleulating molarity
M = :—: (4.2) Calculating molarity
MV, = MV, (4.3) Dilution of solution

Media Player
Chapter Summary

Summary

of Facts and Con¢epts

1. Aqueous solutions are electrically conducting if the sol-
utes are electrolytes, IF the solutes are nonelectrolytes,
the solutions do not conduct electricity,

. Three major categories of chemical reactions that take
place in aqueous solution are precipitation reactions,
acid-base reactions, and oxidation-reduction reactions.

ra

Activity series, p. 142
Aqueous solution, p. 122
Bronsted acid, p. 130
Bronsted base, p. 130
Combination reaction, p. 139
Combustion reaction, p. 141
Concentration of

solution, p. 147
Decomposition

reaction, p. 141
Dilution, p, 149
Diprotic acid, p. 131

Disproportionation
reaction, p. 144
Electrolyte, p. 122
Equivalence point, p. 154
Gravimetric analysis, p. 151
Half-reaction, p. 135
Hydration, p. 177
Hydronium ion
Indicator, p, 15
lomic equation,
Metathesis reac
Molar concentr.

Monoprotic acid, p. 131

Net ionic cquation, p. 127
Neutralization reaction, p. 133
Nonelectrolyte, p. 122
Oxidation number, p. 136
Oxidation state, p. 136

Salt, p. 133

Electronic Homework Problems

The following problems are available at www.aris.mhhe.com
il assigned by your instructor as electronic homework.
- Quantum Tutor problems are also available at the same site.

TARIS ARIS Problems: 4.7, 4.9, 4.17, 4,18, 4.20, 4.21,
422,423,431, 4.33, 443, 446, 4.50, 4,54, 4.56, 4.59,

Questions and Problems

Properties of Aqueous Solutions
Review Questions

4.1  Define solute, solvent, and solution by describing the
process of dissolving a solid in a liquid.
4.2 What is the difference between a nonelectrolyie and

an electrolyte? Between a weak electrolyte and a
strong electrolyte?

3.15
TARIS

376

O]

Solubility, p, 125

TARIS

Limestone (CaCO;) is decomposed by heating to
quicklime (CaO) and carbon dioxide. Calculate how
many grams of quicklime can be produced from 1.0 kg
of limestone.

Nitrous oxide (N2O) is also called “laughing gas.” It
can be prepared by the thermal decomposition of
ammonium nitrate (NHy;NO;). The other product is
H,0. (a) Write a balanced equation for this reaction.
(b) How many grams of N,O are formed if (.46 mole
of NH,NO; is used in the reaction?

Problems at the

end of the chapter:
Practice your skill and
knowledge of concepts by
working problems found
at the end of each chapter.

7. Oxidation numbers help us keep track of charge distri-
bution and are assigned to all atems in a compound or
ion according to specific rules. Oxidation can be de-
fined as an increase in oxidation number; reduction can
be defined as a decrease in oxidation number,

Redox reaction, p, 133
Reducing agent, p. 136
Reduction reaction, p. 136
Reversible reaction, p. 124

4.62,4.70,4.72,4.74, 477, 4.86, 4.87, 4.88, 4.91, 4.95,
4.107,4.110,4.121.

[A] Quantum Tutor Problems: 4.46, 4,47, 4.48, 4,49,
4.50, 4.52, 4.54.

4.6 Lithium fluoride (LiF) is a strong electrolyte. What
species are present in LiF(ag)?

Problems

4.7 The aqueous solutions of three compounds are shown
in the diagram. Identify each compound as a nonelec-

trolyte, a weak electrolyte, and a strong electrolyie.

End of Chapter: Test your knowledge in preparation for exams by utilizing these
tools: Key Equations, Summary, Key Words, Electronic Homework, Questions and

Problems
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Media Tools

Animations: Understand major concepts by viewing animations developed
specifically to reinforce the text content.

Media Player: Learn on the fly by e
downloading text-specific content to | P
your Media Player.

== Media Player

Cwygen

»m  Media Player

| Reduction

Practice Problem from Examples

Practice Exercise How many milliliters of a 0.206 M HI solution are needed to
reduce 22.5 mL of a 0.374 M KMnO; solution according to the following equation:

tLARIS

10HI + 2KMnO; + 3H,50; — 51, + 2MnS0O; + K,50; + 8H.0

Electronic Homework problem

Electronic Homework Problemis

Test your knowledge using
ARIS, the McGraw-Hill solu-
tion to electronic homework.
This system was developed
using time-tested in-chapter
and end-of-chapter problems
from Chang 10th edition. The
author’s “voice” is carried
from the textbook questions to
those found in the ARIS

The following problems are available at www.aris mbhe.com
il assigned by your instructor as electronic homework.
Quantum Tutor problems are also available at the same site.

TARs  ARIS Problems: 9.13, 9,14, 9.15, 9,16, 9.18,

9.19,9.26, 9.36, 9.37, 9.39, 9.40, 9.43, 9.44, 945, 9.46,
9.47,9.52, 9.54, 9.55, 9.63, 9.65, 9.66,9.69,9.71,9.73,
9.77,9.79, 9.85, 9.90, 9.105, 9.107, 9.109, 9.111, 9.117,
9.118,9.120,9.123, 9.125.
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molar mass of this compound is about 78 g, what is its

Camrragha B To Gl o Fommn e

L )
o )
-]
g whatin
e ar - & Cnnc e v
=

Quantum Tutors: just like working
with a human tutor!

Get homework help 24/7.



A NOTE to the Student

eneral chemistry is commonly perceived to be
Gmore difficult than most other subjects. There is

some justification for this perception. For one
thing, chemistry has a very specialized vocabulary. At
first, studying chemistry is like learning a new language.
Furthermore, some of the concepts are abstract. Never-
theless, with diligence you can complete this course suc-
cessfully, and you might even enjoy it. Here are some
suggestions to help you form good study habits and mas-
ter the material in this text.

* Attend classes regularly and take careful notes.

e If possible, always review the topics discussed in
class the same day they are covered in class. Use this
book to supplement your notes.

*  Think critically. Ask yourself if you really under-
stand the meaning of a term or the use of an equation.
A good way to test your understanding is to explain
a concept to a classmate or some other person.

* Do not hesitate to ask your instructor or your teach-
ing assistant for help.

The tenth edition tools for Chemistry are designed to en-
able you to do well in your general chemistry course. The
following guide explains how to take full advantage of
the text, technology, and other tools.

*  Before delving into the chapter, read the chapter out-
line and the chapter introduction to get a sense of the
important topics. Use the outline to organize your
note taking in class.

e Use the Student Interactive Activity as a guide to re-
view challenging concepts in motion. The anima-
tions, media player content, and electronic homework
including tutorials are valuable in presenting a con-
cept and enabling the student to manipulate or choose
steps so full understanding can happen.

XXXil

* At the end of each chapter, you will find a summary
of facts and concepts, the key equations, and a list
of key words, all of which will help you review for
exams.

* Definitions of the key words can be studied in con-
text on the pages cited in the end-of-chapter list or in
the glossary at the back of the book.

*  ARIS houses an extraordinary amount of resources.
Go to www.mhhe.com/physsci/chemistry/chang and
click on the appropriate cover to explore animations,
download content to your Media Player, do your
homework electronically, and more.

* Careful study of the worked-out examples in the
body of each chapter will improve your ability to
analyze problems and correctly carry out the calcula-
tions needed to solve them. Also take the time to
work through the practice exercise that follows each
example to be sure you understand how to solve the
type of problem illustrated in the example. The an-
swers to the practice exercises appear at the end of
the chapter, following the end-of-chapter problems.
For additional practice, you can turn to similar prob-
lems referred to in the margin next to the example.

* The questions and problems at the end of the chapter
are organized by section.

*  The back inside cover shows a list of important fig-
ures and tables with page references. This index
makes it convenient to quickly look up information
when you are solving problems or studying related
subjects in different chapters.

If you follow these suggestions and stay up-to-date
with your assignments, you should find that chemistry is
challenging, but less difficult and much more interesting
than you expected.

—Raymond Chang


http://www.mhhe.com/physsci/chemistry/chang
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Chemistry
The Study of Change

A hydrogen-filled balloon
exploding when heated with a
flame. The hydrogen gas reacts
with oxygen in air to form water
vapor. Chemistry is the study of
the properties of matter and the
changes it undergoes. The models
show hydrogen, oxygen, and water
molecules.
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A Look Ahead

e We begin with a brief introduction to the study of chemistry and describe
its role in our modern society. (1.1 and 1.2)

e Next, we become familiar with the scientific method, which is a systematic
approach to research in all scientific disciplines. (1.3)

e We define matter and note that a pure substance can either be an element
or a compound. We distinguish between a homogeneous mixture and a het-
erogeneous mixture. We also learn that, in principle, all matter can exist in
one of three states: solid, liquid, and gas. (1.4 and 1.5)

e To characterize a substance, we need to know its physical properties, which
can be observed without changing its identity and chemical properties, which
can be demonstrated only by chemical changes. (1.6)

e Being an experimental science, chemistry involves measurements. We learn
the basic SI units and use the SI-derived units for quantities like volume and
density. We also become familiar with the three temperature scales: Celsius,
Fahrenheit, and Kelvin. (1.7)

e Chemical calculations often involve very large or very small numbers and a
convenient way to deal with these numbers is the scientific notation. In
calculations or measurements, every quantity must show the proper number
of significant figures, which are the meaningful digits. (1.8)

e Finally, we learn that dimensional analysis is useful in chemical calculations.
By carrying the units through the entire sequence of calculations, all the
units will cancel except the desired one. (1.9)

hemistry is an active, evolving science that has vital importance to our

world, in both the realm of nature and the realm of society. Its roots are
ancient, but as we will see, chemistry is every bit a modern science.

We will begin our study of chemistry at the macroscopic level, where we
can see and measure the materials of which our world is made. In this chapter,
we will discuss the scientific method, which provides the framework for research
not only in chemistry but in all other sciences as well. Next we will discover
how scientists define and characterize matter. Then we will spend some time
learning how to handle numerical results of chemical measurements and solve
numerical problems. In Chapter 2, we will begin to explore the microscopic world
of atoms and molecules.
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A

The Chinese characters for chemistry
mean “The study of change.”

Chemistry: A Science for the Twenty-First Century

Chemistry is the study of matter and the changes it undergoes. Chemistry is often
called the central science, because a basic knowledge of chemistry is essential for
students of biology, physics, geology, ecology, and many other subjects. Indeed, it is
central to our way of life; without it, we would be living shorter lives in what we
would consider primitive conditions, without automobiles, electricity, computers, CDs,
and many other everyday conveniences.

Although chemistry is an ancient science, its modern foundation was laid in the
nineteenth century, when intellectual and technological advances enabled scientists to
break down substances into ever smaller components and consequently to explain
many of their physical and chemical characteristics. The rapid development of increas-
ingly sophisticated technology throughout the twentieth century has given us even
greater means to study things that cannot be seen with the naked eye. Using comput-
ers and special microscopes, for example, chemists can analyze the structure of atoms
and molecules—the fundamental units on which the study of chemistry is based—and
design new substances with specific properties, such as drugs and environmentally
friendly consumer products.

As we enter the twenty-first century, it is fitting to ask what part the central sci-
ence will have in this century. Almost certainly, chemistry will continue to play a
pivotal role in all areas of science and technology. Before plunging into the study of
matter and its transformation, let us consider some of the frontiers that chemists are
currently exploring (Figure 1.1). Whatever your reasons for taking general chemistry,
a good knowledge of the subject will better enable you to appreciate its impact on
society and on you as an individual.

Health and Medicine

Three major advances in the past century have enabled us to prevent and treat diseases.
They are public health measures establishing sanitation systems to protect vast num-
bers of people from infectious disease; surgery with anesthesia, enabling physicians
to cure potentially fatal conditions, such as an inflamed appendix; and the introduction
of vaccines and antibiotics that make it possible to prevent diseases spread by microbes.
Gene therapy promises to be the fourth revolution in medicine. (A gene is the basic
unit of inheritance.) Several thousand known conditions, including cystic fibrosis and
hemophilia, are carried by inborn damage to a single gene. Many other ailments, such
as cancer, heart disease, AIDS, and arthritis, result to an extent from impairment of
one or more genes involved in the body’s defenses. In gene therapy, a selected healthy
gene is delivered to a patient’s cell to cure or ease such disorders. To carry out such
a procedure, a doctor must have a sound knowledge of the chemical properties of the
molecular components involved. The decoding of the human genome, which com-
prises all of the genetic material in the human body and plays an essential part in
gene therapy, relies largely on chemical techniques.

Chemists in the pharmaceutical industry are researching potent drugs with few
or no side effects to treat cancer, AIDS, and many other diseases as well as drugs to
increase the number of successful organ transplants. On a broader scale, improved
understanding of the mechanism of aging will lead to a longer and healthier life span
for the world’s population.

Energy and the Environment

Energy is a by-product of many chemical processes, and as the demand for energy
continues to increase, both in technologically advanced countries like the United
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Figure 1.1 (a) The output from an automated DNA sequencing machine. Each lane displays the
sequence (indicated by different colors) obtained with a separate DNA sample. (b) Photovoltaic
cells. (c) A silicon wafer being processed. (d) The leaf on the left was taken from a tobacco plant
that was not genetically engineered but was exposed to tobacco horn worms. The leaf on the
right was genetically engineered and is barely attacked by the worms. The same technique can
be applied to protect the leaves of other types of plants.

States and in developing ones like China, chemists are actively trying to find new
energy sources. Currently the major sources of energy are fossil fuels (coal, petroleum,
and natural gas). The estimated reserves of these fuels will last us another 50-100
years, at the present rate of consumption, so it is urgent that we find alternatives.

Solar energy promises to be a viable source of energy for the future. Every year
Earth’s surface receives about 10 times as much energy from sunlight as is contained
in all of the known reserves of coal, oil, natural gas, and uranium combined. But
much of this energy is “wasted” because it is reflected back into space. For the past
30 years, intense research efforts have shown that solar energy can be harnessed
effectively in two ways. One is the conversion of sunlight directly to electricity using
devices called photovoltaic cells. The other is to use sunlight to obtain hydrogen
from water. The hydrogen can then be fed into a fuel cell to generate electricity.
Although our understanding of the scientific process of converting solar energy to
electricity has advanced, the technology has not yet improved to the point where we
can produce electricity on a large scale at an economically acceptable cost. By 2050,
however, it has been predicted that solar energy will supply over 50 percent of our
power needs.
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Another potential source of energy is nuclear fission, but because of environmental
concerns about the radioactive wastes from fission processes, the future of the nuclear
industry in the United States is uncertain. Chemists can help to devise better ways to
dispose of nuclear waste. Nuclear fusion, the process that occurs in the sun and other
stars, generates huge amounts of energy without producing much dangerous radioactive
waste. In another 50 years, nuclear fusion will likely be a significant source of energy.

Energy production and energy utilization are closely tied to the quality of our
environment. A major disadvantage of burning fossil fuels is that they give off carbon
dioxide, which is a greenhouse gas (that is, it promotes the heating of Earth’s
atmosphere), along with sulfur dioxide and nitrogen oxides, which result in acid rain
and smog. (Harnessing solar energy has no such detrimental effects on the environ-
ment.) By using fuel-efficient automobiles and more effective catalytic converters, we
should be able to drastically reduce harmful auto emissions and improve the air quality
in areas with heavy traffic. In addition, electric cars, powered by durable, long-lasting
batteries, and hybrid cars, powered by both batteries and gasoline, should become
more prevalent, and their use will help to minimize air pollution.

Materials and Technology

Chemical research and development in the twentieth century have provided us with new
materials that have profoundly improved the quality of our lives and helped to advance
technology in countless ways. A few examples are polymers (including rubber and
nylon), ceramics (such as cookware), liquid crystals (like those in electronic displays),
adhesives (used in your Post-It notes), and coatings (for example, latex paint).

What is in store for the near future? One likely possibility is room-temperature
superconductors. Electricity is carried by copper cables, which are not perfect conduc-
tors. Consequently, about 20 percent of electrical energy is lost in the form of heat
between the power station and our homes. This is a tremendous waste. Superconductors
are materials that have no electrical resistance and can therefore conduct electricity with
no energy loss. Although the phenomenon of superconductivity at very low temperatures
(more than 400 degrees Fahrenheit below the freezing point of water) has been known
for over 90 years, a major breakthrough in the mid-1980s demonstrated that it is pos-
sible to make materials that act as superconductors at or near room temperature. Chem-
ists have helped to design and synthesize new materials that show promise in this quest.
The next 30 years will see high-temperature superconductors being applied on a large
scale in magnetic resonance imaging (MRI), levitated trains, and nuclear fusion.

If we had to name one technological advance that has shaped our lives more than
any other, it would be the computer. The “engine” that drives the ongoing computer
revolution is the microprocessor—the tiny silicon chip that has inspired countless
inventions, such as laptop computers and fax machines. The performance of a micro-
processor is judged by the speed with which it carries out mathematical operations,
such as addition. The pace of progress is such that since their introduction, micro-
processors have doubled in speed every 18 months. The quality of any microprocessor
depends on the purity of the silicon chip and on the ability to add the desired amount
of other substances, and chemists play an important role in the research and develop-
ment of silicon chips. For the future, scientists have begun to explore the prospect of
“molecular computing,” that is, replacing silicon with molecules. The advantages are
that certain molecules can be made to respond to light, rather than to electrons, so
that we would have optical computers rather than electronic computers. With proper
genetic engineering, scientists can synthesize such molecules using microorganisms
instead of large factories. Optical computers also would have much greater storage
capacity than electronic computers.
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Food and Agriculture

How can the world’s rapidly increasing population be fed? In poor countries, agricultural
activities occupy about 80 percent of the workforce, and half of an average family bud-
get is spent on foodstuffs. This is a tremendous drain on a nation’s resources. The factors
that affect agricultural production are the richness of the soil, insects and diseases that
damage crops, and weeds that compete for nutrients. Besides irrigation, farmers rely on
fertilizers and pesticides to increase crop yield. Since the 1950s, treatment for crops suf-
fering from pest infestations has sometimes been the indiscriminate application of potent
chemicals. Such measures have often had serious detrimental effects on the environment.
Even the excessive use of fertilizers is harmful to the land, water, and air.

To meet the food demands of the twenty-first century, new and novel approaches
in farming must be devised. It has already been demonstrated that, through biotechnol-
ogy, it is possible to grow larger and better crops. These techniques can be applied
to many different farm products, not only for improved yields, but also for better
frequency, that is, more crops every year. For example, it is known that a certain
bacterium produces a protein molecule that is toxic to leaf-eating caterpillars. Incor-
porating the gene that codes for the toxin into crops enables plants to protect them-
selves so that pesticides are not necessary. Researchers have also found a way to
prevent pesky insects from reproducing. Insects communicate with one another by
emitting and reacting to special molecules called pheromones. By identifying and
synthesizing pheromones used in mating, it is possible to interfere with the normal
reproductive cycle of common pests; for example, by inducing insects to mate too
soon or tricking female insects into mating with sterile males. Moreover, chemists can
devise ways to increase the production of fertilizers that are less harmful to the envi-
ronment and substances that would selectively kill weeds.

The Study of Chemistry

Compared with other subjects, chemistry is commonly believed to be more difficult, at
least at the introductory level. There is some justification for this perception; for one
thing, chemistry has a very specialized vocabulary. However, even if this is your first
course in chemistry, you already have more familiarity with the subject than you may
realize. In everyday conversations we hear words that have a chemical connection,
although they may not be used in the scientifically correct sense. Examples are “elec-
tronic,” “quantum leap,” “equilibrium,” “catalyst,” “chain reaction,” and “critical mass.”
Moreover, if you cook, then you are a practicing chemist! From experience gained in
the kitchen, you know that oil and water do not mix and that boiling water left on the
stove will evaporate. You apply chemical and physical principles when you use baking
soda to leaven bread, choose a pressure cooker to shorten the time it takes to prepare
soup, add meat tenderizer to a pot roast, squeeze lemon juice over sliced pears to prevent
them from turning brown or over fish to minimize its odor, and add vinegar to the water
in which you are going to poach eggs. Every day we observe such changes without
thinking about their chemical nature. The purpose of this course is to make you think
like a chemist, to look at the macroscopic world—the things we can see, touch, and
measure directly—and visualize the particles and events of the microscopic world that
we cannot experience without modern technology and our imaginations.

At first some students find it confusing that their chemistry instructor and textbook
seem to be continually shifting back and forth between the macroscopic and microscopic
worlds. Just keep in mind that the data for chemical investigations most often come
from observations of large-scale phenomena, but the explanations frequently lie in the

99 <



8 Chemistry: The Study of Change

Figure 1.2 A simplified molecular view of rust (Fe,Os) formation from iron (Fe) atoms and oxygen molecules (Oy). In reality the
process requires water, and rust also contains water molecules.

unseen and partially imagined microscopic world of atoms and molecules. In other
words, chemists often see one thing (in the macroscopic world) and think another (in
the microscopic world). Looking at the rusted nails in Figure 1.2, for example, a chem-
ist might think about the basic properties of individual atoms of iron and how these
units interact with other atoms and molecules to produce the observed change.

The Scientific Method

All sciences, including the social sciences, employ variations of what is called the sci-
entific method, a systematic approach to research. For example, a psychologist who
wants to know how noise affects people’s ability to learn chemistry and a chemist
interested in measuring the heat given off when hydrogen gas burns in air would follow
roughly the same procedure in carrying out their investigations. The first step is to care-
fully define the problem. The next step includes performing experiments, making care-
ful observations, and recording information, or data, about the system—the part of the
universe that is under investigation. (In the examples just discussed, the systems are the
group of people the psychologist will study and a mixture of hydrogen and air.)

The data obtained in a research study may be both qualitative, consisting of
general observations about the system, and quantitative, comprising numbers obtained
by various measurements of the system. Chemists generally use standardized symbols
and equations in recording their measurements and observations. This form of repre-
sentation not only simplifies the process of keeping records, but also provides a com-
mon basis for communication with other chemists.

When the experiments have been completed and the data have been recorded, the
next step in the scientific method is interpretation, meaning that the scientist attempts
to explain the observed phenomenon. Based on the data that were gathered, the
researcher formulates a hypothesis, a tentative explanation for a set of observations.
Further experiments are devised to test the validity of the hypothesis in as many ways
as possible, and the process begins anew. Figure 1.3 summarizes the main steps of
the research process.



1.3 The Scientific Method

Observation -———————— Representation = —— Interpretation

After a large amount of data has been collected, it is often desirable to summarize
the information in a concise way, as a law. In science, a law is a concise verbal or
mathematical statement of a relationship between phenomena that is always the same
under the same conditions. For example, Sir Isaac Newton’s second law of motion,
which you may remember from high school science, says that force equals mass times
acceleration (F = ma). What this law means is that an increase in the mass or in the
acceleration of an object will always increase its force proportionally, and a decrease
in mass or acceleration will always decrease the force.

Hypotheses that survive many experimental tests of their validity may evolve into
theories. A theory is a unifying principle that explains a body of facts and/or those
laws that are based on them. Theories, too, are constantly being tested. If a theory is
disproved by experiment, then it must be discarded or modified so that it becomes
consistent with experimental observations. Proving or disproving a theory can take
years, even centuries, in part because the necessary technology may not be available.
Atomic theory, which we will study in Chapter 2, is a case in point. It took more than
2000 years to work out this fundamental principle of chemistry proposed by
Democritus, an ancient Greek philosopher. A more contemporary example is the Big
Bang theory of the origin of the universe discussed on page 10.

Scientific progress is seldom, if ever, made in a rigid, step-by-step fashion. Some-
times a law precedes a theory; sometimes it is the other way around. Two scientists
may start working on a project with exactly the same objective, but will end up tak-
ing drastically different approaches. Scientists are, after all, human beings, and their
modes of thinking and working are very much influenced by their background, train-
ing, and personalities.

The development of science has been irregular and sometimes even illogical.
Great discoveries are usually the result of the cumulative contributions and experi-
ence of many workers, even though the credit for formulating a theory or a law is
usually given to only one individual. There is, of course, an element of luck
involved in scientific discoveries, but it has been said that “chance favors the pre-
pared mind.” It takes an alert and well-trained person to recognize the significance
of an accidental discovery and to take full advantage of it. More often than not,
the public learns only of spectacular scientific breakthroughs. For every success
story, however, there are hundreds of cases in which scientists have spent years
working on projects that ultimately led to a dead end, and in which positive
achievements came only after many wrong turns and at such a slow pace that they
went unheralded. Yet even the dead ends contribute something to the continually
growing body of knowledge about the physical universe. It is the love of the search
that keeps many scientists in the laboratory.

Review of Concepts

Which of the following statements is true?
(a) A hypothesis always leads to the formulation of a law.
(b) The scientific method is a rigid sequence of steps in solving problems.
(c) A law summarizes a series of experimental observations; a theory provides
an explanation for the observations.

Figure 1.3 The three levels of
studying chemistry and their
relationships. Observation deals
with events in the macroscopic
world; atoms and molecules
constitute the microscopic world.
Representation is a scientific
shorthand for describing an
experiment in symbols and
chemical equations. Chemists
use their knowledge of atoms
and molecules to explain an
observed phenomenon.
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Primordial Helium and the Big Bang Theory

here did we come from? How did the universe begin?

Humans have asked these questions for as long as we
have been able to think. The search for answers provides an
example of the scientific method.

In the 1940s the Russian-American physicist George Gamow
hypothesized that our universe burst into being billions of years
ago in a gigantic explosion, or Big Bang. In its earliest moments,
the universe occupied a tiny volume and was unimaginably hot.
This blistering fireball of radiation mixed with microscopic parti-
cles of matter gradually cooled enough for atoms to form. Under
the influence of gravity, these atoms clumped together to make
billions of galaxies including our own Milky Way Galaxy.

Gamow’s idea is interesting and highly provocative. It has
been tested experimentally in a number of ways. First, measure-
ments showed that the universe is expanding; that is, galaxies
are all moving away from one another at high speeds. This fact
is consistent with the universe’s explosive birth. By imagining
the expansion running backward, like a movie in reverse, as-
tronomers have deduced that the universe was born about
13 billion years ago. The second observation that supports
Gamow’s hypothesis is the detection of cosmic background ra-
diation. Over billions of years, the searingly hot universe has
cooled down to a mere 3 K (or —270°C)! At this temperature,
most energy is in the microwave region. Because the Big Bang
would have occurred simultaneously throughout the tiny vol-
ume of the forming universe, the radiation it generated should
have filled the entire universe. Thus, the radiation should be the
same in any direction that we observe. Indeed, the microwave
signals recorded by astronomers are independent of direction.

The third piece of evidence supporting Gamow’s hypothesis
is the discovery of primordial helium. Scientists believe that he-
lium and hydrogen (the lightest elements) were the first elements
formed in the early stages of cosmic evolution. (The heavier ele-
ments, like carbon, nitrogen, and oxygen, are thought to have
originated later via nuclear reactions involving hydrogen and he-
lium in the center of stars.) If so, a diffuse gas of hydrogen and
helium would have spread through the early universe before
many of the galaxies formed. In 1995, astronomers analyzed

A color photo of some distant galaxy, including the position of a quasar.

ultraviolet light from a distant guasar (a strong source of light and
radio signals that is thought to be an exploding galaxy at the edge
of the universe) and found that some of the light was absorbed by
helium atoms on the way to Earth. Because this particular quasar
is more than 10 billion light-years away (a light-year is the dis-
tance traveled by light in a year), the light reaching Earth reveals
events that took place 10 billion years ago. Why wasn’t the more
abundant hydrogen detected? A hydrogen atom has only one
electron, which is stripped by the light from a quasar in a process
known as ionization. Ionized hydrogen atoms cannot absorb any
of the quasar’s light. A helium atom, on the other hand, has two
electrons. Radiation may strip a helium atom of one electron, but
not always both. Singly ionized helium atoms can still absorb
light and are therefore detectable.

Proponents of Gamow’s explanation rejoiced at the detec-
tion of helium in the far reaches of the universe. In recognition
of all the supporting evidence, scientists now refer to Gamow’s
hypothesis as the Big Bang theory.

Classifications of Matter

We defined chemistry at the beginning of the chapter as the study of matter and the
changes it undergoes. Matter is anything that occupies space and has mass. Matter
includes things we can see and touch (such as water, earth, and trees), as well as
things we cannot (such as air). Thus, everything in the universe has a “chemical”

connection.
10
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Chemists distinguish among several subcategories of matter based on composi-
tion and properties. The classifications of matter include substances, mixtures,
elements, and compounds, as well as atoms and molecules, which we will consider
in Chapter 2.

Substances and Mixtures

A substance is a form of matter that has a definite (constant) composition and distinct
properties. Examples are water, ammonia, table sugar (sucrose), gold, and oxygen.
Substances differ from one another in composition and can be identified by their
appearance, smell, taste, and other properties.

A mixture is a combination of two or more substances in which the substances
retain their distinct identities. Some familiar examples are air, soft drinks, milk, and
cement. Mixtures do not have constant composition. Therefore, samples of air col-
lected in different cities would probably differ in composition because of differences
in altitude, pollution, and so on.

Mixtures are either homogeneous or heterogeneous. When a spoonful of sugar
dissolves in water we obtain a homogeneous mixture in which the composition of the
mixture is the same throughout. If sand is mixed with iron filings, however, the sand
grains and the iron filings remain separate (Figure 1.4). This type of mixture is called
a heterogeneous mixture because the composition is not uniform.

Any mixture, whether homogeneous or heterogeneous, can be created and then
separated by physical means into pure components without changing the identities of
the components. Thus, sugar can be recovered from a water solution by heating the
solution and evaporating it to dryness. Condensing the vapor will give us back the
water component. To separate the iron-sand mixture, we can use a magnet to remove
the iron filings from the sand, because sand is not attracted to the magnet [see Fig-
ure 1.4(b)]. After separation, the components of the mixture will have the same com-
position and properties as they did to start with.

Elements and Compounds

Substances can be either elements or compounds. An element is a substance that
cannot be separated into simpler substances by chemical means. To date, 117
elements have been positively identified. Most of them occur naturally on Earth. The

(@) (b)

Figure 1.4 (a) The mixture
contains iron filings and sand.
(b) A magnet separates the iron
filings from the mixture. The
same technique is used on a
larger scale to separate iron and
steel from nonmagnetic objects
such as aluminum, glass, and

plastics.
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TABLE 1.1 Some Common Elements and Their Symbols

Name Symbol Name Symbol Name Symbol
Aluminum Al Fluorine E Oxygen (0]
Arsenic As Gold Au Phosphorus P
Barium Ba Hydrogen H Platinum Pt
Bismuth Bi Iodine I Potassium K
Bromine Br Iron Fe Silicon Si
Calcium Ca Lead Pb Silver Ag
Carbon C Magnesium Mg Sodium Na
Chlorine Cl Manganese Mn Sulfur S
Chromium Cr Mercury Hg Tin Sn
Cobalt Co Nickel Ni Tungsten '
Copper Cu Nitrogen N Zinc Zn

others have been created by scientists via nuclear processes, which are the subject
of Chapter 23 of this text.

For convenience, chemists use symbols of one or two letters to represent the ele-
ments. The first letter of a symbol is always capitalized, but any following letters are
not. For example, Co is the symbol for the element cobalt, whereas CO is the formula
for the carbon monoxide molecule. Table 1.1 shows the names and symbols of some of
the more common elements; a complete list of the elements and their symbols appears
inside the front cover of this book. The symbols of some elements are derived from
their Latin names—for example, Au from aurum (gold), Fe from ferrum (iron), and Na
from natrium (sodium)—whereas most of them come from their English names. Appen-
dix 1 gives the origin of the names and lists the discoverers of most of the elements.

Atoms of most elements can interact with one another to form compounds. Hydro-
gen gas, for example, burns in oxygen gas to form water, which has properties that are
distinctly different from those of the starting materials. Water is made up of two parts
hydrogen and one part oxygen. This composition does not change, regardless of whether
the water comes from a faucet in the United States, a lake in Outer Mongolia, or the
ice caps on Mars. Thus, water is a compound, a substance composed of atoms of two
or more elements chemically united in fixed proportions. Unlike mixtures, compounds
can be separated only by chemical means into their pure components.

The relationships among elements, compounds, and other categories of matter are
summarized in Figure 1.5.

Review of Concepts

Which of the following diagrams represent elements and which represent
compounds? Each color sphere (or truncated sphere) represents an atom.

0‘5 o.o :t .l.o
e
oo %°va @9
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1.5 The Three States of Matter

Matter
. Separation by Pure
Mixtures -
physical methods substances
Separation b
Homf)geneous Heter.ogeneous Compounds p Y Elements
mixtures mixtures chemical methods

Figure 1.5 Ciassification of matter.

The Three States of Matter

All substances, at least in principle, can exist in three states: solid, liquid, and gas.
As Figure 1.6 shows, gases differ from liquids and solids in the distances between
the molecules. In a solid, molecules are held close together in an orderly fashion with
little freedom of motion. Molecules in a liquid are close together but are not held so
rigidly in position and can move past one another. In a gas, the molecules are sepa-
rated by distances that are large compared with the size of the molecules.

The three states of matter can be interconverted without changing the composition
of the substance. Upon heating, a solid (for example, ice) will melt to form a liquid
(water). (The temperature at which this transition occurs is called the melting point.)
Further heating will convert the liquid into a gas. (This conversion takes place at the
boiling point of the liquid.) On the other hand, cooling a gas will cause it to condense
into a liquid. When the liquid is cooled further, it will freeze into the solid form.

PR 5

Solid Liquid Gas

Figure 1.6 Microscopic views
of a solid, a liquid, and a gas.

13



14 Chemistry: The Study of Change

Figure 1.7 The three states of
matter. A hot poker changes ice
into water and steam.

Figure 1.7 shows the three states of water. Note that the properties of water are unique
among common substances in that the molecules in the liquid state are more closely
packed than those in the solid state.

Review of Concepts

An ice cube is placed in a closed container. On heating, the ice cube first melts

and the water then boils to form steam. Which of the following statements is true?
(a) The physical appearance of the water is different at every stage of change.
(b) The mass of water is greatest for the ice cube and least for the steam.

Physical and Chemical Properties of Matter

Substances are identified by their properties as well as by their composition. Color,
melting point, and boiling point are physical properties. A physical property can be
measured and observed without changing the composition or identity of a substance.



1.6 Physical and Chemical Properties of Matter

For example, we can measure the melting point of ice by heating a block of ice and
recording the temperature at which the ice is converted to water. Water differs from
ice only in appearance, not in composition, so this is a physical change; we can freeze
the water to recover the original ice. Therefore, the melting point of a substance is a
physical property. Similarly, when we say that helium gas is lighter than air, we are
referring to a physical property.

On the other hand, the statement “Hydrogen gas burns in oxygen gas to form
water” describes a chemical property of hydrogen, because to observe this property
we must carry out a chemical change, in this case burning. After the change, the
original chemical substance, the hydrogen gas, will have vanished, and all that will
be left is a different chemical substance—water. We cannot recover the hydrogen from
the water by means of a physical change, such as boiling or freezing.

Every time we hard-boil an egg, we bring about a chemical change. When
subjected to a temperature of about 100°C, the yolk and the egg white undergo
changes that alter not only their physical appearance but their chemical makeup as
well. When eaten, the egg is changed again, by substances in our bodies called
enzymes. This digestive action is another example of a chemical change. What
happens during digestion depends on the chemical properties of both the enzymes
and the food.

All measurable properties of matter fall into one of two additional categories:
extensive properties and intensive properties. The measured value of an extensive
property depends on how much matter is being considered. Mass, which is the
quantity of matter in a given sample of a substance, is an extensive property. More
matter means more mass. Values of the same extensive property can be added
together. For example, two copper pennies will have a combined mass that is the
sum of the masses of each penny, and the length of two tennis courts is the sum
of the lengths of each tennis court. Volume, defined as length cubed, is another
extensive property. The value of an extensive quantity depends on the amount of
matter.

The measured value of an intensive property does not depend on how much mat-
ter is being considered. Density, defined as the mass of an object divided by its volume,
is an intensive property. So is temperature. Suppose that we have two beakers of water
at the same temperature. If we combine them to make a single quantity of water in
a larger beaker, the temperature of the larger quantity of water will be the same as it
was in two separate beakers. Unlike mass, length, and volume, temperature and other
intensive properties are not additive.

Review of Concepts

The diagram in (a) shows a compound made up of atoms of two elements
(represented by the green and red spheres) in the liquid state. Which of the
diagrams in (b)—(d) represents a physical change and which diagrams represent
a chemical change?

& ®
e ®
4 @ ® ¢
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(a) (b) (© (d)
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Hydrogen burning in air to form water.
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Figure 1.8 Some common
measuring devices found in a
chemistry laboratory. These
devices are not drawn to scale
relative to one another. We will
discuss the uses of these

measuring devices in Chapter 4.

Measurement

The measurements chemists make are often used in calculations to obtain other related
quantities. Different instruments enable us to measure a substance’s properties: The
meterstick measures length or scale; the buret, the pipet, the graduated cylinder, and
the volumetric flask measure volume (Figure 1.8); the balance measures mass; the
thermometer measures temperature. These instruments provide measurements of mac-
roscopic properties, which can be determined directly. Microscopic properties, on the
atomic or molecular scale, must be determined by an indirect method, as we will see
in Chapter 2.

A measured quantity is usually written as a number with an appropriate unit.
To say that the distance between New York and San Francisco by car along a cer-
tain route is 5166 is meaningless. We must specify that the distance is 5166 kilo-
meters. The same is true in chemistry; units are essential to stating measurements
correctly.

SI Units

For many years, scientists recorded measurements in metric units, which are related
decimally, that is, by powers of 10. In 1960, however, the General Conference of
Weights and Measures, the international authority on units, proposed a revised metric
system called the International System of Units (abbreviated SI, from the French
Systeme Internationale d’Unites). Table 1.2 shows the seven SI base units. All other
units of measurement can be derived from these base units. Like metric units, SI units
are modified in decimal fashion by a series of prefixes, as shown in Table 1.3. We
will use both metric and SI units in this book.

Measurements that we will utilize frequently in our study of chemistry include
time, mass, volume, density, and temperature.

mL
0
£l mL
2= ] =
35 ] =
e 70 c— —
155~ =
3 60 ~—=
16 =— - =
B g ==
r e 50 =
17 =— N =
185 0=~
20 5= WL =
0= :
= 1 liter
=

Buret Pipet Graduated cylinder Volumetric flask
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TABLE 1.2 | S| Base Units

Base Quantity Name of Unit Symbol
Length meter m
Mass kilogram kg
Time second S
Electrical current ampere A
Temperature kelvin K
Amount of substance mole mol
Luminous intensity candela cd

TABLE 1.3 Prefixes Used with Sl Units

Prefix Symbol Meaning Example

tera- T 1,000,000,000,000, or 10' 1 terameter (Tm) = 1 X 10 m
giga- G 1,000,000,000, or 10° 1 gigameter (Gm) = 1 X 10° m
mega- M 1,000,000, or 10° 1 megameter (Mm) = 1 X 10° m
kilo- k 1,000, or 10 1 kilometer (km) = 1 X 10° m
deci- d 1/10, or 10 1 decimeter (dm) = 0.1 m

centi- G 1/100, or 1072 1 centimeter (cm) = 0.01 m
milli- m 1/1,000, or 107 1 millimeter (mm) = 0.001 m
micro- I 1/1,000,000, or 107 1 micrometer (um) =1 X 10 m
nano- n 1/1,000,000,000, or 10°° 1 nanometer (nm) = 1 X 10™° m
pico- p 1/1,000,000,000,000, or 10> 1 picometer (pm) = 1 X 10~ "> m

Mass and Weight

The terms “mass” and “weight” are often used interchangeably, although, strictly
speaking, they are different quantities. Whereas mass is a measure of the amount of
matter in an object, weight, technically speaking, is the force that gravity exerts on
an object. An apple that falls from a tree is pulled downward by Earth’s gravity. The
mass of the apple is constant and does not depend on its location, but its weight does.
For example, on the surface of the moon the apple would weigh only one-sixth what
it does on Earth, because the moon’s gravity is only one-sixth that of Earth. The
moon’s smaller gravity enabled astronauts to jump about rather freely on its surface
despite their bulky suits and equipment. Chemists are interested primarily in mass,
which can be determined readily with a balance; the process of measuring mass, oddly,
is called weighing.

The SI unit of mass is the kilogram (kg). Unlike the units of length and time,
which are based on natural processes that can be repeated by scientists anywhere, the
kilogram is defined in terms of a particular object (Figure 1.9). In chemistry, however,
the smaller gram (g) is more convenient:

lkg=1000g =1 X 10°g

Note that a metric prefix simply represents
a number:
1mm=1x10°m

An astronaut jumping on the surface of
the moon.

Figure 1.9 The prototype
kilogram is made of a platinum-
iridium alloy. It is kept in a vault
at the International Bureau of
Weights and Measures in Sevres,
France. In 2007 it was discovered
that the alloy has mysteriously
lost about 50 ug!
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Volume: 1000 cm3;

1000 mL;
ldm3;
1L
—> l—1lcm
[e——10cm =1 dm—>

Volume: 1 cm?;
1 mL

—> l—1lcm

Figure 1.10 Comparison of two
volumes, 1 mL and 1000 mL.

TABLE 1.4
Densities of Some
Substances at 25°C
Density
Substance (g/cm®)
Air* 0.001
Ethanol 0.79
Water 1.00
Mercury 13.6
Table salt 2.2
Iron 79
Gold 19.3
Osmium’ 22.6

*Measured at 1 atmosphere.
‘Osmium (Os) is the densest element
known.

Volume

The SI unit of length is the meter (m), and the SI-derived unit for volume is the cubic
meter (m3). Generally, however, chemists work with much smaller volumes, such as
the cubic centimeter (cm3) and the cubic decimeter (dm3):

lem®=(1xX10%m)’=1x10°m’
ldm®*= 1 %x10"'m)?’=1x10"m’

Another common unit of volume is the liter (L). A liter is the volume occupied by
one cubic decimeter. One liter of volume is equal to 1000 milliliters (mL) or
1000 cm’:

1L = 1000 mL
1000 cm®
1dm?

and one milliliter is equal to one cubic centimeter:
I mL = 1cm’

Figure 1.10 compares the relative sizes of two volumes. Even though the liter is not
an SI unit, volumes are usually expressed in liters and milliliters.

Density

The equation for density is

. mass
density =
volume
or
m
d=— 1.1
v (1.1)

where d, m, and V denote density, mass, and volume, respectively. Because density is
an intensive property and does not depend on the quantity of mass present, for a given
substance the ratio of mass to volume always remains the same; in other words, V
increases as m does. Density usually decreases with temperature.

The SI-derived unit for density is the kilogram per cubic meter (kg/m?). This unit
is awkwardly large for most chemical applications. Therefore, grams per cubic centi-
meter (g/cm’) and its equivalent, grams per milliliter (g/mL), are more commonly
used for solid and liquid densities. Because gas densities are often very low, we
express them in units of grams per liter (g/L):

1 g/em® = 1 g/mL = 1000 kg/m’
1 g/L = 0.001 g/mL

Table 1.4 lists the densities of several substances.
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Examples 1.1 and 1.2 show density calculations.

EXAMPLE 1.1

Gold is a precious metal that is chemically unreactive. It is used mainly in jewelry,
dentistry, and electronic devices. A piece of gold ingot with a mass of 301 g has a
volume of 15.6 cm®. Calculate the density of gold.

Solution We are given the mass and volume and asked to calculate the density.
Therefore, from Equation (1.1), we write

m
v

301 g
15.6 cm’
19.3 g/cm’

Practice Exercise A piece of platinum metal with a density of 21.5 g/cm® has a
volume of 4.49 cm®. What is its mass?

EXAMPLE 1.2

The density of mercury, the only metal that is a liquid at room temperature, is 13.6 g/mL.
Calculate the mass of 5.50 mL of the liquid.

Solution We are given the density and volume of a liquid and asked to calculate the
mass of the liquid. We rearrange Equation (1.1) to give

m=dXV

g
13.6— X 550 mE
3.6 5.50

748 g

Practice Exercise The density of sulfuric acid in a certain car battery is 1.41 g/mL.
Calculate the mass of 242 mL of the liquid.

Temperature Scales

Three temperature scales are currently in use. Their units are °F (degrees Fahren-
heit), °C (degrees Celsius), and K (kelvin). The Fahrenheit scale, which is the most
commonly used scale in the United States outside the laboratory, defines the normal
freezing and boiling points of water to be exactly 32°F and 212°F, respectively.
The Celsius scale divides the range between the freezing point (0°C) and boiling
point (100°C) of water into 100 degrees. As Table 1.2 shows, the kelvin is the SI
base unit of temperature: it is the absolute temperature scale. By absolute we mean
that the zero on the Kelvin scale, denoted by 0 K, is the lowest temperature that
can be attained theoretically. On the other hand, 0°F and 0°C are based on the
behavior of an arbitrarily chosen substance, water. Figure 1.11 compares the three
temperature scales.

The size of a degree on the Fahrenheit scale is only 100/180, or 5/9, of a degree
on the Celsius scale. To convert degrees Fahrenheit to degrees Celsius, we write

5°C

7°C = (°F — 32°F) X
( ) 9°F

(1.2)

Gold bars.

Similar problems: 1.21, 1.22.

TFARIS

Mercury.

Similar problems: 1.21, 1.22.

TFARIS

Note that the Kelvin scale does not have
the degree sign. Also, temperatures
expressed in kelvins can never be
negative.
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Figure 1.11 Comparison of the
three temperature scales: Celsius,
and Fahrenheit, and the absolute
(Kelvin) scales. Note that there
are 100 divisions, or 100 degrees,
between the freezing point and
the boiling point of water on

the Celsius scale, and there

are 180 divisions, or 180
degrees, between the same two
temperature limits on the
Fahrenheit scale. The Celsius
scale was formerly called the
centigrade scale.

Solder is used extensively in the
construction of electronic circuits.

373K — 100°C —=<— Boiling point —— 212°F

of water
Body
310K — 37°C — <— temperature —> — 98.6°F
298 K 25°C y <—— Room ——> g 77°F
temperature

273 K 0°C § < Freezing point— § 32°F

of water
Kelvin Celsius Fahrenheit

The following equation is used to convert degrees Celsius to degrees Fahrenheit:
(e}

5°C

7°F = X (°C) + 32°F (1.3)

Both the Celsius and the Kelvin scales have units of equal magnitude; that is,
one degree Celsius is equivalent to one kelvin. Experimental studies have shown that

absolute zero on the Kelvin scale is equivalent to —273.15°C on the Celsius scale.
Thus, we can use the following equation to convert degrees Celsius to kelvin:

1K

7K = (°C + 273.15°C) 7o

(1.4)

We will frequently find it necessary to convert between degrees Celsius and
degrees Fahrenheit and between degrees Celsius and kelvin. Example 1.3 illustrates
these conversions.

The Chemistry in Action essay on page 21 shows why we must be careful with
units in scientific work.

EXAMPLE 1.3

(a) Solder is an alloy made of tin and lead that is used in electronic circuits. A certain
solder has a melting point of 224°C. What is its melting point in degrees Fahrenheit?
(b) Helium has the lowest boiling point of all the elements at —452°F. Convert this
temperature to degrees Celsius. (c) Mercury, the only metal that exists as a liquid at
room temperature, melts at —38.9°C. Convert its melting point to kelvins.

Solution These three parts require that we carry out temperature conversions, so we
need Equations (1.2), (1.3), and (1.4). Keep in mind that the lowest temperature on the
Kelvin scale is zero (0 K); therefore, it can never be negative.

(a) This conversion is carried out by writing

o

5°C

X (224°C) + 32°F = 435°F

(Continued)



The Importance of Units

n December 1998, NASA launched the 125-million dollar

Mars Climate Orbiter, intended as the red planet’s first weather
satellite. After a 416-million mi journey, the spacecraft was
supposed to go into Mars’ orbit on September 23, 1999. Instead,
it entered Mars’ atmosphere about 100 km (62 mi) lower than
planned and was destroyed by heat. The mission controllers said
the loss of the spacecraft was due to the failure to convert
English measurement units into metric units in the navigation
software.

Engineers at Lockheed Martin Corporation who built the
spacecraft specified its thrust in pounds, which is an English unit.
Scientists at NASA’s Jet Propulsion Laboratory, on the other
hand, had assumed that thrust data they received were expressed
in metric units, as newtons. Normally, pound is the unit for mass.
Expressed as a unit for force, however, 1 Ib is the force due to
gravitational attraction on an object of that mass. To carry out the
conversion between pound and newton, we start with 1 Ib =
0.4536 kg and from Newton’s second law of motion,

force = mass X acceleration
= 0.4536 kg X 9.81 m/s’
= 4.45 kg m/s*
=445N

because 1 newton (N) = 1 kg m/s>. Therefore, instead of convert-
ing one pound of force to 4.45 N, the scientists treated it as 1 N.
The considerably smaller engine thrust expressed in newtons
resulted in a lower orbit and the ultimate destruction of the space-
craft. Commenting on the failure of the Mars mission, one scientist

in Action

CHEMISTRY

said: “This is going to be the cautionary tale that will be embedded
into introduction to the metric system in elementary school, high
school, and college science courses till the end of time.”

Artist’s conception of the Martian Climate Orbiter.

(b) Here we have

[}

5
(—452°F — 32°F) X

= —269°C
9°K
(c) The melting point of mercury in kelvins is given by
1K
(—38.9°C + 273.15°C) X = 2343 K Similar problems: 1.24, 1.25, 1.26.

1°C

Practice Exercise Convert (a) 327.5°C (the melting point of lead) to degrees

ARIS

Fahrenheit; (b) 172.9°F (the boiling point of ethanol) to degrees Celsius; and (c) 77 K,

the boiling point of liquid nitrogen, to degrees Celsius.

21
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Review of Concepts

The density of copper is 8.94 g/cm’ at 20°C and 8.91 g/cm® at 60°C. This
density decrease is the result of which of the following?

(a) The metal expands.

(b) The metal contracts.

(c) The mass of the metal increases.

(d) The mass of the metal decreases.

Handling Numbers

Having surveyed some of the units used in chemistry, we now turn to techniques for han-
dling numbers associated with measurements: scientific notation and significant figures.

Scientific Notation

Chemists often deal with numbers that are either extremely large or extremely small.
For example, in 1 g of the element hydrogen there are roughly

602,200,000,000,000,000,000,000
hydrogen atoms. Each hydrogen atom has a mass of only
0.00000000000000000000000166 g

These numbers are cumbersome to handle, and it is easy to make mistakes when using
them in arithmetic computations. Consider the following multiplication:

0.0000000056 X< 0.00000000048 = 0.000000000000000002688

It would be easy for us to miss one zero or add one more zero after the decimal point.
Consequently, when working with very large and very small numbers, we use a sys-
tem called scientific notation. Regardless of their magnitude, all numbers can be
expressed in the form

N X 10"

where N is a number between 1 and 10 and n, the exponent, is a positive or negative
integer (whole number). Any number expressed in this way is said to be written in
scientific notation.

Suppose that we are given a certain number and asked to express it in scientific
notation. Basically, this assignment calls for us to find n. We count the number of
places that the decimal point must be moved to give the number N (which is between
1 and 10). If the decimal point has to be moved to the left, then 7 is a positive inte-
ger; if it has to be moved to the right, n is a negative integer. The following examples
illustrate the use of scientific notation:

(1) Express 568.762 in scientific notation:
568.762 = 5.68762 X 10

Note that the decimal point is moved to the left by two places and n = 2.
(2) Express 0.00000772 in scientific notation:

0.00000772 = 7.72 X 10°°

Here the decimal point is moved to the right by six places and n = —6.
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Keep in mind the following two points. First, n = 0 is used for numbers that are  Any number raised to the power zero is
not expressed in scientific notation. For example, 74.6 X 10° (n = 0) is equivalent to ~ aualtoone.
74.6. Second, the usual practice is to omit the superscript when n = 1. Thus, the
scientific notation for 74.6 is 7.46 X 10 and not 7.46 X 10".

Next, we consider how scientific notation is handled in arithmetic operations.

Addition and Subtraction

To add or subtract using scientific notation, we first write each quantity—say N; and
N,—with the same exponent n. Then we combine N; and N,; the exponents remain
the same. Consider the following examples:

(7.4 X 10°) + (2.1 X 10°) = 9.5 X 10°

(431 X 10%) + (3.9 X 10%) = (4.31 X 10%) + (0.39 X 10%)
4.70 x 10*

(222 X 107%) — (0.41 X 107?)
=1.81 X 1072

(222 X 107%) — (4.10 X 107%)

Multiplication and Division

To multiply numbers expressed in scientific notation, we multiply N; and N, in the
usual way, but add the exponents together. To divide using scientific notation, we
divide N; and N, as usual and subtract the exponents. The following examples show
how these operations are performed:

(8.0 X 10 X (5.0 X 10%) = (8.0 X 5.0)(10**%)
= 40 X 10°
= 4.0 X 10’

(4.0 X 107%) X (7.0 X 10°) = (4.0 X 7.0)(107°"%)
=28 X 1072
=28x10"

69 x 10" 6.9 % 107-C9

30X 1070 3.0

=23 % 10"
5% 10* )
8.5 x 10 09 =85 i
50x10° 5.0
=17x107

Significant Figures

Except when all the numbers involved are integers (for example, in counting the
number of students in a class), it is often impossible to obtain the exact value of the
quantity under investigation. For this reason, it is important to indicate the margin of
error in a measurement by clearly indicating the number of significant figures, which
are the meaningful digits in a measured or calculated quantity. When significant
figures are used, the last digit is understood to be uncertain. For example, we might
measure the volume of a given amount of liquid using a graduated cylinder with a
scale that gives an uncertainty of 1 mL in the measurement. If the volume is found
to be 6 mL, then the actual volume is in the range of 5 mL to 7 mL. We represent
the volume of the liquid as (6 & 1) mL. In this case, there is only one significant
figure (the digit 6) that is uncertain by either plus or minus 1 mL. For greater accuracy,
we might use a graduated cylinder that has finer divisions, so that the volume we
measure is now uncertain by only 0.1 mL. If the volume of the liquid is now found
to be 6.0 mL, we may express the quantity as (6.0 = 0.1) mL, and the actual value
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Figure 1.12 A single-pan
balance.

is somewhere between 5.9 mL and 6.1 mL. We can further improve the measuring
device and obtain more significant figures, but in every case, the last digit is always
uncertain; the amount of this uncertainty depends on the particular measuring device
we use.

Figure 1.12 shows a modern balance. Balances such as this one are available in
many general chemistry laboratories; they readily measure the mass of objects to four
decimal places. Therefore, the measured mass typically will have four significant
figures (for example, 0.8642 g) or more (for example, 3.9745 g). Keeping track of
the number of significant figures in a measurement such as mass ensures that calcula-
tions involving the data will reflect the precision of the measurement.

Guidelines for Using Significant Figures

We must always be careful in scientific work to write the proper number of significant
figures. In general, it is fairly easy to determine how many significant figures a num-
ber has by following these rules:

1. Any digit that is not zero is significant. Thus, 845 cm has three significant figures,
1.234 kg has four significant figures, and so on.

2. Zeros between nonzero digits are significant. Thus, 606 m contains three signifi-
cant figures, 40,501 kg contains five significant figures, and so on.

3. Zeros to the left of the first nonzero digit are not significant. Their purpose is to
indicate the placement of the decimal point. For example, 0.08 L contains one
significant figure, 0.0000349 g contains three significant figures, and so on.

4. If a number is greater than 1, then all the zeros written to the right of the decimal
point count as significant figures. Thus, 2.0 mg has two significant figures,
40.062 mL has five significant figures, and 3.040 dm has four significant figures.
If a number is less than 1, then only the zeros that are at the end of the number
and the zeros that are between nonzero digits are significant. This means that
0.090 kg has two significant figures, 0.3005 L has four significant figures, 0.00420
min has three significant figures, and so on.

5. For numbers that do not contain decimal points, the trailing zeros (that is, zeros
after the last nonzero digit) may or may not be significant. Thus, 400 cm may have
one significant figure (the digit 4), two significant figures (40), or three significant
figures (400). We cannot know which is correct without more information. By using
scientific notation, however, we avoid this ambiguity. In this particular case, we can
express the number 400 as 4 X 10* for one significant figure, 4.0 X 10 for two
significant figures, or 4.00 X 10* for three significant figures.

Example 1.4 shows the determination of significant figures.

EXAMPLE 1.4

Determine the number of significant figures in the following measurements: (a) 478 cm,
(b) 6.01 g, (c) 0.825 m, (d) 0.043 kg, (e) 1.310 X 10% atoms, (f) 7000 mL.

Solution (a) Three, because each digit is a nonzero digit. (b) Three, because zeros
between nonzero digits are significant. (c) Three, because zeros to the left of the first
nonzero digit do not count as significant figures. (d) Two. Same reason as in (c).

(e) Four, because the number is greater than one so all the zeros written to the right of
the decimal point count as significant figures. (f) This is an ambiguous case. The number
of significant figures may be four (7.000 X 10%), three (7.00 X 10%), two (7.0 X 10%),

(Continued)
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or one (7 X 10%). This example illustrates why scientific notation must be used to show
the proper number of significant figures.

Practice Exercise Determine the number of significant figures in each of the following
measurements: (a) 24 mL, (b) 3001 g, (c) 0.0320 m’, (d) 6.4 X 10* molecules, (¢) 560 kg.

A second set of rules specifies how to handle significant figures in calculations.

1. In addition and subtraction, the answer cannot have more digits to the right of
the decimal point than either of the original numbers. Consider these examples:

89.332
+ 1.1  «—one digit after the decimal point

90.432 «——round off to 90.4

2.097
— 0.12 «—two digits after the decimal point

1.977 «<—round off to 1.98

The rounding-off procedure is as follows. To round off a number at a certain point
we simply drop the digits that follow if the first of them is less than 5. Thus, 8.724
rounds off to 8.72 if we want only two digits after the decimal point. If the first
digit following the point of rounding off is equal to or greater than 5, we add 1 to
the preceding digit. Thus, 8.727 rounds off to 8.73, and 0.425 rounds off to 0.43.

2. In multiplication and division, the number of significant figures in the final prod-
uct or quotient is determined by the original number that has the smallest number
of significant figures. The following examples illustrate this rule:

2.8 X 4.5039 = 12.61092 <— round off to 13
6.85
112.04

= 0.0611388789 «<—— round off to 0.0611

3. Keep in mind that exact numbers obtained from definitions or by counting num-
bers of objects can be considered to have an infinite number of significant figures.
For example, the inch is defined to be exactly 2.54 centimeters; that is,

1in = 2.54 cm

Thus, the “2.54” in the equation should not be interpreted as a measured number with
three significant figures. In calculations involving conversion between “in” and “cm,”
we treat both “1” and “2.54” as having an infinite number of significant figures. Sim-
ilarly, if an object has a mass of 5.0 g, then the mass of nine such objects is

50gX9=45¢g

The answer has two significant figures because 5.0 g has two significant figures.
The number 9 is exact and does not determine the number of significant figures.
Example 1.5 shows how significant figures are handled in arithmetic operations.

EXAMPLE 1.5

Carry out the following arithmetic operations to the correct number of significant
figures: (a) 11,254.1 g + 0.1983 g, (b) 66.59 L — 3.113 L, (c) 8.16 m X 5.1355,
(d) 0.0154 kg + 88.3 mL, () 2.64 X 10’ cm + 3.27 X 10° cm.

(Continued)

Similar problems: 1.33, 1.34.

CARIS
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Similar problems: 1.35, 1.36.

TTARIS

Solution In addition and subtraction, the number of decimal places in the answer is
determined by the number having the lowest number of decimal places. In multiplication
and division, the significant number of the answer is determined by the number having
the smallest number of significant figures.

(a) 11,2541 ¢
4F 0.1983 g
11,254.2983 g «—round off to 11,254.3 g
(b) 6659 L
— 3.113 L
63.477 L «— round off to 63.48 L
(c) 8.16 m X 5.1355 = 41.90568 m «<—— round off to 41.9 m

0.0154 kg
d) ————= = 0000174405436 kg/mL «— round off to 0.000174 kg/mL

88.3 mL or 1.74 X 10~* kg/mL

(e) First we change 3.27 X 10? cm to 0.327 X 10° cm and then carry out the addition
(2.64 cm + 0.327 cm) X 10°. Following the procedure in (a), we find the answer is
2.97 X 10° cm.

Practice Exercise Carry out the following arithmetic operations and round off the
answers to the appropriate number of significant figures: (a) 26.5862 L + 0.17 L,

(b) 9.1 g — 4.682 g, (c) 7.1 X 10* dm X 2.2654 X 10 dm, (d) 6.54 g + 86.5542 mL,
(e) (7.55 X 10* m) — (8.62 X 10’ m).

The preceding rounding-off procedure applies to one-step calculations. In
chain calculations, that is, calculations involving more than one step, we can get
a different answer depending on how we round off. Consider the following two-step
calculations:

First step: AXB=C
Second step: CXD=E

Let’s suppose that A = 3.66, B = 8.45, and D = 2.11. Depending on whether we round
off C to three or four significant figures, we obtain a different number for E:

Method 1 Method 2
3.66 X 8.45 = 30.9 3.66 X 8.45 = 30.93
309 X 2.11 = 65.2 30.93 X 2.11 = 65.3

However, if we had carried out the calculation as 3.66 X 8.45 X 2.11 on a calculator
without rounding off the intermediate answer, we would have obtained 65.3 as the answer
for E. Although retaining an additional digit past the number of significant figures for
intermediate steps helps to eliminate errors from rounding, this procedure is not necessary
for most calculations because the difference between the answers is usually quite small.
Therefore, for most examples and end-of-chapter problems where intermediate answers
are reported, all answers, intermediate and final, will be rounded.

Accuracy and Precision

In discussing measurements and significant figures, it is useful to distinguish between
accuracy and precision. Accuracy tells us how close a measurement is to the true
value of the quantity that was measured. To a scientist there is a distinction between
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@ (b) (©)

accuracy and precision. Precision refers to how closely two or more measurements of
the same quantity agree with one another (Figure 1.13).

The difference between accuracy and precision is a subtle but important one.
Suppose, for example, that three students are asked to determine the mass of a piece
of copper wire. The results of two successive weighings by each student are

Student A Student B Student C

1.964 ¢ 1972 ¢ 2.000 g
1978 g 1.968 g 2.002 g
Average value 1971 g 1.970 g 2.001 g

The true mass of the wire is 2.000 g. Therefore, Student B’s results are more precise
than those of Student A (1.972 g and 1.968 g deviate less from 1.970 g than 1.964 g
and 1.978 g from 1.971 g), but neither set of results is very accurate. Student C’s
results are not only the most precise, but also the most accurate, because the average
value is closest to the true value. Highly accurate measurements are usually precise too.
On the other hand, highly precise measurements do not necessarily guarantee accurate
results. For example, an improperly calibrated meterstick or a faulty balance may give
precise readings that are in error.

Dimensional Analysis in Solving Problems

Careful measurements and the proper use of significant figures, along with correct
calculations, will yield accurate numerical results. But to be meaningful, the answers
also must be expressed in the desired units. The procedure we use to convert between
units in solving chemistry problems is called dimensional analysis (also called the
factor-label method). A simple technique requiring little memorization, dimensional
analysis is based on the relationship between different units that express the same
physical quantity. For example, by definition 1 in = 2.54 cm (exactly). This equiva-
lence enables us to write a conversion factor as follows:

1in
2.54 cm

Because both the numerator and the denominator express the same length, this fraction
is equal to 1. Similarly, we can write the conversion factor as

2.54 cm
lin

Figure 1.13 The distribution of
darts on a dart board shows the
difference between precise and
accurate. (a) Good accuracy and
good precision. (b) Poor accuracy
and good precision. (c) Poor
accuracy and poor precision. The
black dots show the positions of
the darts.

Dimensional analysis might also have led
Einstein to his famous mass-energy
equation E = mc2
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Remember that the unit we want appears
in the numerator and the unit we want to
cancel appears in the denominator.

which is also equal to 1. Conversion factors are useful for changing units. Thus, if
we wish to convert a length expressed in inches to centimeters, we multiply the length
by the appropriate conversion factor.

2.54 cm

12.00 i1 X = 30.48 cm

We choose the conversion factor that cancels the unit inches and produces the desired
unit, centimeters. Note that the result is expressed in four significant figures because
2.54 is an exact number.

Next let us consider the conversion of 57.8 meters to centimeters. This problem
can be expressed as

?7cm = 57.8 m
By definition,
lem=1X10%m

Because we are converting “m” to “cm,” we choose the conversion factor that has
meters in the denominator,

1cm
1 X10 ?m

and write the conversion as

1 cm

?em = 578w X —————
1 X 10 “m
= 5780 cm

=578 X 10°cm

Note that scientific notation is used to indicate that the answer has three significant
figures. Again, the conversion factor 1 cm/1 X 10 m contains exact numbers; there-
fore, it does not affect the number of significant figures.

In general, to apply dimensional analysis we use the relationship

given quantity X conversion factor = desired quantity
and the units cancel as follows:

. . desired unit . )
giveaumit X ———— = desired unit

In dimensional analysis, the units are carried through the entire sequence of calcula-
tions. Therefore, if the equation is set up correctly, then all the units will cancel except
the desired one. If this is not the case, then an error must have been made somewhere,
and it can usually be spotted by reviewing the solution.

A Note on Problem Solving

At this point you have been introduced to scientific notation, significant figures, and
dimensional analysis, which will help you in solving numerical problems. Chemistry
is an experimental science and many of the problems are quantitative in nature. The
key to success in problem solving is practice. Just as a marathon runner cannot prepare
for a race by simply reading books on running and a pianist cannot give a successful
concert by only memorizing the musical score, you cannot be sure of your understanding
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of chemistry without solving problems. The following steps will help to improve your
skill at solving numerical problems.

1.

EXAMPLE 1.6

Read the question carefully. Understand the information that is given and what
you are asked to solve. Frequently it is helpful to make a sketch that will help
you to visualize the situation.

Find the appropriate equation that relates the given information and the unknown
quantity. Sometimes solving a problem will involve more than one step, and you
may be expected to look up quantities in tables that are not provided in the
problem. Dimensional analysis is often needed to carry out conversions.

Check your answer for the correct sign, units, and significant figures.

A very important part of problem solving is being able to judge whether the
answer is reasonable. It is relatively easy to spot a wrong sign or incorrect units.
But if a number (say 9) is incorrectly placed in the denominator instead of in the
numerator, the answer would be too small even if the sign and units of the cal-
culated quantity were correct.

One way to quickly check the answer is to make a “ball-park” estimate. The idea
here is to round off the numbers in the calculation in such a way so as to simplify
the arithmetic. This approach is sometimes called the “back-of-the-envelope cal-
culation” because it can be done easily without using a calculator. The answer

you get will not be exact, but it will be close to the correct one.

A person’s average daily intake of glucose (a form of sugar) is 0.0833 pound (Ib). What
is this mass in milligrams (mg)? (1 1b = 453.6 g.)

Strategy The problem can be stated as
? mg = 0.0833 1b

The relationship between pounds and grams is given in the problem. This relationship will
enable conversion from pounds to grams. A metric conversion is then needed to convert
grams to milligrams (1 mg = 1 X 10~ g). Arrange the appropriate conversion factors so
that pounds and grams cancel and the unit milligrams is obtained in your answer.

Solution The sequence of conversions is
pounds ——> grams ——> milligrams
Using the following conversion factors

453.6¢ 1 mg
and
11b 1X10 g

we obtain the answer in one step:

453.6 ¢ » 1 mg

5 Ix 10 g = 3.78 X 10* mg

?mg = 0.0833 s X

Check As an estimate, we note that 1 Ib is roughly 500 g and that 1 g = 1000 mg.
Therefore, 1 1b is roughly 5 X 10° mg. Rounding off 0.0833 Ib to 0.1 Ib, we get
5 X 10* mg, which is close to the preceding quantity.

Practice Exercise A roll of aluminum foil has a mass of 1.07 kg. What is its mass in
pounds?

Conversion factors for some of the English
system units commonly used in the United
States for nonscientific measurements (for
example, pounds and inches) are provided
inside the back cover of this book.

Similar problem: 1.45.

TFARIS
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As Examples 1.7 and 1.8 illustrate, conversion factors can be squared or cubed
in dimensional analysis.

EXAMPLE 1.7

An average adult has 5.2 L of blood. What is the volume of blood in m®?

Strategy The problem can be stated as
7m’ =52L

How many conversion factors are needed for this problem? Recall that 1 L = 1000 cm®
and 1 cm = 1 X 1072 m.

Solution We need two conversion factors here: one to convert liters to cm® and one to
convert centimeters to meters:

1000 cm’ 1 X10 *m
an
1L 1 cm

Because the second conversion factor deals with length (cm and m) and we want
volume here, it must therefore be cubed to give

power, any conversion factor you use must
also be raised to that power.

Remember that when a unit is raised to a 1 X10 %m . 1X10 %m % 1X10 %m _ (l X 1072m>3

1 cm 1cm 1cm 1 cm

This means that 1 cm® = 1 X 10°° m®. Now we can write

2m’ =52k X

1

1000 cm® (1 X 10> m
1 cm

3
) =52X107°m’

Check From the preceding conversion factors you can show that 1 L = 1 X 107° m’.
Similar problem: 1.50(d). Therefore, 5 L of blood would be equal to 5 X 10> m®, which is close to the answer.

ARIS Practice Exercise The volume of a room is 1.08 X 10® dm®. What is the volume in m*?

EXAMPLE 1.8

Liquid nitrogen is obtained from liquefied air and is used to prepare frozen goods and in
low-temperature research. The density of the liquid at its boiling point (—196°C or 77 K)
is 0.808 g/cm’. Convert the density to units of kg/m’.

Strategy The problem can be stated as
?kg/m® = 0.808 g/cm’

Two separate conversions are required for this problem: g — kg and cm® — m’.
Recall that 1 kg = 1000 gand 1 cm = 1 X 10 % m.

Solution In Example 1.7 we saw that 1 cm® = 1 X 107% m®. The conversion factors are

1 kg 1 cm?
an - . A
1000 g 1 X 10 °m?
Finally,
0.808 1k 1 car®
’ Pkgm® =~ 8 & + = 808 ke/m’

lea  1000g 1 X 10°m
(Continued)

Liquid nitrogen.
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Check Because 1 m® = 1 X 10° cm®, we would expect much more mass in 1 m® than
in 1 cm®. Therefore, the answer is reasonable.

Practice Exercise The density of the lightest metal, lithium (Li), is 5.34 X 10 kg/m’.

Convert the density to g/cm’.

Key Equations i

d =

7°C

?°F =

7K

1K
= ((C+27315°0) . (14)

Similar problem: 1.51.

TARIS

% (1.1) Equation for density
5°C .
= (°F — 32°F) X o°F (1.2) Converting °F to °C
9°F .
soC X (°C) + 32°F (1.3) Converting °C to °F
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Chapter Summary

The study of chemistry involves three basic steps: ob-
servation, representation, and interpretation. Observa-
tion refers to measurements in the macroscopic world;
representation involves the use of shorthand notation
symbols and equations for communication; interpreta-
tions are based on atoms and molecules, which belong
to the microscopic world.

The scientific method is a systematic approach to re-
search that begins with the gathering of information
through observation and measurements. In the process,
hypotheses, laws, and theories are devised and tested.

Chemists study matter and the changes it undergoes.
The substances that make up matter have unique physi-
cal properties that can be observed without changing
their identity and unique chemical properties that, when
they are demonstrated, do change the identity of the

L
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substances. Mixtures, whether homogeneous or hetero-
geneous, can be separated into pure components by
physical means.

The simplest substances in chemistry are elements.
Compounds are formed by the chemical combination of
atoms of different elements in fixed proportions.

All substances, in principle, can exist in three states:
solid, liquid, and gas. The interconversion between these
states can be effected by changing the temperature.

SI units are used to express physical quantities in all
sciences, including chemistry.

Numbers expressed in scientific notation have the form
N X 10", where N is between 1 and 10, and 7 is a posi-
tive or negative integer. Scientific notation helps us
handle very large and very small quantities.
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Electronic Homework ProB]ﬁ ns

The following problems are available at www.aris.mhhe.com
if assigned by your instructor as electronic homework.
Quantum Tutor problems are also available at the same site.

ARIis ARIS Problems: 1.12, 1.16, 1.22, 1.29, 1.31, 1.33,
1.35,1.36, 1.39, 1.40, 1.44, 1.45, 1.48, 1.56, 1.57, 1.58,
1.61, 1.63, 1.64, 1.65, 1.66, 1.67, 1.76, 1.78, 1.79, 1.80,
1.81,1.83,1.88, 1.92, 1.93, 1.94, 1.105.

Questions and Problems

[F] Quantum Tutor Problems: 1.29, 1.30, 1.33, 1.34.

The Scientific Method
Review Questions

1.1  Explain what is meant by the scientific method.

1.2 What is the difference between qualitative data and
quantitative data?

Problems

1.3 Classify the following as qualitative or quantitative
statements, giving your reasons. (a) The sun is approx-
imately 93 million mi from Earth. (b) Leonardo da
Vinci was a better painter than Michelangelo. (c) Ice is
less dense than water. (d) Butter tastes better than mar-
garine. (e) A stitch in time saves nine.

1.4 Classify each of the following statements as a hypoth-
esis, a law, or a theory. (a) Beethoven’s contribution
to music would have been much greater if he had mar-
ried. (b) An autumn leaf gravitates toward the ground
because there is an attractive force between the leaf
and Earth. (c) All matter is composed of very small
particles called atoms.

Classification and Properties of Matter
Review Questions

1.5 Give an example for each of the following terms:
(a) matter, (b) substance, (¢) mixture.

1.6  Give an example of a homogeneous mixture and an
example of a heterogeneous mixture.

1.7  Using examples, explain the difference between a
physical property and a chemical property.

1.8  How does an intensive property differ from an extensive
property? Which of the following properties are inten-
sive and which are extensive? (a) length, (b) volume,
(c) temperature, (d) mass.

1.9  Give an example of an element and a compound. How
do elements and compounds differ?

1.10 What is the number of known elements?

Problems

1.11 Do the following statements describe chemical or
physical properties? (a) Oxygen gas supports combus-
tion. (b) Fertilizers help to increase agricultural pro-
duction. (c) Water boils below 100°C on top of a
mountain. (d) Lead is denser than aluminum. (e) Ura-
nium is a radioactive element.

1.12 Does each of the following describe a physical change

T'ARIS or a chemical change? (a) The helium gas inside a bal-

loon tends to leak out after a few hours. (b) A flash-
light beam slowly gets dimmer and finally goes out.
(c) Frozen orange juice is reconstituted by adding wa-
ter to it. (d) The growth of plants depends on the sun’s
energy in a process called photosynthesis. (e) A
spoonful of table salt dissolves in a bowl of soup.
1.13 Give the names of the elements represented by the
chemical symbols Li, F, P, Cu, As, Zn, Cl, Pt, Mg, U,
Al, Si, Ne. (See Table 1.1 and the inside front cover.)
1.14 Give the chemical symbols for the following elements:
(a) potassium, (b) tin, (c) chromium, (d) boron,
(e) barium, (f) plutonium, (g) sulfur, (h) argon,
(i) mercury. (See Table 1.1 and the inside front cover.)
1.15 Classify each of the following substances as an ele-
ment or a compound: (a) hydrogen, (b) water, (c) gold,
(d) sugar.
1.16 Classify each of the following as an element, a com-

TARIS pound, a homogeneous mixture, or a heterogeneous

mixture: (a) seawater, (b) helium gas, (¢) sodium
chloride (table salt), (d) a bottle of soft drink, (e) a
milkshake, (f) air in a bottle, (g) concrete.

Measurement
Review Questions

1.17 Name the SI base units that are important in chem-
istry. Give the SI units for expressing the following:
(a) length, (b) volume, (c) mass, (d) time, (e) energy,
(f) temperature.
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1.18 Write the numbers represented by the following pre-
fixes: (a) mega-, (b) kilo-, (c) deci-, (d) centi-, (¢) milli-,
(f) micro-, (g) nano-, (h) pico-.

1.19 What units do chemists normally use for density of
liquids and solids? For gas density? Explain the
differences.

1.20 Describe the three temperature scales used in the labo-
ratory and in everyday life: the Fahrenheit scale, the
Celsius scale, and the Kelvin scale.

Problems

1.21 Bromine is a reddish-brown liquid. Calculate its density
(in g/mL) if 586 g of the substance occupies 188 mL.

1.22 The density of ethanol, a colorless liquid that is com-

T°ARIS monly known as grain alcohol, is 0.798 g/mL. Calcu-
late the mass of 17.4 mL of the liquid.

1.23 Convert the following temperatures to degrees Cel-

1.24

1.25

1.26

sius or Fahrenheit: (a) 95°F, the temperature on a hot
summer day; (b) 12°F, the temperature on a cold win-
ter day; (c) a 102°F fever; (d) a furnace operating at
1852°F; (e) —273.15°C (theoretically the lowest at-
tainable temperature).

(a) Normally the human body can endure a tempera-
ture of 105°F for only short periods of time without
permanent damage to the brain and other vital organs.
What is this temperature in degrees Celsius? (b) Eth-
ylene glycol is a liquid organic compound that is used
as an antifreeze in car radiators. It freezes at —11.5°C.
Calculate its freezing temperature in degrees Fahren-
heit. (c) The temperature on the surface of the sun is
about 6300°C. What is this temperature in degrees
Fahrenheit? (d) The ignition temperature of paper is
451°F. What is the temperature in degrees Celsius?

Convert the following temperatures to kelvin:
(a) 113°C, the melting point of sulfur, (b) 37°C, the
normal body temperature, (c) 357°C, the boiling point
of mercury.

Convert the following temperatures to degrees Cel-
sius: (a) 77 K, the boiling point of liquid nitrogen,
(b) 4.2 K, the boiling point of liquid helium, (c) 601 K,
the melting point of lead.

Handling Numbers
Review Questions

1.27

1.28

What is the advantage of using scientific notation over
decimal notation?

Define significant figure. Discuss the importance of
using the proper number of significant figures in mea-
surements and calculations.

Problems

[ 1.2

TFARIS

Express the following numbers in scientific notation:
(a) 0.000000027, (b) 356, (c) 47,764, (d) 0.096.

1.30

1.31
TFARIS

1.32

1.33
CARIS

1.34

1.35
CARIS

1.36
(ARIS

1.37

Questions and Problems 33

Express the following numbers as decimals:
(a) 1.52 X 1072, (b) 7.78 X 10° %,

Express the answers to the following calculations in
scientific notation:

(@) 14575 + (23 X 107H

(b) 79,500 <+ (2.5 X 10%)

(©) (7.0 X 1073 — (8.0 X 1074
(d) (1.0 X 10" X (9.9 X 10%

Express the answers to the following calculations in
scientific notation:

(@) 0.0095 + (8.5 X 1073

(b) 653 = (5.75 X 1079

(c) 850,000 — (9.0 X 10°)

(d) (3.6 X 107 X (3.6 X 10%

What is the number of significant figures in each of
the following measurements?

(a) 4867 mi

(b) 56 mL

(c) 60,104 ton

(d) 2900 g

(e) 40.2 g/em®

(f) 0.0000003 cm

(g) 0.7 min

(h) 4.6 X 10" atoms

How many significant figures are there in each of the
following? (a) 0.006 L, (b) 0.0605 dm, (c) 60.5 mg,
(d) 605.5 cm?, (e) 960 X 107° g, (f) 6 kg, () 60 m.
Carry out the following operations as if they were cal-
culations of experimental results, and express each
answer in the correct units with the correct number of
significant figures:

(a) 5.6792m + 0.6 m + 433 m

(b) 3.70 g — 29133 g

(c) 4.51 cm X 3.6666 cm

(d) (3 X 10* g + 6.827 £)/(0.043 cm® — 0.021 cm®)

Carry out the following operations as if they were cal-
culations of experimental results, and express each
answer in the correct units with the correct number of
significant figures:

(a) 7.310 km + 5.70 km

(b) (3.26 X 10> mg) — (7.88 X 10" mg)

(c) (4.02 X 10°dm) + (7.74 X 107 dm)

(d) (7.8 m — 0.34 m)/(1.15s + 0.82 s)

Three students (A, B, and C) are asked to determine
the volume of a sample of ethanol. Each student mea-
sures the volume three times with a graduated cylin-
der. The results in milliliters are: A (87.1, 88.2, 87.6);
B (86.9, 87.1, 87.2); C (87.6, 87.8, 87.9). The true

volume is 87.0 mL. Comment on the precision and the
accuracy of each student’s results.
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Three apprentice tailors (X, Y, and Z) are assigned
the task of measuring the seam of a pair of trousers.
Each one makes three measurements. The results in
inches are X (31.5, 31.6, 31.4); Y (32.8, 32.3, 32,7);
7 (31.9,32.2,32.1). The true length is 32.0 in. Com-
ment on the precision and the accuracy of each tai-
lor’s measurements.

Dimensional Analysis
Problems
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Carry out the following conversions: (a) 22.6 m to
decimeters, (b) 25.4 mg to kilograms, (c) 556 mL to
liters, (d) 10.6 kg/m3 to g/cm3.

Carry out the following conversions: (a) 242 1b to
milligrams, (b) 68.3 cm’ to cubic meters, (¢) 7.2 m®
to liters, (d) 28.3 ug to pounds.

The average speed of helium at 25°C is 1255 m/s.
Convert this speed to miles per hour (mph).

How many seconds are there in a solar year (365.24
days)?

How many minutes does it take light from the sun to
reach Earth? (The distance from the sun to Earth is
93 million mi; the speed of light = 3.00 X 10° m/s.)
A slow jogger runs a mile in 13 min. Calculate the
speed in (a) in/s, (b) m/min, (c) km/h. (1 mi = 1609 m;
1in = 2.54 cm.)

A 6.0-ft person weighs 168 Ib. Express this person’s
height in meters and weight in kilograms. (1 b =
453.6 g; 1 m = 3.28 ft.)

The current speed limit in some states in the United
States is 55 miles per hour. What is the speed limit in
kilometers per hour? (1 mi = 1609 m.)

For a fighter jet to take off from the deck of an aircraft
carrier, it must reach a speed of 62 m/s. Calculate the
speed in miles per hour (mph).

The “normal” lead content in human blood is about
0.40 part per million (that is, 0.40 g of lead per million
grams of blood). A value of 0.80 part per million (ppm)
is considered to be dangerous. How many grams of
lead are contained in 6.0 X 10° g of blood (the amount
in an average adult) if the lead content is 0.62 ppm?

Carry out the following conversions: (a) 1.42 light-
years to miles (a light-year is an astronomical measure
of distance—the distance traveled by light in a year,
or 365 days; the speed of light is 3.00 X 10% m/s),
(b) 32.4 yd to centimeters, (c) 3.0 X 10" cm/s to ft/s.

Carry out the following conversions: (a) 185 nm to
meters. (b) 4.5 billion years (roughly the age of
Earth) to seconds. (Assume there are 365 days in a
year.) (c) 71.2 cm® to m®. (d) 88.6 m* to liters.

Aluminum is a lightweight metal (density = 2.70 g/cm’)
used in aircraft construction, high-voltage transmis-
sion lines, beverage cans, and foils. What is its density
in kg/m*?
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The density of ammonia gas under certain conditions
is 0.625 g/L. Calculate its density in g/cm”.

Additional Problems
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Give one qualitative and one quantitative statement
about each of the following: (a) water, (b) carbon,
(c) iron, (d) hydrogen gas, (e) sucrose (cane sugar),
(f) table salt (sodium chloride), (g) mercury, (h) gold,
(i) air.

Which of the following statements describe physical
properties and which describe chemical properties?
(a) Iron has a tendency to rust. (b) Rainwater in indus-
trialized regions tends to be acidic. (c) Hemoglobin
molecules have a red color. (d) When a glass of water
is left out in the sun, the water gradually disappears.
(e) Carbon dioxide in air is converted to more com-
plex molecules by plants during photosynthesis.

In 2008, about 95.0 billion 1b of sulfuric acid were
produced in the United States. Convert this quantity
to tons.

In determining the density of a rectangular metal bar,
a student made the following measurements: length,
8.53 cm; width, 2.4 cm; height, 1.0 cm; mass, 52.7064 g.
Calculate the density of the metal to the correct num-
ber of significant figures.

Calculate the mass of each of the following: (a) a
sphere of gold with a radius of 10.0 cm [the volume
of a sphere with a radius ris V = (4/ 3)arr’; the den-
sity of gold = 19.3 g/cm®], (b) a cube of platinum of
edge length 0.040 mm (the density of platinum =
21.4 g/cmS), (c) 50.0 mL of ethanol (the density of
ethanol = 0.798 g/mL).

A cylindrical glass tube 12.7 cm in length is filled with
mercury. The mass of mercury needed to fill the tube
is 105.5 g. Calculate the inner diameter of the tube.
(The density of mercury = 13.6 g/mL.)

The following procedure was used to determine the
volume of a flask. The flask was weighed dry and then
filled with water. If the masses of the empty flask and
filled flask were 56.12 g and 87.39 g, respectively, and
the density of water is 0.9976 g/cm®, calculate the vol-

ume of the flask in cm?.

The speed of sound in air at room temperature is
about 343 m/s. Calculate this speed in miles per hour.
(1 mi = 1609 m.)

A piece of silver (Ag) metal weighing 194.3 g is
placed in a graduated cylinder containing 242.0 mL of
water. The volume of water now reads 260.5 mL.
From these data calculate the density of silver.

The experiment described in Problem 1.61 is a crude
but convenient way to determine the density of some
solids. Describe a similar experiment that would en-
able you to measure the density of ice. Specifically,
what would be the requirements for the liquid used in
your experiment?
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A lead sphere has a mass of 1.20 X 10* g, and its vol-
ume is 1.05 X 10 cm®. Calculate the density of lead.

Lithium is the least dense metal known (density:
0.53 g/cm®). What is the volume occupied by
1.20 X 10* g of lithium?

The medicinal thermometer commonly used in homes
can be read +0.1°F, whereas those in the doctor’s of-
fice may be accurate to £0.1°C. In degrees Celsius,
express the percent error expected from each of these
thermometers in measuring a person’s body tempera-
ture of 38.9°C.

Vanillin (used to flavor vanilla ice cream and other
foods) is the substance whose aroma the human nose
detects in the smallest amount. The threshold limit
is 2.0 X 10~ g per liter of air. If the current price
of 50 g of vanillin is $112, determine the cost to
supply enough vanillin so that the aroma could be
detected in a large aircraft hangar with a volume of
5.0 X 107 ft'.

At what temperature does the numerical reading on
a Celsius thermometer equal that on a Fahrenheit
thermometer?

Suppose that a new temperature scale has been de-
vised on which the melting point of ethanol
(—117.3°C) and the boiling point of ethanol (78.3°C)
are taken as 0°S and 100°S, respectively, where S is
the symbol for the new temperature scale. Derive an
equation relating a reading on this scale to a reading
on the Celsius scale. What would this thermometer
read at 25°C?

A resting adult requires about 240 mL of pure
oxygen/min and breathes about 12 times every
minute. If inhaled air contains 20 percent oxygen by
volume and exhaled air 16 percent, what is the volume
of air per breath? (Assume that the volume of inhaled
air is equal to that of exhaled air.)

(a) Referring to Problem 1.69, calculate the total vol-
ume (in liters) of air an adult breathes in a day. (b) In
a city with heavy traffic, the air contains 2.1 X 10 °L
of carbon monoxide (a poisonous gas) per liter. Calcu-
late the average daily intake of carbon monoxide in
liters by a person.

The total volume of seawater is 1.5 X 10°' L. Assume
that seawater contains 3.1 percent sodium chloride by
mass and that its density is 1.03 g/mL. Calculate the
total mass of sodium chloride in kilograms and in
tons. (1 ton = 2000 1b; 1 1b = 453.6 g.)

Magnesium (Mg) is a valuable metal used in alloys,
in batteries, and in the manufacture of chemicals. It
is obtained mostly from seawater, which contains
about 1.3 g of Mg for every kilogram of seawater.
Referring to Problem 1.71, calculate the volume of
seawater (in liters) needed to extract 8.0 X 10* tons
of Mg, which is roughly the annual production in the
United States.
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A student is given a crucible and asked to prove
whether it is made of pure platinum. She first weighs
the crucible in air and then weighs it suspended in
water (density = 0.9986 g/mL). The readings are
860.2 g and 820.2 g, respectively. Based on these
measurements and given that the density of platinum
is 21.45 g/cm3, what should her conclusion be? (Hint:
An object suspended in a fluid is buoyed up by the
mass of the fluid displaced by the object. Neglect the
buoyance of air.)

The surface area and average depth of the Pacific Ocean
are 1.8 X 10°® km? and 3.9 X 10’ m, respectively. Cal-
culate the volume of water in the ocean in liters.

The unit “troy ounce” is often used for precious metals
such as gold (Au) and platinum (Pt). (1 troy ounce =
31.103 g.) (a) A gold coin weighs 2.41 troy ounces. Cal-
culate its mass in grams. (b) Is a troy ounce heavier or
lighter than an ounce? (1 1b = 16 0z; 1 Ib = 453.6 g.)
Osmium (Os) is the densest element known (density
= 22.57 g/cm?). Calculate the mass in pounds and in
kilograms of an Os sphere 15 cm in diameter (about
the size of a grapefruit). See Problem 1.57 for volume
of a sphere.

Percent error is often expressed as the absolute value
of the difference between the true value and the ex-
perimental value, divided by the true value:

true value — experimental value|

X 100%
|true value]|

The vertical lines indicate absolute value. Calculate
the percent error for the following measurements:
(a) The density of alcohol (ethanol) is found to be
0.802 g/mL. (True value: 0.798 g/mL.) (b) The mass
of gold in an earring is analyzed to be 0.837 g. (True
value: 0.864 g.)

The natural abundances of elements in the human
body, expressed as percent by mass, are: oxygen (O),
65 percent; carbon (C), 18 percent; hydrogen (H),
10 percent; nitrogen (N), 3 percent; calcium (Ca), 1.6 per-
cent; phosphorus (P), 1.2 percent; all other elements,
1.2 percent. Calculate the mass in grams of each ele-
ment in the body of a 62-kg person.

The men’s world record for running a mile outdoors
(as of 1999) is 3 min 43.13 s. At this rate, how long
would it take to run a 1500-m race? (1 mi = 1609 m.)
Venus, the second closest planet to the sun, has a sur-
face temperature of 7.3 X 10? K. Convert this tem-
perature to °C and °F.

Chalcopyrite, the principal ore of copper (Cu), con-
tains 34.63 percent Cu by mass. How many grams of
Cu can be obtained from 5.11 X 10° kg of the ore?

It has been estimated that 8.0 X 10* tons of gold (Au)
have been mined. Assume gold costs $948 per ounce.
What is the total worth of this quantity of gold?
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A 1.0-mL volume of seawater contains about
4.0 X 107" g of gold. The total volume of ocean
water is 1.5 X 10*' L. Calculate the total amount of
gold (in grams) that is present in seawater, and the
worth of the gold in dollars (see Problem 1.82). With
so much gold out there, why hasn’t someone become
rich by mining gold from the ocean?

Measurements show that 1.0 g of iron (Fe) contains
1.1 X 10* Fe atoms. How many Fe atoms are in4.9 g
of Fe, which is the total amount of iron in the body of
an average adult?

The thin outer layer of Earth, called the crust, contains
only 0.50 percent of Earth’s total mass and yet is the
source of almost all the elements (the atmosphere pro-
vides elements such as oxygen, nitrogen, and a few
other gases). Silicon (Si) is the second most abundant
element in Earth’s crust (27.2 percent by mass). Cal-
culate the mass of silicon in kilograms in Earth’s crust.
(The mass of Earth is 5.9 X 10°' tons. 1 ton = 2000 Ib;
11lb=4536¢g)

The radius of a copper (Cu) atom is roughly
1.3 X 107" m. How many times can you divide
evenly a piece of 10-cm copper wire until it is reduced
to two separate copper atoms? (Assume there are ap-
propriate tools for this procedure and that copper
atoms are lined up in a straight line, in contact with
each other. Round off your answer to an integer.)

One gallon of gasoline in an automobile’s engine pro-
duces on the average 9.5 kg of carbon dioxide, which
is a greenhouse gas, that is, it promotes the warming
of Earth’s atmosphere. Calculate the annual produc-
tion of carbon dioxide in kilograms if there are 40 mil-
lion cars in the United States and each car covers a
distance of 5000 mi at a consumption rate of 20 miles
per gallon.

A sheet of aluminum (Al) foil has a total area of 1.000 ft*
and a mass of 3.636 g. What is the thickness of the foil
in millimeters? (Density of Al = 2.699 g/cm®.)
Comment on whether each of the following is a homo-
geneous mixture or a heterogeneous mixture: (a) air in
a closed bottle and (b) air over New York City.

Chlorine is used to disinfect swimming pools. The
accepted concentration for this purpose is 1 ppm
chlorine, or 1 g of chlorine per million grams of
water. Calculate the volume of a chlorine solution
(in milliliters) a homeowner should add to her swim-
ming pool if the solution contains 6.0 percent chlo-
rine by mass and there are 2.0 X 10* gallons of water
in the pool. (1 gallon = 3.79 L; density of liquids =
1.0 g/mL.)

The world’s total petroleum reserve is estimated at
2.0 X 10*J (joule is the unit of energy where 1 J =
1 kg m%/s%). At the present rate of consumption,
1.8 X 10% J/yr, how long would it take to exhaust
the supply?
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In water conservation, chemists spread a thin film of
certain inert material over the surface of water to cut
down the rate of evaporation of water in reservoirs.
This technique was pioneered by Benjamin Franklin
three centuries ago. Franklin found that 0.10 mL of oil
could spread over the surface of water of about 40 m’
in area. Assuming that the oil forms a monolayer, that
is, a layer that is only one molecule thick, estimate the
length of each oil molecule in nanometers. (1 nm =
1 X 10 m.)

Fluoridation is the process of adding fluorine com-
pounds to drinking water to help fight tooth decay. A
concentration of 1 ppm of fluorine is sufficient for the
purpose. (1 ppm means one part per million, or 1 g of
fluorine per 1 million g of water.) The compound nor-
mally chosen for fluoridation is sodium fluoride,
which is also added to some toothpastes. Calculate the
quantity of sodium fluoride in kilograms needed per
year for a city of 50,000 people if the daily consump-
tion of water per person is 150 gallons. What percent
of the sodium fluoride is “wasted” if each person uses
only 6.0 L of water a day for drinking and cooking?
(Sodium fluoride is 45.0 percent fluorine by mass.
1 gallon = 3.79 L; 1 year = 365 days; density of wa-
ter = 1.0 g/mL.)

A gas company in Massachusetts charges $1.30 for
15.0 ft® of natural gas. (a) Convert this rate to dol-
lars per liter of gas. (b) If it takes 0.304 ft* of gas to
boil a liter of water, starting at room temperature
(25°C), how much would it cost to boil a 2.1-L kettle
of water?

Pheromones are compounds secreted by females of
many insect species to attract mates. Typically,
1.0 X 10~ g of a pheromone is sufficient to reach all
targeted males within a radius of 0.50 mi. Calculate
the density of the pheromone (in grams per liter) in a
cylindrical air space having a radius of 0.50 mi and a
height of 40 ft.

The average time it takes for a molecule to diffuse a
distance of x cm is given by

2
X

t=—
2D

where ¢ is the time in seconds and D is the diffusion
coefficient. Given that the diffusion coefficient of glu-
cose is 5.7 X 1077 ¢cm?/s, calculate the time it would
take for a glucose molecule to diffuse 10 wm, which is
roughly the size of a cell.

A human brain weighs about 1 kg and contains about
10" cells. Assuming that each cell is completely
filled with water (density = 1 g/mL), calculate the
length of one side of such a cell if it were a cube.
If the cells are spread out in a thin layer that is a
single cell thick, what is the surface area in square
meters?
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(a) Carbon monoxide (CO) is a poisonous gas because
it binds very strongly to the oxygen carrier hemo-
globin in blood. A concentration of 8.00 X 10? ppm
by volume of carbon monoxide is considered lethal to
humans. Calculate the volume in liters occupied by
carbon monoxide in a room that measures 17.6 m
long, 8.80 m wide, and 2.64 m high at this concentra-
tion. (b) Prolonged exposure to mercury (Hg) vapor

Special Problems
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can cause neurological disorders and respiratory prob-
lems. For safe air quality control, the concentration of
mercury vapor must be under 0.050 mg/m’. Convert
this number to g/L. (c) The general test for type II dia-
betes is that the blood sugar (glucose) level should be
below 120 mg per deciliter (mg/dL). Convert this
number to micrograms per milliliter (pg/mL).

A bank teller is asked to assemble “one-dollar” sets of
coins for his clients. Each set is made of three quar-
ters, one nickel, and two dimes. The masses of the
coins are: quarter: 5.645 g; nickel: 4.967 g; dime:
2.316 g. What is the maximum number of sets that can
be assembled from 33.871 kg of quarters, 10.432 kg
of nickels, and 7.990 kg of dimes? What is the total
mass (in g) of the assembled sets of coins?

1.100 A graduated cylinder is filled to the 40.00-mL mark

1.101

with a mineral oil. The masses of the cylinder before
and after the addition of the mineral oil are 124.966 g
and 159.446 g, respectively. In a separate experiment,
a metal ball bearing of mass 18.713 g is placed in
the cylinder and the cylinder is again filled to the
40.00-mL mark with the mineral oil. The combined
mass of the ball bearing and mineral oil is 50.952 g.
Calculate the density and radius of the ball bearing.
[The volume of a sphere of radius r is @/3)mr.]

A chemist in the nineteenth century prepared an un-
known substance. In general, do you think it would be
more difficult to prove that it is an element or a com-
pound? Explain.

1.102 Bronze is an alloy made of copper (Cu) and tin (Sn).

Calculate the mass of a bronze cylinder of radius
6.44 cm and length 44.37 cm. The composition of
the bronze is 79.42 percent Cu and 20.58 percent Sn
and the densities of Cu and Sn are 8.94 g/cm® and
7.31 g/em®, respectively. What assumption should
you make in this calculation?

Answers to Practice Exerc

1.103 You are given a liquid. Briefly describe steps you

would take to show whether it is a pure substance or a
homogeneous mixture.

1.104 A chemist mixes two liquids A and B to form a homo-

geneous mixture. The densities of the liquids are
2.0514 g/mL for A and 2.6678 g/mL for B. When she
drops a small object into the mixture, she finds that the
object becomes suspended in the liquid; that is, it nei-
ther sinks nor floats. If the mixture is made of 41.37
percent A and 58.63 percent B by volume, what is the
density of the metal? Can this procedure be used in
general to determine the densities of solids? What as-
sumptions must be made in applying this method?

1.105 Tums is a popular remedy for acid indigestion. A typ-
"ARIS ical Tums tablet contains calcium carbonate plus some

inert substances. When ingested, it reacts with the
gastric juice (hydrochloric acid) in the stomach to give
off carbon dioxide gas. When a 1.328-g tablet reacted
with 40.00 mL of hydrochloric acid (density: 1.140
g/mL), carbon dioxide gas was given off and the re-
sulting solution weighed 46.699 g. Calculate the num-
ber of liters of carbon dioxide gas released if its density
is 1.81 g/L.

1.106 A 250-mL glass bottle was filled with 242 mL of wa-

ter at 20°C and tightly capped. It was then left out-
doors overnight, where the average temperature was
—5°C. Predict what would happen. The density of wa-
ter at 20°C is 0.998 g/cm’ and that of ice at —5°C is
0.916 g/cm’.

1.196.5g. 1.2341 g. 1.3 (a) 621.5°F, (b) 78.3°C,
(c) —196°C. 1.4 (a) Two, (b) four, (c) three, (d) two,
(e) three or two. 1.5 (a) 26.76 L, (b) 4.4 g,

(c) 1.6 X 107 dm?, (d) 0.0756 g/mL, (e) 6.69 X 10* m.
1.6 2.361b. 1.7 1.08 X 10° m’. 1.8 0.534 g/cm’.



CHEMICAL

Mystery

The Disappearance of the Dinosaurs

inosaurs dominated life on Earth for millions of years and then disappeared very suddenly.
To solve the mystery, paleontologists studied fossils and skeletons found in rocks in var-
ious layers of Earth’s crust. Their findings enabled them to map out which species existed on
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Earth during specific geologic periods. They also revealed no dinosaur skeletons in rocks
formed immediately after the Cretaceous period, which dates back some 65 million years. It is
therefore assumed that the dinosaurs became extinct about 65 million years ago.

Among the many hypotheses put forward to account for their disappearance were disrup-
tions of the food chain and a dramatic change in climate caused by violent volcanic eruptions.
However, there was no convincing evidence for any one hypothesis until 1977. It was then that
a group of paleontologists working in Italy obtained some very puzzling data at a site near
Gubbio. The chemical analysis of a layer of clay deposited above sediments formed during the
Cretaceous period (and therefore a layer that records events occurring after the Cretaceous
period) showed a surprisingly high content of the element iridium (Ir). Iridium is very rare in
Earth’s crust but is comparatively abundant in asteroids.

This investigation led to the hypothesis that the extinction of dinosaurs occurred as follows.
To account for the quantity of iridium found, scientists suggested that a large asteroid several
miles in diameter hit Earth about the time the dinosaurs disappeared. The impact of the aster-
oid on Earth’s surface must have been so tremendous that it literally vaporized a large quantity
of surrounding rocks, soils, and other objects. The resulting dust and debris floated through the
air and blocked the sunlight for months or perhaps years. Without ample sunlight most plants
could not grow, and the fossil record confirms that many types of plants did indeed die out at
this time. Consequently, of course, many plant-eating animals perished, and then, in turn, meat-
eating animals began to starve. Dwindling food sources would obviously affect large animals
needing great amounts of food more quickly and more severely than small animals. Therefore,
the huge dinosaurs, the largest of which might have weighed as much as 30 tons, vanished due
to lack of food.

Chemical Clues

1.  How does the study of dinosaur extinction illustrate the scientific method?
2. Suggest two ways that would enable you to test the asteroid collision hypothesis.

In your opinion, is it justifiable to refer to the asteroid explanation as the theory of dinosaur
extinction?

4. Available evidence suggests that about 20 percent of the asteroid’s mass turned to dust and
spread uniformly over Earth after settling out of the upper atmosphere. This dust amounted
to about 0.02 g/cm? of Earth’s surface. The asteroid very likely had a density of about
2 g/em®. Calculate the mass (in kilograms and tons) of the asteroid and its radius in meters,
assuming that it was a sphere. (The area of Earth is 5.1 X 10" m? 1 Ib = 453.6 g,) (Source:
Consider a Spherical Cow—A Course in Environmental Problem Solving by J. Harte,
University Science Books, Mill Valley, CA 1988. Used with permission.)
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Atoms, Molecules,
and Ions

Colored images of the radioactive
emission of radium (Ra). The
models show the nuclei of

radium and the radioactive decay
products—radon (Rn) and an alpha
particle, which has two protons and
two neutrons. Study of radioactivity
helped to advance scientists’
knowledge about atomic structure.



Chapter Outline ‘F | A Look Ahead

e We begin with a historical perspective of the search for the fundamental

2.1 The Atomic Theory units of matter. The modern version of atomic theory was laid by John

Dalton in the nineteenth century, who postulated that elements are composed

2.2 The Structure of the Atom of extremely small particles, called atoms. All atoms of a given element are
2.3 Atomic Number. Mass identical, but they are different from atoms of all other elements. (2.1)

Number, and Isotopes e  We note that, through experimentation, scientists have learned that an atom

L is composed of three elementary particles: proton, electron, and neutron. The
24 The Periodic Table proton has a positive charge, the electron has a negative charge, and the
2.5 Molecules and Ions neutron has no charge. Protons and neutrons are located in a small region
at the center of the atom, called the nucleus, while electrons are spread out

2.6 Chemical Formulas about the nucleus at some distance from it. (2.2)

2.7 Naming Compounds e We will learn the following ways to identify atoms. Atomic number is the
2.8 Introduction to Organic number of protons in a nucleus; atoms of different elements have different
Compounds atomic numbers. Isotopes are atoms of the same element having a different

number of neutrons. Mass number is the sum of the number of protons and
neutrons in an atom. Because an atom is electrically neutral, the number of
protons is equal to the number of electrons in it. (2.3)

e Next we will see how elements can be grouped together according to their
chemical and physical properties in a chart called the periodic table. The
periodic table enables us to classify elements (as metals, metalloids, and
nonmetals) and correlate their properties in a systematic way. (2.4)

e  We will see that atoms of most elements interact to form compounds, which
are classified as molecules or ionic compounds made of positive (cations)
and negative (anions) ions. (2.5)

e We learn to use chemical formulas (molecular and empirical) to represent
molecules and ionic compounds and models to represent molecules. (2.6)

e We learn a set of rules that help us name the inorganic compounds. (2.7)

e Finally, we will briefly explore the organic world to which we will return
in a later chapter. (2.8)

ince ancient times humans have pondered the nature of matter. Our modern
ideas of the structure of matter began to take shape in the early nineteenth
century with Dalton’s atomic theory. We now know that all matter is made of
atoms, molecules, and ions. All of chemistry is concerned in one way or another

Animations with these species.
Cathode Ray Tube (2.2)

Millikan Oil Drop (2.2)

Alpha, Beta, and Gamma
Rays (2.2)

a-Particle Scattering (2.2)

Media Player

Rutherford’s Experiment (2.2)

Formation of an Ionic
Compound (2.7)

Chapter Summary

T ARIS ARIS ®
Example Practice Problems
End of Chapter Problems

Student Interactive | S
Activity

Quantum Tutors
finn End of Chapter Problems

O
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Figure 2.1 (a) According to
Dalton’s atomic theory, atoms of
the same element are identical,
but atoms of one element are
different from atoms of other
elements. (b) Compound formed
from atoms of elements X and Y.
In this case, the ratio of the
atoms of element X to the atoms
of element Y is 2:1. Note that a
chemical reaction results only in
the rearrangement of atoms, not
in their destruction or creation.

The Atomic Theory

In the fifth century B.c. the Greek philosopher Democritus expressed the belief that
all matter consists of very small, indivisible particles, which he named atomos (mean-
ing uncuttable or indivisible). Although Democritus’ idea was not accepted by many
of his contemporaries (notably Plato and Aristotle), somehow it endured. Experimen-
tal evidence from early scientific investigations provided support for the notion of
“atomism” and gradually gave rise to the modern definitions of elements and com-
pounds. In 1808 an English scientist and school teacher, John Dalton,T formulated a
precise definition of the indivisible building blocks of matter that we call atoms.

Dalton’s work marked the beginning of the modern era of chemistry. The hypoth-
eses about the nature of matter on which Dalton’s atomic theory is based can be
summarized as follows:

1. Elements are composed of extremely small particles called atoms.

2. All atoms of a given element are identical, having the same size, mass, and
chemical properties. The atoms of one element are different from the atoms of
all other elements.

3. Compounds are composed of atoms of more than one element. In any compound,
the ratio of the numbers of atoms of any two of the elements present is either an
integer or a simple fraction.

4. A chemical reaction involves only the separation, combination, or rearrangement
of atoms; it does not result in their creation or destruction.

Figure 2.1 is a schematic representation of the last three hypotheses.

Dalton’s concept of an atom was far more detailed and specific than Democritus’.
The second hypothesis states that atoms of one element are different from atoms of
all other elements. Dalton made no attempt to describe the structure or composition
of atoms—he had no idea what an atom is really like. But he did realize that the
different properties shown by elements such as hydrogen and oxygen can be explained
by assuming that hydrogen atoms are not the same as oxygen atoms.

The third hypothesis suggests that, to form a certain compound, we need not only
atoms of the right kinds of elements, but specific numbers of these atoms as well.

John Dalton (1766-1844). English chemist, mathematician, and philosopher. In addition to the atomic
theory, he also formulated several gas laws and gave the first detailed description of color blindness, from
which he suffered. Dalton was described as an indifferent experimenter, and singularly wanting in the
language and power of illustration. His only recreation was lawn bowling on Thursday afternoons. Perhaps
it was the sight of those wooden balls that provided him with the idea of the atomic theory.
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This idea is an extension of a law published in 1799 by Joseph Proust,” a French
chemist. Proust’s law of definite proportions states that different samples of the same
compound always contain its constituent elements in the same proportion by mass.
Thus, if we were to analyze samples of carbon dioxide gas obtained from different
sources, we would find in each sample the same ratio by mass of carbon to oxygen.
It stands to reason, then, that if the ratio of the masses of different elements in a given
compound is fixed, the ratio of the atoms of these elements in the compound also
must be constant.

Dalton’s third hypothesis supports another important law, the law of multiple
proportions. According to the law, if two elements can combine to form more than
one compound, the masses of one element that combine with a fixed mass of the other
element are in ratios of small whole numbers. Dalton’s theory explains the law of
multiple proportions quite simply: Different compounds made up of the same elements
differ in the number of atoms of each kind that combine. For example, carbon forms
two stable compounds with oxygen, namely, carbon monoxide and carbon dioxide.
Modern measurement techniques indicate that one atom of carbon combines with one
atom of oxygen in carbon monoxide and with two atoms of oxygen in carbon dioxide.
Thus, the ratio of oxygen in carbon monoxide to oxygen in carbon dioxide is 1:2.
This result is consistent with the law of multiple proportions (Figure 2.2).

Dalton’s fourth hypothesis is another way of stating the law of conservation of
mass,” which is that matter can be neither created nor destroyed. Because matter is
made of atoms that are unchanged in a chemical reaction, it follows that mass must
be conserved as well. Dalton’s brilliant insight into the nature of matter was the main
stimulus for the rapid progress of chemistry during the nineteenth century.

Review of Concepts

The atoms of elements A (blue) and B (orange) form two compounds shown
here. Do these compounds obey the law of multiple proportions?

¢ ‘e

The Structure of the Atom

On the basis of Dalton’s atomic theory, we can define an afom as the basic unit of an
element that can enter into chemical combination. Dalton imagined an atom that was
both extremely small and indivisible. However, a series of investigations that began in
the 1850s and extended into the twentieth century clearly demonstrated that atoms
actually possess internal structure; that is, they are made up of even smaller particles,
which are called subatomic particles. This research led to the discovery of three such
particles—electrons, protons, and neutrons.

“Joseph Louis Proust (1754-1826). French chemist. Proust was the first person to isolate sugar from grapes.

*According to Albert Einstein, mass and energy are alternate aspects of a single entity called mass-energy.
Chemical reactions usually involve a gain or loss of heat and other forms of energy. Thus, when energy
is lost in a reaction, for example, mass is also lost. Except for nuclear reactions (see Chapter 23), however,
changes of mass in chemical reactions are too small to detect. Therefore, for all practical purposes mass
is conserved.

Carbon monoxide

.021
C’.’l
@

Carbon dioxide

.02_022
B

Ratio of oxygen in
carbon monoxide to
oxygen in carbon dioxide: 1:2

Figure 2.2 An illustration of the
law of multiple proportions.
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Figure 2.3 A cathode ray tube
with an electric field perpendicular
to the direction of the cathode
rays and an external magnetic
field. The symbols N and S
denote the north and south poles
of the magnet. The cathode rays
will strike the end of the tube at
A in the presence of a magnetic
field, at C in the presence of an
electric field, and at B when there
are no external fields present or
when the effects of the electric
field and magnetic field cancel
each other.

7 Animation
| | Cathode Ray Tube

Electrons are normally associated with
atoms. However, they can also be studied
individually.
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In the 1890s, many scientists became caught up in the study of radiation, the emission
and transmission of energy through space in the form of waves. Information gained
from this research contributed greatly to our understanding of atomic structure. One
device used to investigate this phenomenon was a cathode ray tube, the forerunner of
the television tube (Figure 2.3). It is a glass tube from which most of the air has been
evacuated. When the two metal plates are connected to a high-voltage source, the
negatively charged plate, called the cathode, emits an invisible ray. The cathode ray
is drawn to the positively charged plate, called the anode, where it passes through a
hole and continues traveling to the other end of the tube. When the ray strikes the
specially coated surface, it produces a strong fluorescence, or bright light.

In some experiments, two electrically charged plates and a magnet were added to
the outside of the cathode ray tube (see Figure 2.3). When the magnetic field is on and
the electric field is off, the cathode ray strikes point A. When only the electric field is
on, the ray strikes point C. When both the magnetic and the electric fields are off or
when they are both on but balanced so that they cancel each other’s influence, the ray
strikes point B. According to electromagnetic theory, a moving charged body behaves
like a magnet and can interact with electric and magnetic fields through which it passes.
Because the cathode ray is attracted by the plate bearing positive charges and repelled
by the plate bearing negative charges, it must consist of negatively charged particles.
We know these negatively charged particles as electrons. Figure 2.4 shows the effect
of a bar magnet on the cathode ray.

An English physicist, J. J. Thomson," used a cathode ray tube and his knowledge
of electromagnetic theory to determine the ratio of electric charge to the mass of an
individual electron. The number he came up with was —1.76 X 10® C/g, where C
stands for coulomb, which is the unit of electric charge. Thereafter, in a series of
experiments carried out between 1908 and 1917, R. A. Millikan? succeeded in measur-
ing the charge of the electron with great precision. His work proved that the charge
on each electron was exactly the same. In his experiment, Millikan examined the
motion of single tiny drops of oil that picked up static charge from ions in the air.
He suspended the charged drops in air by applying an electric field and followed their

Joseph John Thomson (1856-1940). British physicist who received the Nobel Prize in Physics in 1906
for discovering the electron.

*Robert Andrews Millikan (1868-1953). American physicist who was awarded the Nobel Prize in Physics
in 1923 for determining the charge of the electron.
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Figure 2.4 (a) A cathode ray produced in a discharge tube. The ray itself is invisible, but the fluorescence of a zinc sulfide coating
on the glass causes it to appear green. (b) The cathode ray is bent downward when a bar magnet is brought toward it. (c) When the
polarity of the magnet is reversed, the ray bends in the opposite direction.

motions through a microscope (Figure 2.5). Using his knowledge of electrostatics,
Millikan found the charge of an electron to be —1.6022 X 10" C. From these data
he calculated the mass of an electron:

charge

mass of an electron = ————
charge/mass

-1.6022 X 1077 C
—1.76 X 10°C/g
9.10 X 107 % g

This is an exceedingly small mass.

Radioactivity

In 1895, the German physicist Wilhelm Rontgen’ noticed that cathode rays caused
glass and metals to emit very unusual rays. This highly energetic radiation penetrated
matter, darkened covered photographic plates, and caused a variety of substances to
fluoresce. Because these rays could not be deflected by a magnet, they could not
contain charged particles as cathode rays do. Rontgen called them X rays because
their nature was not known.

"Wilhelm Konrad Réntgen (1845-1923). German physicist who received the Nobel Prize in Physics in 1901
for the discovery of X rays.

il droplets Figure 2.5 Schematic diagram
of Millikan’s oil drop experiment.
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Figure 2.6 Three types of rays
emitted by radioactive elements.
B rays consist of negatively
charged patrticles (electrons) and
are therefore attracted by the
positively charged plate. The
opposite holds true for o rays—
they are positively charged and
are drawn to the negatively
charged plate. Because vy rays
have no charges, their path is
unaffected by an external
electric field.

r'* 4 Animation
J Alpha, Beta, and Gamma Rays

Positive charge spread
over the entire sphere

Figure 2.7 Thomson’s model of
the atom, sometimes described
as the “plum-pudding” model,
after a traditional English dessert
containing raisins. The electrons
are embedded in a uniform,
positively charged sphere.

Lead block

Radioactive substance

Not long after Rontgen’s discovery, Antoine Becquerel,” a professor of physics
in Paris, began to study the fluorescent properties of substances. Purely by accident,
he found that exposing thickly wrapped photographic plates to a certain uranium
compound caused them to darken, even without the stimulation of cathode rays. Like
X rays, the rays from the uranium compound were highly energetic and could not be
deflected by a magnet, but they differed from X rays because they arose spontane-
ously. One of Becquerel’s students, Marie Curie,” suggested the name radioactivity to
describe this spontaneous emission of particles and/or radiation. Since then, any ele-
ment that spontaneously emits radiation is said to be radioactive.

Three types of rays are produced by the decay, or breakdown, of radioactive
substances such as uranium. Two of the three are deflected by oppositely charged
metal plates (Figure 2.6). Alpha (@) rays consist of positively charged particles, called
a particles, and therefore are deflected by the positively charged plate. Beta () rays,
or B particles, are electrons and are deflected by the negatively charged plate. The
third type of radioactive radiation consists of high-energy rays called gamma ()
rays. Like X rays, 7y rays have no charge and are not affected by an external field.

The Proton and the Nucleus

By the early 1900s, two features of atoms had become clear: they contain electrons,
and they are electrically neutral. To maintain electric neutrality, an atom must contain
an equal number of positive and negative charges. Therefore, Thomson proposed that
an atom could be thought of as a uniform, positive sphere of matter in which electrons
are embedded like raisins in a cake (Figure 2.7). This so-called “plum-pudding” model
was the accepted theory for a number of years.

"Antoine Henri Becquerel (1852-1908). French physicist who was awarded the Nobel Prize in Physics in
1903 for discovering radioactivity in uranium.

‘Marie (Marya Sklodowska) Curie (1867-1934). Polish-born chemist and physicist. In 1903 she and her
French husband, Pierre Curie, were awarded the Nobel Prize in Physics for their work on radioactivity. In
1911, she again received the Nobel prize, this time in chemistry, for her work on the radioactive elements
radium and polonium. She is one of only three people to have received two Nobel prizes in science. Despite
her great contribution to science, her nomination to the French Academy of Sciences in 1911 was rejected
by one vote because she was a woman! Her daughter Irene, and son-in-law Frederic Joliot-Curie, shared
the Nobel Prize in Chemistry in 1935.
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In 1910 the New Zealand physicist Ernest Rutherford,” who had studied with
Thomson at Cambridge University, decided to use « particles to probe the structure of
atoms. Together with his associate Hans Geiger® and an undergraduate named Ernest
Marsden,’ Rutherford carried out a series of experiments using very thin foils of gold
and other metals as targets for « particles from a radioactive source (Figure 2.8). They
observed that the majority of particles penetrated the foil either undeflected or with only
a slight deflection. But every now and then an « particle was scattered (or deflected) at
a large angle. In some instances, an « particle actually bounced back in the direction
from which it had come! This was a most surprising finding, for in Thomson’s model
the positive charge of the atom was so diffuse that the positive « particles should have
passed through the foil with very little deflection. To quote Rutherford’s initial reaction
when told of this discovery: “It was as incredible as if you had fired a 15-inch shell at
a piece of tissue paper and it came back and hit you.”

Rutherford was later able to explain the results of the a-scattering experiment in
terms of a new model for the atom. According to Rutherford, most of the atom must
be empty space. This explains why the majority of « particles passed through the gold
foil with little or no deflection. The atom’s positive charges, Rutherford proposed, are
all concentrated in the nucleus, which is a dense central core within the atom. Whenever
an « particle came close to a nucleus in the scattering experiment, it experienced a large
repulsive force and therefore a large deflection. Moreover, an « particle traveling directly
toward a nucleus would be completely repelled and its direction would be reversed.

The positively charged particles in the nucleus are called protons. In separate
experiments, it was found that each proton carries the same guantity of charge as an
electron and has a mass of 1.67262 X 10~%* g—about 1840 times the mass of the
oppositely charged electron.

At this stage of investigation, scientists perceived the atom as follows: The mass
of a nucleus constitutes most of the mass of the entire atom, but the nucleus occupies
only about 1/10" of the volume of the atom. We express atomic (and molecular)
dimensions in terms of the SI unit called the picometer (pm), where

Ilpm=1X10"m

"Ernest Rutherford (1871-1937). New Zealand physicist. Rutherford did most of his work in England
(Manchester and Cambridge Universities). He received the Nobel Prize in Chemistry in 1908 for his
investigations into the structure of the atomic nucleus. His often-quoted comment to his students was that
“all science is either physics or stamp-collecting.”

“Johannes Hans Wilhelm Geiger (1882—1945). German physicist. Geiger’s work focused on the structure
of the atomic nucleus and on radioactivity. He invented a device for measuring radiation that is now com-
monly called the Geiger counter.

*Ernest Marsden (1889-1970). English physicist. It is gratifying to know that at times an undergraduate
can assist in winning a Nobel Prize. Marsden went on to contribute significantly to the development of
science in New Zealand.

Figure 2.8 (a) Rutherford’s
experimental design for measuring
the scattering of « particles by a
piece of gold foil. Most of the «
particles passed through the gold
foil with little or no deflection. A
few were deflected at wide angles.
Occasionally an « particle was
turned back. (b) Magnified view of
a particles passing through and
being deflected by nuclei.
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A common non-SI unit for atomic length is
the angstrom (A; 1 A = 100 pm).
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If the size of an atom were expanded to
that of this sports stadium, the size of the
nucleus would be that of a marble.

Figure 2.9 The protons and
neutrons of an atom are packed
in an extremely small nucleus.
Electrons are shown as “clouds”
around the nucleus.

A typical atomic radius is about 100 pm, whereas the radius of an atomic nucleus is
only about 5 X 107° pm. You can appreciate the relative sizes of an atom and its
nucleus by imagining that if an atom were the size of a sports stadium, the volume
of its nucleus would be comparable to that of a small marble. Although the protons
are confined to the nucleus of the atom, the electrons are conceived of as being spread
out about the nucleus at some distance from it.

The concept of atomic radius is useful experimentally, but we should not infer
that atoms have well-defined boundaries or surfaces. We will learn later that the outer
regions of atoms are relatively “fuzzy.”

The Neutron

Rutherford’s model of atomic structure left one major problem unsolved. It was known
that hydrogen, the simplest atom, contains only one proton and that the helium atom
contains two protons. Therefore, the ratio of the mass of a helium atom to that of a
hydrogen atom should be 2:1. (Because electrons are much lighter than protons, their
contribution to atomic mass can be ignored.) In reality, however, the ratio is 4:1.
Rutherford and others postulated that there must be another type of subatomic par-
ticle in the atomic nucleus; the proof was provided by another English physicist,
James Chadwick,” in 1932. When Chadwick bombarded a thin sheet of beryllium
with « particles, a very high-energy radiation similar to y rays was emitted by the
metal. Later experiments showed that the rays actually consisted of a third type of
subatomic particles, which Chadwick named neutrons, because they proved to be
electrically neutral particles having a mass slightly greater than that of protons. The
mystery of the mass ratio could now be explained. In the helium nucleus there are
two protons and two neutrons, but in the hydrogen nucleus there is only one proton
and no neutrons; therefore, the ratio is 4:1.

Figure 2.9 shows the location of the elementary particles (protons, neutrons, and
electrons) in an atom. There are other subatomic particles, but the electron, the proton,

James Chadwick (1891-1972). British physicist. In 1935 he received the Nobel Prize in Physics for
proving the existence of neutrons.

Proton

Neutron




2.3 Atomic Number, Mass Number, and Isotopes

TABLE 2.1 Mass and Charge of Subatomic Particles

Charge
Particle Mass (g) Coulomb Charge Unit
Electron® 9.10938 X 1072 —1.6022 x 107" -1
Proton 1.67262 X 10~ +1.6022 X 107" +1
Neutron 1.67493 x 107 0 0

*More refined measurements have given us a more accurate value of an electron’s mass than Millikan’s.

and the neutron are the three fundamental components of the atom that are important
in chemistry. Table 2.1 shows the masses and charges of these three elementary
particles.

Atomic Number, Mass Number, and Isotopes

All atoms can be identified by the number of protons and neutrons they contain. The
atomic number (Z) is the number of protons in the nucleus of each atom of an ele-
ment. In a neutral atom the number of protons is equal to the number of electrons,
so the atomic number also indicates the number of electrons present in the atom. The
chemical identity of an atom can be determined solely from its atomic number. For
example, the atomic number of fluorine is 9. This means that each fluorine atom has
9 protons and 9 electrons. Or, viewed another way, every atom in the universe that
contains 9 protons is correctly named “fluorine.”

The mass number (A) is the total number of neutrons and protons present in the
nucleus of an atom of an element. Except for the most common form of hydrogen,
which has one proton and no neutrons, all atomic nuclei contain both protons and
neutrons. In general, the mass number is given by

mass number = number of protons + number of neutrons @
= atomic number + number of neutrons '
The number of neutrons in an atom is equal to the difference between the mass num-
ber and the atomic number, or (A — Z). For example, if the mass number of a par-
ticular boron atom is 12 and the atomic number is 5 (indicating 5 protons in the
nucleus), then the number of neutrons is 12 — 5 = 7. Note that all three quantities
(atomic number, number of neutrons, and mass number) must be positive integers, or
whole numbers.

Atoms of a given element do not all have the same mass. Most elements have
two or more isotopes, atoms that have the same atomic number but different mass
numbers. For example, there are three isotopes of hydrogen. One, simply known as
hydrogen, has one proton and no neutrons. The deuterium isotope contains one pro-
ton and one neutron, and fritium has one proton and two neutrons. The accepted way
to denote the atomic number and mass number of an atom of an element (X) is as
follows:

mass number
\ A
ZX

atomic number —

Protons and neutrons are collectively
called nucleons.

49
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Similar problems: 2.15, 2.16.

FARIS

Thus, for the isotopes of hydrogen, we write

H H H

hydrogen deuterium tritium

As another example, consider two common isotopes of uranium with mass numbers
of 235 and 238, respectively:

235 238
92U 92U

The first isotope is used in nuclear reactors and atomic bombs, whereas the second
isotope lacks the properties necessary for these applications. With the exception of
hydrogen, which has different names for each of its isotopes, isotopes of elements
are identified by their mass numbers. Thus, the preceding two isotopes are called
uranium-235 (pronounced “uranium two thirty-five”) and uranium-238 (pronounced
“uranium two thirty-eight”).

The chemical properties of an element are determined primarily by the protons
and electrons in its atoms; neutrons do not take part in chemical changes under nor-
mal conditions. Therefore, isotopes of the same element have similar chemistries,
forming the same types of compounds and displaying similar reactivities.

Example 2.1 shows how to calculate the number of protons, neutrons, and elec-
trons using atomic numbers and mass numbers.

EXAMPLE 2.1

Give the number of protons, neutrons, and electrons in each of the following species:
(a) 1iNa, (b) 11Na, (c) 70, and (d) carbon-14.

Strategy Recall that the superscript denotes the mass number (A) and the subscript
denotes the atomic number (Z). Mass number is always greater than atomic number.
(The only exception is |H, where the mass number is equal to the atomic number.) In
a case where no subscript is shown, as in parts (c) and (d), the atomic number can
be deduced from the element symbol or name. To determine the number of electrons,
remember that because atoms are electrically neutral, the number of electrons is equal
to the number of protons.

Solution (a) The atomic number is 11, so there are 11 protons. The mass number is
20, so the number of neutrons is 20 — 11 = 9. The number of electrons is the
same as the number of protons; that is, 11.

(b) The atomic number is the same as that in (a), or 11. The mass number is 22, so the
number of neutrons is 22 — 11 = 11. The number of electrons is 11. Note that the
species in (a) and (b) are chemically similar isotopes of sodium.

(c) The atomic number of O (oxygen) is 8, so there are 8 protons. The mass number is
17, so there are 17 — 8 = 9 neutrons. There are 8 electrons.

(d) Carbon-14 can also be represented as C. The atomic number of carbon is 6, so
there are 14 — 6 = 8 neutrons. The number of electrons is 6.

Practice Exercise How many protons, neutrons, and electrons are in the following
isotope of copper: %Cu?

Review of Concepts

(a) Name the only element having an isotope that contains no neutrons.
(b) Explain why a helium nucleus containing no neutrons is likely to be unstable.



2.4 The Periodic Table

The Periodic Table

More than half of the elements known today were discovered between 1800 and
1900. During this period, chemists noted that many elements show strong simi-
larities to one another. Recognition of periodic regularities in physical and chemi-
cal behavior and the need to organize the large volume of available information
about the structure and properties of elemental substances led to the development
of the periodic table, a chart in which elements having similar chemical and phys-
ical properties are grouped together. Figure 2.10 shows the modern periodic table
in which the elements are arranged by atomic number (shown above the element
symbol) in horizontal rows called periods and in vertical columns known as groups
or families, according to similarities in their chemical properties. Note that ele-
ments 112—-116 and 118 have recently been synthesized, although they have not yet
been named.

The elements can be divided into three categories—metals, nonmetals, and met-
alloids. A metal is a good conductor of heat and electricity while a nonmetal is
usually a poor conductor of heat and electricity. A metalloid has properties that are
intermediate between those of metals and nonmetals. Figure 2.10 shows that the
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Figure 2.10 The modem periodic table. The elements are arranged according to the atomic numbers above their symbols. With the
exception of hydrogen (H), nonmetals appear at the far right of the table. The two rows of metals beneath the main body of the table
are conventionally set apart to keep the table from being too wide. Actually, cerium (Ce) should follow lanthanum (La), and thorium (Th)
should come right after actinium (Ac). The 1-18 group designation has been recommended by the International Union of Pure and
Applied Chemistry (IUPAC) but is not yet in wide use. In this text, we use the standard U.S. notation for group numbers (1A-8A and

1B-8B). No names have yet been assigned to elements 112-116, and 118. Element 117 has not yet been synthesized.




in Action

CHEMISTRY

Distribution of Elements on Earth and in Living Systems

he majority of elements are naturally occurring. How are
these elements distributed on Earth, and which are essential
to living systems?

Earth’s crust extends from the surface to a depth of about
40 km (about 25 mi). Because of technical difficulties, scientists
have not been able to study the inner portions of Earth as easily
as the crust. Nevertheless, it is believed that there is a solid core
consisting mostly of iron at the center of Earth. Surrounding the
core is a layer called the mantle, which consists of hot fluid
containing iron, carbon, silicon, and sulfur.

Of the 83 elements that are found in nature, 12 make up
99.7 percent of Earth’s crust by mass. They are, in decreasing
order of natural abundance, oxygen (O), silicon (Si), aluminum
(Al), iron (Fe), calcium (Ca), magnesium (Mg), sodium (Na),
potassium (K), titanium (Ti), hydrogen (H), phosphorus (P),
and manganese (Mn). In discussing the natural abundance of the

elements, we should keep in mind that (1) the elements are not
evenly distributed throughout Earth’s crust, and (2) most ele-
ments occur in combined forms. These facts provide the basis
for most methods of obtaining pure elements from their com-
pounds, as we will see in later chapters.

The accompanying table lists the essential elements in the
human body. Of special interest are the trace elements, such as
iron (Fe), copper (Cu), zinc (Zn), iodine (I), and cobalt (Co),
which together make up about 0.1 percent of the body’s mass.
These elements are necessary for biological functions such as
growth, transport of oxygen for metabolism, and defense
against disease. There is a delicate balance in the amounts of
these elements in our bodies. Too much or too little over an
extended period of time can lead to serious illness, retardation,
or even death.

<t

2900 km 3480 km

Structure of Earth’s interior.

(a) Natural abundance of the elements
in percent by mass. For example, oxy-
gen’s abundance is 45.5 percent. This
means that in a 100-g sample of Earth’s
crust there are, on the average, 45.5 g
of the element oxygen. (b) Abundance
of elements in the human body in per-
cent by mass.

Essential Elements in the Human Body

Element Percent by Mass* Element Percent by Mass*
Oxygen 65 Sodium 0.1
Carbon 18 Magnesium 0.05
Hydrogen 10 Iron <0.05
Nitrogen 3 Cobalt <0.05
Calcium 1.6 Copper <0.05
Phosphorus 1.2 Zinc <0.05
Potassium 0.2 Iodine <0.05
Sulfur 0.2 Selenium <0.01
Chlorine 0.2 Fluorine <0.01

“Percent by mass gives the mass of the element in grams present in a 100-g sample.

All others 5.3%
\ Magnesium 2.8%

/\) Calcium 4.7%
Sili

27.2%

Tron 6.2%

Aluminum 8.3%

(a) (b)

All others 1.2%
Phosphorus 1.2%
Calcium 1.6%
Nitrogen 3%

Hydrogen 10%
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majority of known elements are metals; only 17 elements are nonmetals, and 8 ele-
ments are metalloids. From left to right across any period, the physical and chemical
properties of the elements change gradually from metallic to nonmetallic.

Elements are often referred to collectively by their periodic table group number
(Group 1A, Group 2A, and so on). However, for convenience, some element groups
have been given special names. The Group 1A elements (Li, Na, K, Rb, Cs, and Fr)
are called alkali metals, and the Group 2A elements (Be, Mg, Ca, Sr, Ba, and Ra) are
called alkaline earth metals. Elements in Group 7A (F, Cl, Br, I, and At) are known
as halogens, and elements in Group 8A (He, Ne, Ar, Kr, Xe, and Rn) are called noble
gases, or rare gases.

The periodic table is a handy tool that correlates the properties of the elements
in a systematic way and helps us to make predictions about chemical behavior. We
will take a closer look at this keystone of chemistry in Chapter 8.

The Chemistry in Action essay on p. 52 describes the distribution of the elements
on Earth and in the human body.

Review of Concepts

In viewing the periodic table, do chemical properties change more markedly
across a period or down a group?

Molecules and Ions

Of all the elements, only the six noble gases in Group 8A of the periodic table (He,
Ne, Ar, Kr, Xe, and Rn) exist in nature as single atoms. For this reason, they are
called monatomic (meaning a single atom) gases. Most matter is composed of
molecules or ions formed by atoms.

Molecules

A molecule is an aggregate of at least two atoms in a definite arrangement held
together by chemical forces (also called chemical bonds). A molecule may contain
atoms of the same element or atoms of two or more elements joined in a fixed ratio,
in accordance with the law of definite proportions stated in Section 2.1. Thus, a mol-
ecule is not necessarily a compound, which, by definition, is made up of two or more
elements (see Section 1.4). Hydrogen gas, for example, is a pure element, but it con-
sists of molecules made up of two H atoms each. Water, on the other hand, is a
molecular compound that contains hydrogen and oxygen in a ratio of two H atoms
and one O atom. Like atoms, molecules are electrically neutral.

The hydrogen molecule, symbolized as H,, is called a diatomic molecule because
it contains only two atoms. Other elements that normally exist as diatomic molecules
are nitrogen (N,) and oxygen (O,), as well as the Group 7A elements—fluorine (F»),
chlorine (Cl,), bromine (Br,), and iodine (I,). Of course, a diatomic molecule can
contain atoms of different elements. Examples are hydrogen chloride (HCIl) and car-
bon monoxide (CO).

The vast majority of molecules contain more than two atoms. They can be atoms
of the same element, as in ozone (Os), which is made up of three atoms of oxygen,
or they can be combinations of two or more different elements. Molecules containing
more than two atoms are called polyatomic molecules. Like ozone, water (H,O) and
ammonia (NH;) are polyatomic molecules.

We will discuss the nature of chemical
bonds in Chapters 9 and 10.

1A
[H]2A 3A4A5AGATA |
H N[Oo[F
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Elements that exist as diatomic molecules.
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In Chapter 8, we will see why atoms of
different elements gain (or lose) a specific
number of electrons.

Atoms, Molecules, and Ions

Tons

An ion is an atom or a group of atoms that has a net positive or negative charge.
The number of positively charged protons in the nucleus of an atom remains the same
during ordinary chemical changes (called chemical reactions), but negatively charged
electrons may be lost or gained. The loss of one or more electrons from a neutral
atom results in a cation, an ion with a net positive charge. For example, a sodium
atom (Na) can readily lose an electron to become a sodium cation, which is repre-
sented by Na™:

Na* Ion

11 protons
10 electrons

Na Atom

11 protons
11 electrons

On the other hand, an anion is an ion whose net charge is negative due to an increase
in the number of electrons. A chlorine atom (Cl), for instance, can gain an electron
to become the chloride ion Cl :

Cl Atom

17 protons
17 electrons

Cl™ Ion

17 protons
18 electrons

Sodium chloride (NaCl), ordinary table salt, is called an ionic compound because it
is formed from cations and anions.

An atom can lose or gain more than one electron. Examples of ions formed by
the loss or gain of more than one electron are Mg2+, Fe’*, $*7, and N°". These ions,
as well as Na* and Cl™, are called monatomic ions because they contain only one
atom. Figure 2.11 shows the charges of a number of monatomic ions. With very few
exceptions, metals tend to form cations and nonmetals form anions.

In addition, two or more atoms can combine to form an ion that has a net posi-
tive or net negative charge. Polyatomic ions such as OH (hydroxide ion), CN™
(cyanide ion), and NH; (ammonium ion) are ions containing more than one atom.

1 18
1A 8A
2 13 14 15 16 17
2A 3A° 4A 5A 6A  TA
Li* c- | N | 0 | F
Na* | Mg?* | 3 4 5 6 7 8 9 10 11 12 | AB* P> | s+ | or
3B 4B 5B 6B 7B ——8B— 1B 2B
Cr?* | Mn?* | Fe** | Co** | Ni%* | Cu* - -
K* | Ca¥ Cr¥* | Mo | Fe** | Co** | Ni** | Cu** Zn™ Sel” | Br
2+
Rb* | Sr2* Agt | ca? 224,, Te> | I
Aut Hg%* Pb2*
Cs* Ba®* Audt Hg2+ P+

Figure 2.11 Common monatomic ions arranged according to their positions in the periodic table. Note that the Hg3" ion contains

two atoms.
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Chemical Formulas

Chemists use chemical formulas to express the composition of molecules and ionic
compounds in terms of chemical symbols. By composition we mean not only the ele-
ments present but also the ratios in which the atoms are combined. Here we are
concerned with two types of formulas: molecular formulas and empirical formulas.

Molecular Formulas

A molecular formula shows the exact number of atoms of each element in the small-
est unit of a substance. In our discussion of molecules, each example was given with
its molecular formula in parentheses. Thus, H;, is the molecular formula for hydrogen,
0O, is oxygen, Os is ozone, and H,O is water. The subscript numeral indicates the
number of atoms of an element present. There is no subscript for O in H,O because
there is only one atom of oxygen in a molecule of water, and so the number “one”
is omitted from the formula. Note that oxygen (O,) and ozone (O;) are allotropes of
oxygen. An allotrope is one of two or more distinct forms of an element. Two allo-
tropic forms of the element carbon—diamond and graphite—are dramatically different
not only in properties but also in their relative cost.

Molecular Models

Molecules are too small for us to observe directly. An effective means of visualizing
them is by the use of molecular models. Two standard types of molecular models are
currently in use: ball-and-stick models and space-filling models (Figure 2.12). In ball-
and-stick model kits, the atoms are wooden or plastic balls with holes in them. Sticks
or springs are used to represent chemical bonds. The angles they form between atoms
approximate the bond angles in actual molecules. With the exception of the H atom,
the balls are all the same size and each type of atom is represented by a specific color.
In space-filling models, atoms are represented by truncated balls held together by snap

Hydrogen Water Ammonia
Molecular
formula H, H,0 NH,
Structural H—H H—O—H H—N—H
formula |
H

o @ @ Q.‘ ¢ ®

Space-filling ) '
model !

Figure 2.12 Molecular and structural formulas and molecular models of four common molecules.

See back endpaper for color codes for
atoms.

Methane

CH,

H

|
H—l—H

¢
®

&
©
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The word “empirical” means “derived from
experiment.” As we will see in Chapter 3,
empirical formulas are determined

experimentally.

& ¢
°8-¢

¢

Methanol

Similar problems: 2.47, 2.48.

FARIS

fasteners, so that the bonds are not visible. The balls are proportional in size to atoms.
The first step toward building a molecular model is writing the structural formula,
which shows how atoms are bonded to one another in a molecule. For example, it is
known that each of the two H atoms is bonded to an O atom in the water molecule.
Therefore, the structural formula of water is H—O—H. A line connecting the two
atomic symbols represents a chemical bond.

Ball-and-stick models show the three-dimensional arrangement of atoms clearly,
and they are fairly easy to construct. However, the balls are not proportional to the
size of atoms. Furthermore, the sticks greatly exaggerate the space between atoms in
a molecule. Space-filling models are more accurate because they show the variation
in atomic size. Their drawbacks are that they are time-consuming to put together and
they do not show the three-dimensional positions of atoms very well. We will use
both models extensively in this text.

Empirical Formulas

The molecular formula of hydrogen peroxide, a substance used as an antiseptic and as
a bleaching agent for textiles and hair, is H,O,. This formula indicates that each hydrogen
peroxide molecule consists of two hydrogen atoms and two oxygen atoms. The ratio of
hydrogen to oxygen atoms in this molecule is 2:2 or 1:1. The empirical formula of
hydrogen peroxide is HO. Thus, the empirical formula tells us which elements are pres-
ent and the simplest whole-number ratio of their atoms, but not necessarily the actual
number of atoms in a given molecule. As another example, consider the compound
hydrazine (N,H,), which is used as a rocket fuel. The empirical formula of hydrazine is
NH,. Although the ratio of nitrogen to hydrogen is 1:2 in both the molecular formula
(N,H,) and the empirical formula (NH,), only the molecular formula tells us the actual
number of N atoms (two) and H atoms (four) present in a hydrazine molecule.

Empirical formulas are the simplest chemical formulas; they are written by reduc-
ing the subscripts in the molecular formulas to the smallest possible whole numbers.
Molecular formulas are the true formulas of molecules. If we know the molecular
formula, we also know the empirical formula, but the reverse is not true. Why, then,
do chemists bother with empirical formulas? As we will see in Chapter 3, when chem-
ists analyze an unknown compound, the first step is usually the determination of the
compound’s empirical formula. With additional information, it is possible to deduce
the molecular formula.

For many molecules, the molecular formula and the empirical formula are one
and the same. Some examples are water (H,O), ammonia (NH;), carbon dioxide
(CO,), and methane (CH,).

Examples 2.2 and 2.3 deal with writing molecular formulas from molecular mod-
els and writing empirical formulas from molecular formulas.

EXAMPLE 2.2

Write the molecular formula of methanol, an organic solvent and antifreeze, from its
ball-and-stick model, shown in the margin.

Solution Refer to the labels (also see back endpapers). There are four H atoms, one
C atom, and one O atom. Therefore, the molecular formula is CH,O. However, the
standard way of writing the molecular formula for methanol is CH;OH because it shows
how the atoms are joined in the molecule.

Practice Exercise Write the molecular formula of chloroform, which is used as a
solvent and a cleansing agent. The ball-and-stick model of chloroform is shown in the
margin on p. 57.
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EXAMPLE 2.3 .

Write the empirical formulas for the following molecules: (a) acetylene (C,H,), which is
used in welding torches; (b) glucose (CsH;,O4), a substance known as blood sugar; and a

@

(c) nitrous oxide (N,0), a gas that is used as an anesthetic gas (“laughing gas”) and as

an aerosol propellant for whipped creams.
Strategy Recall that to write the empirical formula, the subscripts in the molecular
formula must be converted to the smallest possible whole numbers.

Solution

. c . Chlorofi
(a) There are two carbon atoms and two hydrogen atoms in acetylene. Dividing the orotorm

subscripts by 2, we obtain the empirical formula CH.
(b) In glucose there are 6 carbon atoms, 12 hydrogen atoms, and 6 oxygen atoms.
Dividing the subscripts by 6, we obtain the empirical formula CH,O. Note that if
we had divided the subscripts by 3, we would have obtained the formula C,H,0,.
Although the ratio of carbon to hydrogen to oxygen atoms in C,H,O, is the same as
that in C¢H;,04 (1:2:1), C,H40, is not the simplest formula because its subscripts
are not in the smallest whole-number ratio.
(c) Because the subscripts in N,O are already the smallest possible whole numbers, the
empirical formula for nitrous oxide is the same as its molecular formula. Similar problems: 2.45, 2.46.

Practice Exercise Write the empirical formula for caffeine (CgH;(N4O,), a stimulant FARIS
found in tea and coffee.

Formula of Ionic Compounds

The formulas of ionic compounds are usually the same as their empirical formulas
because ionic compounds do not consist of discrete molecular units. For example, a
solid sample of sodium chloride (NaCl) consists of equal numbers of Na* and CI~
ions arranged in a three-dimensional network (Figure 2.13). In such a compound there
is a 1:1 ratio of cations to anions so that the compound is electrically neutral. As you
can see in Figure 2.13, no Na™ ion in NaCl is associated with just one particular C1~
ion. In fact, each Na™ ion is equally held by six surrounding Cl~ ions and vice versa.
Thus, NaCl is the empirical formula for sodium chloride. In other ionic compounds,
the actual structure may be different, but the arrangement of cations and anions is
such that the compounds are all electrically neutral. Note that the charges on the
cation and anion are not shown in the formula for an ionic compound.

Sodium metal reacting with chlorine gas to
form sodium chloride.

(a) (b) (©

Figure 2.13 (a) Structure of solid NaCl. (b) In reality, the cations are in contact with the anions. In both (a) and (b), the smaller spheres
represent Na™ ions and the larger spheres, CI~ ions. (c) Crystals of NaCl.
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Refer to Figure 2.11 for charges of cations

and anions.

Note that in each of the above three exam-

ples, the subscripts are in the smallest ratios.

When magnesium burns in air, it forms both

magnesium oxide and magnesium nitride.

Similar problems: 2.43, 2.44.

(FARIS

For ionic compounds to be electrically neutral, the sum of the charges on the cation
and anion in each formula unit must be zero. If the charges on the cation and anion are
numerically different, we apply the following rule to make the formula electrically neu-
tral: The subscript of the cation is numerically equal to the charge on the anion, and the
subscript of the anion is numerically equal to the charge on the cation. If the charges
are numerically equal, then no subscripts are necessary. This rule follows from the fact
that because the formulas of ionic compounds are usually empirical formulas, the sub-
scripts must always be reduced to the smallest ratios. Let us consider some examples.

+  Potassium Bromide. The potassium cation K™ and the bromine anion Br~ com-
bine to form the ionic compound potassium bromide. The sum of the charges is
+1 + (—1) = 0, so no subscripts are necessary. The formula is KBr.

+  Zinc Todide. The zinc cation Zn>" and the iodine anion I” combine to form zinc
iodide. The sum of the charges of one Zn>" ion and one I ion is +2 + (—=1) =
+1. To make the charges add up to zero we multiply the —1 charge of the anion
by 2 and add the subscript “2” to the symbol for iodine. Therefore the formula
for zinc iodide is Znl,.

«  Aluminum Oxide. The cation is AI’" and the oxygen anion is O>". The follow-
ing diagram helps us determine the subscripts for the compound formed by the
cation and the anion:

ING A 0

Al, O,

The sum of the charges is 2(+3) + 3(—2) = 0. Thus, the formula for aluminum
oxide is Al,Os.

EXAMPLE 2.4

Write the formula of magnesium nitride, containing the Mg®" and N*~ ions.

Strategy Our guide for writing formulas for ionic compounds is electrical neutrality;
that is, the total charge on the cation(s) must be equal to the total charge on the
anion(s). Because the charges on the Mg®* and N°~ ions are not equal, we know the
formula cannot be MgN. Instead, we write the formula as Mg,N,, where x and y are
subscripts to be determined.

Solution To satisfy electrical neutrality, the following relationship must hold:
(+2)x + (=3)y =0
Solving, we obtain x/y = 3/2. Setting x = 3 and y = 2, we write

Mg " N

Mg; N,

Check The subscripts are reduced to the smallest whole number ratio of the atoms
because the chemical formula of an ionic compound is usually its empirical formula.

Practice Exercise Write the formulas of the following ionic compounds: (a) chromium
sulfate (containing the Cr*" and SO2™ ions) and (b) titanium oxide (containing the Ti**
and O* ions).
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Review of Concepts

Match each of the diagrams shown here with the following ionic compounds:
Al,O5, LiH, Na,S, Mg(NOs),. (Green spheres represent cations and red spheres
represent anions.)

':30"'00‘0

(©)

Naming Compounds

When chemistry was a young science and the number of known compounds was small,
it was possible to memorize their names. Many of the names were derived from their
physical appearance, properties, origin, or application—for example, milk of magnesia,
laughing gas, limestone, caustic soda, lye, washing soda, and baking soda.

Today the number of known compounds is well over 20 million. Fortunately, it
is not necessary to memorize their names. Over the years chemists have devised a
clear system for naming chemical substances. The rules are accepted worldwide,
facilitating communication among chemists and providing a useful way of labeling
an overwhelming variety of substances. Mastering these rules now will prove benefi-
cial almost immediately as we proceed with our study of chemistry.

To begin our discussion of chemical nomenclature, the naming of chemical com-
pounds, we must first distinguish between inorganic and organic compounds. Organic
compounds contain carbon, usually in combination with elements such as hydrogen,
oxygen, nitrogen, and sulfur. All other compounds are classified as inorganic com-
pounds. For convenience, some carbon-containing compounds, such as carbon mon-
oxide (CO), carbon dioxide (CO,), carbon disulfide (CS,), compounds containing the
cyanide group (CN7), and carbonate (CO%‘) and bicarbonate (HCOj3) groups are
considered to be inorganic compounds. Section 2.8 gives a brief introduction to
organic compounds.

To organize and simplify our venture into naming compounds, we can divide
inorganic compounds into four categories: ionic compounds, molecular compounds,
acids and bases, and hydrates.

Ionic Compounds

In Section 2.5 we learned that ionic compounds are made up of cations (positive ions)
and anions (negative ions). With the important exception of the ammonium ion, NH;,
all cations of interest to us are derived from metal atoms. Metal cations take their
names from the elements. For example,

Element Name of Cation
Na sodium Na* sodium ion (or sodium cation)
K  potassium K* potassium ion (or potassium cation)
Mg magnesium Mg?*  magnesium ion (or magnesium cation)
Al aluminum AP*  aluminum ion (or aluminum cation)

Many ionic compounds are binary compounds, or compounds formed from just
two elements. For binary compounds, the first element named is the metal cation,
followed by the nonmetallic anion. Thus, NaCl is sodium chloride. The anion is named

For names and symbols of the elements,
see front end papers.

1A oA
[ea 3A 4A 5A 6A 7A
Li| | N[o[F
Naly1 Al s|ci
K [Cal Br|

IRb|Sr’ 1

The most reactive metals (green) and the
most reactive nonmetals (blue) combine to
form ionic compounds.

Media Player
Formation of an lonic Compound
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3B 4B 5B 6B 7B —8B— 1B 2B

The transition metals are the elements in
Groups 1B and 3B-8B (see Figure 2.10).

FeCl, (left) and FeClj (right).

Keep in mind that the Roman numerals
refer to the charges on the metal cations.

TABLE 2.2 The “-ide” Nomenclature of Some Common Monatomic Anions

According to Their Positions in the Periodic Table

Group 4A Group 5A Group 6A Group 7A

C carbide (C*7)* N nitride (N°7) O oxide (0%) F fluoride (F)

Si silicide (Si*7) P phosphide (P*") S sulfide (S?*) Cl chloride (C17)
Se selenide (Se?”) Br bromide (Br )

Te telluride (Te*") I iodide (I")

*The word “carbide” is also used for the anion C3™.

by taking the first part of the element name (chlorine) and adding “-ide.” Potassium
bromide (KBr), zinc iodide (Znl,), and aluminum oxide (Al,O3) are also binary com-
pounds. Table 2.2 shows the “-ide” nomenclature of some common monatomic anions
according to their positions in the periodic table.

The “-ide” ending is also used for certain anion groups containing different ele-
ments, such as hydroxide (OH ') and cyanide (CN ). Thus, the compounds LiOH and
KCN are named lithium hydroxide and potassium cyanide, respectively. These and a
number of other such ionic substances are called ternary compounds, meaning com-
pounds consisting of three elements. Table 2.3 lists alphabetically the names of a
number of common cations and anions.

Certain metals, especially the fransition metals, can form more than one type of cat-
ion. Take iron as an example. Iron can form two cations: Fe** and Fe’*. An older nomen-
clature system that is still in limited use assigns the ending “-ous” to the cation with fewer
positive charges and the ending “-ic” to the cation with more positive charges:

4 .
Fe? ferrous ion
4 L.

Fe® ferric ion

The names of the compounds that these iron ions form with chlorine would thus be

FeCl, ferrous chloride
FeCl,; ferric chloride

This method of naming ions has some distinct limitations. First, the “-ous” and “-ic”
suffixes do not provide information regarding the actual charges of the two cations
involved. Thus, the ferric ion is Fe’", but the cation of copper named cupric has
the formula Cu®*. In addition, the “-ous” and “-ic” designations provide names for
only two different elemental cations. Some metallic elements can assume three or
more different positive charges in compounds. Therefore, it has become increasingly
common to designate different cations with Roman numerals. This is called the
Stock” system. In this system, the Roman numeral I indicates one positive charge,
II means two positive charges, and so on. For example, manganese (Mn) atoms can
assume several different positive charges:

Mn?>*: MnO manganese(Il) oxide
Mn*": Mn,O; manganese(IIl) oxide
Mn**: MnO, manganese(IV) oxide

EEINT3

These names are pronounced “manganese-two oxide,” “manganese-three oxide,” and
“manganese-four oxide.” Using the Stock system, we denote the ferrous ion and the

Alfred E. Stock (1876-1946). German chemist. Stock did most of his research in the synthesis and char-
acterization of boron, beryllium, and silicon compounds. He was the first scientist to explore the dangers
of mercury poisoning.
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TABLE 2.3 Names_and Formulas of Some Common Inorganic Cations
and Anions

Cation

Anion

aluminum (AI*")

ammonium (NHJ)

barium (Ba>")

cadmium (Cd*")

calcium (Ca’>™)

cesium (Cs™)

chromium(I1I) or chromic (Cr’™")

cobalt(II) or cobaltous (Co*")
copper(I) or cuprous (Cu™)
copper(Il) or cupric (Cu”)
hydrogen (H*)
iron(Il) or ferrous (Fe
3+)

)
iron(IIl) or ferric (Fe
lead(Il) or plumbous (Pb>")
lithium (Li*)
magnesium (Mg”")
manganese(I) or manganous (Mn”")
mercury(I) or mercurous (Hg§+)*
mercury(Il) or mercuric (Hg2+)
potassium (K™)

rubidium (Rb™)

silver (Ag™)

sodium (Na*)

strontium (St?™)

tin(I) or stannous (Sn
2%

2+)

zinc (Zn

bromide (Br )

carbonate (CO§_)

chlorate (C1O3)

chloride (C1)

chromate (CrO3")

cyanide (CN ")

dichromate (CrzO%_)
dihydrogen phosphate (H,PO,)
fluoride (F™)

hydride (H")

hydrogen carbonate or bicarbonate (HCO3)
hydrogen phosphate (HPO3 ")
hydrogen sulfate or bisulfate (HSO,)
hydroxide (OH ")

iodide (I")

nitrate (NO3)

nitride (N°7)

nitrite (NO,)

oxide (0*)

permanganate (MnOy )
peroxide (037)

phosphate (PO3")

sulfate (SO3")

sulfide (S*7)

sulfite (SO3")

thiocyanate (SCN )

*Mercury(I) exists as a pair as shown.

ferric ion as iron(Il) and iron(Ill), respectively; ferrous chloride becomes iron(Il)
chloride; and ferric chloride is called iron(IIl) chloride. In keeping with modern prac-
tice, we will favor the Stock system of naming compounds in this textbook.

Examples 2.5 and 2.6 illustrate how to name ionic compounds and write formulas
for ionic compounds based on the information given in Figure 2.11 and Tables 2.2
and 2.3.

EXAMPLE 2.5

Name the following compounds: (a) Cu(NOs),, (b) KH,PO,, and (c) NH,CIO;.

Strategy Note that the compounds in (a) and (b) contain both metal and nonmetal
atoms, so we expect them to be ionic compounds. There are no metal atoms in (c) but
there is an ammonium group, which bears a positive charge. So NH,ClO; is also an

(Continued)
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Similar problems: 2.57(b), (e), (f).

ARIS

Note that the subscripts of this ionic
compound are not reduced to the smallest
ratio because the Hg(l) ion exists as a pair
or dimer.

Similar problems: 2.59(a), (b), (d), (h), (i).

(FARIS

EXAMPLE 2.6

ionic compound. Our reference for the names of cations and anions is Table 2.3. Keep
in mind that if a metal atom can form cations of different charges (see Figure 2.11), we
need to use the Stock system.

Solution

(a) The nitrate ion (NO3 ) bears one negative charge, so the copper ion must have two
positive charges. Because copper forms both Cu™ and Cu®*" ions, we need to use
the Stock system and call the compound copper(Il) nitrate.

(b) The cation is K* and the anion is H,PO; (dihydrogen phosphate). Because
potassium only forms one type of ion (K¥), there is no need to use potassium(I) in
the name. The compound is potassium dihydrogen phosphate.

(c) The cation is NH; (ammonium ion) and the anion is ClO5. The compound is
ammonium chlorate.

Practice Exercise Name the following compounds: (a) PbO and (b) Li,SOs.

Write chemical formulas for the following compounds: (a) mercury(I) nitrite, (b) cesium
sulfide, and (c) calcium phosphate.

Strategy We refer to Table 2.3 for the formulas of cations and anions. Recall that the
Roman numerals in the Stock system provide useful information about the charges of
the cation.

Solution

(a) The Roman numeral shows that the mercury ion bears a +1 charge. According to
Table 2.3, however, the mercury(I) ion is diatomic (that is, Hg3") and the nitrite ion
is NO, . Therefore, the formula is Hg,(NO,),.

(b) Each sulfide ion bears two negative charges, and each cesium ion bears one positive
charge (cesium is in Group 1A, as is sodium). Therefore, the formula is Cs,S.

(¢) Each calcium ion (Ca’") bears two positive charges, and each phosphate ion (PO )
bears three negative charges. To make the sum of the charges equal zero, we must
adjust the numbers of cations and anions:

3(+2) + 2(=3) = 0

Thus, the formula is Caz(PO,),.

Practice Exercise Write formulas for the following ionic compounds: (a) rubidium
sulfate and (b) barium hydride.

Molecular Compounds

Unlike ionic compounds, molecular compounds contain discrete molecular units. They
are usually composed of nonmetallic elements (see Figure 2.10). Many molecular
compounds are binary compounds. Naming binary molecular compounds is similar to
naming binary ionic compounds. We place the name of the first element in the formula
first, and the second element is named by adding -ide to the root of the element name.
Some examples are

HCI hydrogen chloride
HBr hydrogen bromide
SiC silicon carbide
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It is quite common for one pair of elements to form several different compounds. TABLE 2.4
In these cases, confusion in naming the compounds is avoided by the use of Greek

prefixes to denote the number of atoms of each element present (Table 2.4). Consider SISSICRISHXES SSedin

Naming Molecular

the following examples: Compounds
(6[0) carbon rr}onf)x1de Prefix Meaning
CcO, carbon dioxide
SO, sulfur dioxide mono- 1
SO, sulfur trioxide di- 2
NO, nitrogen dioxide tri- 3
N,O, dinitrogen tetroxide tetra- 4
The following guidelines are helpful in naming compounds with prefixes: penta- 3
* The prefix “mono-" may be omitted for the first element. For example, PCl; is — ©
named phosphorus trichloride, not monophosphorus trichloride. Thus, the absence gyl i
of a prefix for the first element usually means there is only one atom of that ele- T 8
ment present in the molecule. nona- 9
- For oxides, the ending “a” in the prefix is sometimes omitted. For example, N,0,  deca 10
may be called dinitrogen tetroxide rather than dinitrogen tetraoxide.
Exceptions to the use of Greek prefixes are molecular compounds containing
hydrogen. Traditionally, many of these compounds are called either by their common,
nonsystematic names or by names that do not specifically indicate the number of H
atoms present:
BZH() diborane Binary compounds containing carbon and
hydrogen are organic compounds; they do
CH4 H.lethane not follow the same naming conventions.
SIH4 silane We will discuss the naming of organic
NH3 ammonia compounds in Chapter 24.
PH; phosphine
H,O water
H,S hydrogen sulfide

Note that even the order of writing the elements in the formulas for hydrogen com-
pounds is irregular. In water and hydrogen sulfide, H is written first, whereas it appears
last in the other compounds.

Writing formulas for molecular compounds is usually straightforward. Thus, the
name arsenic trifluoride means that there are three F atoms and one As atom in each
molecule, and the molecular formula is AsF;. Note that the order of elements in the
formula is the same as in its name.

EXAMPLE 2.7

Name the following molecular compounds: (a) SiCl, and (b) P4O,.

Strategy We refer to Table 2.4 for prefixes. In (a) there is only one Si atom so we do
not use the prefix “mono.”

Solution (a) Because there are four chlorine atoms present, the compound is silicon
tetrachloride.

(b) There are four phosphorus atoms and ten oxygen atoms present, so the compound is
tetraphosphorus decoxide. Note that the “a” is omitted in “deca.” Similar problems: 2.57(c), (i), (j)-

Practice Exercise Name the following molecular compounds: (a) NF; and (b) C1,0;. TFARIS
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EXAMPLE 2.8

Write chemical formulas for the following molecular compounds: (a) carbon disulfide

and (b) disilicon hexabromide.

Strategy Here we need to convert prefixes to numbers of atoms (see Table 2.4). Because
there is no prefix for carbon in (a), it means that there is only one carbon atom present.

Solution (a) Because there are two sulfur atoms and one carbon atom present, the

formula is CS,.

Similar problems: 2.59(g), (j)-

(b) There are two silicon atoms and six bromine atoms present, so the formula is Si,Brg.

CARIS Practice Exercise Write chemical formulas for the following molecular compounds:

(a) sulfur tetrafluoride and (b) dinitrogen pentoxide.

Figure 2.14 summarizes the steps for naming ionic and binary molecular

compounds.

Compound

Tonic

Cation: metal or NH
Anion: monatomic or
polyatomic

Cation has
only one charge

e Alkali metal cations
e Alkaline earth metal cations
. Ag+, Al3+, Cd2+, Zn2+

Naming

* Name metal first

« If monatomic anion,
add “—ide” to the
root of the element
name

« If polyatomic anion,
use name of anion
(see Table 2.3)

Cation has more
than one charge

¢ Other metal cations

Naming

* Name metal first

* Specify charge of
metal cation with
Roman numeral
in parentheses

 If monatomic anion,
add “—ide” to the
root of the element
name

« If polyatomic anion,
use name of anion
(see Table 2.3)

Figure 2.14 Steps for naming ionic and binary molecular compounds.

Molecular

 Binary compounds
of nonmetals

Naming

 Use prefixes for
both elements present
(Prefix “mono-"
usually omitted for
the first element)

¢ Add “~ide” to the
root of the second
element
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Acids and Bases
Naming Acids

An acid can be described as a substance that yields hydrogen ions (H') when dis-
solved in water. (H' is equivalent to one proton, and is often referred to that way.)
Formulas for acids contain one or more hydrogen atoms as well as an anionic group.
Anions whose names end in “-ide” form acids with a “hydro-" prefix and an “-ic”
ending, as shown in Table 2.5. In some cases two different names seem to be assigned
to the same chemical formula.

HCI hydrogen chloride
HCI hydrochloric acid

The name assigned to the compound depends on its physical state. In the gaseous or
pure liquid state, HCI is a molecular compound called hydrogen chloride. When it is
dissolved in water, the molecules break up into H" and Cl™ ions; in this state, the
substance is called hydrochloric acid.

Oxoacids are acids that contain hydrogen, oxygen, and another element (the cen-
tral element). The formulas of oxoacids are usually written with the H first, followed
by the central element and then O. We use the following five common acids as our
references in naming oxoacids:

H,CO;4 carbonic acid
HCIO; chloric acid
HNO;, nitric acid
H;PO, phosphoric acid
H,SO, sulfuric acid

Often two or more oxoacids have the same central atom but a different number of O

atoms. Starting with our reference oxoacids whose names all end with “-ic,” we use

the following rules to name these compounds.

1. Addition of one O atom to the “-ic” acid: The acid is called “per . . . -ic” acid.
Thus, adding an O atom to HCIO; changes chloric acid to perchloric acid,
HCIO,.

2. Removal of one O atom from the “-ic” acid: The acid is called “-ous” acid. Thus,
nitric acid, HNOj, becomes nitrous acid, HNO,.

3. Removal of two O atoms from the “-ic” acid: The acid is called “hypo . . . -ous”
acid. Thus, when HBrO; is converted to HBrO, the acid is called hypobromous
acid.

TABLE 2.5 | Some Simple Acids

Anion Corresponding Acid
F~ (fluoride) HF (hydrofluoric acid)
Cl~ (chloride) HCI (hydrochloric acid)
Br~ (bromide) HBr (hydrobromic acid)
I (iodide) HI (hydroiodic acid)
CN™ (cyanide) HCN (hydrocyanic acid)

S*" (sulfide) H,S (hydrosulfuric acid)

HCl1

K

Cly

H3O+ '

When dissolved in water, the HCI molecule
is converted to the H* and CI” ions.

The H* ion is associated with one or

more water molecules, and is usually
represented as H;O*.

‘-b

oo

@

& e/‘&
&

H,CO;,

Note that these acids all exist as molecular
compounds in the gas phase.
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. . ) Removal of
Figure 2.15 Naming oxoacids Oxoacid Oxoanion
and oxoanions. all H" ions

per——ic acid per— —ate

1 +[0]

Reference “—ic” acid —ate

-10]

“—ous” acid —ite

-10]

hypo— —ous acid hypo— —ite

The rules for naming oxoanions, anions of oxoacids, are as follows:

1.  When all the H ions are removed from the “-ic” acid, the anion’s name ends with
“_ate.” For example, the anion CO3~ derived from H,CO; is called carbonate.

2. When all the H ions are removed from the “-ous” acid, the anion’s name ends
with “-ite.” Thus, the anion ClO, derived from HCIO, is called chlorite.

3. The names of anions in which one or more but not all the hydrogen ions have
been removed must indicate the number of H ions present. For example, consider
Q the anions derived from phosphoric acid:
H;PO, phosphoric acid
H,PO, dihydrogen phosphate
HPO;~ hydrogen phosphate
PO;~ phosphate

0» Note that we usually omit the prefix “mono-"" when there is only one H in the
anion. Figure 2.15 summarizes the nomenclature for the oxoacids and oxoanions, and
H,PO, Table 2.6 gives the names of the oxoacids and oxoanions that contain chlorine.

TABLE 2.6 Names of Oxoacids and Oxoanions That Contain Chlorine

Acid Anion

HCIO, (perchloric acid) CIO, (perchlorate)
HCIO; (chloric acid) ClO; (chlorate)
HCIO, (chlorous acid) ClO, (chlorite)

HCIO (hypochlorous acid) CIO™ (hypochlorite)
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Example 2.9 deals with the nomenclature for an oxoacid and an oxoanion.

EXAMPLE 2.9

Name the following oxoacid and oxoanion: (a) H;PO; and (b) 10, .

Strategy To name the acid in (a), we first identify the reference acid, whose name
ends with “ic,” as shown in Figure 2.15. In (b), we need to convert the anion to its
parent acid shown in Table 2.6.

Solution (a) We start with our reference acid, phosphoric acid (H;PO,). Because
H;POj3 has one fewer O atom, it is called phosphorous acid.

(b) The parent acid is HIO,4. Because the acid has one more O atom than our reference
iodic acid (HIO»), it is called periodic acid. Therefore, the anion derived from HIO,

is called periodate. Similar problem: 2.58(f).
Practice Exercise Name the following oxoacid and oxoanion: (a) HBrO and FARIS
(b) HSO, .

Naming Bases

A base can be described as a substance that yields hydroxide ions (OH ) when dis-
solved in water. Some examples are

NaOH sodium hydroxide
KOH potassium hydroxide
Ba(OH), barium hydroxide

Ammonia (NH3), a molecular compound in the gaseous or pure liquid state, is
also classified as a common base. At first glance this may seem to be an exception
to the definition of a base. But note that as long as a substance yields hydroxide
ions when dissolved in water, it need not contain hydroxide ions in its structure
to be considered a base. In fact, when ammonia dissolves in water, NH; reacts
partially with water to yield NH; and OH ions. Thus, it is properly classified as
a base.

Hydrates

Hydrates are compounds that have a specific number of water molecules attached to
them. For example, in its normal state, each unit of copper(Il) sulfate has five water
molecules associated with it. The systematic name for this compound is copper(Il)
sulfate pentahydrate, and its formula is written as CuSO, - 5H,0. The water molecules
can be driven off by heating. When this occurs, the resulting compound is CuSQ,,
which is sometimes called anhydrous copper(Il) sulfate; “anhydrous” means that the
compound no longer has water molecules associated with it (Figure 2.16). Some other
hydrates are

BaCl, - 2H,0 barium chloride dihydrate
LiCl-H,O lithium chloride monohydrate
MgSO, - 7H,O magnesium sulfate heptahydrate

Sr(NOs), - 4H,0 strontium nitrate tetrahydrate

67
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Figure 2.16 CuSO,-5H.0 (lft)
is blue; CuSQ, (right) is white.

TABLE 2.7 Common and Systematic Names of Some Compounds

Formula Common Name Systematic Name

H,O Water Dihydrogen monoxide

NH; Ammonia Trihydrogen nitride

CO, Dry ice Solid carbon dioxide

NaCl Table salt Sodium chloride

N,O Laughing gas Dinitrogen monoxide

CaCO;, Marble, chalk, limestone Calcium carbonate

CaO Quicklime Calcium oxide

Ca(OH), Slaked lime Calcium hydroxide

NaHCO; Baking soda Sodium hydrogen carbonate
Na,CO; - 10H,O Washing soda Sodium carbonate decahydrate
MgSO, - 7H,0 Epsom salt Magnesium sulfate heptahydrate
Mg(OH), Milk of magnesia Magnesium hydroxide
CaSO,-2H,0 Gypsum Calcium sulfate dihydrate

Familiar Inorganic Compounds

Some compounds are better known by their common names than by their systematic
chemical names. Familiar examples are listed in Table 2.7.

Introduction to Organic Compounds

The simplest type of organic compounds is the hydrocarbons, which contain only
carbon and hydrogen atoms. The hydrocarbons are used as fuels for domestic and
industrial heating, for generating electricity and powering internal combustion engines,
and as starting materials for the chemical industry. One class of hydrocarbons is called
the alkanes.Table 2.8 shows the names, formulas, and molecular models of the first
ten straight-chain alkanes, in which the carbon chains have no branches. Note that all
the names end with -ane. Starting with CsH;,, we use the Greek prefixes in Table 2.4
to indicate the number of carbon atoms present.

The chemistry of organic compounds is largely determined by the functional
groups, which consist of one or a few atoms bonded in a specific way. For exam-
ple, when an H atom in methane is replaced by a hydroxyl group (—OH), an amino
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TABLE 2.8 The First Ten Straight-Chain Alkanes

Name Formula Molecular Model

Methane CH,

Ethane C,Hg¢
Propane C;Hg
Butane C4Hyg
Pentane CsHy,
Hexane CeH 4
Heptane C;H4
Octane CsH g
Nonane CoH,
Decane CoHa

group (—NH,), and a carboxyl group (—COOH), the following molecules are
generated:

] ] T
H—C—OH H—C—NH, H—C‘—C—OH
H H H

Methanol Methylamine Acetic acid
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The chemical properties of these molecules can be predicted based on the reactivity
of the functional groups. Although the nomenclature of the major classes of organic
compounds and their properties in terms of the functional groups will not be discussed
until Chapter 24, we will frequently use organic compounds as examples to illustrate
chemical bonding, acid-base reactions, and other properties throughout the book.

Key Equation

mass number = number of protons + number of neutrons

1.

= atomic number + number of neutrons (2.1)

Summary of Facts and Concepts A

Media Player
Chapter Summary

Modern chemistry began with Dalton’s atomic theory,
which states that all matter is composed of tiny, indivis-
ible particles called atoms; that all atoms of the same
element are identical; that compounds contain atoms of
different elements combined in whole-number ratios;
and that atoms are neither created nor destroyed in
chemical reactions (the law of conservation of mass).

Atoms of constituent elements in a particular compound
are always combined in the same proportions by mass
(law of definite proportions). When two elements can
combine to form more than one type of compound, the
masses of one element that combine with a fixed mass
of the other element are in a ratio of small whole num-
bers (law of multiple proportions).

An atom consists of a very dense central nucleus con-
taining protons and neutrons, with electrons moving
about the nucleus at a relatively large distance from it.
Protons are positively charged, neutrons have no charge,
and electrons are negatively charged. Protons and neu-
trons have roughly the same mass, which is about 1840
times greater than the mass of an electron.

The atomic number of an element is the number of pro-
tons in the nucleus of an atom of the element; it deter-
mines the identity of an element. The mass number is

Key Words )

10.

11.

the sum of the number of protons and the number of
neutrons in the nucleus.

Isotopes are atoms of the same element with the same
number of protons but different numbers of neutrons.

. Chemical formulas combine the symbols for the con-

stituent elements with whole-number subscripts to show
the type and number of atoms contained in the smallest
unit of a compound.

. The molecular formula conveys the specific number

and type of atoms combined in each molecule of a com-
pound. The empirical formula shows the simplest ratios
of the atoms combined in a molecule.

Chemical compounds are either molecular compounds
(in which the smallest units are discrete, individual mol-
ecules) or ionic compounds, which are made of cations
and anions.

The names of many inorganic compounds can be de-
duced from a set of simple rules. The formulas can be
written from the names of the compounds.

Organic compounds contain carbon and elements like
hydrogen, oxygen, and nitrogen. Hydrocarbon is the
simplest type of organic compound.
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Electronic Homework Proble ns

The following problems are available at www.aris.mhhe.
com if assigned by your instructor as electronic homework.
Quantum Tutor problems are also available at the same site.

ARIS ARIS Problems: 2.13, 2.15, 2.22, 2.32, 2.35, 2.36,
2.43,2.44,2.46,2.48, 2.49, 2.50, 2.58, 2.59, 2.60, 2.63,
2.65,2.77,2.90, 2.91, 2.96, 2.97, 2.100, 2.101, 2.102.

Questions and Problems

[l Quantum Tutor Problems: 2.43, 2.44, 2.45, 2 46,
2.57,2.58, 2.59, 2.60.

Structure of the Atom
Review Questions

2.1  Define the following terms: (a) « particle, (b) 3 parti-
cle, (c) y ray, (d) X ray.

2.2 Name the types of radiation known to be emitted by
radioactive elements.

2.3 Compare the properties of the following: « particles,
cathode rays, protons, neutrons, electrons.

2.4 What is meant by the term “fundamental particle”?

2.5 Describe the contributions of the following scientists
to our knowledge of atomic structure: J. J. Thomson,
R. A. Millikan, Ernest Rutherford, James Chadwick.

2.6 Describe the experimental basis for believing that the
nucleus occupies a very small fraction of the volume
of the atom.

Problems

2.7 The diameter of a helium atom is about 1 X 10* pm.
Suppose that we could line up helium atoms side by
side in contact with one another. Approximately how
many atoms would it take to make the distance from
end toend 1 cm?

2.8 Roughly speaking, the radius of an atom is about
10,000 times greater than that of its nucleus. If an
atom were magnified so that the radius of its nucleus
became 2.0 cm, about the size of a marble, what would
be the radius of the atom in miles? (1 mi = 1609 m.)

Atomic Number, Mass Number, and Isotopes
Review Questions

2.9  Use the helium-4 isotope to define atomic number and
mass number. Why does a knowledge of atomic num-
ber enable us to deduce the number of electrons pres-
ent in an atom?

2.10 Why do all atoms of an element have the same atomic
number, although they may have different mass
numbers?

2.11 What do we call atoms of the same elements with
different mass numbers?

2.12 Explain the meaning of each term in the symbol
2X.
Problems

2.13 What is the mass number of an iron atom that has
T'ARIS 28 neutrons?

2.14 Calculate the number of neutrons of *’Pu.
2.15 For each of the following species, determine the number
"ARIS of protons and the number of neutrons in the nucleus:
3He, $He, Mg, 1Mg, 33Ti, 13Br, ‘3Pt
2.16 Indicate the number of protons, neutrons, and electrons
in each of the following species:
5N, 168, %3Cu, §iSr, '%Ba, "W, *GHg
2.17 Write the appropriate symbol for each of the follow-
ing isotopes: (a) Z = 11,A = 23;(b) Z =28, A = 64.
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2.18 Write the appropriate symbol for each of the following
isotopes: (a) Z = 74, A = 186; (b) Z = 80; A = 201.

The Periodic Table
Review Questions

2.19 What is the periodic table, and what is its significance
in the study of chemistry?

2.20 State two differences between a metal and a nonmetal.

2.21 Write the names and symbols for four elements in each
of the following categories: (a) nonmetal, (b) metal,
(c) metalloid.

2.22 Define, with two examples, the following terms:

TARIS (a) alkali metals, (b) alkaline earth metals, (c¢) halo-

gens, (d) noble gases.

Problems

2.23 Elements whose names end with ium are usually met-
als; sodium is one example. Identify a nonmetal whose
name also ends with ium.

2.24 Describe the changes in properties (from metals to
nonmetals or from nonmetals to metals) as we move
(a) down a periodic group and (b) across the periodic
table from left to right.

2.25 Consult a handbook of chemical and physical data
(ask your instructor where you can locate a copy of
the handbook) to find (a) two metals less dense than
water, (b) two metals more dense than mercury,
(c) the densest known solid metallic element, (d) the
densest known solid nonmetallic element.

2.26 Group the following elements in pairs that you would
expect to show similar chemical properties: K, F, P,
Na, Cl, and N.

Molecules and Ions
Review Questions

2.27 What is the difference between an atom and a
molecule?

2.28 What are allotropes? Give an example. How are
allotropes different from isotopes?

2.29 Describe the two commonly used molecular models.

2.30 Give an example of each of the following: (a) a mona-
tomic cation, (b) a monatomic anion, (c) a polyatomic
cation, (d) a polyatomic anion.

Problems

2.31 Which of the following diagrams represent diatomic
molecules, polyatomic molecules, molecules that are
not compounds, molecules that are compounds, or an
elemental form of the substance?

«
@
4

(a) (b) ()

800

2.32 Which of the following diagrams represent diatomic

°ARIS molecules, polyatomic molecules, molecules that are

not compounds, molecules that are compounds, or an
elemental form of the substance?

X R
‘.'..

0.0
L

(c)

¢
S

2.33 Identify the following as elements or compounds:
NH;, N», Sg, NO, CO, CO,, H,, SO,.

2.34 Give two examples of each of the following: (a) a
diatomic molecule containing atoms of the same
element, (b) a diatomic molecule containing atoms of
different elements, (c) a polyatomic molecule contain-
ing atoms of the same element, (d) a polyatomic mol-
ecule containing atoms of different elements.

2.35 Give the number of protons and electrons in each of

tARIs the following common ions: Na*, Ca**, AI’*, Fe?*,

I,F,S*,0%,and N°".
2.36 Give the number of protons and electrons in each of

T"ARIS the following common ions: K", Mg“, Fe**, Br™,

+ - +
Mn?*, C*, Cu®t.

Chemical Formulas
Review Questions

2.37 What does a chemical formula represent? What is the
ratio of the atoms in the following molecular formu-
las? (a) NO, (b) NCls, (c) N,Oy, (d) P,O¢

2.38 Define molecular formula and empirical formula.
What are the similarities and differences between



the empirical formula and molecular formula of a
compound?

2.39 Give an example of a case in which two molecules
have different molecular formulas but the same em-
pirical formula.

What does P, signify? How does it differ from 4P?

What is an ionic compound? How is electrical neutral-
ity maintained in an ionic compound?

2.40
241

2.42 Explain why the chemical formulas of ionic compounds

2.49

are usually the same as their empirical formulas. FARIS
Problems 2.50
2.43 Write the formulas for the following ionic com- s

CARIS

Q)

pounds: (a) sodium oxide, (b) iron sulfide (containing
the Fe*" ion), (c) cobalt sulfate (containing the
Co*"and SO2™ ions), and (d) barium fluoride. (Hint:
See Figure 2.11.)
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Questions and Problems

Which of the following compounds are likely to be
ionic? Which are likely to be molecular? SiCl,, LiF,
BaClz, B2H6, KC], C2H4

Which of the following compounds are likely to be
ionic? Which are likely to be molecular? CH,, NaBr,
BaF,, CCly, ICl, CsCl, NF;

Naming Inorganic Compounds
Review Questions

: d | uethe formul.as for the -fo-l lowing Joe comp ounds: 2.51 What is the difference between inorganic compounds
T'ARIS (a) copper bromide (containing the Cu™" ion), (b) man- .
: P 3+ and organic compounds?

m ganese oxide (containing the Mn” " ion), (c) mercury ] ] ] ]
iodide (containing the Hg3" ion), and (d) magnesium 2.52 What are the four major categories of inorganic
phosphate (containing the PO3~ ion). (Hint: See Fig- compounds?
ure 2.11.) 2.53 Give an example each for a binary compound and a

2.45 What are the empirical formulas of the following ternary compound.

[f] compounds? (a) CN, (b) C¢Hg, (c) CoHyy, (d) P40y, 2.54 What is the Stock system? What are its advantages
(e) B,Hg over the older system of naming cations?

2.46 What are the empirical formulas of the following 2.55 Explain why the formula HCI can represent two dif-

T ARIS compounds? (a) AlLBrg (b) Na,S,04 (c) N,Os, ferent chemical systems.

[ @ KLCrO;, 2.56 Define the following terms: acids, bases, oxoacids,

2.47 Write the molecular formula of glycine, an amino oxoanions, and hydrates.
acid present in proteins. The color codes are: black
(carbon), blue (nitrogen), red (oxygen), and gray Problems
(hydrogen). 2.57 Name these compounds: (a) Na,CrO,, (b) K,HPO,,

Q)

e 2.58

CFARIS
0% °
2.59

CARIS

"0
Q)
¢

8.

2.48 Write the molecular formula of ethanol. The color
ARIS codes are: black (carbon), red (oxygen), and gray
(hydrogen).

2.60
FARIS

Q)

(c) HBr (gas), (d) HBr (in water), (e) Li,COs,
(0 KyCry05, (g) NH4NO,, (h) PF;, (i) PFs, (j) P4Os,
(k) CdI, (1) SrSO4, (m) AI(OH)3, (n) Na,CO; - 10H,0.
Name these compounds: (a) KCIO, (b) Ag,COs,
(c) FeCl,, (d) KMnQy, (e) CsClOs, (f) HIO, (g) FeO,
(h) Fe,0s, (i) TiCly, (j) NaH, (k) LisN, (1) Na,O,
(m) Na,0O,, (n) FeCl; - 6H,0.

Write the formulas for the following compounds:
(a) rubidium nitrite, (b) potassium sulfide, (c) sodium
hydrogen sulfide, (d) magnesium phosphate, (e) calcium
hydrogen phosphate, (f) potassium dihydrogen phos-
phate, (g) iodine heptafluoride, (h) ammonium sulfate,
(1) silver perchlorate, (j) boron trichloride.

Write the formulas for the following compounds:
(a) copper(I) cyanide, (b) strontium chlorite, (c) perbro-
mic acid, (d) hydroiodic acid, (e) disodium ammonium
phosphate, (f) lead(Il) carbonate, (g) tin(II) fluoride,
(h) tetraphosphorus decasulfide, (i) mercury(Il) oxide,
(§) mercury(I) iodide, (k) selenium hexafluoride.
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Additional Problems

2.61

2.62

2.63
ARIS

2.64

2.65
ARIS

A sample of a uranium compound is found to be los-
ing mass gradually. Explain what is happening to the
sample.

In which one of the following pairs do the two species
resemble each other most closely in chemical prop-
erties? Explain. (a) {H and H™, (b) "N and "IN°",
(c) "2C and "}C.

One isotope of a metallic element has mass number 65
and 35 neutrons in the nucleus. The cation derived
from the isotope has 28 electrons. Write the symbol
for this cation.

One isotope of a nonmetallic element has mass num-
ber 127 and 74 neutrons in the nucleus. The anion
derived from the isotope has 54 electrons. Write the
symbol for this anion.

Determine the molecular and empirical formulas of
the compounds shown here. (Black spheres are carbon
and gray spheres are hydrogen.)

2.66

2.67

2.68

2.69

What is wrong with or ambiguous about the phrase
“four molecules of NaCl”?

The following phosphorus sulfides are known: P,S;,
P4S;, and P,S;,. Do these compounds obey the law of
multiple proportions?

Which of the following are elements, which are mol-
ecules but not compounds, which are compounds but
not molecules, and which are both compounds and
molecules? (a) SO,, (b) Sg, (c) Cs, (d) N,Os, (e) O,
() Oy, (2) O, (h) CHy, (i) KBr, (j) S, (k) Py, (I) LiF
The following table gives numbers of electrons, pro-
tons, and neutrons in atoms or ions of a number of
elements. Answer the following: (a) Which of the
species are neutral? (b) Which are negatively charged?
(c) Which are positively charged? (d) What are the
conventional symbols for all the species?

Atom or Ion
of Element A B C D E F G

Number of electrons 5 10 18 28 36 5 9
Number of protons 5 7 19 30 35 5 9
Number of neutrons 5 7 20 36 46 6 10

2.70

Identify the elements represented by the following
symbols and give the number of protons and neutrons
in each case: (a) 10X, (b) 55X, (¢) ¥, (d) ‘X, () "X,
(H) %X,
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Explain why anions are always larger than the atoms
from which they are derived, whereas cations are
always smaller than the atoms from which they are
derived. (Hint: Consider the electrostatic attraction
between protons and electrons.)

(a) Describe Rutherford’s experiment and how it led to
the structure of the atom. How was he able to estimate
the number of protons in a nucleus from the scattering
of the « particles? (b) Consider the 2Na atom. Given
that the radius and mass of the nucleus are
3.04 X 107" m and 3.82 X 10" g, respectively,
calculate the density of the nucleus in g/cm”. The radius
of a ®Na atom is 186 pm. Calculate the density of the
space occupied by the electrons in the sodium atom.
Do your results support Rutherford’s model of an atom?
[The volume of a sphere of radius ris (4/3)7r°.]

What is wrong with the name (in parentheses) for each
of the following compounds: (a) BaCl, (barium dichlo-
ride), (b) Fe,O;3 [iron(I) oxide], (¢) CsNO, (cesium
nitrate), (d) Mg(HCOs3), [magnesium(II) bicarbonate]?
What is wrong with the chemical formula for each of
the following compounds: (a) (NH;),CO; (ammonium
carbonate), (b) CaOH (calcium hydroxide), (c) CdSO;
(cadmium sulfide), (d) ZnCrO, (zinc dichromate)?

Fill in the blanks in the following table:

Symbol %Fe2 -

Protons 5 79 86
Neutrons 6 16 117 136
Electrons 5 18 79

Net charge -3 0

(a) Which elements are most likely to form ionic com-
pounds? (b) Which metallic elements are most likely
to form cations with different charges?

Write the formula of the common ion derived from
each of the following: (a) Li, (b) S, (¢) I, (d) N, (e) Al,
(f) Cs, (g) Mg

Which of the following symbols provides more infor-
mation about the atom: >*Na or ;;Na? Explain.

Write the chemical formulas and names of binary acids
and oxoacids that contain Group 7A elements. Do the
same for elements in Groups 3A, 4A, 5A, and 6A.

Of the 117 elements known, only two are liquids at
room temperature (25°C). What are they? (Hint: One
element is a familiar metal and the other element is in
Group 7A.)

For the noble gases (the Group 8A elements), JHe,
2Ne, ?gAr, géKr, and lgiXe, (a) determine the number
of protons and neutrons in the nucleus of each atom,
and (b) determine the ratio of neutrons to protons in
the nucleus of each atom. Describe any general trend
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you discover in the way this ratio changes with in-
creasing atomic number.

List the elements that exist as gases at room tempera-
ture. (Hint: Most of these elements can be found in
Groups 5A, 6A, 7A, and 8A.)

The Group 1B metals, Cu, Ag, and Au, are called
coinage metals. What chemical properties make them
specially suitable for making coins and jewelry?

The elements in Group 8A of the periodic table are
called noble gases. Can you suggest what “noble”
means in this context?

The formula for calcium oxide is CaO. What are the
formulas for magnesium oxide and strontium oxide?
A common mineral of barium is barytes, or barium
sulfate (BaSQO,). Because elements in the same peri-
odic group have similar chemical properties, we might
expect to find some radium sulfate (RaSO4) mixed
with barytes since radium is the last member of
Group 2A. However, the only source of radium com-
pounds in nature is in uranium minerals. Why?

List five elements each that are (a) named after places,
(b) named after people, (c) named after a color. (Hint:
See Appendix 1.)

Name the only country that is named after an element.
(Hint: This country is in South America.)

Fluorine reacts with hydrogen (H) and deuterium (D)
to form hydrogen fluoride (HF) and deuterium fluo-
ride (DF), where deuterium (GH) is an isotope of
hydrogen. Would a given amount of fluorine react
with different masses of the two hydrogen isotopes?
Does this violate the law of definite proportion?
Explain.

Predict the formula and name of a binary compound
formed from the following elements: (a) Na and H,
(b) Band O, (c) Naand S, (d) Aland F, (e) F and O,
(f) Sr and CI.

Identify each of the following elements: (a) a halogen
whose anion contains 36 electrons, (b) a radioactive
noble gas with 86 protons, (c) a Group 6A element
whose anion contains 36 electrons, (d) an alkali metal
cation that contains 36 electrons, (e) a Group 4A
cation that contains 80 electrons.

Write the molecular formulas for and names of the
following compounds.

2.93

2A 3A 4A 5A 6A 7A

Questions and Problems 75

Show the locations of (a) alkali metals, (b) alkaline
earth metals, (c) the halogens, and (d) the noble gases
in the following outline of a periodic table. Also draw
dividing lines between metals and metalloids and
between metalloids and nonmetals.

2.94

Fill the blanks in the following table.

Cation

Anion | Formula Name

Magnesium bicarbonate

SrCl,

Fe3+

Manganese(II) chlorate

SnBry

2+
Co

2+

Hg;

CUQCO3

Lithium nitride

A13+

2.95

Some compounds are better known by their common
names than by their systematic chemical names. Give
the chemical formulas of the following substances:
(a) dry ice, (b) table salt, (c) laughing gas, (d) marble
(chalk, limestone), (e) quicklime, (f) slaked lime,
(g) baking soda, (h) washing soda, (i) gypsum, (j) milk
of magnesia.
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Special Problems

2.96 On p. 43 it was pointed out that mass and energy are
"ARIS alternate aspects of a single entity called mass-energy.
The relationship between these two physical quantities
is Einstein’s famous equation, E = mc”, where E is en-
ergy, m is mass, and c is the speed of light. In a combus-
tion experiment, it was found that 12.096 g of hydrogen
molecules combined with 96.000 g of oxygen molecules
to form water and released 1.715 X 10* kJ of heat. Cal-
culate the corresponding mass change in this process
and comment on whether the law of conservation of
mass holds for ordinary chemical processes. (Hint: The
Einstein equation can be used to calculate the change in
mass as a result of the change in energy. 1 J = 1 kg m?/s’

and ¢ = 3.00 X 10° m/s.)

2.97 Draw all possible structural formulas of the following
T'ARIS hydrocarbons: CH,, C,Hg, C3Hg, C4H,, and CsH .

2.98 (a) Assuming nuclei are spherical in shape, show that
its radius r is proportional to the cube root of mass
number (A). (b) In general, the radius of a nucleus is
given by r = r,A'", where ry is a proportionality con-
stant given by 1.2 X 10~'5 m. Calculate the volume
of the gLi nucleus. (¢) Given that the radius of a Li
atom is 152 pm, calculate the fraction of the atom’s
volume occupied by the nucleus. Does your result
support Rutherford’s model of an atom?

2.99 Draw two different structural formulas based on the
molecular formula C,H¢O. Is the fact that you can have
more than one compound with the same molecular for-
mula consistent with Dalton’s atomic theory?

2.100 Ethane and acetylene are two gaseous hydrocarbons.
AaRIs Chemical analyses show that in one sample of ethane,
2.65 g of carbon are combined with 0.665 g of hydro-
gen, and in one sample of acetylene, 4.56 g
of carbon are combined with 0.383 g of hydrogen.
(a) Are these results consistent with the law of multi-
ple proportions? (b) Write reasonable molecular for-
mulas for these compounds.
2.101 A cube made of platinum (Pt) has an edge length of 1.0
°ARIS cm. (a) Calculate the number of Pt atoms in the cube.
(b) Atoms are spherical in shape. Therefore, the Pt at-
oms in the cube cannot fill all of the available space. If
only 74 percent of the space inside the cube is taken up
by Pt atoms, calculate the radius in picometers of a Pt
atom. The density of Pt is 21.45 g/cm® and the mass of
a single Pt atom is 3.240 X 10~ * g. [The volume of a
sphere of radius r is @n3)ymr]

2.102 A monatomic ion has a charge of +2. The nucleus of
TUARIS the parent atom has a mass number of 55. If the num-
ber of neutrons in the nucleus is 1.2 times that of the
number of protons, what is the name and symbol of

the element?

2.103 In the following 2 X 2 crossword, each letter must be
correct four ways: horizontally, vertically, diagonally,
and by itself. When the puzzle is complete, the four
spaces below will contain the overlapping symbols of
10 elements. Use capital letters for each square. There
is only one correct solution.*

Horizontal

1-2: Two-letter symbol for a metal used in ancient times

3-4: Two-letter symbol for a metal that burns in air and is
found in Group 5A

Vertical

1-3: Two-letter symbol for a metalloid
2-4: Two-letter symbol for a metal used in U.S. coins

Single Squares

1: A colorful nonmetal

2: A colorless gaseous nonmetal

3:  An element that makes fireworks green
4:  An element that has medicinal uses

Diagonal

1-4: Two-letter symbol for an element used in electronics

2-3: Two-letter symbol for a metal used with Zr to make
wires for superconducting magnets

*Reproduced with permission of S. J. Cyvin of the University of Trondheim (Norway). This puzzle appeared in Chemical & Engineering News,

December 14, 1987 (p. 86) and in Chem Matters, October 1988.
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2.104 Name the following acids:

< &

] W
Answers to Practice Exerc_}(- e

2.1 29 protons, 34 neutrons, and 29 electrons. 2.2 CHCl;.
2.3 C4HsN,,0. 2.4 (a) Cry(SOy)s, (b) TiO,. 2.5 (a) Lead(Il)
oxide, (b) lithium sulfite. 2.6 (a) Rb,SO,, (b) BaH,.

2.7 (a) Nitrogen trifluoride, (b) dichlorine heptoxide.

2.8 (a) SF,, (b) N,Os. 2.9 (a) Hypobromous acid,

(b) hydrogen sulfate ion.
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Sulfur burning in oxygen to form
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A Look Ahead

We begin by studying the mass of an atom, which is based on the carbon-12
isotope scale. An atom of the carbon-12 isotope is assigned a mass of exactly
12 atomic mass unit (amu). To work with the more convenient scale of
grams, we use the molar mass. The molar mass of carbon-12 has a mass
of exactly 12 grams and contains an Avogadro’s number (6.022 X 10%) of
atoms. The molar masses of other elements are also expressed in grams and
contain the same number of atoms. (3.1 and 3.2)

Our discussion of atomic mass leads to molecular mass, which is the sum
of the masses of the constituent atoms present. We learn that the most direct
way to determine atomic and molecular mass is by the use of a mass spec-
trometer. (3.3 and 3.4)

To continue our study of molecules and ionic compounds, we learn how to
calculate the percent composition of these species from their chemical for-
mulas. (3.5)

We will see how the empirical and molecular formulas of a compound are
determined by experiment. (3.6)

Next, we learn how to write a chemical equation to describe the outcome of
a chemical reaction. A chemical equation must be balanced so that we have
the same number and type of atoms for the reactants, the starting materials,
and the products, the substances formed at the end of the reaction. (3.7)

Building on our knowledge of chemical equations, we then proceed to study
the mass relationships of chemical reactions. A chemical equation enables
us to use the mole method to predict the amount of product(s) formed,
knowing how much the reactant(s) was used. We will see that a reaction’s
yield depends on the amount of limiting reagent (a reactant that is used up
first) present. (3.8 and 3.9)

We will learn that the actual yield of a reaction is almost always less than
that predicted from the equation, called the theoretical yield, because of
various complications. (3.10)

n this chapter we will consider the masses of atoms and molecules and what
happens to them when chemical changes occur. Our guide for this discussion

will be the law of conservation of mass.

79
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Section 3.4 describes a method for
determining atomic mass.

One atomic mass unit is also called one
dalton.

Atomic

6 -
number

12.01~—0"

12 ]3C
C 1.10%
98.90%

Natural abundances of C-12 and C-13
isotopes.

Atomic Mass

In this chapter, we will use what we have learned about chemical structure and for-
mulas in studying the mass relationships of atoms and molecules. These relationships
in turn will help us to explain the composition of compounds and the ways in which
composition changes.

The mass of an atom depends on the number of electrons, protons, and neutrons
it contains. Knowledge of an atom’s mass is important in laboratory work. But atoms
are extremely small particles—even the smallest speck of dust that our unaided eyes
can detect contains as many as 1 X 10'® atoms! Clearly we cannot weigh a single
atom, but it is possible to determine the mass of one atom relative to another exper-
imentally. The first step is to assign a value to the mass of one atom of a given element
so that it can be used as a standard.

By international agreement, afomic mass (sometimes called atomic weight) is the
mass of the atom in atomic mass units (amu). One atomic mass unit is defined as a
mass exactly equal to one-twelfth the mass of one carbon-12 atom. Carbon-12 is the
carbon isotope that has six protons and six neutrons. Setting the atomic mass of
carbon-12 at 12 amu provides the standard for measuring the atomic mass of the other
elements. For example, experiments have shown that, on average, a hydrogen atom is
only 8.400 percent as massive as the carbon-12 atom. Thus, if the mass of one carbon-
12 atom is exactly 12 amu, the atomic mass of hydrogen must be 0.084 X 12.00 amu
or 1.008 amu. Similar calculations show that the atomic mass of oxygen is 16.00 amu
and that of iron is 55.85 amu. Thus, although we do not know just how much an
average iron atom’s mass is, we know that it is approximately 56 times as massive
as a hydrogen atom.

Average Atomic Mass

When you look up the atomic mass of carbon in a table such as the one on the inside
front cover of this book, you will find that its value is not 12.00 amu but 12.01 amu.
The reason for the difference is that most naturally occurring elements (including
carbon) have more than one isotope. This means that when we measure the atomic
mass of an element, we must generally settle for the average mass of the naturally
occurring mixture of isotopes. For example, the natural abundances of carbon-12 and
carbon-13 are 98.90 percent and 1.10 percent, respectively. The atomic mass of
carbon-13 has been determined to be 13.00335 amu. Thus, the average atomic mass
of carbon can be calculated as follows:

average atomic mass
of natural carbon = (0.9890)(12.00000 amu) + (0.0110)(13.00335 amu)
12.01 amu

Note that in calculations involving percentages, we need to convert percentages to
fractions. For example, 98.90 percent becomes 98.90/100, or 0.9890. Because there
are many more carbon-12 atoms than carbon-13 atoms in naturally occurring carbon,
the average atomic mass is much closer to 12 amu than to 13 amu.

It is important to understand that when we say that the atomic mass of carbon is
12.01 amu, we are referring to the average value. If carbon atoms could be examined
individually, we would find either an atom of atomic mass 12.00000 amu or one of
13.00335 amu, but never one of 12.01 amu. Example 3.1 shows how to calculate the
average atomic mass of an element.
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EXAMPLE 3.1

Copper, a metal known since ancient times, is used in electrical cables and pennies,
among other things. The atomic masses of its two stable isotopes, 5%Cu (69.09 percent)
and $Cu (30.91 percent), are 62.93 amu and 64.9278 amu, respectively. Calculate the
average atomic mass of copper. The relative abundances are given in parentheses.

Strategy Each isotope contributes to the average atomic mass based on its relative
abundance. Multiplying the mass of an isotope by its fractional abundance (not percent)
will give the contribution to the average atomic mass of that particular isotope.

Solution First the percents are converted to fractions: 69.09 percent to 69.09/100 or
0.6909 and 30.91 percent to 30.91/100 or 0.3091. We find the contribution to the
average atomic mass for each isotope, then add the contributions together to obtain
the average atomic mass.

(0.6909)(62.93 amu) + (0.3091)(64.9278 amu) = 63.55 amu

Check The average atomic mass should be between the two isotopic masses; therefore,
the answer is reasonable. Note that because there are more 5Cu than $3Cu isotopes, the
average atomic mass is closer to 62.93 amu than to 64.9278 amu.

Practice Exercise The atomic masses of the two stable isotopes of boron, '2B
(19.78 percent) and 'iB (80.22 percent), are 10.0129 amu and 11.0093 amu, respectively.
Calculate the average atomic mass of boron.

The atomic masses of many elements have been accurately determined to five or
six significant figures. However, for our purposes we will normally use atomic masses
accurate only to four significant figures (see table of atomic masses inside the front
cover). For simplicity, we will omit the word “average” when we discuss the atomic
masses of the elements.

Review of Concepts

Explain the fact that the atomic masses of some of the elements like fluorine
listed in the periodic table are not an average value like that for carbon. [Hint:
The atomic mass of an element is based on the average mass of the stable
(nonradioactive) isotopes of the element.]

Avogadro’s Number and the Molar Mass
of an Element

Atomic mass units provide a relative scale for the masses of the elements. But because
atoms have such small masses, no usable scale can be devised to weigh them in
calibrated units of atomic mass units. In any real situation, we deal with macroscopic
samples containing enormous numbers of atoms. Therefore, it is convenient to have
a special unit to describe a very large number of atoms. The idea of a unit to denote
a particular number of objects is not new. For example, the pair (2 items), the dozen
(12 items), and the gross (144 items) are all familiar units. Chemists measure atoms
and molecules in moles.

In the SI system the mole (mol) is the amount of a substance that contains as many
elementary entities (atoms, molecules, or other particles) as there are atoms in exactly
12 g (or 0.012 kg) of the carbon-12 isotope. The actual number of atoms in 12 g of

Copper.

Similar problems: 3.5, 3.6.

FARIS

The adjective formed from the noun “mole”
is “molar.”
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Figure 3.1 One mole each

of several common elements.
Carbon (black charcoal powder),
sulfur (yellow powder), iron (as
nails), copper wires, and mercury
(shiny liquid metal).

In calculations, the units of molar mass are
g/mol or kg/mol.

The molar masses of the elements are
given on the inside front cover of the book.

carbon-12 is determined experimentally. This number is called Avogadro’s number (N, ),
in honor of the Italian scientist Amedeo Avogadro.” The currently accepted value is

N, = 6.0221415 x 107

Generally, we round Avogadro’s number to 6.022 X 10*. Thus, just as one dozen
oranges contains 12 oranges, 1 mole of hydrogen atoms contains 6.022 X 10> H atoms.
Figure 3.1 shows samples containing 1 mole each of several common elements.

The enormity of Avogadro’s number is difficult to imagine. For example, spread-
ing 6.022 X 10* oranges over the entire surface of Earth would produce a layer 9 mi
into space! Because atoms (and molecules) are so tiny, we need a huge number to
study them in manageable quantities.

We have seen that 1 mole of carbon-12 atoms has a mass of exactly 12 g and con-
tains 6.022 X 10> atoms. This mass of carbon-12 is its molar mass (M), defined as the
mass (in grams or kilograms) of 1 mole of units (such as atoms or molecules) of a sub-
stance. Note that the molar mass of carbon-12 (in grams) is numerically equal to its atomic
mass in amu. Likewise, the atomic mass of sodium (Na) is 22.99 amu and its molar mass
is 22.99 g; the atomic mass of phosphorus is 30.97 amu and its molar mass is 30.97 g;
and so on. If we know the atomic mass of an element, we also know its molar mass.

Knowing the molar mass and Avogadro’s number, we can calculate the mass of
a single atom in grams. For example, we know the molar mass of carbon-12 is 12.00 g
and there are 6.022 X 10 carbon-12 atoms in 1 mole of the substance; therefore,
the mass of one carbon-12 atom is given by

12.00 g carbon-12 atoms
6.022 X 10 carbon-12 atoms

=1993 X 107 % g

"Lorenzo Romano Amedeo Carlo Avogadro di Quaregua e di Cerreto (1776-1856). Italian mathematical
physicist. He practiced law for many years before he became interested in science. His most famous work,
now known as Avogadro’s law (see Chapter 5), was largely ignored during his lifetime, although it became
the basis for determining atomic masses in the late nineteenth century.
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Mass of —mMt_ = Number of moles nNA Number of atoms
element (m)  ~  an of element (n) NN, of element (V)

Figure 3.2 The relationships between mass (m in grams) of an element and number of moles of an element (n) and between
number of moles of an element and number of atoms (N) of an element. M is the molar mass (9/mol) of the element and N, is
Avogadro’s number.

We can use the preceding result to determine the relationship between atomic
mass units and grams. Because the mass of every carbon-12 atom is exactly 12 amu,
the number of atomic mass units equivalent to 1 gram is

amu 12 amu 1 carbon—42-atom
X

gram 1 carbont2atom ~ 1.993 X 10 > g
6.022 X 10* amu/g

Thus,

1 g =6.022 X% 10* amu

and 1 amu = 1.661 X 107* g

This example shows that Avogadro’s number can be used to convert from the atomic
mass units to mass in grams and vice versa.

The notions of Avogadro’s number and molar mass enable us to carry out conver-
sions between mass and moles of atoms and between moles and number of atoms
(Figure 3.2). We will employ the following conversion factors in the calculations:

1 mol X 1 mol X After some practice, you can use the
an 23 equations in Figure 3.2 in calculations:
molar mass of X 6.022 X 10~ X atoms n=mit and N = nN,.

where X represents the symbol of an element. Using the proper conversion factors
we can convert one quantity to another, as Examples 3.2-3.4 show.

EXAMPLE 3.2

Helium (He) is a valuable gas used in industry, low-temperature research, deep-sea
diving tanks, and balloons. How many moles of He atoms are in 6.46 g of He?

Strategy We are given grams of helium and asked to solve for moles of helium.
What conversion factor do we need to convert between grams and moles? Arrange the
appropriate conversion factor so that grams cancel and the unit moles is obtained for
your answer.

Solution The conversion factor needed to convert between grams and moles is the
molar mass. In the periodic table (see inside front cover) we see that the molar mass of
He is 4.003 g. This can be expressed as

1 mol He = 4.003 g He

From this equality, we can write two conversion factors

A scientific research helium balloon.

1 mol He and 4.003 g He
4.003 g He 1 mol He

(Continued)
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The conversion factor on the left is the correct one. Grams will cancel, leaving the unit
mol for the answer, that is,

1 mol He

O _ 161 mol H
4.003 g He fotHe

6.46 g He X

Thus, there are 1.61 moles of He atoms in 6.46 g of He.

Check Because the given mass (6.46 g) is larger than the molar mass of He, we
Similar problem: 3.15. expect to have more than 1 mole of He.

TFARIS Practice Exercise How many moles of magnesium (Mg) are there in 87.3 g of Mg?

EXAMPLE 3.3

Zinc (Zn) is a silvery metal that is used in making brass (with copper) and in plating
iron to prevent corrosion. How many grams of Zn are in 0.356 mole of Zn?

Strategy We are trying to solve for grams of zinc. What conversion factor do we need
to convert between moles and grams? Arrange the appropriate conversion factor so that
moles cancel and the unit grams are obtained for your answer.

Solution The conversion factor needed to convert between moles and grams is the
molar mass. In the periodic table (see inside front cover) we see the molar mass of Zn
is 65.39 g. This can be expressed as

Zinc. 1 mol Zn = 65.39 g Zn
From this equality, we can write two conversion factors

1 mol Zn 65.39 g Zn
6539gZn ¢ 1molZn

The conversion factor on the right is the correct one. Moles will cancel, leaving unit of
grams for the answer. The number of grams of Zn is

65.39 g Zn

0.356 metZn X ————
1 metZn

= 233g7Zn

Thus, there are 23.3 g of Zn in 0.356 mole of Zn.

Check Does a mass of 23.3 g for 0.356 mole of Zn seem reasonable? What is the
Similar problem: 3.16. mass of 1 mole of Zn?

FARIS Practice Exercise Calculate the number of grams of lead (Pb) in 12.4 moles of lead.

EXAMPLE 3.4

Sulfur (S) is a nonmetallic element that is present in coal. When coal is burned, sulfur
is converted to sulfur dioxide and eventually to sulfuric acid that gives rise to the acid
rain phenomenon. How many atoms are in 16.3 g of S?

Strategy The question asks for atoms of sulfur. We cannot convert directly from
grams to atoms of sulfur. What unit do we need to convert grams of sulfur to in order
to convert to atoms? What does Avogadro’s number represent?

(Continued)
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Solution We need two conversions: first from grams to moles and then from moles to
number of particles (atoms). The first step is similar to Example 3.2. Because

1 mol S = 32.07 g S
the conversion factor is

1 mol S
32.07¢gS

Avogadro’s number is the key to the second step. We have
1 mol = 6.022 X 10% particles (atoms)
and the conversion factors are

6.022 X 10% S atoms 1 mol S
and

1 mol S 6.022 X 10% S atoms

The conversion factor on the left is the one we need because it has number of S atoms
in the numerator. We can solve the problem by first calculating the number of moles
contained in 16.3 g of S, and then calculating the number of S atoms from the number
of moles of S:

grams of S —— moles of S —— number of S atoms
We can combine these conversions in one step as follows:

I molS  6.022 X 107 S atoms

X = 3.06 X 10* S at
320728 1 3.06 0~ S atoms

16.3 28 x

Thus, there are 3.06 X 10% atoms of S in 16.3 g of S.

Check Should 16.3 g of S contain fewer than Avogadro’s number of atoms? What
mass of S would contain Avogadro’s number of atoms?

Practice Exercise Calculate the number of atoms in 0.551 g of potassium (K).

Review of Concepts

Referring only to the periodic table in the inside front cover and Figure 3.2,
determine which of the following contains the largest number of atoms: (a) 7.68 g
of He, (b) 112 g of Fe, and (c) 389 g of Hg.

Molecular Mass

If we know the atomic masses of the component atoms, we can calculate the mass of
a molecule. The molecular mass (sometimes called molecular weight) is the sum of the
atomic masses (in amu) in the molecule. For example, the molecular mass of H,O is

2(atomic mass of H) + atomic mass of O
or 2(1.008 amu) + 16.00 amu = 18.02 amu

In general, we need to multiply the atomic mass of each element by the number of
atoms of that element present in the molecule and sum over all the elements. Exam-
ple 3.5 illustrates this approach.

Elemental sulfur (Sg) consists of eight
S atoms joined in a ring.

Similar problems: 3.20, 3.21.

(CARIS
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SO,

Similar problems: 3.23, 3.24.

$ARIS

Methane gas burning on a cooking range.

EXAMPLE 3.5

Calculate the molecular masses (in amu) of the following compounds: (a) sulfur dioxide
(SO,) and (b) caffeine (CgH;(N,O,).

Strategy How do atomic masses of different elements combine to give the molecular
mass of a compound?

Solution To calculate molecular mass, we need to sum all the atomic masses in the
molecule. For each element, we multiply the atomic mass of the element by the number
of atoms of that element in the molecule. We find atomic masses in the periodic table
(inside front cover).

(a) There are two O atoms and one S atom in SO,, so that

32.07 amu + 2(16.00 amu)
64.07 amu

molecular mass of SO,

(b) There are eight C atoms, ten H atoms, four N atoms, and two O atoms in caffeine,
so the molecular mass of CgH;(N,O, is given by

8(12.01 amu) + 10(1.008 amu) + 4(14.01 amu) + 2(16.00 amu) = 194.20 amu

Practice Exercise What is the molecular mass of methanol (CH,0)?

From the molecular mass we can determine the molar mass of a molecule or
compound. The molar mass of a compound (in grams) is numerically equal to its
molecular mass (in amu). For example, the molecular mass of water is 18.02 amu, so
its molar mass is 18.02 g. Note that 1 mole of water weighs 18.02 g and contains
6.022 X 10% H,0 molecules, just as 1 mole of elemental carbon contains 6.022 X 10*
carbon atoms.

As Examples 3.6 and 3.7 show, a knowledge of the molar mass enables us to cal-
culate the numbers of moles and individual atoms in a given quantity of a compound.

EXAMPLE 3.6

Methane (CH,) is the principal component of natural gas. How many moles of CH, are
present in 6.07 g of CH,?

Strategy We are given grams of CH, and asked to solve for moles of CH,. What
conversion factor do we need to convert between grams and moles? Arrange the
appropriate conversion factor so that grams cancel and the unit moles are obtained for
your answer.

Solution The conversion factor needed to convert between grams and moles is the
molar mass. First we need to calculate the molar mass of CH,, following the procedure
in Example 3.5:

molar mass of CH, = 12.01 g + 4(1.008 g)

16.04 g

Because
1 mol CH, = 16.04 g CH,

(Continued)
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the conversion factor we need should have grams in the denominator so that the unit g
will cancel, leaving the unit mol in the numerator:

1 mol CH,
16.04 g CH,
We now write
1 mol CH,
16.04 g €H;

Thus, there is 0.378 mole of CH, in 6.07 g of CH,.

6.07 g€Hy X = 0.378 mol CH,

Check Should 6.07 g of CH, equal less than 1 mole of CH,? What is the mass of

1 mole of CH,? Similar problem: 3.26.
Practice Exercise Calculate the number of moles of chloroform (CHCIs) in 198 g of FARIS
chloroform.

EXAMPLE 3.7

How many hydrogen atoms are present in 25.6 g of urea [(NH,),CO], which is used as
a fertilizer, in animal feed, and in the manufacture of polymers? The molar mass of
urea is 60.06 g.

Strategy We are asked to solve for atoms of hydrogen in 25.6 g of urea. We cannot
convert directly from grams of urea to atoms of hydrogen. How should molar mass and
Avogadro’s number be used in this calculation? How many moles of H are in 1 mole
of urea?

Solution To calculate the number of H atoms, we first must convert grams of urea to
moles of urea using the molar mass of urea. This part is similar to Example 3.2. The Urea.
molecular formula of urea shows there are four moles of H atoms in one mole of urea

molecule, so the mole ratio is 4:1. Finally, knowing the number of moles of H atoms, we

can calculate the number of H atoms using Avogadro’s number. We need two conversion

factors: molar mass and Avogadro’s number. We can combine these conversions

grams of urea —— moles of urea —— moles of H —— atoms of H

into one step:

1 mol (NH5)5€0 o 4 metH y 6.022 X 10* H atoms

60.06 g (NH-)5€0 1 mol (NH5)5€0 1 metH
= 1.03 X 10** H atoms

25.6 g (NH7)5€0 X

Check Does the answer look reasonable? How many atoms of H would 60.06 g of

urea contain? Similar problems: 3.27, 3.28.
Practice Exercise How many H atoms are in 72.5 g of isopropanol (rubbing alcohol), TPARIS
C3;HO?

Finally, note that for ionic compounds like NaCl and MgO that do not contain
discrete molecular units, we use the term formula mass instead. The formula unit of
NaCl consists of one Na’ ion and one CI~ ion. Thus, the formula mass of NaCl is
the mass of one formula unit:

formula mass of NaCl = 22.99 amu + 35.45 amu Note that the combined mass of a Na* ion
— and a CI™ ion is equal to the combined
58.44 amu mass of a Na atom and a Cl atom.

and its molar mass is 58.44 g.
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Note that it is possible to determine the
molar mass of a compound without
knowing its chemical formula.

Figure 3.3 Schematic diagram

of one type of mass spectrometer.

The Mass Spectrometer

The most direct and most accurate method for determining atomic and molecular
masses is mass spectrometry, which is depicted in Figure 3.3. In one type of a mass
spectrometer, a gaseous sample is bombarded by a stream of high-energy electrons.
Collisions between the electrons and the gaseous atoms (or molecules) produce posi-
tive ions by dislodging an electron from each atom or molecule. These positive ions
(of mass m and charge e) are accelerated by two oppositely charged plates as they
pass through the plates. The emerging ions are deflected into a circular path by a
magnet. The radius of the path depends on the charge-to-mass ratio (that is, e/m). Ions
of smaller e/m ratio trace a wider curve than those having a larger e/m ratio, so that
ions with equal charges but different masses are separated from one another. The mass
of each ion (and hence its parent atom or molecule) is determined from the magnitude
of its deflection. Eventually the ions arrive at the detector, which registers a current
for each type of ion. The amount of current generated is directly proportional to the
number of ions, so it enables us to determine the relative abundance of isotopes.
The first mass spectrometer, developed in the 1920s by the English physicist
F. W. Aston,” was crude by today’s standards. Nevertheless, it provided indisputable evi-
dence of the existence of isotopes—neon-20 (atomic mass 19.9924 amu and natural
abundance 90.92 percent) and neon-22 (atomic mass 21.9914 amu and natural abundance
8.82 percent). When more sophisticated and sensitive mass spectrometers became avail-
able, scientists were surprised to discover that neon has a third stable isotope with an
atomic mass of 20.9940 amu and natural abundance 0.257 percent (Figure 3.4). This
example illustrates how very important experimental accuracy is to a quantitative science
like chemistry. Early experiments failed to detect neon-21 because its natural abundance
is just 0.257 percent. In other words, only 26 in 10,000 Ne atoms are neon-21. The
masses of molecules can be determined in a similar manner by the mass spectrometer.

Percent Composition of Compounds

As we have seen, the formula of a compound tells us the numbers of atoms of each
element in a unit of the compound. However, suppose we needed to verify the purity
of a compound for use in a laboratory experiment. From the formula we could cal-
culate what percent of the total mass of the compound is contributed by each element.
Then, by comparing the result to the percent composition obtained experimentally for
our sample, we could determine the purity of the sample.

Francis William Aston (1877—1945). English chemist and physicist. He was awarded the Nobel Prize in
Chemistry in 1922 for developing the mass spectrometer.
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Figure 3.4 The mass spectrum
of the three isotopes of neon.

20Ne(90.92%)

Intensity of peaks

J L 20Ne(0.26%) k%(z)Ne(S.SZ%)
\ \ T \ \
19 20 21 2 23

Atomic mass (amu)

The percent composition by mass is the percent by mass of each element in a com-
pound. Percent composition is obtained by dividing the mass of each element in 1 mole
of the compound by the molar mass of the compound and multiplying by 100 percent.
Mathematically, the percent composition of an element in a compound is expressed as

. n X molar mass of element
percent composition of an element = X 100% (3.1)
molar mass of compound

where n is the number of moles of the element in 1 mole of the compound. For exam-
ple, in 1 mole of hydrogen peroxide (H,0,) there are 2 moles of H atoms and 2 moles

of O atoms. The molar masses of H,O,, H, and O are 34.02 g, 1.008 g, and 16.00 g, o ’

respectively. Therefore, the percent composition of H,O, is calculated as follows:

g = 2 X OB EH 0% — 5.926%
%0 = w X 100% = 94.06% H,0,
34.02 g H,0,

The sum of the percentages is 5.926% + 94.06% = 99.99%. The small discrepancy
from 100 percent is due to the way we rounded off the molar masses of the elements.
If we had used the empirical formula HO for the calculation, we would have obtained
the same percentages. This is so because both the molecular formula and empirical
formula tell us the percent composition by mass of the compound.

X

Phosphoric acid (H;PO,) is a colorless, syrupy liquid used in detergents, fertilizers, e |
toothpastes, and in carbonated beverages for a “tangy” flavor. Calculate the percent g
composition by mass of H, P, and O in this compound.

Strategy Recall the procedure for calculating a percentage. Assume that we have 1 mole

of H3PO,. The percent by mass of each element (H, P, and O) is given by the combined o o

molar mass of the atoms of the element in 1 mole of H;PO, divided by the molar mass of

H;PO,, then multiplied by 100 percent. H,PO,

(Continued)
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Similar problem: 3.40.

FARIS

Mass
percent

Convert to grams and
divide by molar mass

Moles of
each element

Divide by the smallest
number of moles

Mole ratios
of elements

Change to
integer subscripts

Empirical
formula

Figure 3.5 Procedure for
calculating the empirical formula
of a compound from its percent
compositions.

Solution The molar mass of H;PO, is 97.99 g. The percent by mass of each of the
elements in H3PO, is calculated as follows:

3(1.008 g) H
9%H = ———————— X 100% = 3.086%
97.99 g HyPO,
30.97 g P
%P = —————— X 100% = 31.61%
4(16.00 ) O
%0 = ————— X 100% = 65.31%

"~ 97.99 ¢ H;PO,

Check Do the percentages add to 100 percent? The sum of the percentages is
(3.086% + 31.61% + 65.31%) = 100.01%. The small discrepancy from 100 percent
is due to the way we rounded off.

Practice Exercise Calculate the percent composition by mass of each of the elements
in sulfuric acid (H,SO,).

The procedure used in the example can be reversed if necessary. Given the percent
composition by mass of a compound, we can determine the empirical formula of the
compound (Figure 3.5). Because we are dealing with percentages and the sum of all
the percentages is 100 percent, it is convenient to assume that we started with 100 g
of a compound, as Example 3.9 shows.

EXAMPLE 3.9

Ascorbic acid (vitamin C) cures scurvy. It is composed of 40.92 percent carbon (C),
4.58 percent hydrogen (H), and 54.50 percent oxygen (O) by mass. Determine its
empirical formula.

Strategy In a chemical formula, the subscripts represent the ratio of the number of
moles of each element that combine to form one mole of the compound. How can we
convert from mass percent to moles? If we assume an exactly 100-g sample of the
compound, do we know the mass of each element in the compound? How do we then
convert from grams to moles?

Solution If we have 100 g of ascorbic acid, then each percentage can be converted
directly to grams. In this sample, there will be 40.92 g of C, 4.58 g of H, and 54.50 g
of O. Because the subscripts in the formula represent a mole ratio, we need to convert
the grams of each element to moles. The conversion factor needed is the molar mass of
each element. Let n represent the number of moles of each element so that

1 mol C
ne = 40.92 g€ X 120l 2€ oC = 3.407 mol C
1 mol H
ny = 4.58 gH X 1,008 o H oH = 4.54 mol H
1 mol O
np = 5450%6 X W = 3.406 mol O

Thus, we arrive at the formula Cs 40;H, 5403406, Which gives the identity and the mole
ratios of atoms present. However, chemical formulas are written with whole numbers.

(Continued)
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Try to convert to whole numbers by dividing all the subscripts by the smallest subscript
(3.406):

3.407 4.54 3.406
3206 0 M3406 T8 O 3406

where the = sign means “approximately equal to.” This gives CH, ;50 as the formula
for ascorbic acid. Next, we need to convert 1.33, the subscript for H, into an integer.
This can be done by a trial-and-error procedure:

133 X1 =133
1.33 X 2 = 2.66
133 X3 =399 =4

Because 1.33 X 3 gives us an integer (4), we multiply all the subscripts by 3 and
obtain C3H,;O; as the empirical formula for ascorbic acid.

Check Are the subscripts in C3H,0; reduced to the smallest whole numbers?

Practice Exercise Determine the empirical formula of a compound having the following
percent composition by mass: K: 24.75 percent; Mn: 34.77 percent; O: 40.51 percent.

Chemists often want to know the actual mass of an element in a certain mass of
a compound. For example, in the mining industry, this information will tell the sci-
entists about the quality of the ore. Because the percent composition by mass of the
elements in the substance can be readily calculated, such a problem can be solved in
a rather direct way.

EXAMPLE 3.10

Chalcopyrite (CuFeS,) is a principal mineral of copper. Calculate the number of
kilograms of Cu in 3.71 X 10° kg of chalcopyrite.

Strategy Chalcopyrite is composed of Cu, Fe, and S. The mass due to Cu is based on its
percentage by mass in the compound. How do we calculate mass percent of an element?

Solution The molar masses of Cu and CuFeS, are 63.55 g and 183.5 g, respectively.
The mass percent of Cu is therefore

1 f
BCu = molar mass of Cu % 100%
molar mass of CuFeS,

_ 6355g
C1835g

X 100% = 34.63%

To calculate the mass of Cu in a 3.71 X 10® kg sample of CuFeS,, we need to convert the
percentage to a fraction (that is, convert 34.63 percent to 34.63/100, or 0.3463) and write

mass of Cu in CuFeS, = 0.3463 X (3.71 X 10° kg) = 1.28 X 10° kg

Check As a ball-park estimate, note that the mass percent of Cu is roughly 33 percent,
so that a third of the mass should be Cu; that is, + X 3.71 X 10 kg = 1.24 X 10’ kg.
This quantity is quite close to the answer.

Practice Exercise Calculate the number of grams of Al in 371 g of Al,Os.

P

The molecular formula of ascorbic acid is
CgHgO.

Similar problems: 3.49, 3.50.

$ARIS

Chalcopyrite.

Similar problem: 3.45.

{CARIS
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Review of Concepts

Without doing detailed calculations, estimate whether the percent composition
by mass of Sr is greater than or smaller than that of O in strontium nitrate
[St(NO3),].

Experimental Determination of Empirical Formulas

The fact that we can determine the empirical formula of a compound if we know the
percent composition enables us to identify compounds experimentally. The procedure
is as follows. First, chemical analysis tells us the number of grams of each element
present in a given amount of a compound. Then, we convert the quantities in grams
to number of moles of each element. Finally, using the method given in Example 3.9,
we find the empirical formula of the compound.

As a specific example, let us consider the compound ethanol. When ethanol is
burned in an apparatus such as that shown in Figure 3.6, carbon dioxide (CO,) and
water (H,O) are given off. Because neither carbon nor hydrogen was in the inlet
gas, we can conclude that both carbon (C) and hydrogen (H) were present in
ethanol and that oxygen (O) may also be present. (Molecular oxygen was added
in the combustion process, but some of the oxygen may also have come from the
original ethanol sample.)

The masses of CO, and of H,O produced can be determined by measuring the
increase in mass of the CO, and H,O absorbers, respectively. Suppose that in one
experiment the combustion of 11.5 g of ethanol produced 22.0 g of CO, and 13.5 g
of H,O. We can calculate the mass of carbon and hydrogen in the original 11.5-g
sample of ethanol as follows:

1 mel€0O; 1 melC le.OlgC

fC = 22.0 2€CO5 X X
fmass o 27 4401 2€O5 1 mol€0; 1 melC
= 6.00gC

1 meHH:0 2 melH 1.008 g H

fH = 13.5 g HsO X x x
fass o 1802 e HO | 1 mobH,0 | metH

=151gH

Thus, 11.5 g of ethanol contains 6.00 g of carbon and 1.51 g of hydrogen. The remainder
must be oxygen, whose mass is

mass of O = mass of sample — (mass of C + mass of H)
11.5g — (6.00g + 1.51g)

=40¢g
Figure 3.6 Apparatus for ¥y v ¥y ¥
determining the empirical formula Ethanol
of ethanol. The absorbers are 0y —> . (| — Unused O,
substances that can retain water
and carbon dioxide, respectively. T T T
Heat

H,O CO,
absorber absorber
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The number of moles of each element present in 11.5 g of ethanol is

les of C = 6.00 2€ X 1 _ (500 mol €
moles of C = 6. ——— = 0.500 mo
12.01 g€
1 mol H
molesof H = 1.51 gH X ——— = 1.50 mol H
1.008 gH
lesof O = 4.0 26 X %O _ (55 mo10
moles of O = 4. ——— =0.25mo
16.00 2©
The formula of ethanol is therefore C,soH;50(,5 (we round off the number of
moles to two significant figures). Because the number of atoms must be an integer, ( y e

we divide the subscripts by 0.25, the smallest subscript, and obtain for the empirical

formula C,HgO. .
Now we can better understand the word “empirical,” which literally means “based b 3

only on observation and measurement.” The empirical formula of ethanol is deter- o v

mined from analysis of the compound in terms of its component elements. No knowl-

edge of how the atoms are linked together in the compound is required. :t::z’;ﬁ':t:;a;;;z:z'E:‘::]";‘:I'c'g:’:z:;ula

Determination of Molecular Formulas

The formula calculated from percent composition by mass is always the empirical
formula because the subscripts in the formula are always reduced to the smallest
whole numbers. To calculate the actual, molecular formula we must know the approx-
imate molar mass of the compound in addition to its empirical formula. Knowing that
the molar mass of a compound must be an integral multiple of the molar mass of its
empirical formula, we can use the molar mass to find the molecular formula, as
Example 3.11 demonstrates.

EXAMPLE 3.11

A sample of a compound contains 1.52 g of nitrogen (N) and 3.47 g of oxygen (O).
The molar mass of this compound is between 90 g and 95 g. Determine the molecular
formula and the accurate molar mass of the compound.

Strategy To determine the molecular formula, we first need to determine the empirical
formula. How do we convert between grams and moles? Comparing the empirical molar
mass to the experimentally determined molar mass will reveal the relationship between
the empirical formula and molecular formula.

Solution We are given grams of N and O. Use molar mass as a conversion factor to
convert grams to moles of each element. Let n represent the number of moles of each
element. We write

— 150 gN x LBOIN 08 mol N
ny = 1.52 g N 1401 = 0. mo
1 mol O
=34780 X ——=_ = 0217 mol O
e 16.00 £© o

Thus, we arrive at the formula N 030927, Which gives the identity and the ratios of
atoms present. However, chemical formulas are written with whole numbers. Try to
convert to whole numbers by dividing the subscripts by the smaller subscript (0.108).
After rounding off, we obtain NO, as the empirical formula.

(Continued)
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N,O,

Similar problems: 3.52, 3.53, 3.54.

{CARIS

We use the law of conservation of mass as
our guide in balancing chemical equations.

The molecular formula might be the same as the empirical formula or some integral
multiple of it (for example, two, three, four, or more times the empirical formula).
Comparing the ratio of the molar mass to the molar mass of the empirical formula will
show the integral relationship between the empirical and molecular formulas. The molar
mass of the empirical formula NO, is

empirical molar mass = 14.01 g + 2(16.00 g) = 46.01 g
Next, we determine the ratio between the molar mass and the empirical molar mass

molar mass ~ 9%¢g

empirical molar mass  46.01 g B

The molar mass is twice the empirical molar mass. This means that there are two NO,
units in each molecule of the compound, and the molecular formula is (NO,), or N,Oy.

The actual molar mass of the compound is two times the empirical molar mass,
that is, 2(46.01 g) or 92.02 g, which is between 90 g and 95 g.

Check Note that in determining the molecular formula from the empirical formula, we
need only know the approximate molar mass of the compound. The reason is that the
true molar mass is an integral multiple (1X, 2X, 3X, . . .) of the empirical molar mass.
Therefore, the ratio (molar mass/empirical molar mass) will always be close to an integer.

Practice Exercise A sample of a compound containing boron (B) and hydrogen (H)
contains 6.444 g of B and 1.803 g of H. The molar mass of the compound is about
30 g. What is its molecular formula?

Chemical Reactions and Chemical Equations

Having discussed the masses of atoms and molecules, we turn next to what happens
to atoms and molecules in a chemical reaction, a process in which a substance (or
substances) is changed into one or more new substances. To communicate with one
another about chemical reactions, chemists have devised a standard way to represent
them using chemical equations. A chemical equation uses chemical symbols to show
what happens during a chemical reaction. In this section we will learn how to write
chemical equations and balance them.

Writing Chemical Equations

Consider what happens when hydrogen gas (H,) burns in air (which contains
oxygen, O,) to form water (H,O). This reaction can be represented by the chemi-
cal equation

H, + O, — H,0 3.2)

where the “plus” sign means “reacts with” and the arrow means “to yield.” Thus, this
symbolic expression can be read: “Molecular hydrogen reacts with molecular oxygen
to yield water.” The reaction is assumed to proceed from left to right as the arrow
indicates.

Equation (3.2) is not complete, however, because there are twice as many oxygen
atoms on the left side of the arrow (two) as on the right side (one). To conform with
the law of conservation of mass, there must be the same number of each type of atom
on both sides of the arrow; that is, we must have as many atoms after the reaction
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("

Two hydrogen molecules 4+  One oxygen molecule —>  Two water molecules

(. a
+ —

2H, + 0, —> 2H,0

ends as we did before it started. We can balance Equation (3.2) by placing the appro-
priate coefficient (2 in this case) in front of H, and H,O:

2H2 + 02 I 2H20

This balanced chemical equation shows that “two hydrogen molecules can combine
or react with one oxygen molecule to form two water molecules” (Figure 3.7). Because
the ratio of the number of molecules is equal to the ratio of the number of moles, the
equation can also be read as ‘2 moles of hydrogen molecules react with 1 mole of
oxygen molecules to produce 2 moles of water molecules.” We know the mass of a
mole of each of these substances, so we can also interpret the equation as “4.04 g of H,
react with 32.00 g of O, to give 36.04 g of H,O.” These three ways of reading the
equation are summarized in Table 3.1.

We refer to H, and O, in Equation (3.2) as reactants, which are the starting
materials in a chemical reaction. Water is the product, which is the substance formed
as a result of a chemical reaction. A chemical equation, then, is just the chemist’s
shorthand description of a reaction. In a chemical equation, the reactants are conven-
tionally written on the left and the products on the right of the arrow:

reactants ——> products

To provide additional information, chemists often indicate the physical states of
the reactants and products by using the letters g, /, and s to denote gas, liquid, and
solid, respectively. For example,

2CO(g) + Oy(g) — 2CO(g)
2HgO(s) — 2Hg(l) + Ox(g)

To represent what happens when sodium chloride (NaCl) is added to water, we write
NaCl(s) —2 NaCl(aq)

where ag denotes the aqueous (that is, water) environment. Writing H,O above the
arrow symbolizes the physical process of dissolving a substance in water, although it
is sometimes left out for simplicity.

TABLE 3.1 Interpretation of a Chemical Equation

2H, + O, —— 2H,0

Two molecules + one molecule —— two molecules

2 moles + 1 mole —— 2 moles

2202 g) = 4.04 g +32.00 g — 2(18.02 g) = 36.04 g

36.04 g reactants 36.04 g product

Figure 3.7 Three ways of
representing the combustion of
hydrogen. In accordance with the
law of conservation of mass, the
number of each type of atom
must be the same on both sides
of the equation.

When the coefficient is 1, as in the case of
0O,, it is not shown.

The procedure for balancing chemical
equations is shown on p. 96.



96 Mass Relationships in Chemical Reactions

Heating potassium chlorate produces
oxygen, which supports the combustion of
wood splint.

Knowing the states of the reactants and products is especially useful in the labo-
ratory. For example, when potassium bromide (KBr) and silver nitrate (AgNOs) react
in an aqueous environment, a solid, silver bromide (AgBr), is formed. This reaction
can be represented by the equation:

KBr(agq) + AgNOs(ag) —> KNOs(ag) + AgBr(s)

If the physical states of reactants and products are not given, an uninformed person
might try to bring about the reaction by mixing solid KBr with solid AgNO;. These
solids would react very slowly or not at all. Imagining the process on the microscopic
level, we can understand that for a product like silver bromide to form, the Ag™ and
Br~ ions would have to come in contact with each other. However, these ions are
locked in place in their solid compounds and have little mobility. (Here is an example
of how we explain a phenomenon by thinking about what happens at the molecular
level, as discussed in Section 1.2.)

Balancing Chemical Equations

Suppose we want to write an equation to describe a chemical reaction that we have just
carried out in the laboratory. How should we go about doing it? Because we know the
identities of the reactants, we can write their chemical formulas. The identities of prod-
ucts are more difficult to establish. For simple reactions it is often possible to guess the
product(s). For more complicated reactions involving three or more products, chemists
may need to perform further tests to establish the presence of specific compounds.

Once we have identified all the reactants and products and have written the cor-
rect formulas for them, we assemble them in the conventional sequence—reactants
on the left separated by an arrow from products on the right. The equation written at
this point is likely to be unbalanced; that is, the number of each type of atom on one
side of the arrow differs from the number on the other side. In general, we can bal-
ance a chemical equation by the following steps:

1. Identify all reactants and products and write their correct formulas on the left
side and right side of the equation, respectively.

2. Begin balancing the equation by trying different coefficients to make the number
of atoms of each element the same on both sides of the equation. We can change
the coefficients (the numbers preceding the formulas) but not the subscripts (the
numbers within formulas). Changing the subscripts would change the identity of
the substance. For example, 2NO, means “two molecules of nitrogen dioxide,”
but if we double the subscripts, we have N,O,, which is the formula of dinitrogen
tetroxide, a completely different compound.

3. First, look for elements that appear only once on each side of the equation with
the same number of atoms on each side: The formulas containing these elements
must have the same coefficient. Therefore, there is no need to adjust the coeffi-
cients of these elements at this point. Next, look for elements that appear only
once on each side of the equation but in unequal numbers of atoms. Balance these
elements. Finally, balance elements that appear in two or more formulas on the
same side of the equation.

4. Check your balanced equation to be sure that you have the same total number of
each type of atoms on both sides of the equation arrow.

Let’s consider a specific example. In the laboratory, small amounts of oxygen gas
can be prepared by heating potassium chlorate (KCIO3). The products are oxygen gas
(O,) and potassium chloride (KCl). From this information, we write

KCIO; —> KCI + O,
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(For simplicity, we omit the physical states of reactants and products.) All three ele-
ments (K, Cl, and O) appear only once on each side of the equation, but only for
K and Cl do we have equal numbers of atoms on both sides. Thus, KCIO; and KCI
must have the same coefficient. The next step is to make the number of O atoms the
same on both sides of the equation. Because there are three O atoms on the left and
two O atoms on the right of the equation, we can balance the O atoms by placing a
2 in front of KCIO; and a 3 in front of O,.

2KClO0; — KClI + 30,
Finally, we balance the K and Cl atoms by placing a 2 in front of KCI:
2KClO; — 2KCI + 30, (3.3)

As a final check, we can draw up a balance sheet for the reactants and products where
the number in parentheses indicates the number of atoms of each element:

Reactants Products
K (2) K (2)
Cl (2) Cl (2)
0O (6) 0O (6)

Note that this equation could also be balanced with coefficients that are multiples of 2
(for KCIO3), 2 (for KCI), and 3 (for O,); for example,

4KCIO; —> 4KCI + 60,

However, it is common practice to use the simplest possible set of whole-number
coefficients to balance the equation. Equation (3.3) conforms to this convention.

Now let us consider the combustion (that is, burning) of the natural gas compo-
nent ethane (C,Hg) in oxygen or air, which yields carbon dioxide (CO,) and water.
The unbalanced equation is

C2H6 + 02 — C02 + Hzo

We see that the number of atoms is not the same on both sides of the equation for
any of the elements (C, H, and O). In addition, C and H appear only once on each
side of the equation; O appears in two compounds on the right side (CO, and H,0).
To balance the C atoms, we place a 2 in front of CO,:

C2H6 + 02 e 2C02 + HQO
To balance the H atoms, we place a 3 in front of H,O:
C,Hy + O, — 2CO, + 3H,0

At this stage, the C and H atoms are balanced, but the O atoms are not because there
are seven O atoms on the right-hand side and only two O atoms on the left-hand side
of the equation. This inequality of O atoms can be eliminated by writing % in front
of the O, on the left-hand side:

C,H, + 10, —> 2C0, + 3H,0

The “logic” for using 7 as a coefficient is that there were seven oxygen atoms on the
right-hand side of the equation, but only a pair of oxygen atoms (O,) on the left. To
balance them we ask how many pairs of oxygen atoms are needed to equal seven
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oxygen atoms. Just as 3.5 pairs of shoes equal seven shoes, 3 O, molecules equal seven
O atoms. As the following tally shows, the equation is now balanced:

Reactants Products
C Q2 CQ®
H (6) H (6)
o () o)

However, we normally prefer to express the coefficients as whole numbers rather than
as fractions. Therefore, we multiply the entire equation by 2 to convert 7 to 7:

2C,H¢ + 70, —> 4CO, + 6H,0
The final tally is

Reactants Products
c@ cC4
H (12) H (12)
0O (14) 0O (14)

Note that the coefficients used in balancing the last equation are the smallest possible
set of whole numbers.
In Example 3.12 we will continue to practice our equation-balancing skills.

EXAMPLE 3.12

When aluminum metal is exposed to air, a protective layer of aluminum oxide (Al,O3)
forms on its surface. This layer prevents further reaction between aluminum and
oxygen, and it is the reason that aluminum beverage cans do not corrode. [In the case
of iron, the rust, or iron(IIl) oxide, that forms is too porous to protect the iron metal
underneath, so rusting continues.] Write a balanced equation for the formation of Al,O;.

Strategy Remember that the formula of an element or compound cannot be changed
when balancing a chemical equation. The equation is balanced by placing the appropriate
coefficients in front of the formulas. Follow the procedure described on p. 96.

Solution The unbalanced equation is
Al + 0, —> ALO,

In a balanced equation, the number and types of atoms on each side of the equation
must be the same. We see that there is one Al atom on the reactants side and there are
two Al atoms on the product side. We can balance the Al atoms by placing a coefficient
of 2 in front of Al on the reactants side.

2Al1 + O, —> Al0O4

There are two O atoms on the reactants side, and three O atoms on the product side of
the equation. We can balance the O atoms by placing a coefficient of 3 in front of O,
on the reactants side.

2Al + 30, —> AlL,O;
This is a balanced equation. However, equations are normally balanced with the smallest

set of whole number coefficients. Multiplying both sides of the equation by 2 gives whole
number coefficients.

2(2A1 + 30, —> ALO;)

or 4Al1 + 30, —> 2A1,04
(Continued)
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Check For an equation to be balanced, the number and types of atoms on each side of
the equation must be the same. The final tally is

Reactants Products
Al (4) Al (4)
0 (6) 0 (6)

The equation is balanced. Also, the coefficients are reduced to the simplest set of whole
numbers.

Practice Exercise Balance the equation representing the reaction between iron(IlI)
oxide, Fe,03, and carbon monoxide (CO) to yield iron (Fe) and carbon dioxide (CO,).

Review of Concepts

Which parts shown here are essential for a balanced equation and which parts
are helpful if we want to carry out the reaction in the laboratory:

BaH,(s) + 2H,0(l) — Ba(OH),(aqg) + 2H,(g)

Amounts of Reactants and Products

A basic question raised in the chemical laboratory is “How much product will be
formed from specific amounts of starting materials (reactants)?” Or in some cases, we
might ask the reverse question: “How much starting material must be used to obtain
a specific amount of product?” To interpret a reaction quantitatively, we need to apply
our knowledge of molar masses and the mole concept. Stoichiometry is the quantita-
tive study of reactants and products in a chemical reaction.

Whether the units given for reactants (or products) are moles, grams, liters (for
gases), or some other units, we use moles to calculate the amount of product formed
in a reaction. This approach is called the mole method, which means simply that the
stoichiometric coefficients in a chemical equation can be interpreted as the number
of moles of each substance. For example, industrially ammonia is synthesized from
hydrogen and nitrogen as follows:

N>(g) + 3Hy(g) — 2NH;(g)

The stoichiometric coefficients show that one molecule of N, reacts with three mol-
ecules of H, to form two molecules of NH;. It follows that the relative numbers of
moles are the same as the relative number of molecules:

N»(g) + 3Hx(g) — 2NH3(g)
1 molecule 3 molecules 2 molecules
6.022 X 10% molecules  3(6.022 X 10* molecules) 2(6.022 X 10? molecules)
1 mol 3 mol 2 mol

Thus, this equation can also be read as “1 mole of N, gas combines with 3 moles of
H, gas to form 2 moles of NH; gas.” In stoichiometric calculations, we say that three
moles of H, are equivalent to two moles of NHj, that is,

3 mol H, = 2 mol NH;

Similar problems: 3.59, 3.60.

TFARIS

99

The synthesis of NH; from H, and N,.



100

Mass Relationships in Chemical Reactions

where the symbol = means “stoichiometrically equivalent to” or simply “equivalent
to.” This relationship enables us to write the conversion factors

3 mol H, 2 mol NH;
2 mol NH; an 3 mol H,

Similarly, we have 1 mol N, = 2 mol NH; and 1 mol N, = 3 mol H,.

Let’s consider a simple example in which 6.0 moles of H, react completely with
N, to form NHj. To calculate the amount of NH; produced in moles, we use the
conversion factor that has H, in the denominator and write

les of NH, produced — 6.0 mobH; x — oL NHS
moles o 5 produce . 2 X3 =

= 4.0 mol NH3

Now suppose 16.0 g of H, react completely with N, to form NH;. How many
grams of NH; will be formed? To do this calculation, we note that the link between
H, and NHj; is the mole ratio from the balanced equation. So we need to first convert
grams of H, to moles of H,, then to moles of NH;, and finally to grams of NH;. The
conversion steps are

grams of H, ——> moles of H, ——> moles of NH; —— grams of NH;

First, we convert 16.0 g of H, to number of moles of H,, using the molar mass of H,
as the conversion factor:

1 mol H,
2.016 gH;

16.0 g¢H; X
7.94 mol H,

moles of H,

Next, we calculate the number of moles of NH; produced.

2 mol NH;

moles of NH; = 7.94 motH;, X ———
3 motH,

= 5.29 mol NH;

Finally, we calculate the mass of NH; produced in grams using the molar mass of
NH; as the conversion factor

17.03 g NH,

fNH; = 529 molNH; X ————
grams O 3 3 I =

= 90.1 g NH;4
These three separate calculations can be combined in a single step as follows:

| mobH; 2 molNH;  17.03 ¢ NH,

fNH, = 16.0 ¢ H; X x X
grams of s 27 201624 3metHs 1 mokNH;

90.1 g NH;

Similarly, we can calculate the mass in grams of N, consumed in this reaction.
The conversion steps are

grams of H, —> moles of H, —> moles of N, ——> grams of N,
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Mass (g) Mass (g)
of compound A of compound B
Use molar Use molar
mass (g/mol) mass (g/mol)
of compound A of compound B

Use mole ratio

Moles of of Aand B Moles of
compound A from balanced compound B
equation

By using the relationship 1 mol N, = 3 mol H,, we write

4.

Figure 3.8 shows these steps. Sometimes we may be asked to calculate the amount
of a reactant needed to form a specific amount of product. In those cases, we can

ImotH;  1mobN; 28.02gN,
2016 gH; ~ 3metH; 1 meHN;

grams of N,

16.0 g H; ¥
74.1 g N,

The general approach for solving stoichiometry problems is summarized next.

Write a balanced equation for the reaction.

Convert the given amount of the reactant (in grams or other units) to number of

moles.

Use the mole ratio from the balanced equation to calculate the number of moles

of product formed.

Convert the moles of product to grams (or other units) of product.

reverse the steps shown in Figure 3.8.

EXAMPLE 3.13

Examples 3.13 and 3.14 illustrate the application of this approach.

The food we eat is degraded, or broken down, in our bodies to provide energy for growth
and function. A general overall equation for this very complex process represents the
degradation of glucose (C¢H;,0g) to carbon dioxide (CO,) and water (H,O):

C6H1206 + 602 — 6C02 + 6H20
If 856 g of C¢H,Og is consumed by a person over a certain period, what is the mass of
CO, produced?

Strategy Looking at the balanced equation, how do we compare the amounts of
C¢H,04 and CO,? We can compare them based on the mole ratio from the balanced
equation. Starting with grams of C¢H;,Og, how do we convert to moles of C¢H;,O¢?
Once moles of CO, are determined using the mole ratio from the balanced equation,
how do we convert to grams of CO,?

Solution We follow the preceding steps and Figure 3.8.

(Continued)

Figure 3.8 The procedure for
calculating the amounts of
reactants or products in a
reaction using the mole method.
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Step 1: The balanced equation is given in the problem.

Step 2: To convert grams of CgH ,O4 to moles of C¢H ,06, we write

1 mol C6H1206

856 L
ECH0 X 207 e Coior

= 4.750 mol C¢H,,05

Step 3: From the mole ratio, we see that 1 mol C¢H;,O4 = 6 mol CO,. Therefore, the
number of moles of CO, formed is

6 mol CO,

4.750 mol CgH0g X ———————
1256 | mol CH50;

= 28.50 mol CO,

Step 4: Finally, the number of grams of CO, formed is given by

44.01 g CO,

28.50 mob€O; X —————=
27 1 mol€o;

= 1.25 X 10° g CO,

After some practice, we can combine the conversion steps
grams of C¢H,04 ——> moles of C¢H;,O04 ——> moles of CO, ——> grams of CO,

into one equation:

I molCiHpO; =~ 6mok€0;  4401¢gCO,
180.2 g CsHR05 1 molCeHpO; 1 mok€o;

mass of CO, = 856 g C;H;0¢ X
=1.25 X 10’ g CO,

Check Does the answer seem reasonable? Should the mass of CO, produced be larger
than the mass of C4H;,O4 reacted, even though the molar mass of CO, is considerably
Similar problem: 3.72. less than the molar mass of C¢H;,O¢? What is the mole ratio between CO, and C¢H;,04?

TPARIS Practice Exercise Methanol (CH;OH) burns in air according to the equation
2CH;OH + 30, —> 2CO, + 4H,0

If 209 g of methanol are used up in a combustion process, what is the mass of H,O
produced?

EXAMPLE 3.14

All alkali metals react with water to produce hydrogen gas and the corresponding alkali
metal hydroxide. A typical reaction is that between lithium and water:

2Li(s) + 2H,0(l) —> 2LiOH(aq) + Hi(g)

How many grams of Li are needed to produce 9.89 g of H,?

Lithium reacting with water to produce
hydrogen gas.

Strategy The question asks for number of grams of reactant (Li) to form a specific
amount of product (H,). Therefore, we need to reverse the steps shown in Figure 3.8.
From the equation we see that 2 mol Li = 1 mol H,.

Solution The conversion steps are
grams of H, ——> moles of H, ——> moles of Li ——> grams of Li

(Continued)
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Combining these steps into one equation, we write

0.8 o meH; | 2motki  6.941gLi
89 gt 2016 g1~ 1motH; 1 metEi

= 68.1gLi

Check There are roughly 5 moles of H, in 9.89 g H,, so we need 10 moles of Li.
From the approximate molar mass of Li (7 g), does the answer seem reasonable?

Practice Exercise The reaction between nitric oxide (NO) and oxygen to form
nitrogen dioxide (NO,) is a key step in photochemical smog formation:

2NO(g) + 04(g) —> 2NOy(g)

How many grams of O, are needed to produce 2.21 g of NO,?

Review of Concepts
Which of the following statements is correct for the equation shown here?
4NH;(g) + 50,(g) — 4NO(g) + 6H,0(g)

(a) 6 g of H,O are produced for every 4 g of NH; reacted.
(b) One mole of NO is produced per mole of NH; reacted.
(c) 2 moles of NO are produced for every 3 moles of O, reacted.

Limiting Reagents

When a chemist carries out a reaction, the reactants are usually not present in exact
stoichiometric amounts, that is, in the proportions indicated by the balanced equation.
Because the goal of a reaction is to produce the maximum quantity of a useful com-
pound from the starting materials, frequently a large excess of one reactant is supplied
to ensure that the more expensive reactant is completely converted to the desired
product. Consequently, some reactant will be left over at the end of the reaction. The
reactant used up first in a reaction is called the limiting reagent, because the maxi-
mum amount of product formed depends on how much of this reactant was originally
present. When this reactant is used up, no more product can be formed. Excess
reagents are the reactants present in quantities greater than necessary to react with
the quantity of the limiting reagent.

The concept of the limiting reagent is analogous to the relationship between men
and women in a dance contest at a club. If there are 14 men and only 9 women, then
only 9 female/male pairs can compete. Five men will be left without partners. The
number of women thus limits the number of men that can dance in the contest, and
there is an excess of men.

Consider the industrial synthesis of methanol (CH;0H) from carbon monoxide
and hydrogen at high temperatures:

CO(g) + 2H,(g) — CH;0H(g)

Suppose initially we have 4 moles of CO and 6 moles of H, (Figure 3.9). One way
to determine which of two reactants is the limiting reagent is to calculate the number

Similar problem: 3.66.

(FARIS
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Figure 3.9 At the start of the
reaction, there were six H,
molecules and four CO molecules.
At the end, all the H, molecules
are gone and only one CO
molecule is left. Therefore, the

Ho, molecule is the limiting reagent
and CO is the excess reagent.
Each molecule can also be
treated as one mole of the
substance in this reaction.
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(NH,),CO

of moles of CH;OH obtained based on the initial quantities of CO and H,. From the
preceding definition, we see that only the limiting reagent will yield the smaller
amount of the product. Starting with 4 moles of CO, we find the number of moles of
CH;0H produced is

1 mol CH;0H
4 mol€O X Tl mol€o = 4 mol CH;0H

and starting with 6 moles of H,, the number of moles of CH;0OH formed is

1 mol CH;0H
6 motH, X —————— = 3 mol CH;0H
2 molH,

Because H, results in a smaller amount of CH;OH, it must be the limiting reagent.
Therefore, CO is the excess reagent.

In stoichiometric calculations involving limiting reagents, the first step is to decide
which reactant is the limiting reagent. After the limiting reagent has been identified, the
rest of the problem can be solved as outlined in Section 3.8. Example 3.15 illustrates
this approach.

EXAMPLE 3.15

Urea [(NH,),CO] is prepared by reacting ammonia with carbon dioxide:

2NHj(g) + CO,(g) —> (NH,),CO(aq) + H,0(!)

In one process, 637.2 g of NHj; are treated with 1142 g of CO,. (a) Which of the two
reactants is the limiting reagent? (b) Calculate the mass of (NH,),CO formed. (c) How
much excess reagent (in grams) is left at the end of the reaction?

(a) Strategy The reactant that produces fewer moles of product is the limiting reagent
because it limits the amount of product that can be formed. How do we convert from
the amount of reactant to amount of product? Perform this calculation for each reactant,
then compare the moles of product, (NH,),CO, formed by the given amounts of NH;
and CO, to determine which reactant is the limiting reagent.

Solution We carry out two separate calculations. First, starting with 637.2 g of NHj,
we calculate the number of moles of (NH,),CO that could be produced if all the NH;
reacted according to the following conversions:

grams of NH; ——> moles of NH; ——> moles of (NH,),CO

Combining these conversions in one step, we write

1 molNH; 1 mol (NH,),CO

17.03 g NH; 2 molNH;
= 18.71 mol (NH,),CO

moles of (NH,),CO = 637.2 g NH; X

Second, for 1142 g of CO,, the conversions are

grams of CO, ——> moles of CO, ——> moles of (NH,),CO

(Continued)
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The number of moles of (NH,),CO that could be produced if all the CO, reacted is

o , 1mot€o; 1 mol (NH,),CO
g0 X o 2CO; 1 mol€0;
25.95 mol (NH,),CO

moles of (NH,),CO

It follows, therefore, that NH; must be the limiting reagent because it produces a
smaller amount of (NH,),CO.

(b) Strategy We determined the moles of (NH,),CO produced in part (a), using NH;
as the limiting reagent. How do we convert from moles to grams?

Solution The molar mass of (NH,),CO is 60.06 g. We use this as a conversion factor
to convert from moles of (NH,),CO to grams of (NH,),CO:
60.06 g (NH,),CO

mass of (NH,),CO = 18.71 mol(NH5);€0 X ey e
mol (NH5);€CO

Check Does your answer seem reasonable? 18.71 moles of product are formed. What

is the mass of 1 mole of (NH,),CO?

(c) Strategy Working backward, we can determine the amount of CO, that reacted to
produce 18.71 moles of (NH,),CO. The amount of CO, left over is the difference
between the initial amount and the amount reacted.

Solution Starting with 18.71 moles of (NH,),CO, we can determine the mass of CO,
that reacted using the mole ratio from the balanced equation and the molar mass of
CO,. The conversion steps are

moles of (NH,),CO ——> moles of CO, —> grams of CO,
so that

Imot€O;  4401¢CO,
1 molL(NH;);:€O ~ 1 mek€0;

mass of CO, reacted

18.71 mol (NH ;€0 X
823.4 ¢ CO,

The amount of CO, remaining (in excess) is the difference between the initial amount
(1142 g) and the amount reacted (823.4 g):

mass of CO, remaining = 1142 g — 823.4¢g = 319¢g

Practice Exercise The reaction between aluminum and iron(Ill) oxide can generate
temperatures approaching 3000°C and is used in welding metals:

2Al + Fe,0, —> ALO; + 2Fe

In one process, 124 g of Al are reacted with 601 g of Fe,0s. (a) Calculate the mass
(in grams) of Al,O; formed. (b) How much of the excess reagent is left at the end of
the reaction?

Example 3.15 brings out an important point. In practice, chemists usually choose
the more expensive chemical as the limiting reagent so that all or most of it will be
consumed in the reaction. In the synthesis of urea, NH; is invariably the limiting
reagent because it is much more expensive than CO..

Similar problem: 3.86.

TPARIS
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Review of Concepts

Starting with the gaseous reactants in (a), write an equation for the reaction and identify the limiting reagent in
one of the situations shown in (b)—(d).

@ ® ) @ Mo

®
® e e ® g

& o,
& O,

(a)

Keep in mind that the theoretical yield
is the yield that you calculate using the
balanced equation. The actual yield is
the yield obtained by carrying out the

reaction.

The frame of this bicycle is made of
titanium.

(b) (© (d)

Reaction Yield

The amount of limiting reagent present at the start of a reaction determines the theo-
retical yield of the reaction, that is, the amount of product that would result if all the
limiting reagent reacted. The theoretical yield, then, is the maximum obtainable yield,
predicted by the balanced equation. In practice, the actual yield, or the amount of
product actually obtained from a reaction, is almost always less than the theoretical
yield. There are many reasons for the difference between actual and theoretical yields.
For instance, many reactions are reversible, and so they do not proceed 100 percent
from left to right. Even when a reaction is 100 percent complete, it may be difficult
to recover all of the product from the reaction medium (say, from an aqueous solu-
tion). Some reactions are complex in the sense that the products formed may react
further among themselves or with the reactants to form still other products. These
additional reactions will reduce the yield of the first reaction.

To determine how efficient a given reaction is, chemists often figure the percent
yield, which describes the proportion of the actual yield to the theoretical yield. 1t is
calculated as follows:

actual yield

%yield = X 100% (3.4)

theoretical yield

Percent yields may range from a fraction of 1 percent to 100 percent. Chemists strive
to maximize the percent yield in a reaction. Factors that can affect the percent yield
include temperature and pressure. We will study these effects later.

In Example 3.16 we will calculate the yield of an industrial process.

EXAMPLE 3.16

Titanium is a strong, lightweight, corrosion-resistant metal that is used in rockets,
aircraft, jet engines, and bicycle frames. It is prepared by the reaction of titanium(IV)
chloride with molten magnesium between 950°C and 1150°C:

TiCly(g) + 2Mg(l) —> Ti(s) + 2MgCly(l)

In a certain industrial operation 3.54 X 107 g of TiCl, are reacted with 1.13 X 10 g of
Mg. (a) Calculate the theoretical yield of Ti in grams. (b) Calculate the percent yield if
7.91 X 10° g of Ti are actually obtained.

(Continued)
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(a) Strategy Because there are two reactants, this is likely to be a limiting reagent
problem. The reactant that produces fewer moles of product is the limiting reagent.
How do we convert from amount of reactant to amount of product? Perform this
calculation for each reactant, then compare the moles of product, Ti, formed.

Solution Carry out two separate calculations to see which of the two reactants is the
limiting reagent. First, starting with 3.54 X 10" g of TiCly, calculate the number of
moles of Ti that could be produced if all the TiCl, reacted. The conversions are

grams of TiCl; ——> moles of TiCl, ——> moles of Ti
so that

1 mel-Fi€ly 1 mol Ti

les of Ti = 3.54 X 107 g F€l; X X
frotes o 2 47 189.7 o€t 1 mobFicT,

= 1.87 X 10° mol Ti

Next, we calculate the number of moles of Ti formed from 1.13 X 10" g of Mg. The
conversion steps are

grams of Mg ——> moles of Mg ——> moles of Ti

and we write
1 molvig % 1 mol Ti
2431 gMg 2 molMg

moles of Ti = 1.13 X 107 gMg X

= 2.32 X 10° mol Ti

Therefore, TiCl, is the limiting reagent because it produces a smaller amount of Ti. The
mass of Ti formed is

47.88 g Ti

1.87 X 10° mobFi X —————
-8 et

=895 X 10°g Ti

(b) Strategy The mass of Ti determined in part (a) is the theoretical yield. The
amount given in part (b) is the actual yield of the reaction.

Solution The percent yield is given by

actual yield

Yyield = ——— X 100%
P theoretical yield ’
7.91 X 10° g
= 2 X 100%
8.95 X 10° g
= 88.4%
Check Should the percent yield be less than 100 percent? Similar problems: 3.89, 3.90.
Practice Exercise Industrially, vanadium metal, which is used in steel alloys, can be FARIS

obtained by reacting vanadium(V) oxide with calcium at high temperatures:
5Ca + V,05 —> 5Ca0O + 2V

In one process, 1.54 X 10° g of V,0;5 react with 1.96 X 10° g of Ca. (a) Calculate the
theoretical yield of V. (b) Calculate the percent yield if 803 g of V are obtained.

Industrial processes usually involve huge quantities (thousands to millions of
tons) of products. Thus, even a slight improvement in the yield can significantly
reduce the cost of production. A case in point is the manufacture of chemical fertil-
izers, discussed in the Chemistry in Action essay on p. 108.
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Chemical Fertilizers

F eeding the world’s rapidly increasing population requires
that farmers produce ever-larger and healthier crops. Every
year they add hundreds of millions of tons of chemical fertiliz-
ers to the soil to increase crop quality and yield. In addition to
carbon dioxide and water, plants need at least six elements
for satisfactory growth. They are N, P, K, Ca, S, and Mg. The
preparation and properties of several nitrogen- and phosphorus-
containing fertilizers illustrate some of the principles introduced
in this chapter.

Nitrogen fertilizers contain nitrate (NO3) salts, ammo-
nium (NH}) salts, and other compounds. Plants can absorb ni-
trogen in the form of nitrate directly, but ammonium salts and
ammonia (NH;) must first be converted to nitrates by the action
of soil bacteria. The principal raw material of nitrogen fertiliz-
ers is ammonia, prepared by the reaction between hydrogen
and nitrogen:

3H,(g) + Ny(g) — 2NH;(g)

(This reaction will be discussed in detail in Chapters 13 and
14.) In its liquid form, ammonia can be injected directly into
the soil.

Alternatively, ammonia can be converted to ammonium
nitrate, NH;NOj;, ammonium sulfate, (NH,),SO,4, or ammonium
hydrogen phosphate, (NH,),HPO,, in the following acid-base
reactions:

NH;(ag) + HNOs(ag) —> NH,;NO;s(aq)
2NHj(aq) + H,SO04(ag) —> (NH4),S04(aq)
2NH;(ag) + H3PO4(ag) —> (NH4),HPO4(aq)

Another method of preparing ammonium sulfate requires two
steps:

2NHj(aq) + COy(ag) + HO(1) —> (NH4),CO5(aq) (1)

(NH4)2CO3(aq) + CaSO4(aq) —_—
(NH4),804(aq) + CaCOs(s) (2)

This approach is desirable because the starting materials—
carbon dioxide and calcium sulfate—are less costly than sulfu-
ric acid. To increase the yield, ammonia is made the limiting
reagent in Reaction (1) and ammonium carbonate is made the
limiting reagent in Reaction (2).

The table lists the percent composition by mass of nitrogen
in some common fertilizers. The preparation of urea was dis-
cussed in Example 3.15.
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Liquid ammonia being applied to the soil before planting.

Percent Composition by Mass of Nitrogen
in Five Common Fertilizers

Fertilizer % N by Mass
NH, 82.4
NH,NO; 35.0
(NH,),SO, 21.2
(NH,),HPO, 21.2
(NH,),CO 46.7

Several factors influence the choice of one fertilizer over
another: (1) cost of the raw materials needed to prepare the
fertilizer; (2) ease of storage, transportation, and utilization;
(3) percent composition by mass of the desired element; and
(4) suitability of the compound, that is, whether the compound
is soluble in water and whether it can be readily taken up by
plants. Considering all these factors together, we find that
NH,4NO; is the most important nitrogen-containing fertilizer in
the world, even though ammonia has the highest percentage by
mass of nitrogen.

Phosphorus fertilizers are derived from phosphate rock,
called fluorapatite, Cas(PO,);F. Fluorapatite is insoluble in




water, so it must first be converted to water-soluble calcium
dihydrogen phosphate [Ca(H,PO,),]:

2Cas(PO,);F(s) + TH,SO4(ag) —>
3Ca(H,PO,),(aq) + 7CaSO4(aq) + 2HF(g)

For maximum yield, fluorapatite is made the limiting reagent in
this reaction.

Key Words 109

The reactions we have discussed for the preparation of
fertilizers all appear relatively simple, yet much effort has
been expended to improve the yields by changing conditions
such as temperature, pressure, and so on. Industrial chemists
usually run promising reactions first in the laboratory and
then test them in a pilot facility before putting them into mass
production.

Key Equations \ A

percent composition of an element in a compound =
n X molar mass of element
X 100% (3.1)

molar mass of compound
actual yield

%Pyield = ————— X 100% (3.4
A theoretical yield b (34

Summary of Facts and Coneepts

i

—7| Media Player
Chapter Summary

1. Atomic masses are measured in atomic mass units (amu),
a relative unit based on a value of exactly 12 for the C-12
isotope. The atomic mass given for the atoms of a particu-
lar element is the average of the naturally occurring
isotope distribution of that element. The molecular mass
of a molecule is the sum of the atomic masses of the atoms
in the molecule. Both atomic mass and molecular mass
can be accurately determined with a mass spectrometer.
A mole is Avogadro’s number (6.022 X 10%) of atoms,
molecules, or other particles. The molar mass (in grams)
of an element or a compound is numerically equal to its
mass in atomic mass units (amu) and contains Avoga-
dro’s number of atoms (in the case of elements), mole-
cules (in the case of molecular substances), or simplest
formula units (in the case of ionic compounds).

The percent composition by mass of a compound is the
percent by mass of each element present. If we know
the percent composition by mass of a compound, we
can deduce the empirical formula of the compound and

N

e

4. Chemical changes, called chemical reactions, are repre-
sented by chemical equations. Substances that undergo
change—the reactants—are written on the left and the
substances formed—the products—appear to the right
of the arrow. Chemical equations must be balanced, in
accordance with the law of conservation of mass. The
number of atoms of each element in the reactants must
equal the number in the products.

5. Stoichiometry is the quantitative study of products and
reactants in chemical reactions. Stoichiometric calcu-
lations are best done by expressing both the known and
unknown quantities in terms of moles and then con-
verting to other units if necessary. A limiting reagent is
the reactant that is present in the smallest stoichiomet-
ric amount. It limits the amount of product that can be
formed. The amount of product obtained in a reaction
(the actual yield) may be less than the maximum pos-
sible amount (the theoretical yield). The ratio of the
two multiplied by 100 percent is expressed as the per-

also the molecular formula of the compound if the ap- cent yield.
proximate molar mass is known.
o
Key Words W
Actual yield, p. 106 Chemical reaction, p. 94 Mole method, p. 99 Product, p. 95
Atomic mass, p. 80 Excess reagent, p. 103 Molecular mass, p. 85 Reactant, p. 95
Atomic mass unit (amu), p. 80  Limiting reagent, p. 103 Percent composition Stoichiometric amount, p. 103
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Electronic Homework ProB]ﬁ ns

The following problems are available at www.aris.mhhe.com
if assigned by your instructor as electronic homework.
Quantum Tutor problems are also available at the same site.

ARIS ARIS Problems: 3.5, 3.7, 3.17, 3.26, 3.30, 3.39,
3.47,3.49,3.52,3.59, 3.63, 3.65, 3.75, 3.83, 3.86, 3.99, 3.100.

Questions and Problems ' "

"

[F] Quantum Tutor Problems: 3.23, 3.24, 3.35, 3.39,
3.40,3.41,3.42,3.43,3.44,3.51, 3.59, 3.60, 3.65, 3.60,
3.67,3.68,3.70,3.71, 3.72, 3.74, 3.75, 3.76, 3.78, 3.83,
3.85, 3.86, 3.89, 3.93, 3.94, 3.100, 3.103, 3.107, 3.113,
3.117,3.118, 3.146.

Atomic Mass
Review Questions

3.1  What is an atomic mass unit? Why is it necessary to
introduce such a unit?

3.2 What is the mass (in amu) of a carbon-12 atom? Why
is the atomic mass of carbon listed as 12.01 amu in the
table on the inside front cover of this book?

3.3 Explain clearly what is meant by the statement “The
atomic mass of gold is 197.0 amu.”

3.4  What information would you need to calculate the av-
erage atomic mass of an element?

Problems

3.5 The atomic masses of $5CI (75.53 percent) and ICl
(24.47 percent) are 34.968 amu and 36.956 amu, re-
spectively. Calculate the average atomic mass of
chlorine. The percentages in parentheses denote the
relative abundances.

3.6 The atomic masses of §Li and 5Li are 6.0151 amu and
7.0160 amu, respectively. Calculate the natural abun-
dances of these two isotopes. The average atomic
mass of Li is 6.941 amu.

3.7  What is the mass in grams of 13.2 amu?

3.8 How many amu are there in 8.4 g?

Avogadro’s Number and Molar Mass
Review Questions

3.9 Define the term “mole.” What is the unit for mole in
calculations? What does the mole have in common
with the pair, the dozen, and the gross? What does
Avogadro’s number represent?

3.10 What is the molar mass of an atom? What are the com-
monly used units for molar mass?

Problems

3.11 Earth’s population is about 6.5 billion. Suppose that
every person on Earth participates in a process of
counting identical particles at the rate of two particles

per second. How many years would it take to count
6.0 X 10% particles? Assume that there are 365 days
in a year.

3.12 The thickness of a piece of paper is 0.0036 in. Sup-
pose a certain book has an Avogadro’s number of
pages; calculate the thickness of the book in light-
years. (Hint: See Problem 1.49 for the definition of
light-year.)

3.13 How many atoms are there in 5.10 moles of sul-
fur (S)?

3.14 How many moles of cobalt (Co) atoms are there in
6.00 X 10’ (6 billion) Co atoms?

3.15 How many moles of calcium (Ca) atoms are in 77.4 g
of Ca?

3.16 How many grams of gold (Au) are there in 15.3 moles
of Au?

3.17 What is the mass in grams of a single atom of each of

-ARIS the following elements? (a) Hg, (b) Ne.

3.18 What is the mass in grams of a single atom of each of
the following elements? (a) As, (b) Ni.

3.19 What is the mass in grams of 1.00 X 10" lead (Pb)
atoms?

3.20 How many atoms are present in 3.14 g of copper (Cu)?
3.21 Which of the following has more atoms: 1.10 g of
hydrogen atoms or 14.7 g of chromium atoms?

3.22 Which of the following has a greater mass: 2 atoms of

lead or 5.1 X 10~ mole of helium.

Molecular Mass
Problems

3.23 Calculate the molecular mass or formula mass (in amu)

[P-‘J of each of the following substances: (a) CH,, (b) NO,,
(¢) SOs, (d) CeHe, (e) Nal, (f) K5SO4, (g) Caz(POy),.

3.24 Calculate the molar mass of the following substances:

[l @Li,COs, (b)CS,, (c) CHCI; (chloroform), (d) CsHgOg
(ascorbic acid, or vitamin C), (e) KNOs, (f) Mg;N,.

3.25 Calculate the molar mass of a compound if 0.372 mole
of it has a mass of 152 g.
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3.28

3.29

3.30
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How many molecules of ethane (C,Hg) are present in
0.334 g of C,Hg?

Calculate the number of C, H, and O atoms in 1.50 g
of glucose (C¢H/,0g), a sugar.

Urea [(NH,),CO] is used for fertilizer and many other
things. Calculate the number of N, C, O, and H atoms
in 1.68 X 10* g of urea.

Pheromones are a special type of compound secreted by
the females of many insect species to attract the males
for mating. One pheromone has the molecular formula
C9H3g0. Normally, the amount of this pheromone se-
creted by a female insect is about 1.0 X 107" g. How
many molecules are there in this quantity?

The density of water is 1.00 g/mL at 4°C. How many
water molecules are present in 2.56 mL of water at
this temperature?

Mass Spectrometry
Review Questions

3.31
3.32

Describe the operation of a mass spectrometer.

Describe how you would determine the isotopic abun-
dance of an element from its mass spectrum.

Problems

3.33

3.34

Carbon has two stable isotopes, 1§C and lgC, and fluo-
rine has only one stable isotope, 'gF. How many peaks
would you observe in the mass spectrum of the posi-
tive ion of CF}? Assume that the ion does not break up
into smaller fragments.

Hydrogen has two stable isotopes, |H and H, and
sulfur has four stable isotopes, ?(Z)S, ?gS, ?gS, and ?gS
How many peaks would you observe in the mass
spectrum of the positive ion of hydrogen sulfide,
H,S*? Assume no decomposition of the ion into
smaller fragments.

Percent Composition and Chemical Formulas
Review Questions

3.35

Q)

3.36

3.37

3.38

Use ammonia (NH;) to explain what is meant by the
percent composition by mass of a compound.
Describe how the knowledge of the percent composi-
tion by mass of an unknown compound can help us
identify the compound.

What does the word “empirical” in empirical formula
mean?

If we know the empirical formula of a compound,
what additional information do we need to determine
its molecular formula?

Problems

3.39
TFARIS
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Tin (Sn) exists in Earth’s crust as SnO,. Calculate
the percent composition by mass of Sn and O in
SUOZ.

3.40

3.41

3.42

3.43

3.44

3.45

3.46

3.47
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3.48

3.49
ARIS

3.50

3.51
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Questions and Problems

For many years chloroform (CHCl;) was used as an
inhalation anesthetic in spite of the fact that it is also a
toxic substance that may cause severe liver, kidney,
and heart damage. Calculate the percent composition
by mass of this compound.

Cinnamic alcohol is used mainly in perfumery, par-
ticularly in soaps and cosmetics. Its molecular for-
mula is CoH,(O. (a) Calculate the percent composition
by mass of C, H, and O in cinnamic alcohol. (b) How
many molecules of cinnamic alcohol are contained in
a sample of mass 0.469 g?

All of the substances listed below are fertilizers that
contribute nitrogen to the soil. Which of these is the
richest source of nitrogen on a mass percentage basis?
(a) Urea, (NH,),CO

(b) Ammonium nitrate, NH,NO;

(¢) Guanidine, HNC(NH,),

(d) Ammonia, NH;

Allicin is the compound responsible for the characteris-
tic smell of garlic. An analysis of the compound gives
the following percent composition by mass: C: 44.4 per-
cent; H: 6.21 percent; S: 39.5 percent; O: 9.86 percent.
Calculate its empirical formula. What is its molecular
formula given that its molar mass is about 162 g?
Peroxyacylnitrate (PAN) is one of the components of
smog. It is a compound of C, H, N, and O. Determine
the percent composition of oxygen and the empirical
formula from the following percent composition by
mass: 19.8 percent C, 2.50 percent H, 11.6 percent N.
What is its molecular formula given that its molar
mass is about 120 g?

The formula for rust can be represented by Fe,Os.
How many moles of Fe are present in 24.6 g of the
compound?

How many grams of sulfur (S) are needed to react
completely with 246 g of mercury (Hg) to form HgS?
Calculate the mass in grams of iodine (I,) that will
react completely with 20.4 g of aluminum (Al) to form
aluminum iodide (Ally).

Tin(Il) fluoride (SnF,) is often added to toothpaste as
an ingredient to prevent tooth decay. What is the mass
of F in grams in 24.6 g of the compound?

What are the empirical formulas of the compounds
with the following compositions? (a) 2.1 percent H,
65.3 percent O, 32.6 percent S, (b) 20.2 percent Al,
79.8 percent Cl.

What are the empirical formulas of the compounds
with the following compositions? (a) 40.1 percent C,
6.6 percent H, 53.3 percent O, (b) 18.4 percent C,
21.5 percent N, 60.1 percent K.

The anticaking agent added to Morton salt is calcium
silicate, CaSiO;. This compound can absorb up to 2.5
times its mass of water and still remains a free-flowing
powder. Calculate the percent composition of CaSiOs.
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3.52 The empirical formula of a compound is CH. If the

T°ARIS molar mass of this compound is about 78 g, what is its

molecular formula?

3.53 The molar mass of caffeine is 194.19 g. Is the
molecular formula of caffeine C4HsN,O or

3.54 Monosodium glutamate (MSG), a food-flavor en-
hancer, has been blamed for “Chinese restaurant
syndrome,” the symptoms of which are headaches
and chest pains. MSG has the following composi-
tion by mass: 35.51 percent C, 4.77 percent H, 37.85
percent O, 8.29 percent N, and 13.60 percent Na.
What is its molecular formula if its molar mass is
about 169 g?

Chemical Reactions and Chemical Equations
Review Questions

3.55 Use the formation of water from hydrogen and oxygen
to explain the following terms: chemical reaction,
reactant, product.

3.56 What is the difference between a chemical reaction
and a chemical equation?

3.57 Why must a chemical equation be balanced? What
law is obeyed by a balanced chemical equation?

3.58 Write the symbols used to represent gas, liquid, solid,
and the aqueous phase in chemical equations.

Problems

3.59 Balance the following equations using the method

T°ARIS outlined in Section 3.7:

[N @C+0,—> CO
(b) CO + O, —> CO,
(¢c) H, + Br, — HBr
(d) K + H,0 — KOH + H,
(e) Mg + O, —> MgO
() O3 — O,
(2) H,0, — H,0 + O,
(h) N, + H, —> NH;
(i) Zn + AgCl — ZnCl, + Ag
(G) Sg + O, —> SO,
(k) NaOH + H,SO, —> Na,SO, + H,0
1) Cl, + Nal — NaCl + I,
(m)KOH + H;PO, —> K;PO, + H,O
(n) CH; + Br, —> CBr, + HBr
3.60 Balance the following equations using the method
Q) outlined in Section 3.7:

(a) N,0s —> N,0, + O,

(b) KNO; — KNO, + O,

(¢) NH,NO; —> N,O + H,0

(d) NH,NO, —> N, + H,0

(e) NaHCO; —> Na,CO; + H,0 + CO,

(f) P40y + H,O —> H;3PO,

(g) HCI + CaCO; —> CaCl, + H,0 + CO,
(h) Al + H,SO, —> AL(SO,)s + H,

(i) CO, + KOH — K,CO; + H,O

() CH, + 0, —> CO, + H,0

(k) Be,C + H,0 — Be(OH), + CH,

(1) Cu + HNO; —> Cu(NOs), + NO + H,0
(m)S + HNO; —> H,SO, + NO, + H,0

(n) NH; + CuO —> Cu + N, + H,0

Amounts of Reactants and Products
Review Questions

3.61 On what law is stoichiometry based? Why is it essen-
tial to use balanced equations in solving stoichiomet-
ric problems?

3.62 Describe the steps involved in the mole method.

Problems

3.63 Which of the following equations best represents the

fCARIS reaction shown in the diagram?

(a) 8A + 4B —> C + D
(b) 4A + 8B —> 4C + 4D
(©)2A+B —> C+D
(d) 4A + 2B —> 4C + 4D
() 2A + 4B —> C + D

3.64 Which of the following equations best represents the
reaction shown in the diagram?

@ A+B—>C+D

(b) 6A + 4B —> C + D

) A+ 2B —> 2C +D

() 3A + 2B —> 2C + D
(e) 3A + 2B —> 4C + 2D

o ©

o

© 9.9
o
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3.66

3.67

3.68

3.69

3.70

3.71

3.72

Consider the combustion of carbon monoxide (CO) in
oxygen gas

2C0(g) + O5(g) — 2CO4(g)

Starting with 3.60 moles of CO, calculate the number
of moles of CO, produced if there is enough oxygen
gas to react with all of the CO.

Silicon tetrachloride (SiCl,) can be prepared by heat-
ing Si in chlorine gas:

Si(s) + 2Cly(g) — SiCly(1)

In one reaction, 0.507 mole of SiCl, is produced. How
many moles of molecular chlorine were used in the
reaction?

Ammonia is a principal nitrogen fertilizer. It is pre-
pared by the reaction between hydrogen and nitrogen.

3Hy(g) + Ny(g) — 2NH;(g)

In a particular reaction, 6.0 moles of NH; were pro-
duced. How many moles of H, and how many moles
of N, were reacted to produce this amount of NH;?

Consider the combustion of butane (C,H,):
2C4Ho(g) + 130,(g) — 8CO,(g) + 10H,0(/)

In a particular reaction, 5.0 moles of C,H; are reacted
with an excess of O,. Calculate the number of moles
of CO, formed.

The annual production of sulfur dioxide from burning
coal and fossil fuels, auto exhaust, and other sources is
about 26 million tons. The equation for the reaction is

S(s) + Oy(g) — SO(g)

How much sulfur (in tons), present in the original ma-
terials, would result in that quantity of SO,?

When baking soda (sodium bicarbonate or sodium
hydrogen carbonate, NaHCO;) is heated, it releases
carbon dioxide gas, which is responsible for the rising
of cookies, donuts, and bread. (a) Write a balanced
equation for the decomposition of the compound (one
of the products is Na,COs). (b) Calculate the mass of
NaHCO; required to produce 20.5 g of CO..

When potassium cyanide (KCN) reacts with acids, a
deadly poisonous gas, hydrogen cyanide (HCN), is
given off. Here is the equation:

KCN(ag) + HCl(ag) — KCl(aq) + HCN(g)

If a sample of 0.140 g of KCN is treated with an ex-
cess of HCI, calculate the amount of HCN formed, in
grams.

Fermentation is a complex chemical process of wine
making in which glucose is converted into ethanol and
carbon dioxide:

C¢H,,04 —> 2C,HsOH + 2CO,

glucose ethanol

3.73

3.74

375
(ARIS

3.76

3.717

3.78

113

Questions and Problems

Starting with 500.4 g of glucose, what is the maxi-
mum amount of ethanol in grams and in liters that can
be obtained by this process? (Density of ethanol =
0.789 g/mL.)

Each copper(Il) sulfate unit is associated with five wa-
ter molecules in crystalline copper(II) sulfate pentahy-
drate (CuSO, + 5H,0). When this compound is heated
in air above 100°C, it loses the water molecules and
also its blue color:

CuSO, - 5SH,0 — CuSO, + 5H,0

1£ 9.60 g of CuSO, are left after heating 15.01 g of the
blue compound, calculate the number of moles of H,O
originally present in the compound.

For many years the recovery of gold—that is, the sep-
aration of gold from other materials—involved the
use of potassium cyanide:

4Au + 8KCN + O, + 2H,0 —>
4KAu(CN), + 4KOH

What is the minimum amount of KCN in moles needed
to extract 29.0 g (about an ounce) of gold?

Limestone (CaCOj;) is decomposed by heating to
quicklime (CaO) and carbon dioxide. Calculate how
many grams of quicklime can be produced from 1.0 kg
of limestone.

Nitrous oxide (N,O) is also called “laughing gas.” It
can be prepared by the thermal decomposition of
ammonium nitrate (NH;NOs). The other product is
H,O0. (a) Write a balanced equation for this reaction.
(b) How many grams of N,O are formed if 0.46 mole
of NH,4NOj is used in the reaction?

The fertilizer ammonium sulfate [(NH,),SO,] is pre-
pared by the reaction between ammonia (NH;) and
sulfuric acid:

2NH;(g) + HySO4(ag) — (NH,),S04(aq)

How many kilograms of NHj; are needed to produce
1.00 X 10° kg of (NH,),SO,?

A common laboratory preparation of oxygen gas is
the thermal decomposition of potassium chlorate
(KClOs). Assuming complete decomposition, calcu-
late the number of grams of O, gas that can be ob-
tained from 46.0 g of KCIOs. (The products are KCI
and O,.)

Limiting Reagents
Review Questions

3.79

3.80

Define limiting reagent and excess reagent. What is
the significance of the limiting reagent in predicting
the amount of the product obtained in a reaction?
Can there be a limiting reagent if only one reactant is
present?

Give an everyday example that illustrates the limiting
reagent concept.
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Problems

3.81

3.82

3.83
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3.84

Consider the reaction
2A+B — C

(a) In the diagram here that represents the reaction,
which reactant, A or B, is the limiting reagent? (b) As-
suming complete reaction, draw a molecular-model
representation of the amounts of reactants and prod-
ucts left after the reaction. The atomic arrangement in
Cis ABA.

.A
.B

Consider the reaction
N2 + 3H2 e 2NH3

Assuming each model represents 1 mole of the sub-
stance, show the number of moles of the product and
the excess reagent left after the complete reaction.

QQOC
u.
9.3

Nitric oxide (NO) reacts with oxygen gas to form
nitrogen dioxide (NO,), a dark-brown gas:

r
@ -
@
e NH3

2NO(g) + 04(g) —> 2NO,(g)

In one experiment 0.886 mole of NO is mixed with
0.503 mole of O,. Calculate which of the two reac-
tants is the limiting reagent. Calculate also the number
of moles of NO, produced.

The depletion of ozone (O3) in the stratosphere has
been a matter of great concern among scientists in re-
cent years. It is believed that ozone can react with
nitric oxide (NO) that is discharged from the high-
altitude jet plane, the SST. The reaction is

0; + NO —> O, + NO,

3.85

3.86
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If 0.740 g of O; reacts with 0.670 g of NO, how
many grams of NO, will be produced? Which com-
pound is the limiting reagent? Calculate the number
of moles of the excess reagent remaining at the end
of the reaction.

Propane (C;Hg) is a component of natural gas and is
used in domestic cooking and heating. (a) Balance the
following equation representing the combustion of
propane in air:

C3Hg + 02 — COZ + Hzo
(b) How many grams of carbon dioxide can be pro-

duced by burning 3.65 moles of propane? Assume that
oxygen is the excess reagent in this reaction.

Consider the reaction
MnO, + 4HCl — MnCl, + Cl, + 2H,0

If 0.86 mole of MnO, and 48.2 g of HCI react, which
reagent will be used up first? How many grams of Cl,
will be produced?

Reaction Yield
Review Questions

3.87

3.88

Why is the theoretical yield of a reaction determined
only by the amount of the limiting reagent?

Why is the actual yield of a reaction almost always
smaller than the theoretical yield?

Problems

3.89

Q)

3.90

391

Hydrogen fluoride is used in the manufacture of
Freons (which destroy ozone in the stratosphere) and
in the production of aluminum metal. It is prepared by
the reaction

CaF, + H,S0, —> CaSO, + 2HF

In one process, 6.00 kg of CaF, are treated with an
excess of H,SO, and yield 2.86 kg of HF. Calculate
the percent yield of HF.

Nitroglycerin (C3HsN;Oy) is a powerful explosive. Its
decomposition may be represented by

4C3H5N309 — 6N2 + 12C02 + 10H20 + 02

This reaction generates a large amount of heat and
many gaseous products. It is the sudden formation of
these gases, together with their rapid expansion, that
produces the explosion. (a) What is the maximum
amount of O, in grams that can be obtained from
2.00 X 10* g of nitroglycerin? (b) Calculate the per-
cent yield in this reaction if the amount of O, gener-
ated is found to be 6.55 g.

Titanium(IV) oxide (TiO,) is a white substance pro-
duced by the action of sulfuric acid on the mineral il-
menite (FeTiO5):

FeT]O'; + HzSO4 — TIOZ + FeSO4 + Hzo



3.92

3.93

3.94

Its opaque and nontoxic properties make it suitable
as a pigment in plastics and paints. In one process,
8.00 X 10° kg of FeTiO; yielded 3.67 X 10° kg of
TiO,. What is the percent yield of the reaction?
Ethylene (C,H,), an important industrial organic
chemical, can be prepared by heating hexane (C¢Hy4)
at 800°C:

C¢H,y, —> C,H, + other products

If the yield of ethylene production is 42.5 percent,
what mass of hexane must be reacted to produce 481 g
of ethylene?

When heated, lithium reacts with nitrogen to form
lithium nitride:

6Li(s) + Ny(g) —> 2Li3N(s)

What is the theoretical yield of LizN in grams when
12.3 g of Li are heated with 33.6 g of N,? If the actual
yield of LisN is 5.89 g, what is the percent yield of the
reaction?

Disulfide dichloride (S,Cl,) is used in the vulcaniza-
tion of rubber, a process that prevents the slippage
of rubber molecules past one another when stretched.
It is prepared by heating sulfur in an atmosphere of
chlorine:

Ss(l) + 4Cly(g) —> 4S,Cly(1)

What is the theoretical yield of S,Cl, in grams when
4.06 g of Sg are heated with 6.24 g of Cl,? If the actual
yield of S,Cl, is 6.55 g, what is the percent yield?

Additional Problems

3.95

3.96

The following diagram represents the products (CO,
and H,0) formed after the combustion of a hydrocar-
bon (a compound containing only C and H atoms).
Write an equation for the reaction. (Hint: The molar
mass of the hydrocarbon is about 30 g.)

§®e®-
4 X CE
@

Consider the reaction of hydrogen gas with oxygen
gas:

2H,(g) + Oy(g) — 2H,0(g)
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Assuming complete reaction, which of the diagrams
shown next represents the amounts of reactants and
products left after the reaction?
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(a) (b) (©

3.97 Industrially, nitric acid is produced by the Ostwald
process represented by the following equations:

4NH;(g) + 50,(g) — 4NO(g) + 6H,0(!)
2NO(g) + Oi(g) — 2NO(g)
2NO,(g) + HyO(!) — HNO;(ag) + HNO,(aq)

What mass of NH; (in g) must be used to produce
1.00 ton of HNOj; by the above procedure, assuming
an 80 percent yield in each step? (1 ton = 2000 Ib;
11b =453.6¢g.)

3.98 A sample of a compound of Cl and O reacts with
an excess of H, to give 0.233 g of HCI and 0.403 g
of H,O. Determine the empirical formula of the
compound.

3.99 The atomic mass of element X is 33.42 amu. A 27.22-g
ARIs sample of X combines with 84.10 g of another element
Y to form a compound XY. Calculate the atomic mass

of Y.

[#] 3.100 How many moles of O are needed to combine with
ARIS 0.212 mole of C to form (a) CO and (b) CO,?

3.101 A research chemist used a mass spectrometer to study
the two isotopes of an element. Over time, she recorded
a number of mass spectra of these isotopes. On analy-
sis, she noticed that the ratio of the taller peak (the more
abundant isotope) to the shorter peak (the less abundant
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isotope) gradually increased with time. Assuming that
the mass spectrometer was functioning normally, what
do you think was causing this change?

3.102 The aluminum sulfate hydrate [Al,(SO,);-xH,0] con-
tains 8.10 percent Al by mass. Calculate x, that is, the
number of water molecules associated with each
Alz(SO4)3 unit.

3.103 Mustard gas (C4HgCl,S) is a poisonous gas that was

[} usedin World War I and banned afterward. It causes
general destruction of body tissues, resulting in the
formation of large water blisters. There is no effective
antidote. Calculate the percent composition by mass
of the elements in mustard gas.

3.104 The carat is the unit of mass used by jewelers. One
carat is exactly 200 mg. How many carbon atoms are
present in a 24-carat diamond?

3.105 An iron bar weighed 664 g. After the bar had been
standing in moist air for a month, exactly one-eighth
of the iron turned to rust (Fe,O3). Calculate the final
mass of the iron bar and rust.

3.106 A certain metal oxide has the formula MO where M
denotes the metal. A 39.46-g sample of the compound
is strongly heated in an atmosphere of hydrogen to
remove oxygen as water molecules. At the end, 31.70 g
of the metal is left over. If O has an atomic mass of
16.00 amu, calculate the atomic mass of M and iden-
tify the element.

3.107 An impure sample of zinc (Zn) is treated with an ex-

m cess of sulfuric acid (H,SO,) to form zinc sulfate
(ZnSO,) and molecular hydrogen (H,). (a) Write a
balanced equation for the reaction. (b) If 0.0764 g of
H, is obtained from 3.86 g of the sample, calculate the
percent purity of the sample. (¢) What assumptions
must you make in (b)?

3.108 One of the reactions that occurs in a blast furnace,
where iron ore is converted to cast iron, is

Fe,O; + 3CO — 2Fe + 3CO,

Suppose that 1.64 X 10° kg of Fe are obtained from a
2.62 X 103-kg sample of Fe,03;. Assuming that the
reaction goes to completion, what is the percent purity
of Fe,0j in the original sample?

3.109 Carbon dioxide (CO,) is the gas that is mainly respon-
sible for global warming (the greenhouse effect). The
burning of fossil fuels is a major cause of the increased
concentration of CO, in the atmosphere. Carbon diox-
ide is also the end product of metabolism (see Exam-
ple 3.13). Using glucose as an example of food,
calculate the annual human production of CO, in
grams, assuming that each person consumes 5.0 X 10*g
of glucose per day. The world’s population is 6.5 bil-
lion, and there are 365 days in a year.

3.110 Carbohydrates are compounds containing carbon,
hydrogen, and oxygen in which the hydrogen to
oxygen ratio is 2:1. A certain carbohydrate contains

40.0 percent carbon by mass. Calculate the empirical
and molecular formulas of the compound if the ap-
proximate molar mass is 178 g.

3.111 Which of the following has the greater mass: 0.72 g of
0O, or 0.0011 mole of chlorophyll (CssH;,MgN,O5)?

3.112 Analysis of a metal chloride XCl; shows that it con-
tains 67.2 percent Cl by mass. Calculate the molar
mass of X and identify the element.

3.113 Hemoglobin (Cs9spHye64Ng12053,SsFe,) is the oxygen

® carrier in blood. (a) Calculate its molar mass. (b) An
average adult has about 5.0 L of blood. Every milliliter
of blood has approximately 5.0 X 10° erythrocytes, or
red blood cells, and every red blood cell has about 2.8 X
10® hemoglobin molecules. Calculate the mass of hemo-
globin molecules in grams in an average adult.

3.114 Myoglobin stores oxygen for metabolic processes in
muscle. Chemical analysis shows that it contains
0.34 percent Fe by mass. What is the molar mass of
myoglobin? (There is one Fe atom per molecule.)

3.115 Calculate the number of cations and anions in each of
the following compounds: (a) 8.38 g of KBr, (b) 5.40 g
of Na,SOy, (c) 7.45 g of Ca3(POy),.

3.116 A mixture of NaBr and Na,SO, contains 29.96 per-
cent Na by mass. Calculate the percent by mass of
each compound in the mixture.

3.117 Aspirin or acetyl salicylic acid is synthesized by react-

[/] ing salicylic acid with acetic anhydride:

C,;HsO; +

salicylic acid

C4H603 — C9H304 + C2H402

acetic anhydride aspirin acetic acid

(a) How much salicylic acid is required to produce
0.400 g of aspirin (about the content in a tablet), as-
suming acetic anhydride is present in excess? (b) Cal-
culate the amount of salicylic acid needed if only
74.9 percent of salicylic acid is converted to aspirin.
(c) In one experiment, 9.26 g of salicylic acid is re-
acted with 8.54 g of acetic anhydride. Calculate the
theoretical yield of aspirin and the percent yield if
only 10.9 g of aspirin is produced.

3.118 Calculate the percent composition by mass of all the
m elements in calcium phosphate [Cas3(POy),], a major
component of bone.

3.119 Lysine, an essential amino acid in the human body,
contains C, H, O, and N. In one experiment, the com-
plete combustion of 2.175 g of lysine gave 3.94 g CO,
and 1.89 g H,O. In a separate experiment, 1.873 g of
lysine gave 0.436 g NH;. (a) Calculate the empirical
formula of lysine. (b) The approximate molar mass of
lysine is 150 g. What is the molecular formula of the
compound?

3.120 Does 1 g of hydrogen molecules contain as many H
atoms as 1 g of hydrogen atoms?

3.121 Avogadro’s number has sometimes been described as
a conversion factor between amu and grams. Use the



fluorine atom (19.00 amu) as an example to show the
relation between the atomic mass unit and the gram.

3.122 The natural abundances of the two stable isotopes of
hydrogen (hydrogen and deuterium) are {H: 99.985 per-
cent and TH: 0.015 percent. Assume that water exists
as either H,O or D,0. Calculate the number of D,O
molecules in exactly 400 mL of water. (Density =
1.00 g/mL.)

3.123 A compound containing only C, H, and Cl was exam-
ined in a mass spectrometer. The highest mass peak
seen corresponds to an ion mass of 52 amu. The most
abundant mass peak seen corresponds to an ion mass
of 50 amu and is about three times as intense as the
peak at 52 amu. Deduce a reasonable molecular for-
mula for the compound and explain the positions and
intensities of the mass peaks mentioned. (Hint: Chlo-
rine is the only element that has isotopes in compara-
ble abundances: 35CI: 75.5 percent; CL: 24.5 percent.
For H, use }H; for C, use IéC.)

3.124 In the formation of carbon monoxide, CO, it is found
that 2.445 g of carbon combine with 3.257 g of oxygen.
What is the atomic mass of oxygen if the atomic mass
of carbon is 12.01 amu?

3.125 What mole ratio of molecular chlorine (Cl,) to mo-
lecular oxygen (O,) would result from the breakup of
the compound Cl,0; into its constituent elements?

3.126 Which of the following substances contains the great-
est mass of chlorine? (a) 5.0 g Cl,, (b) 60.0 g NaClOs,
(c) 0.10 mol KCl, (d) 30.0 g MgCl,, (e) 0.50 mol Cl,.

3.127 A compound made up of C, H, and CI contains 55.0
percent C1 by mass. If 9.00 g of the compound contain
4.19 X 10* H atoms, what is the empirical formula of
the compound?

3.128 Platinum forms two different compounds with chlo-
rine. One contains 26.7 percent Cl by mass, and the
other contains 42.1 percent Cl by mass. Determine the
empirical formulas of the two compounds.

3.129 Heating 2.40 g of the oxide of metal X (molar mass of
X = 55.9 g/mol) in carbon monoxide (CO) yields the
pure metal and carbon dioxide. The mass of the metal
product is 1.68 g. From the data given, show that the
simplest formula of the oxide is X,05 and write a bal-
anced equation for the reaction.

3.130 A compound X contains 63.3 percent manganese
(Mn) and 36.7 percent O by mass. When X is heated,
oxygen gas is evolved and a new compound Y con-
taining 72.0 percent Mn and 28.0 percent O is formed.
(a) Determine the empirical formulas of X and Y.
(b) Write a balanced equation for the conversion of
XtoY.

3.131 The formula of a hydrate of barium chloride is
BaCl, - xH,O. If 1.936 g of the compound gives
1.864 g of anhydrous BaSO,4 upon treatment with sul-
furic acid, calculate the value of x.
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3.132 It is estimated that the day Mt. St. Helens erupted
(May 18, 1980), about 4.0 X 10° tons of SO, were
released into the atmosphere. If all the SO, were even-
tually converted to sulfuric acid, how many tons of
H,SO, were produced?

3.133 Cysteine, shown here, is one of the 20 amino acids
found in proteins in humans. Write the molecular for-
mula and calculate its percent composition by mass.

3.134 Isoflurane, shown here, is a common inhalation anes-
thetic. Write its molecular formula and calculate its
percent composition by mass.

3.135 A mixture of CuSO,-5H,0 and MgSO,-7H,0 is
heated until all the water is lost. If 5.020 g of the mix-
ture gives 2.988 g of the anhydrous salts, what is the
percent by mass of CuSO,-5H,0 in the mixture?

3.136 When 0.273 g of Mg is heated strongly in a nitrogen
(N,) atmosphere, a chemical reaction occurs. The
product of the reaction weighs 0.378 g. Calculate the
empirical formula of the compound containing Mg
and N. Name the compound.

3.137 A mixture of methane (CH,) and ethane (C,Hg) of
mass 13.43 g is completely burned in oxygen. If the
total mass of CO, and H,O produced is 64.84 g, calcu-
late the fraction of CH, in the mixture.

3.138 Leaded gasoline contains an additive to prevent en-
gine “knocking.” On analysis, the additive compound
is found to contain carbon, hydrogen, and lead (Pb)
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(hence, “leaded gasoline”). When 51.36 g of this com-
pound are burned in an apparatus such as that shown
in Figure 3.6, 55.90 g of CO, and 28.61 g of H,O are
produced. Determine the empirical formula of the
gasoline additive.

3.139 Because of its detrimental effect on the environment,
the lead compound described in Problem 3.138 has
been replaced in recent years by methyl fert-butyl
ether (a compound of C, H, and O) to enhance the
performance of gasoline. (As of 1999, this compound
is also being phased out because of its contamination
of drinking water.) When 12.1 g of the compound are
burned in an apparatus like the one shown in Fig-
ure 3.6, 30.2 g of CO, and 14.8 g of H,O are formed.
What is the empirical formula of the compound?

3.140 Suppose you are given a cube made of magnesium
(Mg) metal of edge length 1.0 cm. (a) Calculate the
number of Mg atoms in the cube. (b) Atoms are spher-
ical in shape. Therefore, the Mg atoms in the cube
cannot fill all of the available space. If only 74 percent
of the space inside the cube is taken up by Mg atoms,
calculate the radius in picometers of a Mg atom. (The
density of Mg is 1.74 g/cm’ and the volume of a sphere
of radius r is %ﬂ'rS.)

3.141 A certain sample of coal contains 1.6 percent sulfur by
mass. When the coal is burned, the sulfur is converted
to sulfur dioxide. To prevent air pollution, this sulfur
dioxide is treated with calcium oxide (CaO) to form
calcium sulfite (CaSO;). Calculate the daily mass (in
kilograms) of CaO needed by a power plant that uses
6.60 X 10° kg of coal per day.

3.142 Air is a mixture of many gases. However, in calculat-
ing its “molar mass” we need consider only the three
major components: nitrogen, oxygen, and argon.
Given that one mole of air at sea level is made up of
78.08 percent nitrogen, 20.95 percent oxygen, and
0.97 percent argon, what is the molar mass of air?

3.143 A die has an edge length of 1.5 cm. (a) What is the
volume of one mole of such dice? (b) Assuming that
the mole of dice could be packed in such a way that
they were in contact with one another, forming stack-
ing layers covering the entire surface of Earth, calcu-
late the height in meters the layers would extend
outward. [The radius (r) of Earth is 6371 km and the
area of a sphere is 477°.]

Special Problems

3.144 The following is a crude but effective method for esti-
mating the order of magnitude of Avogadro’s number
using stearic acid (C;gH350,). When stearic acid is
added to water, its molecules collect at the surface and
form a monolayer; that is, the layer is only one mole-
cule thick. The cross-sectional area of each stearic
acid molecule has been measured to be 0.21 nm? In
one experiment it is found that 1.4 X 10~ g of stearic
acid is needed to form a monolayer over water in a
dish of diameter 20 cm. Based on these measurements,
what is Avogadro’s number? (The area of a circle of
radius r is 77%)

3.145 Octane (CgH ) is a component of gasoline. Complete
combustion of octane yields H,O and CO,. Incom-
plete combustion produces H,O and CO, which not
only reduces the efficiency of the engine using the fuel
but is also toxic. In a certain test run, 1.000 gal of oc-
tane is burned in an engine. The total mass of CO,
CO,, and H,O produced is 11.53 kg. Calculate the ef-
ficiency of the process; that is, calculate the fraction of
octane converted to CO,. The density of octane is
2.650 kg/gal.

3.146 Industrially, hydrogen gas can be prepared by reacting

[/} propane gas (C3Hg) with steam at about 400°C. The
products are carbon monoxide (CO) and hydrogen gas
(Hy). (a) Write a balanced equation for the reaction.
(b) How many kilograms of H, can be obtained from
2.84 X 10* kg of propane?

3.147 A reaction having a 90 percent yield may be consid-
ered a successful experiment. However, in the synthe-
sis of complex molecules such as chlorophyll and
many anticancer drugs, a chemist often has to carry
out multiple-step synthesis. What is the overall per-
cent yield for such a synthesis, assuming it is a 30-step
reaction with a 90 percent yield at each step?

3.148 What is wrong or ambiguous with each of the state-
ments here?

(a) NH4NO; is the limiting reagent in the reaction
NH,NO(s) — Na(g) + 2H,0(/)

(b) The limiting reagents for the reaction shown here
are NH; and NaCl.

NHj(ag) + NaCl(ag) + H,CO;(ag) —>
NaHCO;(ag) + NH,Cl(aq)

3.149 (a) For molecules having small molecular masses,
mass spectrometry can be used to identify their for-
mulas. To illustrate this point, identify the molecule
which most likely accounts for the observation of a

peak in a mass spectrum at: 16 amu, 17 amu, 18 amu,
and 64 amu. (b) Note that there are (among others)
two likely molecules that would give rise to a peak
at 44 amu, namely, C3Hg and CO,. In such cases, a



chemist might try to look for other peaks generated
when some of the molecules break apart in the spec-
trometer. For example, if a chemist sees a peak at
44 amu and also one at 15 amu, which molecule is
producing the 44-amu peak? Why? (c) Using the fol-
lowing precise atomic masses: 'H (1.00797 amu), 2c
(12.00000 amu), and '°0 (15.99491 amu), how pre-
cisely must the masses of C;Hg and CO, be measured
to distinguish between them?

3.150 Potash is any potassium mineral that is used for its
potassium content. Most of the potash produced in the
United States goes into fertilizer. The major sources
of potash are potassium chloride (KCl) and potassium
sulfate (K,SO,). Potash production is often reported
as the potassium oxide (K,0) equivalent or the amount
of K,O that could be made from a given mineral. (a) If
KCI costs $0.55 per kg, for what price (dollar per kg)
must K,SO, be sold to supply the same amount of
potassium on a per dollar basis? (b) What mass (in kg)
of K,O contains the same number of moles of K atoms
as 1.00 kg of KC1?

3.151 A 21.496-g sample of magnesium is burned in air to
form magnesium oxide and magnesium nitride. When

L
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the products are treated with water, 2.813 g of gaseous
ammonia are generated. Calculate the amounts of
magnesium nitride and magnesium oxide formed.

3.152 A certain metal M forms a bromide containing 53.79
percent Br by mass. What is the chemical formula of
the compound?

3.153 A sample of iron weighing 15.0 g was heated with po-
tassium chlorate (KCIOj3) in an evacuated container.
The oxygen generated from the decomposition of KCIO;
converted some of the Fe to Fe,Os. If the combined
mass of Fe and Fe,O; was 17.9 g, calculate the mass of
Fe,0; formed and the mass of KC1O; decomposed.

3.154 A sample containing NaCl, Na,SO,, and NaNO; gives
the following elemental analysis: Na: 32.08 percent;
O: 36.01 percent; Cl: 19.51 percent. Calculate the
mass percent of each compound in the sample.

3.155 A sample of 10.00 g of sodium reacts with oxygen to
form 13.83 g of sodium oxide (Na,O) and sodium per-
oxide (Na,0,). Calculate the percent composition of
the mixture.

3.110.81 amu. 3.2 3.59 moles. 3.32.57 X 10° g.

3.4 8.49 X 10*' K atoms. 3.532.04 amu. 3.6 1.66 moles.
3.75.81 X 10** H atoms. 3.8 H: 2.055%:; S: 32.69%:;

0: 65.25%. 3.9 KMnOj, (potassium permanganate).

3.10 196 g. 3.11 B,H,. 3.12 Fe,0; + 3CO —> 2Fe +
3C0,. 3.13235g. 3.140.769 g. 3.15 (a) 234 g, (b) 234 g.
3.16 (a) 863 g, (b) 93.0%.
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Black smokers form when
superheated water, rich in minerals,
flows out onto the ocean floor
through the lava on an ocean
volcano. The hydrogen sulfide
present converts the metals to
insoluble metal sulfides. The
models show hydrogen sulfide,
metals ions, and a metal sulfide.



Chapter Outline t?‘ A Look Ahead

e We begin by studying the properties of solutions prepared by dissolving
substances in water, called aqueous solutions. Aqueous solutions can be
classified as nonelectrolyte or electrolyte, depending on their ability to con-
duct electricity. (4.1)

4.1 General Properties of
Aqueous Solutions

4.2 Precipitation Reactions e  We will see that precipitation reactions are those in which the product is an

4.3 Acid-Base Reactions insoluble compound. We learn to represent these reactions using ionic equa-

. . tions and net ionic equations. (4.2).
44 Oxidation-Reduction q (&-2)

Reactions e Next, we learn acid-base reactions, which involve the transfer of proton (H+)

) ) from an acid to a base. (4.3)
4.5 Concentration of Solutions L . . . .
e We then learn oxidation-reduction (redox) reactions in which electrons are

4.6 Gravimetric Analysis transferred between reactants. We will see that there are several types of

4.7 Acid-Base Titrations redox reactions (4.4)

e To carry out quantitative studies of solutions, we learn how to express the

4. Redox Titrati . s .
8 cdox Litrations concentration of a solution in molarity. (4.5)

e Finally, we will apply our knowledge of the mole method from Chapter 3
to the three types of reactions studied here. We will see how gravimetric
analysis is used to study precipitation reactions, and the titration technique
is used to study acid-base and redox reactions. (4.6, 4.7, and 4.8)
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1 Animations any chemical reactions and virtually all biological processes take place in
- Strong Electrolytes, water. In this chapter, we will discuss three major categories of reactions
Weak Electrolytes, and that occur in aqueous solutions: precipitation reactions, acid-base reactions, and
Nonelectrolytes (4.1) redox reactions. In later chapters, we will study the structural characteristics and
Hydration (4.1) properties of water—the so-called universal solvent—and its solutions.
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Tap water does conduct electricity
because it contains many dissolved ions.

| Animation
Strong Electrolytes, Weak
Electrolytes, and Nonelectrolytes

Figure 4.1 An arrangement for
distinguishing between electrolytes
and nonelectrolytes. A solution’s
ability to conduct electricity
depends on the number of ions
it contains. (a) A nonelectrolyte
solution does not contain ions,
and the lightbulb is not lit. (b) A
weak electrolyte solution contains
a small number of ions, and the
lightbulb is dimly lit. (c) A strong
electrolyte solution contains a
large number of ions, and the
lightbulb is brightly lit. The molar
amounts of the dissolved solutes
are equal in all three cases.

Reactions in Aqueous Solutions

General Properties of Aqueous Solutions

A solution is a homogeneous mixture of two or more substances. The solute is the
substance present in a smaller amount, and the solvent is the substance present in a
larger amount. A solution may be gaseous (such as air), solid (such as an alloy), or
liquid (seawater, for example). In this section we will discuss only aqueous solutions,
in which the solute initially is a liquid or a solid and the solvent is water.

Electrolytic Properties

All solutes that dissolve in water fit into one of two categories: electrolytes and
nonelectrolytes. An electrolyte is a substance that, when dissolved in water, results
in a solution that can conduct electricity. A nonelectrolyte does not conduct electric-
ity when dissolved in water. Figure 4.1 shows an easy and straightforward method
of distinguishing between electrolytes and nonelectrolytes. A pair of inert electrodes
(copper or platinum) is immersed in a beaker of water. To light the bulb, electric
current must flow from one electrode to the other, thus completing the circuit. Pure
water is a very poor conductor of electricity. However, if we add a small amount of
sodium chloride (NaCl), the bulb will glow as soon as the salt dissolves in the water.
Solid NaCl, an ionic compound, breaks up into Na™ and Cl1~ ions when it dissolves
in water. The Na* ions are attracted to the negative electrode, and the C1~ ions to
the positive electrode. This movement sets up an electric current that is equivalent
to the flow of electrons along a metal wire. Because the NaCl solution conducts
electricity, we say that NaCl is an electrolyte. Pure water contains very few ions, so
it cannot conduct electricity.

Comparing the lightbulb’s brightness for the same molar amounts of dissolved
substances helps us distinguish between strong and weak electrolytes. A character-
istic of strong electrolytes is that the solute is assumed to be 100 percent dissoci-
ated into ions in solution. (By dissociation we mean the breaking up of the
compound into cations and anions.) Thus, we can represent sodium chloride dis-
solving in water as

NaCl(s) —% Na*(aq) + Cl™(aq)

This equation says that all sodium chloride that enters the solution ends up as Na* and
Cl ™ ions; there are no undissociated NaCl units in solution.

(b) (©



4.1 General Properties of Aqueous Solutions

TABLE 4.1 Classification of Solutes in Aqueous Solution

Strong Electrolyte Weak Electrolyte Nonelectrolyte
HCI CH;COOH (NH,),CO (urea)
HNO, HF CH;OH (methanol)
HCIO, HNO, C,Hs0H (ethanol)
H,SO,* NH; CgH 1,04 (glucose)
NaOH H,0' C,H»0y; (sucrose)
Ba(OH),

Ionic compounds

*H,SO, has two ionizable H" ions.
"Pure water is an extremely weak electrolyte.

Table 4.1 lists examples of strong electrolytes, weak electrolytes, and nonelectro-
Iytes. Ionic compounds, such as sodium chloride, potassium iodide (KI), and calcium
nitrate [Ca(NOs),], are strong electrolytes. It is interesting to note that human body
fluids contain many strong and weak electrolytes.

Water is a very effective solvent for ionic compounds. Although water is an
electrically neutral molecule, it has a positive region (the H atoms) and a negative
region (the O atom), or positive and negative “poles”; for this reason it is a polar
solvent. When an ionic compound such as sodium chloride dissolves in water, the
three-dimensional network of ions in the solid is destroyed. The Na™ and Cl~ ions
are separated from each other and undergo hydration, the process in which an ion is
surrounded by water molecules arranged in a specific manner. Each Na™ ion is sur-
rounded by a number of water molecules orienting their negative poles toward the
cation. Similarly, each Cl~ ion is surrounded by water molecules with their positive
poles oriented toward the anion (Figure 4.2). Hydration helps to stabilize ions in solu-
tion and prevents cations from combining with anions.

Acids and bases are also electrolytes. Some acids, including hydrochloric acid
(HCI) and nitric acid (HNO;), are strong electrolytes. These acids are assumed to
ionize completely in water; for example, when hydrogen chloride gas dissolves in
water, it forms hydrated H" and C1~ ions:

HCI(g) > H'(ag) + CI (ag)
In other words, all the dissolved HC] molecules separate into hydrated H* and
Cl™ ions. Thus, when we write HCl(aq), it is understood that it is a solution of
only H"(aq) and C1 (aq) ions and that there are no hydrated HCl molecules pres-
ent. On the other hand, certain acids, such as acetic acid (CH;COOH), which gives
vinegar its tart flavor, do not ionize completely and are weak electrolytes. We
represent the ionization of acetic acid as

CH;COOH(ag) == CH,COO (ag) + H' (aq)

@ "‘. .’."C
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Figure 4.2 Hydration of Na
and CI” ions.
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There are different types of chemical
equilibrium. We will return to this very

important topic in Chapter 14.

7 Animation
Precipitation Reactions

where CH;COO ™ is called the acetate ion. We use the term ionization to describe the
separation of acids and bases into ions. By writing the formula of acetic acid as
CH;COOH, we indicate that the ionizable proton is in the COOH group.

The ionization of acetic acid is written with a double arrow to show that it is a
reversible reaction; that is, the reaction can occur in both directions. Initially, a
number of CH;COOH molecules break up into CH;COO ™ and H" ions. As time goes
on, some of the CH;COO™ and H" ions recombine into CH;COOH molecules. Even-
tually, a state is reached in which the acid molecules ionize as fast as the ions recom-
bine. Such a chemical state, in which no net change can be observed (although
activity is continuous on the molecular level), is called chemical equilibrium. Acetic
acid, then, is a weak electrolyte because its ionization in water is incomplete. By
contrast, in a hydrochloric acid solution the H" and Cl~ ions have no tendency to
recombine and form molecular HCl. We use a single arrow to represent complete
ionizations.

Review of Concepts

The diagrams here show three compounds AB, (a), AC, (b), and AD, (c)
dissolved in water. Which is the strongest electrolyte and which is the weakest?
(For simplicity, water molecules are not shown.)

- © [
o o | @ ¢ © . ¢ ¢

(a) (b) (©)

Precipitation Reactions

One common type of reaction that occurs in aqueous solution is the precipitation
reaction, which results in the formation of an insoluble product, or precipitate. A
precipitate is an insoluble solid that separates from the solution. Precipitation reac-
tions usually involve ionic compounds. For example, when an aqueous solution of
lead(Il) nitrate [Pb(NOs),] is added to an aqueous solution of potassium iodide (KI),
a yellow precipitate of lead(Il) iodide (Pbl,) is formed:

Pb(NO;),(ag) + 2KI(ag) —> Pbly(s) + 2KNOs(aq)

Potassium nitrate remains in solution. Figure 4.3 shows this reaction in progress.

The preceding reaction is an example of a metathesis reaction (also called a
double-displacement reaction), a reaction that involves the exchange of parts between
the two compounds. (In this case, the cations in the two compounds exchange anions,
so Pb’* ends up with I” as Pbl, and K* ends up with NO; as KNO;.) As we will
see, the precipitation reactions discussed in this chapter are examples of metathesis
reactions.
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Figure 4.3 Formation of yellow Pbl, precipitate as a solution of Pb(NOs), is added to a solution of KI.
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Solubility

How can we predict whether a precipitate will form when a compound is added to a
solution or when two solutions are mixed? It depends on the solubility of the solute,
which is defined as the maximum amount of solute that will dissolve in a given quan-
tity of solvent at a specific temperature. Chemists refer to substances as soluble,
slightly soluble, or insoluble in a qualitative sense. A substance is said to be soluble
if a fair amount of it visibly dissolves when added to water. If not, the substance is
described as slightly soluble or insoluble. All ionic compounds are strong electrolytes,
but they are not equally soluble.

Table 4.2 classifies a number of common ionic compounds as soluble or insolu-
ble. Keep in mind, however, that even insoluble compounds dissolve to a certain
extent. Figure 4.4 shows several precipitates.

TABLE 4.2 Solubility Rules for Common lonic Compounds in Water at 25°C

Soluble Compounds Insoluble Exceptions

Compounds containing
alkali metal ions (Li", Na*,
K", Rb*, Cs™) and the
ammonium ion (NH;)
Nitrates (NOj ), bicarbonates
(HCOy), and chlorates

(CIO;y)

Halides (C1~, Br, 1) Halides of Ag”, Hg3", and Pb>"

Sulfates (SO37) Sulfates of Ag", Ca®*, Sr*", Ba>", Hg3", and Pb>"
Insoluble Compounds Soluble Exceptions

Carbonates (CO3"), phosphates Compounds containing alkali metal ions

(PO3"), chromates (CrO3 "), and the ammonium ion

sulfides (S%7)

Hydroxides (OH ") Compounds containing alkali metal ions

and the Ba®>" ion
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Figure 4.4 Appearance of
several precipitates. From left to
right: CdS, PbS, Ni(OH),, and

Al(OH)s.

Similar problems: 4.19, 4.20.

TARIS

Example 4.1 applies the solubility rules in Table 4.2.

EXAMPLE 4.1

Classify the following ionic compounds as soluble or insoluble: (a) silver sulfate
(Ag,SO,), (b) calcium carbonate (CaCO3), (c) sodium phosphate (Na;PO,).

Strategy Although it is not necessary to memorize the solubilities of compounds, you
should keep in mind the following useful rules: all ionic compounds containing alkali
metal cations; the ammonium ion; and the nitrate, bicarbonate, and chlorate ions are
soluble. For other compounds, we need to refer to Table 4.2.

Solution (a) According to Table 4.2, Ag,SO, is insoluble.
(b) This is a carbonate and Ca is a Group 2A metal. Therefore, CaCO; is insoluble.
(c) Sodium is an alkali metal (Group 1A) so Na;PO, is soluble.

Practice Exercise Classify the following ionic compounds as soluble or insoluble:
(a) CuS, (b) Ca(OH),, (¢) Zn(NO;),.

Molecular Equations, Ionic Equations, and Net Ionic Equations

The equation describing the precipitation of lead(Il) iodide on page 124 is called a
molecular equation because the formulas of the compounds are written as though all
species existed as molecules or whole units. A molecular equation is useful because
it identifies the reagents [that is, lead(I) nitrate and potassium iodide]. If we wanted
to bring about this reaction in the laboratory, we would use the molecular equation.
However, a molecular equation does not describe in detail what actually is happening
in solution.

As pointed out earlier, when ionic compounds dissolve in water, they break apart
into their component cations and anions. To be more realistic, the equations should
show the dissociation of dissolved ionic compounds into ions. Therefore, returning to
the reaction between potassium iodide and lead(Il) nitrate, we would write

Pb*"(ag) + 2NO; (aq) + 2K (aq) + 21 (ag) —>
PbLy(s) + 2K (ag) + 2NO; (aq)
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The preceding equation is an example of an ionic equation, which shows dis-
solved species as free ions. To see whether a precipitate might form from this solution,
we first combine the cation and anion from different compounds; that is, Pbl, and
KNO;. Referring to Table 4.2, we see that Pbl, is an insoluble compound and KNO;
is soluble. Therefore, the dissolved KNO; remains in solution as separate K and
NOj ions, which are called spectator ions, or ions that are not involved in the over-
all reaction. Because spectator ions appear on both sides of an equation, they can be
eliminated from the ionic equation

Pb**(aq) + 2NOstag) + 2K ag) + 21" (aq) —>
Pbl,(s) + 2K (ag) + 2NO5(ag)

Finally, we end up with the net ionic equation, which shows only the species that
actually take part in the reaction:

Pb>*(ag) + 21 (ag) —> Pbl,(s)

Looking at another example, we find that when an aqueous solution of barium
chloride (BaCl,) is added to an aqueous solution of sodium sulfate (Na,SO,), a white
precipitate is formed (Figure 4.5). Treating this as a metathesis reaction, the products
are BaSO, and NaCl. From Table 4.2 we see that only BaSO, is insoluble. Therefore,
we write the molecular equation as

BaCl,(aq) + Na,SO4(aq) —— BaSO,(s) + 2NaCl(agq)
The ionic equation for the reaction is

Ba**(aq) + 2Cl1 (aq) + 2Na'(aq) + SO} (aq) —>
BaSO,(s) + 2Na"(aq) + 2Cl (aq)

Canceling the spectator ions (Na* and C17) on both sides of the equation gives us the
net ionic equation

Ba*"(aq) + SO3 (ag) —> BaSO,(s)

The following four steps summarize the procedure for writing ionic and net ionic
equations:

1. Write a balanced molecular equation for the reaction, using the correct formulas
for the reactant and product ionic compounds. Refer to Table 4.2 to decide which
of the products is insoluble and therefore will appear as a precipitate.

2. Write the ionic equation for the reaction. The compound that does not appear as
the precipitate should be shown as free ions.

3. Identify and cancel the spectator ions on both sides of the equation. Write the
net ionic equation for the reaction.

4. Check that the charges and number of atoms balance in the net ionic equation.

These steps are applied in Example 4.2.

EXAMPLE 4.2

Predict what happens when a potassium phosphate (K;PO,) solution is mixed with a
calcium nitrate [Ca(NOs),] solution. Write a net ionic equation for the reaction.

(Continued)

Figure 4.5 Formation of BaSO,
precipitate.

Precipitate formed by the reaction between
K3PO4(aq) and Ca(NO3),(aq).
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Similar problems: 4.21, 4.22.

TFARIS

Strategy From the given information, it is useful to first write the unbalanced equation
K3PO4(ag) + Ca(NO3)y(aq) — ?

What happens when ionic compounds dissolve in water? What ions are formed from the
dissociation of K;PO, and Ca(NO3),? What happens when the cations encounter the
anions in solution?

Solution In solution, K;PO, dissociates into K™ and PO3 ™ ions and Ca(NO3),
dissociates into Ca®" and NO; ions. According to Table 4.2, calcium ions (Ca*") and
phosphate ions (PO3") will form an insoluble compound, calcium phosphate [Ca3(PO,),],
while the other product, KNOs, is soluble and remains in solution. Therefore, this is a
precipitation reaction. We follow the stepwise procedure just outlined.

Step 1: The balanced molecular equation for this reaction is
2K;PO,(aq) + 3Ca(NO;),(ag) —> Caz(PO,),(s) + 6KNOs(aq)
Step 2: To write the ionic equation, the soluble compounds are shown as dissociated ions:

6K (ag) + 2PO; (ag) + 3Ca*"(aq) + 6NO; (ag) —
6K *(aq) + 6NO; (ag) + Caz(PO,),(s)

Step 3: Canceling the spectator ions (K™ and NO5) on each side of the equation, we
obtain the net ionic equation:

3Ca’*(ag) + 2P0~ (ag) —> Ca;(PO,),(s)

Step 4: Note that because we balanced the molecular equation first, the net ionic
equation is balanced as to the number of atoms on each side and the number of
positive (+6) and negative (—6) charges on the left-hand side is the same.

Practice Exercise Predict the precipitate produced by mixing an Al(NOs); solution
with a NaOH solution. Write the net ionic equation for the reaction.

Review of Concepts

Which of the diagrams here accurately describes the reaction between
Ca(NOs),(aq) and Na,COs(agq)? For simplicity, only the Ca*" (yellow) and
CO?%™ (blue) ions are shown.

oy ¢, 0%
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The Chemistry in Action essay on p. 129 discusses some practical problems

associated with precipitation reactions.
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CHEMISTRY

An Undesirable Precipitation Reaction

Limestone (CaCOs3) and dolomite (CaCO;-MgCOs3), which
are widespread on Earth’s surface, often enter the water
supply. According to Table 4.2, calcium carbonate is insoluble
in water. However, in the presence of dissolved carbon dioxide
(from the atmosphere), calcium carbonate is converted to solu-
ble calcium bicarbonate [Ca(HCOs),]:

CaCO;(s) + COy(ag) + HO(l) —>
Ca*(aq) + 2HCO; (aq)

where HCOj5 is the bicarbonate ion.

Water containing Ca®* and/or Mg®" ions is called hard wa-
ter, and water that is mostly free of these ions is called soft water.
Hard water is unsuitable for some household and industrial uses.

When water containing Ca®* and HCO; ions is heated or
boiled, the solution reaction is reversed to produce the CaCOj3
precipitate

Ca’*(ag) + 2HCO5 (ag) —>
CaCOjs(s) + COy(aq) + H,O(D)

and gaseous carbon dioxide is driven off:
CO,(aq) — CO(g)

Solid calcium carbonate formed in this way is the main compo-
nent of the scale that accumulates in boilers, water heaters,
pipes, and teakettles. A thick layer of scale reduces heat transfer
and decreases the efficiency and durability of boilers, pipes, and
appliances. In household hot-water pipes it can restrict or totally

Boiler scale almost fills this hot-water pipe. The deposits consist mostly of
CaCOg3 with some MgCQOs.

block the flow of water. A simple method used by plumbers to
remove scale deposits is to introduce a small amount of hydro-
chloric acid, which reacts with (and therefore dissolves)
CaCoOs:

CaCOs(s) + 2HCl(aq) —>
CaCly(ag) + H,O(l) + CO,(g)

In this way, CaCO; is converted to soluble CaCl,.

Acid-Base Reactions

Acids and bases are as familiar as aspirin and milk of magnesia although many
people do not know their chemical names—acetylsalicylic acid (aspirin) and magne-
sium hydroxide (milk of magnesia). In addition to being the basis of many medicinal
and household products, acid-base chemistry is important in industrial processes and
essential in sustaining biological systems. Before we can discuss acid-base reactions,

we need to know more about acids and bases themselves.

General Properties of Acids and Bases

In Section 2.7 we defined acids as substances that ionize in water to produce
H™ ions and bases as substances that ionize in water to produce OH™ ions. These
definitions were formulated in the late nineteenth century by the Swedish chemist

129
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Figure 4.6 A piece of blackboard
chalk, which is mostly CaCOs,
reacts with hydrochloric acid.

Svante Arrhenius’ to classify substances whose properties in aqueous solutions
were well known.

Acids

* Acids have a sour taste; for example, vinegar owes its sourness to acetic acid,
and lemons and other citrus fruits contain citric acid.

* Acids cause color changes in plant dyes; for example, they change the color of
litmus from blue to red.

* Acids react with certain metals, such as zinc, magnesium, and iron, to produce
hydrogen gas. A typical reaction is that between hydrochloric acid and
magnesium:

2HCl(aq) + Mg(s) —> MgCl,(aq) + H,(g)

* Acids react with carbonates and bicarbonates, such as Na,CO;, CaCO;, and
NaHCOs;, to produce carbon dioxide gas (Figure 4.6). For example,

2HCl(aq) + CaCOs(s) —> CaCly(ag) + H,0(l) + CO,(g)
HCl(ag) + NaHCOs(s) —> NaCl(aq) + H,0(l) + CO,(g)

* Aqueous acid solutions conduct electricity.

Bases
* Bases have a bitter taste.
* Bases feel slippery; for example, soaps, which contain bases, exhibit this property.

* Bases cause color changes in plant dyes; for example, they change the color of
litmus from red to blue.

* Aqueous base solutions conduct electricity.

Bronsted Acids and Bases

Arrhenius’s definitions of acids and bases are limited in that they apply only to aque-
ous solutions. Broader definitions were proposed by the Danish chemist Johannes
Brgnsted® in 1932; a Brgnsted acid is a proton donor, and a Brgnsted base is a pro-
ton acceptor. Note that Brgnsted’s definitions do not require acids and bases to be in
aqueous solution.

Hydrochloric acid is a Brgnsted acid because it donates a proton in water:

HCl(ag) — H(aq) + ClI (aq)

Note that the H" ion is a hydrogen atom that has lost its electron; that is, it is just a
bare proton. The size of a proton is about 10~'> m, compared to a diameter of 10" m
for an average atom or ion. Such an exceedingly small charged particle cannot exist as
a separate entity in aqueous solution owing to its strong attraction for the negative pole

TSvante August Arrhenius (1859-1927). Swedish chemist. Arrhenius made important contributions in
the study of chemical kinetics and electrolyte solutions. He also speculated that life had come to Earth
from other planets, a theory now known as panspermia. Arrhenius was awarded the Nobel Prize in
Chemistry in 1903.

Johannes Nicolaus Brgnsted (1879-1947). Danish chemist. In addition to his theory of acids and bases,
Brgnsted worked on thermodynamics and the separation of mercury isotopes. In some texts, Brgnsted acids
and bases are called Brgnsted-Lowry acids and bases. Thomas Martin Lowry (1874-1936). English chem-
ist. Brgnsted and Lowry developed essentially the same acid-base theory independently in 1923.
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H,O H;0" +
(the O atom) in H,O. Consequently, the proton exists in the hydrated form as shown in
Figure 4.7. Therefore, the ionization of hydrochloric acid should be written as

HCl(aq) + H,0(l) — H;0"(aq) + C1 (aq)

The hydrated proton, H;O", is called the hydronium ion. This equation shows a reac-
tion in which a Brgnsted acid (HCl) donates a proton to a Brgnsted base (H,O).

Experiments show that the hydronium ion is further hydrated so that the proton
may have several water molecules associated with it. Because the acidic properties of
the proton are unaffected by the degree of hydration, in this text we will generally
use H(ag) to represent the hydrated proton. This notation is for convenience, but
H;0" is closer to reality. Keep in mind that both notations represent the same species
in aqueous solution.

Acids commonly used in the laboratory include hydrochloric acid (HCI), nitric
acid (HNO;), acetic acid (CH;COOH), sulfuric acid (H,SO,), and phosphoric acid
(H5PO,). The first three are monoprotic acids; that is, each unit of the acid yields one
hydrogen ion upon ionization:

HCl(ag) — H"(ag) + Cl (aq)
HNOs(ag) — H+(aq) + NOj; (aq)
CH;COOH(ag) == CH;COO (aq) + H" (aq)

As mentioned earlier, because the ionization of acetic acid is incomplete (note the
double arrows), it is a weak electrolyte. For this reason it is called a weak acid (see
Table 4.1). On the other hand, HCl and HNO; are strong acids because they are strong
electrolytes, so they are completely ionized in solution (note the use of single arrows).

Sulfuric acid (H,SO,) is a diprotic acid because each unit of the acid gives up
two H'ions, in two separate steps:

H,S04(ag) — H'(ag) + HSO; (aq)
HSO; (ag) == H(ag) + SO} (aq)

H,S0O, is a strong electrolyte or strong acid (the first step of ionization is complete),
but HSO, is a weak acid or weak electrolyte, and we need a double arrow to repre-
sent its incomplete ionization.

Triprotic acids, which yield three H ions, are relatively few in number. The best
known triprotic acid is phosphoric acid, whose ionizations are

H;PO,(aq) == H"(aq) + H,PO; (aq)
H,PO; (ag) == H"(aq) + HPO; (aq)
HPO?} (ag) == H'(aq) + PO} (aq)

All three species (H;PO,, H,PO,, and HPO3;") in this case are weak acids, and we
use the double arrows to represent each ionization step. Anions such as H,PO, and
HPO;: ™ are found in aqueous solutions of phosphates such as NaH,PO, and Na,HPO,.
Table 4.3 lists several common strong and weak acids.
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Figure 4.7 lonization of HCI in
water to form the hydronium ion

and the chloride ion.

Electrostatic potential map of the H;0*
ion. In the rainbow color spectrum
representation, the most electron-rich
region is red and the most electron-poor

region is blue.

In most cases, acids start with H in the
formula or have a COOH group.

TABLE 4.3

Some Common Strong
and Weak Acids

Strong Acids

Hydrochloric HCl
acid

Hydrobromic HBr
acid

Hydroiodic HI
acid

Nitric acid HNO;
Sulfuric acid H,SO,
Perchloric acid HCIO,
Weak Acids
Hydrofluoric HF
acid

Nitrous acid HNO,
Phosphoric acid H;PO,
Acetic acid CH;COOH
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Note that this bottle of aqueous ammonia
is erroneously labeled.

NH,4 + H,O — NHY + OH™

Figure 4.8 lonization of ammonia in water to form the ammonium ion and the hydroxide ion.

Table 4.1 shows that sodium hydroxide (NaOH) and barium hydroxide [Ba(OH),]
are strong electrolytes. This means that they are completely ionized in solution:

NaOH(s) —2 Na*(aq) + OH (aq)
Ba(OH),(s) —2% Ba**(aq) + 20H (aq)

The OH ™ ion can accept a proton as follows:
H"(ag) + OH  (ag) —> H,0()

Thus, OH  is a Brgnsted base.
Ammonia (NH;) is classified as a Brgnsted base because it can accept a H' ion
(Figure 4.8):

NH;(ag) + H,0(l) == NH; (ag) + OH (aq)

Ammonia is a weak electrolyte (and therefore a weak base) because only a small
fraction of dissolved NH; molecules react with water to form NHZ and OH™ ions.

The most commonly used strong base in the laboratory is sodium hydroxide. It
is cheap and soluble. (In fact, all of the alkali metal hydroxides are soluble.) The most
commonly used weak base is aqueous ammonia solution, which is sometimes errone-
ously called ammonium hydroxide. There is no evidence that the species NH,OH
actually exists other than the NH; and OH™ ions in solution. All of the Group 2A
elements form hydroxides of the type M(OH),, where M denotes an alkaline earth
metal. Of these hydroxides, only Ba(OH), is soluble. Magnesium and calcium hydrox-
ides are used in medicine and industry. Hydroxides of other metals, such as AI(OH);
and Zn(OH), are insoluble and are not used as bases.

Example 4.3 classifies substances as Brgnsted acids or Brgnsted bases.

EXAMPLE 4.3

Classify each of the following species in aqueous solution as a Brgnsted acid or base:
(a) HBr, (b) NO>, (c) HCO;.

Strategy What are the characteristics of a Brgnsted acid? Does it contain at least an
H atom? With the exception of ammonia, most Brgnsted bases that you will encounter
at this stage are anions.

Solution (a) We know that HCI is an acid. Because Br and Cl are both halogens
(Group 7A), we expect HBr, like HCI, to ionize in water as follows:

HBr(ag) —> H' (ag) + Br (aq)

Therefore HBr is a Brgnsted acid.
(Continued)
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(b) In solution the nitrite ion can accept a proton from water to form nitrous acid:
NO; (ag) + H" (ag) —> HNO,(aq)

This property makes NO, a Brgnsted base.
(¢c) The bicarbonate ion is a Brgnsted acid because it ionizes in solution as follows:

HCO; (ag) == H"(aq) + CO3 (aq)
It is also a Brgnsted base because it can accept a proton to form carbonic acid:
HCO5 (ag) + H' (ag) == H,COs(aq)

Comment The HCOj species is said to be amphoteric because it possesses both
acidic and basic properties. The double arrows show that this is a reversible
reaction.

Practice Exercise Classify each of the following species as a Brgnsted acid or base:
(a) SO;", (b) HL

Acid-Base Neutralization

A neutralization reaction is a reaction between an acid and a base. Generally, aque-
ous acid-base reactions produce water and a salt, which is an ionic compound made
up of a cation other than H' and an anion other than OH™ or O :

acid + base —— salt + water
The substance we know as table salt, NaCl, is a product of the acid-base reaction
HCl(ag) + NaOH(ag) — NaCl(ag) + H,0O(l)

However, because both the acid and the base are strong electrolytes, they are com-
pletely ionized in solution. The ionic equation is

H'(ag) + CI' (ag) + Na'(aq) + OH (ag) — Na'(ag) + Cl (ag) + H,O())
Therefore, the reaction can be represented by the net ionic equation
H'(ag) + OH (ag) —> H0(])

Both Na® and CI™ are spectator ions.

If we had started the preceding reaction with equal molar amounts of the acid
and the base, at the end of the reaction we would have only a salt and no leftover
acid or base. This is a characteristic of acid-base neutralization reactions.

A reaction between a weak acid such as hydrocyanic acid (HCN) and a strong
base is

HCN(aq) + NaOH(aq) —> NaCN(aq) + H,0(l)

Because HCN is a weak acid, it does not ionize appreciably in solution. Thus, the
ionic equation is written as

HCN(aq) + Na'(ag) + OH (ag) —> Na'(ag) + CN (aq) + H,0(])

Similar problems: 4.31, 4.32.

CARIS

{ Animation
Neutralization Reactions

Acid-base reactions generally go to
completion.
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and the net ionic equation is
HCN(agq) + OH (ag) —> CN (aq) + H,O(l)

Note that only Na™ is a spectator ion; OH™ and CN™ are not.
The following are also examples of acid-base neutralization reactions, represented
by molecular equations:

HF(ag) + KOH(ag) — KF(aq) + H,O(l)
H,SO4(aq) + 2NaOH(ag) —> Na,S04(aq) + 2H,0(I)
HNOs(ag) + NHz(ag) —> NHyNOs(aq)

The last equation looks different because it does not show water as a product. How-
ever, if we express NH;(ag) as NH;(ag) and OH (aq), as discussed earlier, then the
equation becomes

HNO;(aq) + NH; (ag) + OH (ag) —> NH,NO;(aq) + H,0(])

Acid-Base Reactions Leading to Gas Formation

Certain salts like carbonates (containing the CO3~ ion), bicarbonates (containing the
HCOj5 ion), sulfites (containing the SO ion), and sulfides (containing the S*" ion)
react with acids to form gaseous products. For example, the molecular equation for
the reaction between sodium carbonate (Na,CO;) and HCl(aq) is (see Figure 4.6)

Na,COs(aqg) + 2HCl(aq) —> 2NaCl(aq) + H,COs(aq)

Carbonic acid is unstable and if present in solution in sufficient concentrations decom-
poses as follows:

H,COs(ag) — H,0(1) + CO,(g)
Similar reactions involving other mentioned salts are

NaHCO;(ag) + HCl(ag) — NaCl(ag) + H,O(l) + CO,(g)
Na,S0;(aq) + 2HCl(ag) —> 2NaCl(aq) + H,O(l) + SO,(g)
K,S(ag) + 2HCl(ag) —> 2KCl(aqg) + H,S(g)

Review of Concepts

Which of the following diagrams best represents a weak acid? Which represents
a very weak acid? Which represents a strong acid? The proton exists in water as
the hydronium ion. All acids are monoprotic. (For simplicity, water molecules
are not shown.)
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E¥) Oxidation-Reduction Reactions

Whereas acid-base reactions can be characterized as proton-transfer processes, the class
of reactions called oxidation-reduction, or redox, reactions are considered electron-
transfer reactions. Oxidation-reduction reactions are very much a part of the world
around us. They range from the burning of fossil fuels to the action of household
bleach. Additionally, most metallic and nonmetallic elements are obtained from their
ores by the process of oxidation or reduction.

Many important redox reactions take place in water, but not all redox reactions
occur in aqueous solution. We begin our discussion with a reaction in which two ele-
ments combine to form a compound. Consider the formation of magnesium oxide
(MgO) from magnesium and oxygen (Figure 4.9):

2Mg(s) + O,(g) — 2MgO(s)

Magnesium oxide (MgO) is an ionic compound made up of Mg®* and O*” ions. In
this reaction, two Mg atoms give up or transfer four electrons to two O atoms (in O,).
For convenience, we can think of this process as two separate steps, one involving
the loss of four electrons by the two Mg atoms and the other being the gain of four
electrons by an O, molecule:

2Mg —> 2Mg*" + de”
0, + 4¢ —> 20°~

Each of these steps is called a half-reaction, which explicitly shows the electrons
involved in a redox reaction. The sum of the half-reactions gives the overall reaction:

2Mg + O, + 4¢” —> 2Mg>" + 207" + 4e”
or, if we cancel the electrons that appear on both sides of the equation,
2Mg + 0, —> 2Mg*" + 20~

Finally, the Mg?" and O~ ions combine to form MgO:

2Mg*" + 207 — 2MgO

" Animation
| . Oxidation-Reduction Reactions

7| Media Player
The Reaction of Magnesium and
Oxygen

=7 Media Player
Formation of Ag,S by Oxidation-
Reduction

Note that in an oxidation half-reaction,
electrons appear as the product; in a
reduction half-reaction, electrons appear
as the reactant.

Figure 4.9 Magnesium burns in oxygen to form magnesium oxide.
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A useful mnemonic for redox is OILRIG:
Oxidation Is Loss (of electrons) and
Reduction Is Gain (of electrons).

Oxidizing agents are always reduced and
reducing agents are always oxidized. This
statement may be somewhat confusing,
but it is simply a consequence of the
definitions of the two processes.

Media Player
Reaction of Cu with AgNO,

The term oxidation reaction refers to the half-reaction that involves loss of elec-
trons. Chemists originally used “oxidation” to denote the combination of elements
with oxygen. However, it now has a broader meaning that includes reactions not
involving oxygen. A reduction reaction is a half-reaction that involves gain of elec-
trons. In the formation of magnesium oxide, magnesium is oxidized. It is said to act
as a reducing agent because it donates electrons to oxygen and causes oxygen to be
reduced. Oxygen is reduced and acts as an oxidizing agent because it accepts elec-
trons from magnesium, causing magnesium to be oxidized. Note that the extent of
oxidation in a redox reaction must be equal to the extent of reduction; that is, the
number of electrons lost by a reducing agent must be equal to the number of electrons
gained by an oxidizing agent.

The occurrence of electron transfer is more apparent in some redox reactions than
others. When metallic zinc is added to a solution containing copper(Il) sulfate (CuSO,),
zinc reduces Cu®* by donating two electrons to it:

Zn(s) + CuSO4(aq) —> ZnSO4(aq) + Cu(s)

In the process, the solution loses the blue color that characterizes the presence of
hydrated Cu*" ions (Figure 4.10):

Zn(s) + Cu2+(aq) — Zn2+(aq) + Cu(s)
The oxidation and reduction half-reactions are

Zn — Zn*t + 2¢
Cu’t 4+ 2 — Cu

Similarly, metallic copper reduces silver ions in a solution of silver nitrate (AgNOs):
Cu(s) + 2AgNO;(aq) —> Cu(NOs),(aq) + 2Ag(s)
or

Cu(s) + 2Ag" (ag) —> Cu**(aq) + 2Ag(s)

Oxidation Number

The definitions of oxidation and reduction in terms of loss and gain of electrons apply
to the formation of ionic compounds such as MgO and the reduction of Cu®* ions
by Zn. However, these definitions do not accurately characterize the formation of
hydrogen chloride (HCI) and sulfur dioxide (SO,):

H,(g) + Cly(g) — 2HCl(g)
S(s) + O,(g) — SO,(g)

Because HCI and SO, are not ionic but molecular compounds, no electrons are actu-
ally transferred in the formation of these compounds, as they are in the case of MgO.
Nevertheless, chemists find it convenient to treat these reactions as redox reactions
because experimental measurements show that there is a partial transfer of electrons
(from H to Cl in HCI and from S to O in SO,).

To keep track of electrons in redox reactions, it is useful to assign oxidation
numbers to the reactants and products. An atom’s oxidation number, also called
oxidation state, signifies the number of charges the atom would have in a
molecule (or an ionic compound) if electrons were transferred completely. For
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The Zn
bar is in N
aqueous

solution ‘

of CuSO,

Cu

When a piece of copper wire is
placed in an aqueous AgNOj; solution
Cu atoms enter the solution as Cu* ions,
and Ag* ions are converted to solid Ag.

Cu?* ions are
converted to Cu atoms.
Zn atoms enter the
solution as Zn2* ions.

(a) (b)

Figure 4.10 Metal displacement reactions in solution. (a) First beaker: A zinc strip is placed in a blue CuSQ, solution. Immediately Cu
ions are reduced to metallic Cu in the form of a dark layer. Second beaker: In time, most of the Cu®* ions are reduced and the solution
becomes colorless. (b) First beaker: A piece of Cu wire is placed in a colorless AgNOj; solution. Ag” ions are reduced to metallic Ag.
Second beaker: As time progresses, most of the Ag™ ions are reduced and the solution acquires the characteristic blue color due to the
presence of hydrated Cu?* ions.

2+

example, we can rewrite the previous equations for the formation of HCI and
SO, as follows:

0 0 +1-1
Hx(g) + Cla(g) — 2HCI()
0 0 +4 -2

S(s) + Ox(g) —> SOx(g)

The numbers above the element symbols are the oxidation numbers. In both of the
reactions shown, there is no charge on the atoms in the reactant molecules. Thus, their
oxidation number is zero. For the product molecules, however, it is assumed that
complete electron transfer has taken place and that atoms have gained or lost electrons.
The oxidation numbers reflect the number of electrons “transferred.”

Oxidation numbers enable us to identify elements that are oxidized and reduced
at a glance. The elements that show an increase in oxidation number—hydrogen and
sulfur in the preceding examples—are oxidized. Chlorine and oxygen are reduced, so
their oxidation numbers show a decrease from their initial values. Note that the sum
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of the oxidation numbers of H and Cl in HCI (+1 and —1) is zero. Likewise, if we

add the charges on S (+4) and two atoms of O [2 X (—2)], the total is zero. The

reason is that the HCI and SO, molecules are neutral, so the charges must cancel.
We use the following rules to assign oxidation numbers:

1. In free elements (that is, in the uncombined state), each atom has an oxidation
number of zero. Thus, each atom in H,, Br,, Na, Be, K, O,, and P, has the same
oxidation number: zero.

2. For ions composed of only one atom (that is, monatomic ions), the oxidation
number is equal to the charge on the ion. Thus, Li" ion has an oxidation number
of +1; Ba®" ion, +2; Fe" ion, +3; 1 ion, —1; 0% ion, —2; and so on. All
alkali metals have an oxidation number of +1 and all alkaline earth metals have
an oxidation number of +2 in their compounds. Aluminum has an oxidation
number of +3 in all its compounds.

3. The oxidation number of oxygen in most compounds (for example, MgO and
H,0) is —2, but in hydrogen peroxide (H,O,) and peroxide ion (Oﬁ_), it is —1.

4. The oxidation number of hydrogen is +1, except when it is bonded to metals in
binary compounds. In these cases (for example, LiH, NaH, CaH,), its oxidation
number is —1.

5. Fluorine has an oxidation number of —1 in all its compounds. Other halogens
(Cl, Br, and I) have negative oxidation numbers when they occur as halide ions
in their compounds. When combined with oxygen—for example in oxoacids and
oxoanions (see Section 2.7)—they have positive oxidation numbers.

6. In a neutral molecule, the sum of the oxidation numbers of all the atoms must
be zero. In a polyatomic ion, the sum of oxidation numbers of all the elements
in the ion must be equal to the net charge of the ion. For example, in the ammo-
nium ion, NH4+ , the oxidation number of N is —3 and that of H is +1. Thus the
sum of the oxidation numbers is —3 + 4(+1) = +1, which is equal to the net
charge of the ion.

7. Oxidation numbers do not have to be integers. For example, the oxidation num-
ber of O in the superoxide ion, O, is —%.

We apply the preceding rules to assign oxidation numbers in Example 4.4.

EXAMPLE 4.4

Assign oxidation numbers to all the elements in the following compounds and ion:
(a) Li,O, (b) HNO;, (c) Cr,03 .

Strategy In general, we follow the rules just listed for assigning oxidation numbers.
Remember that all alkali metals have an oxidation number of +1, and in most cases
hydrogen has an oxidation number of +1 and oxygen has an oxidation number of
—2 in their compounds.

Solution (a) By rule 2 we see that lithium has an oxidation number of +1 (Li") and
oxygen’s oxidation number is —2 (0*").

(b) This is the formula for nitric acid, which yields a H' ion and a NOj3 ion in
solution. From rule 4 we see that H has an oxidation number of +1. Thus the other
group (the nitrate ion) must have a net oxidation number of —1. Oxygen has an

(Continued)
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oxidation number of —2, and if we use x to represent the oxidation number of
nitrogen, then the nitrate ion can be written as

[NYO§™ 1
so that x+3(=2)=—1
or x = +5

(c) From rule 6 we see that the sum of the oxidation numbers in the dichromate ion
Cr,03™ must be —2. We know that the oxidation number of O is —2, so all that
remains is to determine the oxidation number of Cr, which we call y. The
dichromate ion can be written as

[Cr’07 1
so that 2(y) + 7(—2) = =2
or y=+6

Check In each case, does the sum of the oxidation numbers of all the atoms equal the
net charge on the species? Similar problems: 4.47, 4.49.

Practice Exercise Assign oxidation numbers to all the elements in the following FARIS
compound and ion: (a) PF;, (b) MnO, .

Figure 4.11 shows the known oxidation numbers of the familiar elements, arranged
according to their positions in the periodic table. We can summarize the content of
this figure as follows:

*  Metallic elements have only positive oxidation numbers, whereas nonmetallic
elements may have either positive or negative oxidation numbers.

*  The highest oxidation number an element in Groups 1A—7A can have is its group
number. For example, the halogens are in Group 7A, so their highest possible
oxidation number is +7.

e The transition metals (Groups 1B, 3B—8B) usually have several possible oxidation
numbers.

Types of Redox Reactions
Among the most common oxidation-reduction reactions are combination, decomposi-

tion, combustion, and displacement reactions. A more involved type is called dispro-
portionation reactions, which will also be discussed in this section.

Combination Reactions

A combination reaction is a reaction in which two or more substances combine t0  Not all combination reactions are redox in

form a single product. Figure 4.12 shows some combination reactions. For example, :‘:;z;;;he same holds for decomposition

0 0 +4-2
S(s) + 02(8) — SOx(8)
0 0 +3-1

2Al(s) + 3Bry(l) —— 2AIBr3(s)
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Figure 4.11 The oxidation numbers of elements in their compounds. The more common oxidation numbers are in color.
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Figure 4.12 Some simple combination redox reactions. (a) Sulfur burning in air to form sulfur dioxide. (b) Sodium burning in chlorine
to form sodium chloride. (c) Aluminum reacting with bromine to form aluminum bromide.
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Decomposition Reactions

Decomposition reactions are the opposite of combination reactions. Specifically, a
decomposition reaction is the breakdown of a compound into two or more components
(Figure 4.13). For example,

+2 =2 0 0
2HgO(s) —> 2Hg()) + Os(g)
+5-2 -1 0
2KCIO5(s) ——> 2KCl(s) + 30,(g)

+1—1 0 0
2NaH(s) —> 2Na(s) + Ha(g)

Combustion Reactions

A combustion reaction is a reaction in which a substance reacts with oxygen, usually
with the release of heat and light to produce a flame. The reactions between magne-
sium and sulfur with oxygen described earlier are combustion reactions. Another
example is the burning of propane (C3;Hg), a component of natural gas that is used
for domestic heating and cooking:

C;3Hs(g) + 50,(g) —> 3CO,(g) + 4H0()

Assigning an oxidation number to C atoms in organic compounds is more involved. Here,
we focus only on the oxidation number of O atoms, which changes from 0 to —2.

Displacement Reactions

In a displacement reaction, an ion (or atom) in a compound is replaced by an ion
(or atom) of another element: Most displacement reactions fit into one of three sub-
categories: hydrogen displacement, metal displacement, or halogen displacement.

1. Hydrogen Displacement. All alkali metals and some alkaline earth metals (Ca,
Sr, and Ba), which are the most reactive of the metallic elements, will displace hydro-
gen from cold water (Figure 4.14):

0 +1 +1  +1 0
2Na(s) + 2H,0(l) —> 2NaOH(ag) + Ha(g)
0 +1 +2 +1 0

Ca(s) + 2H,O(l) — Ca(OH),(s) + Ha(g)

Figure 4.13 (a) On heating,
mercury(ll) oxide (HgO)
decomposes to form mercury
and oxygen. (b) Heating
potassium chlorate (KCIO3)
produces oxygen, which
supports the combustion of
the wood splint.

We show oxidation numbers only for
elements that are oxidized or reduced.

(b)

Figure 4.14 Reactions of
(@) sodium (Na) and (b) calcium
(Ca) with cold water. Note that
the reaction is more vigorous
with Na than with Ca.
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(a) (®) (©)

Figure 4.15 Reactions of (a) iron (Fe), (b) zinc (Zn), and (c) magnesium (Mg) with hydrochloric acid to form hydrogen gas and the
metal chlorides (FeCl,, ZnCl,, MgCl,). The reactivity of these metals is reflected in the rate of hydrogen gas evolution, which is slowest
for the least reactive metal, Fe, and fastest for the most reactive metal, Mg.

Many metals, including those that do not react with water, are capable of displac-
ing hydrogen from acids. For example, zinc (Zn) and magnesium (Mg) do not react
with cold water but do react with hydrochloric acid, as follows:

0 +1 +2 0
Zn(s) + 2HCl(ag) ——> ZnCly(aq) + H,(g)
0 +1 +2 0

Mg(s) + 2HCl(aq) —— MgCly(aq) + H,(g)

Figure 4.15 shows the reactions between hydrochloric acid (HCl) and iron (Fe), zinc
(Zn), and magnesium (Mg). These reactions are used to prepare hydrogen gas in the
laboratory.

2. Metal Displacement. A metal in a compound can be displaced by another metal
in the elemental state. We have already seen examples of zinc replacing copper ions
and copper replacing silver ions (see p. 137). Reversing the roles of the metals would
result in no reaction. Thus, copper metal will not displace zinc ions from zinc sulfate,
and silver metal will not displace copper ions from copper nitrate.

An easy way to predict whether a metal or hydrogen displacement reaction will
actually occur is to refer to an activity series (sometimes called the electrochemical
series), shown in Figure 4.16. Basically, an activity series is a convenient summary
of the results of many possible displacement reactions similar to the ones already
discussed. According to this series, any metal above hydrogen will displace it from
water or from an acid, but metals below hydrogen will not react with either water or
an acid. In fact, any metal listed in the series will react with any metal (in a com-
pound) below it. For example, Zn is above Cu, so zinc metal will displace copper
ions from copper sulfate.
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Li—>Lit + e

K—K* + e~ React with cold
Ba— Ba2* + 2¢~  water to produce H,
Ca— Ca2t + 2e—

Na— Nat + e~

Mg — Mg2+ + 2¢—

Al — AR+ + 3e—

7Zn—7Zn2+ + 2¢—  React with steam
Cr— Cr3t+ + 3e— to produce H,

Fe — Fe2+ + 2e—

Cd — Cd2+ + 2e—

Co — Co2+ + 2e—

Ni — Ni2+ + 2¢— React with acids
Sn —> Sn2+ + 2e— to produce H,
Pb — Pb2+ + 2¢—
Hy —2HT + 2e—
Cu— Cu2t + 2e—
Ag— Agt + e~
Hg — Hg2+ + 2e—
Pt — P2+ + 2¢—
Au— Audt + 3e—

Reducing sf

Do not react with water
or acids to produce H,

Metal displacement reactions find many applications in metallurgical processes,
the goal of which is to separate pure metals from their ores. For example, vanadium
is obtained by treating vanadium(V) oxide with metallic calcium:

V,05(s) + 5Ca(l) —> 2V(I) + 5Ca0(s)

Similarly, titanium is obtained from titanium(IV) chloride according to the
reaction

TiCl,(g) + 2Mg(l) —> Ti(s) + 2MgCly (1)

In each case, the metal that acts as the reducing agent lies above the metal that is
reduced (that is, Ca is above V and Mg is above Ti) in the activity series. We will
see more examples of this type of reaction in Chapter 19.

3. Halogen Displacement. Another activity series summarizes the halogens’ behavior
in halogen displacement reactions:

Fz > C12 > Brz > 12

The power of these elements as oxidizing agents decreases as we move down Group
7A from fluorine to iodine, so molecular fluorine can replace chloride, bromide, and
iodide ions in solution. In fact, molecular fluorine is so reactive that it also attacks
water; thus these reactions cannot be carried out in aqueous solutions. On the other
hand, molecular chlorine can displace bromide and iodide ions in aqueous solution.
The displacement equations are

0 ~1 ~1 0
Cly(g) + 2KBr(ag) —— 2KCl(ag) + Bry(])
0 ~1 ~1 0

Cly(g) + 2Nal(ag) —— 2NaCl(ag) + I(s)

Figure 4.16 The activity series
for metals. The metals are
arranged according to their ability
to displace hydrogen from an
acid or water. Li (lithium) is the
most reactive metal, and Au
(gold) is the least reactive.

12A 3A 4A 5A 6A 7A|
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[ie]|
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The halogens.
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Figure 4.17 The industrial
manufacture of bromine (a fuming
red liquid) by oxidizing an aqueous
solution containing Br— ions with
chlorine gas.
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Elements that are most likely to undergo
disproportionation reactions.

The ionic equations are

0 —1 -1 0
Cly(g) + 2Br(aq) —> 2Cl (aq) + Bry())
0 —1 -1 0

Cly(g) + 2I (aq) —— 2Cl (aq) + L(s)
Molecular bromine, in turn, can displace iodide ion in solution:

0 -1 -1 0
Bry(l) + 21 (ag) —> 2Br (ag) + Iy(s)

Reversing the roles of the halogens produces no reaction. Thus, bromine cannot dis-
place chloride ions, and iodine cannot displace bromide and chloride ions.

The halogen displacement reactions have a direct industrial application. The hal-
ogens as a group are the most reactive of the nonmetallic elements. They are all strong
oxidizing agents. As a result, they are found in nature in the combined state (with
metals) as halides and never as free elements. Of these four elements, chlorine is by
far the most important industrial chemical. In 2008 the amount of chlorine produced
in the United States was about 25 billion pounds, making chlorine the tenth-ranking
industrial chemical. The annual production of bromine is only one-hundredth that of
chlorine, while the amounts of fluorine and iodine produced are even less.

Recovering the halogens from their halides requires an oxidation process, which
is represented by

IX~ — X, + 2¢”

where X denotes a halogen element. Seawater and natural brine (for example, under-
ground water in contact with salt deposits) are rich sources of CI", Br, and I ions.
Minerals such as fluorite (CaF,) and cryolite (Na3AlF) are used to prepare fluorine.
Because fluorine is the strongest oxidizing agent known, there is no way to convert
F~ ions to F, by chemical means. The only way to carry out the oxidation is by
electrolytic means, the details of which will be discussed in Chapter 19. Industrially,
chlorine, like fluorine, is produced electrolytically.

Bromine is prepared industrially by oxidizing Br~ ions with chlorine, which is a
strong enough oxidizing agent to oxidize Br  ions but not water:

2Br (ag) — Bry(l) + 2e

One of the richest sources of Br ions is the Dead Sea—about 4000 parts per million
(ppm) by mass of all dissolved substances in the Dead Sea is Br. Following the oxida-
tion of Br ions, bromine is removed from the solution by blowing air over the solution,
and the air-bromine mixture is then cooled to condense the bromine (Figure 4.17).
Todine is also prepared from seawater and natural brine by the oxidation of 1™
ions with chlorine. Because Br™ and I" ions are invariably present in the same source,
they are both oxidized by chlorine. However, it is relatively easy to separate Br, from
I, because iodine is a solid that is sparingly soluble in water. The air-blowing proce-
dure will remove most of the bromine formed but will not affect the iodine present.

Disproportionation Reaction

A special type of redox reaction is the disproportionation reaction. In a disproportion-
ation reaction, an element in one oxidation state is simultaneously oxidized and reduced.
One reactant in a disproportionation reaction always contains an element that can have
at least three oxidation states. The element itself is in an intermediate oxidation state;
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that is, both higher and lower oxidation states exist for that element in the products. The
decomposition of hydrogen peroxide is an example of a disproportionation reaction:

-1 -2 0
2H,0,(aq) — 2H,0()) + O,(g)

Here the oxidation number of oxygen in the reactant (—1) both increases to zero in
0O, and decreases to —2 in H,O. Another example is the reaction between molecular
chlorine and NaOH solution:

0 +1 ~1
Cly(g) + 20H (ag) — CIO (aq) + Cl (aq) + H,O())

This reaction describes the formation of household bleaching agents, for it is the
hypochlorite ion (CIO ") that oxidizes the color-bearing substances in stains, convert-
ing them to colorless compounds.

Finally, it is interesting to compare redox reactions and acid-base reactions. They
are analogous in that acid-base reactions involve the transfer of protons while redox
reactions involve the transfer of electrons. However, while acid-base reactions are
quite easy to recognize (because they always involve an acid and a base), there is no
simple procedure for identifying a redox process. The only sure way is to compare
the oxidation numbers of all the elements in the reactants and products. Any change
in oxidation number guarantees that the reaction is redox in nature.

The classification of different types of redox reactions is illustrated in Example 4.5.

EXAMPLE 4.5

Classify the following redox reactions and indicate changes in the oxidation numbers of
the elements:

(@) 2N,O(g) — 2Ny(g) + Oi(g)

(b) 6Li(s) + Na(g) —> 2LisN(s)

(¢) Ni(s) + Pb(NO3)y(aq) — Pb(s) + Ni(NO;3),(aq)
(d) 2NOy(g) + H,0()) —> HNO,(ag) + HNOs(aq)

Strategy Review the definitions of combination reactions, decomposition reactions,
displacement reactions, and disproportionation reactions.

Solution (a) This is a decomposition reaction because one reactant is converted to two
different products. The oxidation number of N changes from +1 to 0, while that of
O changes from —2 to 0.

(b) This is a combination reaction (two reactants form a single product). The oxidation
number of Li changes from O to +1 while that of N changes from 0 to —3.

(c) This is a metal displacement reaction. The Ni metal replaces (reduces) the Pb*>* ion.
The oxidation number of Ni increases from 0 to +2 while that of Pb decreases
from +2 to 0.

(d) The oxidation number of N is +4 in NO, and it is +3 in HNO, and +5 in HNO;.
Because the oxidation number of the same element both increases and decreases,
this is a disproportionation reaction.

Practice Exercise Identify the following redox reactions by type:
(a) Fe + H,SO, — FeSO, + H,

() S + 3F, —> SF,

(¢) 2CuCl — Cu + CuCl,

d) 2Ag + PtCl, —> 2AgCl + Pt

Note that the oxidation number of
H remains unchanged at +1.

Similar problems: 4.55, 4.56.

(FARIS
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Breathalyzer

Every year in the United States about 25,000 people are killed
and 500,000 more are injured as a result of drunk driving. In
spite of efforts to educate the public about the dangers of driving
while intoxicated and stiffer penalties for drunk driving offenses,
law enforcement agencies still have to devote a great deal of
work to removing drunk drivers from America’s roads.

The police often use a device called a breathalyzer to test
drivers suspected of being drunk. The chemical basis of this de-
vice is a redox reaction. A sample of the driver’s breath is drawn
into the breathalyzer, where it is treated with an acidic solution
of potassium dichromate. The alcohol (ethanol) in the breath is
converted to acetic acid as shown in the following equation:

3CH3CH20H + 2K2C1’207 + 8H2SO4 —
ethanol potassium sulfuric
dichromate acid

(orange yellow)
3CH;COOH + 2Cr,(SO,); + 2K,S0, + 11H,0

acetic acid chromium(I1I) potassium

sulfate (green) sulfate

In this reaction, the ethanol is oxidized to acetic acid and the
chromium(VI) in the orange-yellow dichromate ion is reduced
to the green chromium(IIl) ion (see Figure 4.22). The driver’s

<— Breath

=

N
Light Filter
source
K,Cr,04
solution

in Action

CHEMISTRY

A driver being tested for blood alcohol content with a handheld breathalyzer.

blood alcohol level can be determined readily by measuring
the degree of this color change (read from a calibrated meter on
the instrument). The current legal limit of blood alcohol content
in most states is 0.1 percent by mass. Anything higher consti-
tutes intoxication.

Schematic diagram of a breathalyzer.
The alcohol in the driver’s breath is
reacted with a potassium dichromate
solution. The change in the absorption of
light due to the formation of chromium(lll)
sulfate is registered by the detector

2, and shown on a meter, which directly
|~ - displays the alcohol content in blood.

Meter The filter selects only one wavelength of

light for measurement.

Photocell
detector

Review of Concepts

Which of the following combination reactions is not a redox reaction?
(a) 2Mg(s) + Ox(g) — 2MgO(s)
(b) Hx(g) + Fx(g) — 2HF(g)
(c) NH;5(g) + HCl(g) —> NH,Cl(s)
(d) 2Na(s) + S(s) — Na,S(s)

The above Chemistry in Action essay describes how law enforcement makes use
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of a redox reaction to apprehend drunk drivers.
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Concentration of Solutions

To study solution stoichiometry, we must know how much of the reactants are present
in a solution and also how to control the amounts of reactants used to bring about a
reaction in aqueous solution.

The concentration of a solution is the amount of solute present in a given amount
of solvent, or a given amount of solution. (For this discussion, we will assume the
solute is a liquid or a solid and the solvent is a liquid.) The concentration of a solu-
tion can be expressed in many different ways, as we will see in Chapter 12. Here we
will consider one of the most commonly used units in chemistry, molarity (M), or
molar concentration, which is the number of moles of solute per liter of solution.
Molarity is defined as

moles of solute

molarity = liters of solution @1
Equation (4.1) can also be expressed algebraically as
n
M=— 4.2
” 4.2)

where n denotes the number of moles of solute and V is the volume of the solution
in liters.

A 1.46 molar glucose (C¢H,Og) solution, written as 1.46 M C¢H;,0O4, contains
1.46 moles of the solute (C¢H;,04) in 1 L of the solution. Of course, we do not always
work with solution volumes of 1 L. Thus, a 500-mL solution containing 0.730 mole
of C¢H,0¢ also has a concentration of 1.46 M:

0.730 mol C4H;,04 % 1000 mE-—soln
500 mE-—soin 1L soln

molarity = = 1.46 MC6H1206

Note that concentration, like density, is an intensive property, so its value does not
depend on how much of the solution is present.

It is important to keep in mind that molarity refers only to the amount of solute
originally dissolved in water and does not take into account any subsequent processes,
such as the dissociation of a salt or the ionization of an acid. Consider what happens
when a sample of potassium chloride (KCl) is dissolved in enough water to make a
1 M solution:

KCI(s) =% K*(aq) + Cl (aq)

Because KCl is a strong electrolyte, it undergoes complete dissociation in solution.
Thus, a 1 M KCI solution contains 1 mole of K* ions and 1 mole of CI~ ions, and
no KCI units are present. The concentrations of the ions can be expressed as [K'] =
1 M and [C] ] = 1 M, where the square brackets [ ] indicate that the concentration
is expressed in molarity. Similarly, in a 1 M barium nitrate [Ba(NOs3),] solution

Ba(NO3),(s) —2% Ba2*(aq) + 2NO; (aq)

we have [Ba>"] = 1 M and [NO3] = 2 M and no Ba(NOs), units at all.

The procedure for preparing a solution of known molarity is as follows. First, the
solute is accurately weighed and transferred to a volumetric flask through a funnel
(Figure 4.18). Next, water is added to the flask, which is carefully swirled to dissolve

147

Keep in mind that volume (V) is liters of
solution, not liters of solvent. Also, the

molarity of a solution depends on

temperature.

| Animation
Making a Solution
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Figure 4.18 Preparing a
solution of known molarity. (a) A
known amount of a solid solute is
transferred into the volumetric
flask; then water is added
through a funnel. (b) The solid is
slowly dissolved by gently swirling
the flask. (c) After the solid has
completely dissolved, more water
is added to bring the level of
solution to the mark. Knowing the
volume of the solution and the
amount of solute dissolved in it,
we can calculate the molarity of
the prepared solution.

A K,Cr,0; solution.

. — Meniscus
<==— Marker showing = —

known volume
of solution

() (b) (©

the solid. After all the solid has dissolved, more water is added slowly to bring the
level of solution exactly to the volume mark. Knowing the volume of the solution in
the flask and the quantity of compound (the number of moles) dissolved, we can
calculate the molarity of the solution using Equation (4.1). Note that this procedure
does not require knowing the amount of water added, as long as the volume of the
final solution is known.

Examples 4.6 and 4.7 illustrate the applications of Equations (4.1) and (4.2).

EXAMPLE 4.6

How many grams of potassium dichromate (K,Cr,0O,) are required to prepare a 250-mL
solution whose concentration is 2.16 M?

Strategy How many moles of K,Cr,0; does a 1-L (or 1000 mL) 2.16 M K,Cr,0,
solution contain? A 250-mL solution? How would you convert moles to grams?

Solution The first step is to determine the number of moles of K,Cr,0; in 250 mL or
0.250 L of a 2.16 M solution. Rearranging Equation (4.1) gives

moles of solute = molarity X L soln
Thus,

2.16 mol K2Cr207
moles of K,Cr,0; = T 1Lsom X 0.250 L-soln

= 0.540 mol K2Cr207
The molar mass of K,Cr,0; is 294.2 g, so we write

294.2 ¢ K,Cr,0,

grams of K,Cr,O; needed = 0.540 mol k>€r,07 X 1727

=159 g K2Cr207

(Continued)
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Check As a ball-park estimate, the mass should be given by [molarity (mol/L) X
volume (L) X molar mass (g/mol)] or [2 mol/L X 0.25 L X 300 g/mol] = 150 g. So
the answer is reasonable. Similar problems: 4.63, 4.66.

Practice Exercise What is the molarity of an 85.0-mL ethanol (C,HsOH) solution CARIS
containing 1.77 g of ethanol?

EXAMPLE 4.7

In a biochemical assay, a chemist needs to add 3.81 g of glucose to a reaction mixture.
Calculate the volume in milliliters of a 2.53 M glucose solution she should use for the
addition.

Strategy We must first determine the number of moles contained in 3.81 g of glucose
and then use Equation (4.2) to calculate the volume.

Solution From the molar mass of glucose, we write

1 mol C6H1206 o Note that we have carried an additional
=2.114 X 10~ mol C6H1206 digit past the number of significant figures

3.81 gCH[06 X —————————
180.2 g/Gg;Hﬁ@g for the intermediate step.

Next, we calculate the volume of the solution that contains 2.114 X 102 mole of the
solute. Rearranging Equation (4.2) gives

_n
Y u
_ 2114 X 107> mol C¢H 1,0 1000 mL soln
2.53 mol C4H;,04/L soln x 1 L soln
= 8.36 mL soln

Check One liter of the solution contains 2.53 moles of C¢H;,04. Therefore, the number
of moles in 8.36 mL or 8.36 X 10 L is (2.53 mol X 8.36 X 107°) or 2.12 X 10~ mol.
The small difference is due to the different ways of rounding off. Similar problem: 4.65.

Practice Exercise What volume (in milliliters) of a 0.315 M NaOH solution contains CARIS
6.22 g of NaOH?

Dilution of Solutions

Concentrated solutions are often stored in the laboratory stockroom for use as needed. = Animation

Frequently we dilute these “stock™ solutions before working with them. Dilution is the Preparing a Solution by Dilution

procedure for preparing a less concentrated solution from a more concentrated one.
Suppose that we want to prepare 1 L of a 0.400 M KMnO, solution from a solu-

tion of 1.00 M KMnO,. For this purpose we need 0.400 mole of KMnO,. Because

there is 1.00 mole of KMnO, in 1 L of a 1.00 M KMnO, solution, there is 0.400

mole of KMnQ, in 0.400 L of the same solution:

1.00 mol _ 0.400 mol
1 L soln 0.400 L soln

Therefore, we must withdraw 400 mL from the 1.00 M KMnO, solution and dilute
it to 1000 mL by adding water (in a 1-L volumetric flask). This method gives us 1 L
of the desired solution of 0.400 M KMnO,.

In carrying out a dilution process, it is useful to remember that adding more

. . . Two KMnO, solutions of different
solvent to a given amount of the stock solution changes (decreases) the concentration  concentrations.
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Figure 4.19 The dilution of a
more concentrated solution (a) to
a less concentrated one (b) does
not change the total number of

solute particles (18).

Reactions in Aqueous Solutions

(@) (b)

of the solution without changing the number of moles of solute present in the solution
(Figure 4.19). In other words,

moles of solute before dilution = moles of solute after dilution

Molarity is defined as moles of solute in one liter of solution, so the number of moles
of solute is given by [see Equation (4.2)]

moles of solute

liters of soln
%/—J

M \% n

X volume of soln (in liters) = moles of solute

or
MV =n

Because all the solute comes from the original stock solution, we can conclude that
n remains the same; that is,

MV, = M;Vi
moles of solute moles of solute (43)
before dilution after dilution

where M; and M; are the initial and final concentrations of the solution in molarity
and V; and V; are the initial and final volumes of the solution, respectively. Of course,
the units of V; and V; must be the same (mL or L) for the calculation to work. To
check the reasonableness of your results, be sure that M; > M; and V; > V..

We apply Equation (4.3) in Example 4.8.

EXAMPLE 4.8

Describe how you would prepare 5.00 X 10°> mL of a 1.75 M H,SO, solution, starting
with an 8.61 M stock solution of H,SO,.

Strategy Because the concentration of the final solution is less than that of the
original one, this is a dilution process. Keep in mind that in dilution, the concentration
of the solution decreases but the number of moles of the solute remains the same.

Solution We prepare for the calculation by tabulating our data:

M, =86lM M;=175M
V=2 Vi = 5.00 X 10° mL

(Continued)
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Substituting in Equation (4.3),

(8.61 M)(V;) = (1.75 M)(5.00 X 10* mL)
_ (1.75M)(5.00 X 10° mL)
L 8.61 M
=102 mL

Thus, we must dilute 102 mL of the 8.61 M H,SO, solution with sufficient water to
give a final volume of 5.00 X 10> mL in a 500-mL volumetric flask to obtain the
desired concentration.

Check The initial volume is less than the final volume, so the answer is reasonable.

Practice Exercise How would you prepare 2.00 X 10> mL of a 0.866 M NaOH
solution, starting with a 5.07 M stock solution?

Review of Concepts

What is the final concentration of a 0.6 M NaCl solution if its volume is doubled
and the number of moles of solute is tripled?

Now that we have discussed the concentration and dilution of solutions, we can
examine the quantitative aspects of reactions in aqueous solution, or solution stoichi-
ometry. Sections 4.6—4.8 focus on two techniques for studying solution stoichiometry:
gravimetric analysis and titration. These techniques are important tools of quantitative
analysis, which is the determination of the amount or concentration of a substance
in a sample.

FX3 Gravimetric Analysis

Gravimetric analysis is an analytical technique based on the measurement of mass.
One type of gravimetric analysis experiment involves the formation, isolation, and
mass determination of a precipitate. Generally, this procedure is applied to ionic com-
pounds. First, a sample substance of unknown composition is dissolved in water and
allowed to react with another substance to form a precipitate. Then the precipitate is
filtered off, dried, and weighed. Knowing the mass and chemical formula of the pre-
cipitate formed, we can calculate the mass of a particular chemical component (that
is, the anion or cation) of the original sample. Finally, from the mass of the component
and the mass of the original sample, we can determine the percent composition by
mass of the component in the original compound.

A reaction that is often studied in gravimetric analysis, because the reactants can
be obtained in pure form, is

AgNO;(agq) + NaCl(ag) —> NaNOs(aqg) + AgCl(s)
The net ionic equation is
Ag'(ag) + Cl (ag) —> AgCl(s)

The precipitate is silver chloride (see Table 4.2). As an example, let us say that we
wanted to determine experimentally the percent by mass of CI in NaCl. First, we
would accurately weigh out a sample of NaCl and dissolve it in water. Next, we would
add enough AgNOj; solution to the NaCl solution to cause the precipitation of all the

Similar problems: 4.71, 4.72.

(FARIS

This procedure would enable us to deter-
mine the purity of the NaCl sample.
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(b)

Figure 4.20 Basic steps for gravimetric analysis. (a) A solution containing a known amount of NaCl in a beaker. (b) The precipitation
of AgClI upon the addition of AGNOj; solution from a measuring cylinder. In this reaction, AgNOj3 is the excess reagent and NaCl is the
limiting reagent. (c) The solution containing the AgCI precipitate is filtered through a preweighed sintered-disk crucible, which allows the
liquid (but not the precipitate) to pass through. The crucible is then removed from the apparatus, dried in an oven, and weighed again.
The difference between this mass and that of the empty crucible gives the mass of the AgCl precipitate.

Cl™ ions present in solution as AgCl. In this procedure, NaCl is the limiting reagent
and AgNO; the excess reagent. The AgCl precipitate is separated from the solution
by filtration, dried, and weighed. From the measured mass of AgCl, we can calculate
the mass of Cl using the percent by mass of Cl in AgCl. Because this same amount
of Cl was present in the original NaCl sample, we can calculate the percent by mass
of Cl in NaCl. Figure 4.20 shows how this procedure is performed.

Gravimetric analysis is a highly accurate technique, because the mass of a sample
can be measured accurately. However, this procedure is applicable only to reactions
that go to completion, or have nearly 100 percent yield. Thus, if AgCl were slightly
soluble instead of being insoluble, it would not be possible to remove all the Cl ™ ions
from the NaCl solution and the subsequent calculation would be in error.

Example 4.9 shows the calculations involved in a gravimetric experiment.

EXAMPLE 4.9

A 0.5662-g sample of an ionic compound containing chloride ions and an unknown
metal is dissolved in water and treated with an excess of AgNOs;. If 1.0882 g of AgCl
precipitate forms, what is the percent by mass of Cl in the original compound?

Strategy We are asked to calculate the percent by mass of Cl in the unknown sample,
which is
mass of Cl

BCl = —2 2 =0 100%
7T 0.5662 g sample 7

The only source of Cl ions is the original compound. These chloride ions eventually
end up in the AgCl precipitate. Can we calculate the mass of the Cl ions if we know
the percent by mass of Cl in AgCl1?

(Continued)



unknown concentration, until the chemical reaction between the two solutions is com-
plete. If we know the volumes of the standard and unknown solutions used in the

concentration of the unknown solution.

to absorb water from air, and its solution reacts with carbon dioxide. For these reasons,
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Solution The molar masses of Cl and AgCl are 35.45 g and 143.4 g, respectively.
Therefore, the percent by mass of Cl in AgCl is given by

el = 280
7T 1434 g AgCl ’

24.72%

Next, we calculate the mass of CI in 1.0882 g of AgCl. To do so we convert 24.72
percent to 0.2472 and write

mass of Cl = 0.2472 X 1.0882 g
=0.2690 g

Because the original compound also contained this amount of Cl  ions, the percent by
mass of Cl in the compound is

et = 2208 00
o T 05662 g ’
= 4751% Similar problem: 4.78.
Practice Exercise A sample of 0.3220 g of an ionic compound containing the TPARIS

bromide ion (Br ) is dissolved in water and treated with an excess of AgNOs. If the
mass of the AgBr precipitate that forms is 0.6964 g, what is the percent by mass of Br
in the original compound?

Note that gravimetric analysis does not establish the whole identity of the unknown.
Thus, in Example 4.9 we still do not know what the cation is. However, knowing the per-
cent by mass of Cl greatly helps us to narrow the possibilities. Because no two compounds
containing the same anion (or cation) have the same percent composition by mass, com-
parison of the percent by mass obtained from gravimetric analysis with that calculated
from a series of known compounds would reveal the identity of the unknown.

Acid-Base Titrations

Quantitative studies of acid-base neutralization reactions are most conveniently carried
out using a technique known as titration. In fitration, a solution of accurately known
concentration, called a standard solution, is added gradually to another solution of

titration, along with the concentration of the standard solution, we can calculate the

Sodium hydroxide is one of the bases commonly used in the laboratory. However,
it is difficult to obtain solid sodium hydroxide in a pure form because it has a tendency

a solution of sodium hydroxide must be standardized before it can be used in accurate
analytical work. We can standardize the sodium hydroxide solution by titrating it
against an acid solution of accurately known concentration. The acid often chosen for
this task is a monoprotic acid called potassium hydrogen phthalate (KHP), for which
the molecular formula is KHCgH,O, (molar mass = 204.2 g). KHP is a white, soluble
solid that is commercially available in highly pure form. The reaction between KHP
and sodium hydroxide is

Potassium hydrogen phthalate (KHP).

KHCgH,O4(ag) + NaOH(ag) —> KNaCgH,O4(ag) + H,O(1) KHP is a weak acid.
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Figure 4.21 (a) Apparatus for
acid-base titration. A NaOH
solution is added from the buret to
a KHP solution in an Erlenmeyer
flask. (b) A reddish-pink color
appears when the equivalence
point is reached. The color here
has been intensified for visual
display.

(a) (b)
and the net ionic equation is

HCgH,0; (aq) + OH (ag) — CsH,0F (ag) + HO(1)

The procedure for the titration is shown in Figure 4.21. First, a known amount of KHP
is transferred to an Erlenmeyer flask and some distilled water is added to make up a
solution. Next, NaOH solution is carefully added to the KHP solution from a buret until
we reach the equivalence point, that is, the point at which the acid has completely reacted
with or been neutralized by the base. The equivalence point is usually signaled by a sharp
change in the color of an indicator in the acid solution. In acid-base titrations, indicators
are substances that have distinctly different colors in acidic and basic media. One com-
monly used indicator is phenolphthalein, which is colorless in acidic and neutral solutions
but reddish pink in basic solutions. At the equivalence point, all the KHP present has
been neutralized by the added NaOH and the solution is still colorless. However, if we
add just one more drop of NaOH solution from the buret, the solution will immediately
turn pink because the solution is now basic. Example 4.10 illustrates such a titration.

EXAMPLE 4.10

In a titration experiment, a student finds that 23.48 mL of a NaOH solution are needed to
neutralize 0.5468 g of KHP. What is the concentration (in molarity) of the NaOH solution?

Strategy We want to determine the molarity of the NaOH solution. What is the
definition of molarity?

need to find

mol NaOH

molarity of NaOH = L soln

want to calculate given

(Continued)
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The volume of NaOH solution is given in the problem. Therefore, we need to find the
number of moles of NaOH to solve for molarity. From the preceding equation for the
reaction between KHP and NaOH shown in the text we see that 1 mole of KHP neutralizes
1 mole of NaOH. How many moles of KHP are contained in 0.5468 g of KHP?

Solution First we calculate the number of moles of KHP consumed in the titration:

1 mol KHP

204.2 g KHP
= 2.678 X 10~ mol KHP

moles of KHP = 0.5468 g KHP X

Because 1 mol KHP = 1 mol NaOH, there must be 2.678 X 10~% mole of NaOH in
23.48 mL of NaOH solution. Finally, we calculate the number of moles of NaOH in 1 L
of the solution or the molarity as follows:

2.678 X 10 mol NaOH % 1000 mE-sotn

23.48 ml-soln 1 L soln
= 0.1141 mol NaOH/1 L soln = 0.1141 M

molarity of NaOH soln =

Practice Exercise How many grams of KHP are needed to neutralize 18.64 mL of a
0.1004 M NaOH solution?

The neutralization reaction between NaOH and KHP is one of the simplest types
of acid-base neutralization known. Suppose, though, that instead of KHP, we wanted
to use a diprotic acid such as H,SO, for the titration. The reaction is represented by

2NaOH(aq) + HQSO4(aq) — NaQSO4(aq) + 2H20(l)

Because 2 mol NaOH = 1 mol H,SO,, we need twice as much NaOH to react com-
pletely with a H,SO, solution of the same molar concentration and volume as a
monoprotic acid like HCL. On the other hand, we would need twice the amount of
HCI to neutralize a Ba(OH), solution compared to a NaOH solution having the same
concentration and volume because 1 mole of Ba(OH), yields 2 moles of OH™ ions:

2HCl(ag) + Ba(OH),(ag) —> BaCl,(aq) + 2H,0(I)

In calculations involving acid-base titrations, regardless of the acid or base that takes
place in the reaction, keep in mind that the total number of moles of H* ions that
have reacted at the equivalence point must be equal to the total number of moles of
OH™ ions that have reacted.

Example 4.11 shows the titration of a NaOH solution with a diprotic acid.

EXAMPLE 4.11

How many milliliters (mL) of a 0.610 M NaOH solution are needed to neutralize
20.0 mL of a 0.245 M H,SO, solution?

Strategy We want to calculate the volume of the NaOH solution. From the definition
of molarity [see Equation (4.1)], we write

need to find

mol NaOH
Lsoln =——F———
molarity

want to calculate given

(Continued)

Similar problems: 4.85, 4.86.

FARIS

H,S0, has two ionizable protons.
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Similar problems: 4.87(b), (c).

FARIS

There are not as many redox indicators as
there are acid-base indicators.

From the equation for the neutralization reaction just shown, we see that 1 mole of
H,SO, neutralizes 2 moles of NaOH. How many moles of H,SO, are contained in
20.0 mL of a 0.245 M H,SO, solution? How many moles of NaOH would this quantity
of H,SO, neutralize?

Solution First we calculate the number of moles of H,SO, in a 20.0 mL solution:

0.245 mol H,SO,
moles H,SO, = 1000 mLsoin X 20.0 mL-soin

= 4.90 X 10~ mol H,SO,

From the stoichiometry we see that 1 mol H,SO, = 2 mol NaOH. Therefore, the
number of moles of NaOH reacted must be 2 X 4.90 X 10~ mole, or 9.80 X 10~°
mole. From the definition of molarity [see Equation (4.1)], we have
. moles of solute
liters of soln = ———————
molarity
or

9.80 X 10 mol NaOH
0.610 mol/L soln
= 0.0161 L or 16.1 mL

volume of NaOH =

Practice Exercise How many milliliters of a 1.28 M H,SO, solution are needed to
neutralize 60.2 mL of a 0.427 M KOH solution?

Review of Concepts

A NaOH solution is initially mixed with an acid solution shown in (a). Which of
the diagrams shown in (b)—(d) corresponds to one of the following acids: HCI,
H,SO,, H;PO,? Color codes: Blue spheres (OH  ions); red spheres (acid
molecules); green spheres (anions of the acids). Assume all the acid-base
neutralization reactions go to completion.

¢ ¢ ; ®© ¢ (e ©
e (© 6 e® | ¢

e e | & 6©
‘e

60| | © P

(@) (b) (©) (d)

EXE) Redox Titrations

As mentioned earlier, redox reactions involve the transfer of electrons, and acid-base
reactions involve the transfer of protons. Just as an acid can be titrated against a base,
we can titrate an oxidizing agent against a reducing agent, using a similar procedure.
We can, for example, carefully add a solution containing an oxidizing agent to a solu-
tion containing a reducing agent. The equivalence point is reached when the reducing
agent is completely oxidized by the oxidizing agent.

Like acid-base titrations, redox titrations normally require an indicator that clearly
changes color. In the presence of large amounts of reducing agent, the color of the
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Figure 4.22 Left to right:
Solutions containing the MnQ,,
Mn?*, Cr,02~, and Cr** ions.

indicator is characteristic of its reduced form. The indicator assumes the color of its
oxidized form when it is present in an oxidizing medium. At or near the equivalence
point, a sharp change in the indicator’s color will occur as it changes from one form
to the other, so the equivalence point can be readily identified.

Two common oxidizing agents are potassium permanganate (KMnQO,) and potas-
sium dichromate (K,Cr,0;). As Figure 4.22 shows, the colors of the permanganate
and dichromate anions are distinctly different from those of the reduced species:

MnO; — Mn?*

purple light
pink
- +
Cr,03” — ¢’
orange green
yellow

Thus, these oxidizing agents can themselves be used as infernal indicator in a redox titra-
tion because they have distinctly different colors in the oxidized and reduced forms.

Redox titrations require the same type of calculations (based on the mole method)
as acid-base neutralizations. The difference is that the equations and the stoichiometry
tend to be more complex for redox reactions. The following is an example of a redox
titration.

EXAMPLE 4.12

A 16.42-mL volume of 0.1327 M KMnO, solution is needed to oxidize 25.00 mL of a
FeSO, solution in an acidic medium. What is the concentration of the FeSO, solution in
molarity? The net ionic equation is

5Fe’" + MnO; + 8H" — Mn’" + 5Fe** + 4H,0

Strategy We want to calculate the molarity of the FeSO, solution. From the definition
of molarity

need to find

molarity of FeSO, = %

want to calculate given

(Continued) Addition of a KMnO, solution from a buret
to a FeSO, solution.



Metal from the Sea

M agnesium is a valuable, lightweight metal used as a struc-
tural material as well as in alloys, in batteries, and in
chemical synthesis. Although magnesium is plentiful in Earth’s
crust, it is cheaper to “mine” the metal from seawater. Magne-
sium forms the second most abundant cation in the sea (after
sodium); there are about 1.3 g of magnesium in a kilogram of
seawater. The process for obtaining magnesium from seawater
employs all three types of reactions discussed in this chapter:
precipitation, acid-base, and redox reactions.

In the first stage in the recovery of magnesium, limestone
(CaCOy) is heated at high temperatures to produce quicklime, or
calcium oxide (CaO):

CaCOs(s) —> CaO(s) + CO,(g)

When calcium oxide is treated with seawater, it forms calcium
hydroxide [Ca(OH),], which is slightly soluble and ionizes to
give Ca>* and OH ™ ions:

CaO(s) + H,O(l) — CaH(aq) + 20H (aq)

The surplus hydroxide ions cause the much less soluble magne-
sium hydroxide to precipitate:

Mg* " (ag) + 20H (ag) —> Mg(OH),(s)

The solid magnesium hydroxide is filtered and reacted with hy-
drochloric acid to form magnesium chloride (MgCl,):

Mg(OH),(s) + 2HCl(ag) —> MgCl(aq) + 2H,0(])

After the water is evaporated, the solid magnesium chloride is
melted in a steel cell. The molten magnesium chloride contains

in Action

CHEMISTRY

Magnesium hydroxide was precipitated from processed seawater in settling
ponds at the Dow Chemical Company that once operated in Freeport, Texas.

both Mg>" and CI™ ions. In a process called electrolysis, an
electric current is passed through the cell to reduce the Mg**
ions and oxidize the Cl ™ ions. The half-reactions are

Mgt + 2¢” — Mg
2C1T —> Cl, + 2e~

The overall reaction is
MgCl() — Mg() + Cl(g)
Thi is how magnesium metal is produced. The chlorine gas gen-

erated can be converted to hydrochloric acid and recycled
through the process.

The volume of the FeSO, solution is given in the problem. Therefore, we need to find
the number of moles of FeSO, to solve for the molarity. From the net ionic equation,
what is the stoichiometric equivalence between Fe** and MnO;? How many moles of
KMnO, are contained in 16.42 mL of 0.1327 M KMnO, solution?

Solution The number of moles of KMnO, in 16.42 mL of the solution is

moles of KMnO, =

158

0.1327 mol KMnO,

1000 mL—soln
= 2.179 X 10~° mol KMnO,

X 16.42 mE

(Continued)
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Summary of Facts and Concepts

From the net ionic equation we see that 5 mol Fe*" = 1 mol MnQ;. Therefore, the
number of moles of FeSO, oxidized is

5 mol FeSO,

=2.179 X 107> mol KMmo; X ———
? * 7 1 mol KMnO;

moles FeSO,
= 1.090 X 102 mol FeSO,

The concentration of the FeSO, solution in moles of FeSO, per liter of solution is

. mol FeSO,
molarity of FeSO, = T Lsoln
~ 1.090 X 10> mol FeSO, _ 1000 mL-sotn
B 25.00 mL-sotn 1L soln
= 0.4360 M Similar problems: 4.91, 4.92.

Practice Exercise How many milliliters of a 0.206 M HI solution are needed to
reduce 22.5 mL of a 0.374 M KMnO, solution according to the following equation:

{CARIS

10HI + 2KMHO4 + 3H2SO4 e 512 + 2MDSO4 + KzSO4 + 8H20

The Chemistry in Action essay on p. 158 describes an industrial process that
involves the types of reactions discussed in this chapter.

"

Key Equations

moles of solute

molarity = ———  (4.1) Calculating molarity
liters of solution
M = % (4.2) Calculating molarity
MV, = M;V; (4.3) Dilution of solution
7| Media Player
Chapter Summary

Summary of Facts and Coricepts -

1. Aqueous solutions are electrically conducting if the sol- 7. Oxidation numbers help us keep track of charge distri-

utes are electrolytes. If the solutes are nonelectrolytes,
the solutions do not conduct electricity.

. Three major categories of chemical reactions that take
place in aqueous solution are precipitation reactions,

bution and are assigned to all atoms in a compound or
ion according to specific rules. Oxidation can be de-
fined as an increase in oxidation number; reduction can
be defined as a decrease in oxidation number.

acid-base reactions, and oxidation-reduction reactions. 8. Many redox reactions can be subclassified as combina-
. From general rules about solubilities of ionic com- tion, decomposition, combustion, displacement, or dis-
pounds, we can predict whether a precipitate will form proportionation reactions.
in a reaction. 9. The concentration of a solution is the amount of solute
. Arrhenius acids ionize in water to give H" ions, and Ar- present in a given amount of solution. Molarity ex-
rhenius bases ionize in water to give OH " ions. Brgnsted presses concentration as the number of moles of solute
acids donate protons, and Brgnsted bases accept protons. in 1 L of solution.
. The reaction of an acid and a base is called neutralization. 10. Adding a solvent to a solution, a process known as dilu-

. In redox reactions, oxidation and reduction always oc-
cur simultaneously. Oxidation is characterized by the
loss of electrons, reduction by the gain of electrons.

tion, decreases the concentration (molarity) of the solu-
tion without changing the total number of moles of
solute present in the solution.
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11. Gravimetric analysis is a technique for determining the
identity of a compound and/or the concentration of a
solution by measuring mass. Gravimetric experiments
often involve precipitation reactions.

12. In acid-base titration, a solution of known concentration
(say, a base) is added gradually to a solution of unknown
concentration (say, an acid) with the goal of determining

Key Words

the unknown concentration. The point at which the reac-
tion in the titration is complete, as shown by the change
in the indicator’s color, is called the equivalence point.

13. Redox titrations are similar to acid-base titrations. The
point at which the oxidation-reduction reaction is com-
plete is called the equivalence point.

Activity series, p. 142 Disproportionation

Monoprotic acid, p. 131 Redox reaction, p. 135

Aqueous solution, p. 122
Brgnsted acid, p. 130
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The following problems are available at www.aris.mhhe.com
if assigned by your instructor as electronic homework.
Quantum Tutor problems are also available at the same site.

7ARIS ARIS Problems: 4.7, 4.9, 4.17, 4.18, 4.20, 4.21,
4.22,4.23,4.31,4.33,4.43, 4.46, 4.50, 4.54, 4.56, 4.59,

Questions and Problems '

I
&

4.62,4.70,4.72,4.74,4.717, 4.86, 4.87, 4.88, 4.91, 4.95,
4.107, 4.110, 4.121.

[F] Quantum Tutor Problems: 4.46, 4.47, 4.48, 4.49,
4.50,4.52, 4.54.

Properties of Aqueous Solutions
Review Questions

4.1 Define solute, solvent, and solution by describing the
process of dissolving a solid in a liquid.

4.2 What is the difference between a nonelectrolyte and
an electrolyte? Between a weak electrolyte and a
strong electrolyte?

4.3 Describe hydration. What properties of water enable
its molecules to interact with ions in solution?

4.4  What is the difference between the following symbols
in chemical equations: — and =——=7?

4.5 Wateris an extremely weak electrolyte and therefore can-
not conduct electricity. Why are we often cautioned not to
operate electrical appliances when our hands are wet?

FARIS

4.6 Lithium fluoride (LiF) is a strong electrolyte. What
species are present in LiF(agq)?

Problems

4.7  The aqueous solutions of three compounds are shown
in the diagram. Identify each compound as a nonelec-
trolyte, a weak electrolyte, and a strong electrolyte.

©.° @ g ‘.0

(a) (b) (©
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4.8  Which of the following diagrams best represents the
hydration of NaCl when dissolved in water? The CI™
ion is larger in size than the Na™ ion.

®
[ Qg ® Q"’ e P ‘Q
o0 @% eq *| o0 *°
%Q ,. N 4
® L = L0 . ’.’
e e ®'e
() (b) ()
49 Identify each of the following substances as a strong

electrolyte, weak electrolyte, or nonelectrolyte: (a) H,O,
(b) KCl, (¢c) HNO;, (d) CH;COOH, (e) C,H»,0,;.
Identify each of the following substances as a
strong electrolyte, weak electrolyte, or nonelectrolyte:
(a) Ba(NO3),, (b) Ne, (¢) NHj3, (d) NaOH.

The passage of electricity through an electrolyte solu-
tion is caused by the movement of (a) electrons only,
(b) cations only, (c) anions only, (d) both cations and
anions.

4.10

4.11

4.12 Predict and explain which of the following systems
are electrically conducting: (a) solid NaCl, (b) molten

NaCl, (c) an aqueous solution of NaCl.

4.13 You are given a water-soluble compound X. De-
scribe how you would determine whether it is an
electrolyte or a nonelectrolyte. If it is an electrolyte,
how would you determine whether it is strong or

weak?

Explain why a solution of HCI in benzene does not
conduct electricity but in water it does.

4.14

Precipitation Reactions
Review Questions

4.15 What is the difference between an ionic equation and
a molecular equation?

4.16 What is the advantage of writing net ionic equations?

Problems

4.17 Two aqueous solutions of AgNO; and NaCl are mixed.

ARris Which of the following diagrams best represents the

mixture?
Na*(aq) Ag*(ag) Na™(aq)
Cl ™ (ag) Cl (aq) NO3 (ag)
Ag™(ag) AgCl(s)
NO3(aq) NaNO;(s) AgCl(s) NaNO;(s)
(a) (b) (© (d)
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Questions and Problems

4.18 Two aqueous solutions of KOH and MgCl, are mixed.
°ARIS  Which of the following diagrams best represents the
mixture?
Mg* " (ag) K" (aq) K" (ag)
OH" (aq) Cl (aq) Cl' (aq)
Mg*"(ag) | | KCI(s)
KCI(s) Mg(OH),(s) OH (aq) Mg(OH),(s)
(@) (b) © (@)
4.19 Characterize the following compounds as soluble
or insoluble in water: (a) Ca3(PO,),, (b) Mn(OH),,
(c) AgClO;3, (d) K,S.
4.20 Characterize the following compounds as soluble
ARIS or insoluble in water: (a) CaCOs;, (b) ZnSOy,
(c) Hg(NO;),, (d) HgSOy, (e) NH,CIO,.
4.21 Write ionic and net ionic equations for the following
TCARIS reactions:
(a) AgNO;(ag) + Na,SO,(ag) —>
(b) BaCly(ag) + ZnSOy4(aqg) —>
(¢) (NH4),CO5(aq) + CaCly(ag) —
4.22 Write ionic and net ionic equations for the following
TCARIS reactions:
(a) Na,S(aq) + ZnCly(aq) —
(b) KsPO,(ag) + 3Sr(NO3),(ag) —>
(¢) Mg(NO;),(aq) + 2NaOH(aqg) —>
4.23 Which of the following processes will likely result in
TCARIS a precipitation reaction? (a) Mixing a NaNOj; solution
with a CuSQ, solution. (b) Mixing a BaCl, solution
with a K,SO, solution. Write a net ionic equation for
the precipitation reaction.
4.24 With reference to Table 4.2, suggest one method by

which you might separate (a) K™ from Ag”, (b) Ba**
from Pb**, (c) NH} from Ca*", (d) Ba®* from Cu’".
All cations are assumed to be in aqueous solution, and
the common anion is the nitrate ion.

Acid-Base Reactions
Review Questions

4.25
4.26

4.27

4.28

4.29

4.30

List the general properties of acids and bases.

Give Arrhenius’s and Brgnsted’s definitions of an
acid and a base. Why are Brgnsted’s definitions more
useful in describing acid-base properties?

Give an example of a monoprotic acid, a diprotic acid,
and a triprotic acid.

What are the characteristics of an acid-base neutral-
ization reaction?

What factors qualify a compound as a salt? Specify
which of the following compounds are salts: CHy,
NaF, NaOH, CaO, BaSO,, HNO;, NH;, KBr?
Identify the following as a weak or strong acid or
base: (a) NH3, (b) H;POy, (c) LiOH, (d) HCOOH (for-
mic acid), (e) H,SO,, (f) HF, (g) Ba(OH),.
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Problems

431
(ARIS

4.32

433
(ARIS

4.34

Identify each of the following species as a Brgnsted
acid, base, or both: (a) HI, (b) CH;COO ", (c) H,POy,,
(d) HSO;,.

Identify each of the following species as a Brgnsted
acid, base, or both: PO?[, (b) ClO;, (c) NH7,
(d) HCO;..

Balance the following equations and write the corre-
sponding ionic and net ionic equations (if appropriate):
(a) HBr(aq) + NHi3(aq) —>

(b) Ba(OH),(agq) + H3PO4(aq) —

(c) HC1O4(ag) + Mg(OH),(s) —>

Balance the following equations and write the corre-
sponding ionic and net ionic equations (if appropriate):
(a) CH;COOH(ag) + KOH(ag) —>

(b) H,CO3(agq) + NaOH(agq) —>

(¢) HNOs(ag) + Ba(OH),(ag) —>

Oxidation-Reduction Reactions
Review Questions

4.35

4.36

4.37

4.38

4.39

4.40

441

4.42

Give an example of a combination redox reaction, a
decomposition redox reaction, and a displacement re-
dox reaction.

All combustion reactions are redox reactions. True or
false? Explain.

What is an oxidation number? How is it used to identify
redox reactions? Explain why, except for ionic com-
pounds, oxidation number does not have any physical
significance.

(a) Without referring to Figure 4.11, give the oxida-
tion numbers of the alkali and alkaline earth metals in
their compounds. (b) Give the highest oxidation num-
bers that the Groups 3A—7A elements can have.

How is the activity series organized? How is it used in
the study of redox reactions?

Use the following reaction to define redox reaction,
half-reaction, oxidizing agent, reducing agent:

4Na(s) + O,(g) — 2Na,O(s)
Is it possible to have a reaction in which oxidation oc-

curs and reduction does not? Explain.

What is the requirement for an element to undergo
disproportionation reactions? Name five common ele-
ments that are likely to take part in such reactions.

Problems

4.43
CARIS

For the complete redox reactions given here, (i) break
down each reaction into its half-reactions; (ii) identify
the oxidizing agent; (iii) identify the reducing agent.
(a) 2Sr + O, —> 2SrO

(b) 2Li + H, — 2LiH

4.44

4.45

4.46
TFARIS

4.47

4.48

4.49

4.50
TFARIS

Q)

4.51

4.54
TFARIS

4.55

(c) 2Cs + Br, —> 2CsBr

(d) 3Mg + N, —> Mg;N,

For the complete redox reactions given here, write the
half-reactions and identify the oxidizing and reducing
agents:

(a) 4Fe + 30, —> 2Fe,0;4

(b) Cl, + 2NaBr — 2NaCl + Br,

(c) Si + 2F, — SiF,

(d) H, + Cl, —> 2HCI

Arrange the following species in order of increasing
oxidation number of the sulfur atom: (a) H,S, (b) Sg,
(c) H,SOy, (d) S*~, (e) HS, (f) SO,, (g) SOs.
Phosphorus forms many oxoacids. Indicate the oxida-
tion number of phosphorus in each of the following
acids: (a) HPO3, (b) H3P02, (C) H3PO3, (d) H3PO4,
(e) HyP,07, () HsP30,.

Give the oxidation number of the underlined atoms in
the following molecules and ions: (a) CIF, (b) IF;,
(¢) CHy, (d) GHy, () CoHy, (f) Ko CrOy, (8) Ko CrOy,
(h) KMnO,, (i) NaHCOs, (j) Li,, (k) NalO;, (1) KO,,
(m) PF, (n) KAuCl,.

Give the oxidation number for the following species:
Hz, Seg, P4, O, U, AS4, B12'

Give oxidation numbers for the underlined atoms in
the following molecules and ions: (a) Cs,O, (b) Cal,,
() ALOs, (d) H3As0s, (¢) TiO,, (f) MoO? , (2) PICI3
(h) PCIg ", (i) SnF, (j) CIF;, (k) SbFg.

Give the oxidation numbers of the underlined atoms
in the following molecules and ions: (a) Mg;N,,
(b) Cs0Oy, (¢) CaCy, (d) CO3™, (e) C,07 . (f) ZnO3
(2) NaBH,, (h) WO; ™.

Nitric acid is a strong oxidizing agent. State which of
the following species is least likely to be produced
when nitric acid reacts with a strong reducing agent
such as zinc metal, and explain why: N,O, NO, NO,,
N,O,, N,Os, NHj.

Which of the following metals can react with water?
(a) Au, (b) Li, (c) Hg, (d) Ca, (e) Pt.

On the basis of oxidation number considerations, one
of the following oxides would not react with molecu-
lar oxygen: NO, N,O, SO,, SOs, P,O4. Which one is
it? Why?

Predict the outcome of the reactions represented by
the following equations by using the activity series,
and balance the equations.

(a) Cu(s) + HCl(aq) —>

(b) I,(s) + NaBr(ag) —>

() Mg(s) + CuSO4(aq) —>

(d) Cly(g) + KBr(ag) —

Classify the following redox reactions:

(a) 2H,0, — 2H,0 + O,

(b) Mg + 2AgNO; —> Mg(NO3), + 2Ag
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(¢) NH,NO, —> N, + 2H,0

(d) H, + Br, —> 2HBr

Classify the following redox reactions:

(a) P, + 10Cl, —> 4PCl;

(b) 2NO —> N, + O,

(c) Cl, + 2KI — 2KCIl + I,

(d) 3HNO, —> HNO; + H,0 + 2NO

Concentration of Solutions
Review Questions

4.57

4.58

Write the equation for calculating molarity. Why is mo-
larity a convenient concentration unit in chemistry?
Describe the steps involved in preparing a solution of
known molar concentration using a volumetric flask.

Problems

4.59
(ARIS
4.60
461
4.62

CARIS
4.63

4.64

4.65

4.66

Calculate the mass of KI in grams required to prepare
5.00 X 10> mL of a 2.80 M solution.

Describe how you would prepare 250 mL of a 0.707 M
NaNOj solution.

How many moles of MgCl, are present in 60.0 mL of
0.100 M MgCl, solution?

How many grams of KOH are present in 35.0 mL of a
5.50 M solution?

Calculate the molarity of each of the following solu-
tions: (a) 29.0 g of ethanol (C,HsOH) in 545 mL of
solution, (b) 15.4 g of sucrose (C,H»,04;) in 74.0 mL
of solution, (c) 9.00 g of sodium chloride (NaCl) in
86.4 mL of solution.

Calculate the molarity of each of the following solu-
tions: (a) 6.57 g of methanol (CH;0H) in 1.50 X 10°mL
of solution, (b) 10.4 g of calcium chloride (CaCl,) in
2.20 X 10* mL of solution, (c) 7.82 g of naphthalene
(C,oHpg) in 85.2 mL of benzene solution.

Calculate the volume in mL of a solution required to
provide the following: (a) 2.14 g of sodium chloride
from a 0.270 M solution, (b) 4.30 g of ethanol from a
1.50 M solution, (c) 0.85 g of acetic acid (CH;COOH)
from a 0.30 M solution.

Determine how many grams of each of the following
solutes would be needed to make 2.50 X 10°> mL of a
0.100 M solution: (a) cesium iodide (Csl), (b) sulfuric
acid (H,SO,), (c) sodium carbonate (Na,CO3), (d) po-
tassium dichromate (K,Cr,05), (e) potassium perman-
ganate (KMnOy).

Dilution of Solutions
Review Questions

4.67

4.68

Describe the basic steps involved in diluting a solu-
tion of known concentration.

Write the equation that enables us to calculate the
concentration of a diluted solution. Give units for all
the terms.
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Problems

4.69

4.70
TFARIS

4.71

4.72
TFARIS

4.73

4.74
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Describe how to prepare 1.00 L of 0.646 M HCI solu-
tion, starting with a 2.00 M HCl solution.

Water is added to 25.0 mL of a 0.866 M KNO;
solution until the volume of the solution is exactly
500 mL. What is the concentration of the final
solution?

How would you prepare 60.0 mL of 0.200 M HNO;
from a stock solution of 4.00 M HNO5?

You have 505 mL of a 0.125 M HCI solution and you
want to dilute it to exactly 0.100 M. How much water
should you add? Assume volumes are additive.

A 35.2-mL, 1.66 M KMnO, solution is mixed with
16.7 mL of 0.892 M KMnO, solution. Calculate the
concentration of the final solution.

A 46.2-mL, 0.568 M calcium nitrate [Ca(NOs3),]
solution is mixed with 80.5 mL of 1.396 M calcium
nitrate solution. Calculate the concentration of the
final solution.

Gravimetric Analysis
Review Questions

4.75

4.76

Describe the basic steps involved in gravimetric anal-
ysis. How does this procedure help us determine the
identity of a compound or the purity of a compound if
its formula is known?

Distilled water must be used in the gravimetric analy-
sis of chlorides. Why?

Problems

4.77
TFARIS

4.78

4.79

4.80

If 30.0 mL of 0.150 M CaCl, is added to 15.0 mL of
0.100 M AgNO;, what is the mass in grams of AgCl
precipitate?

A sample of 0.6760 g of an unknown compound
containing barium ions (Ba’") is dissolved in water
and treated with an excess of Na,SO,. If the mass of
the BaSO, precipitate formed is 0.4105 g, what is
the percent by mass of Ba in the original unknown
compound?

How many grams of NaCl are required to precipitate
most of the Ag® ions from 2.50 X 10> mL of
0.0113 M AgNOs; solution? Write the net ionic equa-
tion for the reaction.

The concentration of Cu®>" ions in the water (which
also contains sulfate ions) discharged from a certain
industrial plant is determined by adding excess so-
dium sulfide (Na,S) solution to 0.800 L of the water.
The molecular equation is

Na,S(aq) + CuSO4(aqg) —> Na,SO,(aq) + CuS(s)

Write the net ionic equation and calculate the molar
concentration of Cu®* in the water sample if 0.0177 g
of solid CusS is formed.
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Acid-Base Titrations
Review Questions

4.81

4.82
4.83

4.84

Describe the basic steps involved in an acid-base titra-
tion. Why is this technique of great practical value?

How does an acid-base indicator work?

A student carried out two titrations using a NaOH so-
lution of unknown concentration in the buret. In one
titration she weighed out 0.2458 g of KHP (see p. 153)
and transferred it to an Erlenmeyer flask. She then
added 20.00 mL of distilled water to dissolve the acid.
In the other titration she weighed out 0.2507 g of KHP
but added 40.00 mL of distilled water to dissolve the
acid. Assuming no experimental error, would she ob-
tain the same result for the concentration of the NaOH
solution?

Would the volume of a 0.10 M NaOH solution needed
to titrate 25.0 mL of a 0.10 M HNO, (a weak acid)
solution be different from that needed to titrate 25.0 mL
of a 0.10 M HCI (a strong acid) solution?

Problems

4.85

4.86

TFARIS

4.87
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4.88
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A quantity of 18.68 mL of a KOH solution is needed
to neutralize 0.4218 g of KHP. What is the concentra-
tion (in molarity) of the KOH solution?

Calculate the concentration (in molarity) of a NaOH
solution if 25.0 mL of the solution are needed to neu-
tralize 17.4 mL of a 0.312 M HCI solution.

Calculate the volume in mL of a 1.420 M NaOH solu-
tion required to titrate the following solutions:

(a) 25.00 mL of a 2.430 M HCI solution
(b) 25.00 mL of a 4.500 M H,SO, solution
(c) 25.00 mL of a 1.500 M H;PO, solution

What volume of a 0.500 M HCI solution is needed to
neutralize each of the following:

(a) 10.0 mL of a 0.300 M NaOH solution
(b) 10.0 mL of a 0.200 M Ba(OH), solution

Redox Titrations
Review Questions

4.89

4.90

What are the similarities and differences between
acid-base titrations and redox titrations?

Explain why potassium permanganate (KMnO,) and
potassium dichromate (K,Cr,0O;) can serve as internal
indicators in redox titrations.

Problems

491
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Iron(II) can be oxidized by an acidic K,Cr,0; solution
according to the net ionic equation:
Cr,03" + 6Fe*" + 14H" —
2Cr'" + 6Fe’" + 7TH,0

4.92

4.93

4.94

4.95
CARIS

4.96

4.97

4.98

If it takes 26.0 mL of 0.0250 M K,Cr,0; to titrate
25.0 mL of a solution containing Fe?", what is the
molar concentration of Fe?*?

The SO, present in air is mainly responsible for the
acid rain phenomenon. Its concentration can be deter-
mined by titrating against a standard permanganate
solution as follows:

580, + 2MnO; + 2H,0 —>
58027 + 2Mn**" + 4H"

Calculate the number of grams of SO, in a sample of
air if 7.37 mL of 0.00800 M KMnQO, solution are
required for the titration.

A sample of iron ore (containing only Fe*" ions)
weighing 0.2792 g was dissolved in dilute acid solu-
tion, and all the Fe(I) was converted to Fe(IIl) ions.
The solution required 23.30 mL of 0.0194 M K,Cr,0,
for titration. Calculate the percent by mass of iron in
the ore. (Hint: See Problem 4.91 for the balanced
equation.)

The concentration of a hydrogen peroxide solution
can be conveniently determined by titration against
a standardized potassium permanganate solution
in an acidic medium according to the following
equation:

2MnO; + 5H,0, + 6H" —
50, + 2Mn** + 8H,0

If 36.44 mL of a 0.01652 M KMnQ, solution are re-
quired to oxidize 25.00 mL of a H,O, solution, calcu-
late the molarity of the H,O, solution.

Oxalic acid (H,C,0,) is present in many plants and
vegetables. If 24.0 mL of 0.0100 M KMnO, solution
is needed to titrate 1.00 g of a sample of H,C,0, to the
equivalence point, what is the percent by mass of
H,C,0, in the sample? The net ionic equation is

2MnO; + 16H" + 5C,0; —>
2Mn>" + 10CO, + 8H,0

A 15.0-mL sample of an oxalic acid solution requires
25.2 mL of 0.149 M NaOH for neutralization. Calcu-
late the volume of a 0.122 M KMnQO, solution needed
to react with a second 15.0-mL sample of the oxalic
acid solution. (Hint: Oxalic acid is a diprotic acid. See
Problem 4.95 for redox equation.)

Todate ion, 1053, oxidizes SO%f in acidic solution. The
half-reaction for the oxidation is

SO™ + H,0 — SO;™ + 2H" + 2¢~

A 100.0-mL sample of solution containing 1.390 g of
KIO; reacts with 32.5 mL of 0.500 M Na,SO;. What
is the final oxidation state of the iodine after the reac-
tion has occurred?

Calcium oxalate (CaC,0y), the main component of
kidney stones, is insoluble in water. For this reason it



can be used to determine the amount of Ca>" ions in
fluids such as blood. The calcium oxalate isolated
from blood is dissolved in acid and titrated against
a standardized KMnO, solution, as shown in Prob-
lem 4.95. In one test it is found that the calcium oxa-
late isolated from a 10.0-mL sample of blood requires
242 mL of 9.56 X 10~* M KMnO, for titration.
Calculate the number of milligrams of calcium per
milliliter of blood.

Additional Problems

4.99 Classify the following reactions according to the types
discussed in the chapter:

(a) Cl, + 20H™ — CI” + CIO~ + H,0
(b) Ca*" + CO;~ — CaCO;
(¢) NH; + HY — NHJ
(d) 2CCl, + CrO;” —>
2COCl, + CrO,Cl, + 2C1
(e) Ca + F, —> CaF,
(f) 2Li + H, —> 2LiH
(2) Ba(NO3), + Na,SO, — 2NaNO; + BaSO,
(h) CuO + H, — Cu + H,0
(i) Zn + 2HCl — ZnCl, + H,
() 2FeCl, + Cl, —> 2FeCl;
(k) LiOH + HNO; — LiNO; + H,0
4.100 Oxygen (O,) and carbon dioxide (CO,) are colorless
and odorless gases. Suggest two chemical tests that

would enable you to distinguish between these two
gases.

4.101 Which of the following aqueous solutions would you
expect to be the best conductor of electricity at 25°C?
Explain your answer.

(a) 0.20 M NaCl

(b) 0.60 M CH;COOH
(¢) 0.25 M HCI

(d) 0.20 M Mg(NOs),

4.102 A 5.00 X 10*mL sample of 2.00 M HCI solution is
treated with 4.47 g of magnesium. Calculate the con-
centration of the acid solution after all the metal has
reacted. Assume that the volume remains unchanged.

4.103 Calculate the volume of a 0.156 M CuSO, solution
that would react with 7.89 g of zinc.

4.104 Sodium carbonate (Na,CQO3) is available in very pure
form and can be used to standardize acid solutions.
What is the molarity of a HCI solution if 28.3 mL of
the solution are required to react with 0.256 g of
N32CO3?

4.105 A 3.664-g sample of a monoprotic acid was dissolved
in water. It took 20.27 mL of a 0.1578 M NaOH solu-
tion to neutralize the acid. Calculate the molar mass of
the acid.
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4.106 Acetic acid (CH;COOH) is an important ingredient
of vinegar. A sample of 50.0 mL of a commercial
vinegar is titrated against a 1.00 M NaOH solution.
What is the concentration (in M) of acetic acid pres-
ent in the vinegar if 5.75 mL of the base are needed
for the titration?

4.107 A 15.00-mL solution of potassium nitrate (KNO3) was

T ARIS diluted to 125.0 mL, and 25.00 mL of this solution

were then diluted to 1.000 X 10° mL. The concentra-

tion of the final solution is 0.00383 M. Calculate the
concentration of the original solution.

4.108 When 2.50 g of a zinc strip were placed in a AgNO;
solution, silver metal formed on the surface of the
strip. After some time had passed, the strip was
removed from the solution, dried, and weighed. If the
mass of the strip was 3.37 g, calculate the mass of Ag
and Zn metals present.

4.109 Calculate the mass of the precipitate formed when
2.27 L 0of 0.0820 M Ba(OH), are mixed with 3.06 L of
0.0664 M Na,SO,.

4.110 Calculate the concentration of the acid (or base) re-
TUARIS maining in solution when 10.7 mL of 0.211 M HNO;
are added to 16.3 mL of 0.258 M NaOH.

4.111 (a) Describe a preparation for magnesium hydroxide
[Mg(OH),] and predict its solubility. (b) Milk of mag-
nesia contains mostly Mg(OH), and is effective in
treating acid (mostly hydrochloric acid) indigestion.
Calculate the volume of a 0.035 M HCI solution
(a typical acid concentration in an upset stomach)
needed to react with two spoonfuls (approximately
10 mL) of milk of magnesia [at 0.080 g Mg(OH),/mL].

4.112 A 1.00-g sample of a metal X (that is known to form
X*" jons) was added to 0.100 L of 0.500 M H,SO,.
After all the metal had reacted, the remaining acid
required 0.0334 L of 0.500 M NaOH solution for neu-
tralization. Calculate the molar mass of the metal and
identify the element.

4.113 A quantitative definition of solubility is the maximum
number of grams of a solute that will dissolve in a
given volume of water at a particular temperature.
Describe an experiment that would enable you to
determine the solubility of a soluble compound.

4.114 A 60.0-mL 0.513 M glucose (CgH;,04) solution is
mixed with 120.0 mL of 2.33 M glucose solution.
What is the concentration of the final solution?
Assume the volumes are additive.

4.115 An ionic compound X is only slightly soluble in
water. What test would you employ to show that the
compound does indeed dissolve in water to a certain
extent?

4.116 A student is given an unknown that is either iron(II)
sulfate or iron(IIl) sulfate. Suggest a chemical proce-
dure for determining its identity. (Both iron com-
pounds are water soluble.)
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4.117 You are given a colorless liquid. Describe three chem-
ical tests you would perform on the liquid to show that
it is water.

4.118 Using the apparatus shown in Figure 4.1, a student
found that a sulfuric acid solution caused the lightbulb
to glow brightly. However, after the addition of a cer-
tain amount of a barium hydroxide [Ba(OH),] solu-
tion, the light began to dim even though Ba(OH), is
also a strong electrolyte. Explain.

4.119 You are given a soluble compound of unknown mo-
lecular formula. (a) Describe three tests that would
show that the compound is an acid. (b) Once you have
established that the compound is an acid, describe
how you would determine its molar mass using a
NaOH solution of known concentration. (Assume the
acid is monoprotic.) (c) How would you find out
whether the acid is weak or strong? You are provided
with a sample of NaCl and an apparatus like that
shown in Figure 4.1 for comparison.

4.120 You are given two colorless solutions, one containing
NaCl and the other sucrose (C;,H»0O;;). Suggest a
chemical and a physical test that would allow you to
distinguish between these two solutions.

4.121 The concentration of lead ions (Pb>") in a sample of

¢ -aris polluted water that also contains nitrate ions (NO;) is
determined by adding solid sodium sulfate (Na,SO,)
to exactly 500 mL of the water. (a) Write the molecu-
lar and net ionic equations for the reaction. (b) Calcu-
late the molar concentration of Pb>* if 0.00450 g of
Na,SO, was needed for the complete precipitation of
Pb*" ions as PbSO,.

4.122 Hydrochloric acid is not an oxidizing agent in the
sense that sulfuric acid and nitric acid are. Explain
why the chloride ion is not a strong oxidizing agent
like SO;~ and NO&.

4.123 Explain how you would prepare potassium iodide
(KI) by means of (a) an acid-base reaction and
(b) a reaction between an acid and a carbonate
compound.

4.124 Sodium reacts with water to yield hydrogen gas. Why
is this reaction not used in the laboratory preparation
of hydrogen?

4.125 Describe how you would prepare the following com-
pounds: (a) Mg(OH),, (b) Agl, (c) Ba3(POy,),.

4.126 Someone spilled concentrated sulfuric acid on the
floor of a chemistry laboratory. To neutralize the acid,
would it be preferrable to pour concentrated sodium
hydroxide solution or spray solid sodium bicarbonate
over the acid? Explain your choice and the chemical
basis for the action.

4.127 Describe in each case how you would separate
the cations or anions in an aqueous solution of:
(a) NaNOj; and Ba(NOs),, (b) Mg(NO3), and KNO;,
(c) KBr and KNOs, (d) K3PO, and KNO;3, (e) Na,CO5
and NaNOs.

4.128 The following are common household compounds:
table salt (NaCl), table sugar (sucrose), vinegar (con-
tains acetic acid), baking soda (NaHCOs;), washing
soda (Na,COs;-10H,0), boric acid (H3BO;, used
in eyewash), epsom salt (MgSO,-7H,0), sodium
hydroxide (used in drain openers), ammonia, milk of
magnesia [Mg(OH),], and calcium carbonate. Based
on what you have learned in this chapter, describe
test(s) that would enable you to identify each of these
compounds.

4.129 Sulfites (compounds containing the SO}~ ions) are
used as preservatives in dried fruit and vegetables and
in wine making. In an experiment to test the presence
of sulfite in fruit, a student first soaked several dried
apricots in water overnight and then filtered the solu-
tion to remove all solid particles. She then treated the
solution with hydrogen peroxide (H,0,) to oxidize the
sulfite ions to sulfate ions. Finally, the sulfate ions
were precipitated by treating the solution with a few
drops of a barium chloride (BaCl,) solution. Write a
balanced equation for each of the preceding steps.

4.130 A 0.8870-g sample of a mixture of NaCl and KCl is
dissolved in water, and the solution is then treated
with an excess of AgNO; to yield 1.913 g of AgCL
Calculate the percent by mass of each compound in
the mixture.

4.131 Based on oxidation number consideration, explain
why carbon monoxide (CO) is flammable but carbon
dioxide (CO,) is not.

4.132 Which of the diagrams shown here corresponds to the
reaction between AgOH(s) and HNOs(aq)? Write a
balanced equation for the reaction. The green spheres
represent the Ag™ ions and the red spheres represent

the NOj ions.
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4.133 Chlorine forms a number of oxides with the following
oxidation numbers: +1, +3, +4, +6, and +7. Write
a formula for each of these compounds.

4.134 A useful application of oxalic acid is the removal of
rust (Fe,O3) from, say, bathtub rings according to the
reaction

Fe,03(s) + 6H,C,04(aq) —>
2Fe(C,04)3 (ag) + 3H,0 + 6H" (aq)



Calculate the number of grams of rust that can be re-
moved by 5.00 X 10> mL of a 0.100 M solution of
oxalic acid.

4.135 Acetylsalicylic acid (CoHgO,) is a monoprotic acid
commonly known as “aspirin.” A typical aspirin tab-
let, however, contains only a small amount of the acid.
In an experiment to determine its composition, an as-
pirin tablet was crushed and dissolved in water. It took
12.25 mL of 0.1466 M NaOH to neutralize the solu-
tion. Calculate the number of grains of aspirin in the
tablet. (One grain = 0.0648 g.)

4.136 A 0.9157-g mixture of CaBr, and NaBr is dissolved in
water, and AgNO; is added to the solution to form
AgBr precipitate. If the mass of the precipitate is
1.6930 g, what is the percent by mass of NaBr in the
original mixture?

4.137 Hydrogen halides (HF, HCI, HBr, HI) are highly re-
active compounds that have many industrial and
laboratory uses. (a) In the laboratory, HF and HCI
can be generated by reacting CaF, and NaCl with
concentrated sulfuric acid. Write appropriate equa-
tions for the reactions. (Hint: These are not redox
reactions.) (b) Why is it that HBr and HI cannot be
prepared similarly, that is, by reacting NaBr and
Nal with concentrated sulfuric acid? (Hint: H,SO, is
a stronger oxidizing agent than both Br, and I,.)
(c) HBr can be prepared by reacting phosphorus tri-
bromide (PBr;) with water. Write an equation for
this reaction.

4.138 A 325-mL sample of solution contains 25.3 g of
CaCl,. (a) Calculate the molar concentration of Cl™
in this solution. (b) How many grams of Cl  are in
0.100 L of this solution?

4.139 Phosphoric acid (H;PO,) is an important industrial
chemical used in fertilizers, in detergents, and in
the food industry. It is produced by two different
methods. In the electric furnace method, elemental
phosphorus (P,) is burned in air to form P,O4,, which
is then reacted with water to give H;PO,. In the wet
process, the mineral phosphate rock fluorapatite
[Cas(PO,4);F] is reacted with sulfuric acid to give
H;PO, (and HF and CaSO,). Write equations for these
processes and classify each step as precipitation, acid-
base, or redox reaction.
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4.140 Ammonium nitrate (NH,NO3) is one of the most im-
portant nitrogen-containing fertilizers. Its purity can
be analyzed by titrating a solution of NH;NO; with a
standard NaOH solution. In one experiment a 0.2041-g
sample of industrially prepared NH,NO; required
24.42 mL of 0.1023 M NaOH for neutralization.

(a) Write a net ionic equation for the reaction.
(b) What is the percent purity of the sample?
4.141 Is the following reaction a redox reaction? Explain.

30,(g) — 20s(g)

4.142 What is the oxidation number of O in HFO?
4.143 Use molecular models like those in Figures 4.7 and
4.8 to represent the following acid-base reactions:
(a) OH™ + H;0" — 2H,0
(b) NH; + NH, —> 2NH;
Identify the Brgnsted acid and base in each case.

4.144 The alcohol content in a 10.0-g sample of blood from
a driver required 4.23 mL of 0.07654 M K,Cr,0, for
titration. Should the police prosecute the individual
for drunken driving? (Hint: See Chemistry in Action
essay on p. 146.)

4.145 On standing, a concentrated nitric acid gradually turns
yellow in color. Explain. (Hint: Nitric acid slowly de-
composes. Nitrogen dioxide is a colored gas.)

4.146 Describe the laboratory preparation for the following
gases: (a) hydrogen, (b) oxygen, (c) carbon dioxide,
and (d) nitrogen. Indicate the physical states of the
reactants and products in each case. [Hint: Nitrogen
can be obtained by heating ammonium nitrite
(NH4NO,).]

4.147 Referring to Figure 4.18, explain why one must first
dissolve the solid completely before making up the
solution to the correct volume.

4.148 Can the following decomposition reaction be charac-
terized as an acid-base reaction? Explain.

NH,CI(s) —> NH;(g) + HCI(g)

4.149 Give a chemical explanation for each of the follow-
ing: (a) When calcium metal is added to a sulfuric
acid solution, hydrogen gas is generated. After a few
minutes, the reaction slows down and eventually

stops even though none of the reactants is used up.
Explain. (b) In the activity series, aluminum is above
hydrogen, yet the metal appears to be unreactive to-
ward steam and hydrochloric acid. Why? (c¢) Sodium
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and potassium lie above copper in the activity series.
Explain why Cu®*" ions in a CuSOy solution are not
converted to metallic copper upon the addition of
these metals. (d) A metal M reacts slowly with steam.
There is no visible change when it is placed in a pale
green iron(Il) sulfate solution. Where should we
place M in the activity series? (e) Before aluminum
metal was obtained by electrolysis, it was produced
by reducing its chloride (AlCl;) with an active metal.
What metals would you use to produce aluminum in
that way?

4.150 The recommended procedure for preparing a very
dilute solution is not to weigh out a very small mass
or measure a very small volume of a stock solution.
Instead, it is done by a series of dilutions. A sample
of 0.8214 g of KMnO, was dissolved in water and
made up to the volume in a 500-mL volumetric flask.
A 2.000-mL sample of this solution was transferred
to a 1000-mL volumetric flask and diluted to the mark
with water. Next, 10.00 mL of the diluted solution were
transferred to a 250-mL flask and diluted to the mark
with water. (a) Calculate the concentration (in molar-
ity) of the final solution. (b) Calculate the mass of
KMnO, needed to directly prepare the final solution.

4.151 The following “cycle of copper” experiment is per-
formed in some general chemistry laboratories. The
series of reactions starts with copper and ends with
metallic copper. The steps are as follows: (1) A piece
of copper wire of known mass is allowed to react with
concentrated nitric acid [the products are copper(Il)
nitrate, nitrogen dioxide, and water]. (2) The copper(II)
nitrate is treated with a sodium hydroxide solution to
form copper(Il) hydroxide precipitate. (3) On heating,
copper(Il) hydroxide decomposes to yield copper(Il)
oxide. (4) The copper(Il) oxide is reacted with con-
centrated sulfuric acid to yield copper(Il) sulfate.
(5) Copper(II) sulfate is treated with an excess of zinc
metal to form metallic copper. (6) The remaining zinc
metal is removed by treatment with hydrochloric acid,
and metallic copper is filtered, dried, and weighed.
(a) Write a balanced equation for each step and clas-
sify the reactions. (b) Assuming that a student started
with 65.6 g of copper, calculate the theoretical yield at
each step. (c) Considering the nature of the steps,
comment on why it is possible to recover most of the
copper used at the start.

4.152 A quantity of 25.0 mL of a solution containing both
Fe’* and Fe’" ions is titrated with 23.0 mL of 0.0200
M KMnOy (in dilute sulfuric acid). As a result, all of
the Fe>" ions are oxidized to Fe*" ions. Next, the solu-
tion is treated with Zn metal to convert all of the Fe**
ions to Fe?" ions. Finally, the solution containing only
the Fe’* ions requires 40.0 mL of the same KMnO,
solution for oxidation to Fe'". Calculate the molar

concentrations of Fe?* and Fe®* in the original solu-
tion. The net ionic equation is

MnO; + 5Fe’* + 8H® —
Mn** + 5Fe** + 4H,0

4.153 Use the periodic table framework shown to show the
names and positions of two metals that can (a) dis-
place hydrogen from cold water, (b) displace hydro-
gen from steam, and (c) displace hydrogen from acid.
Also show two metals that can react neither with wa-
ter nor acid.

4.154 Referring to the Chemistry in Action essay on page 158,
answer the following questions: (a) Identify the precipi-
tation, acid-base, and redox processes. (b) Instead of
calcium oxide, why don’t we simply add sodium hy-
droxide to seawater to precipitate magnesium hydrox-
ide? (c) Sometimes a mineral called dolomite (a mixture
of CaCO; and MgCQO;) is substituted for limestone to
bring about the precipitation of magnesium hydroxide.
What is the advantage of using dolomite?

4.155 A 22.02-mL solution containing 1.615 g Mg(NO3), is
mixed with a 28.64-mL solution containing 1.073 g
NaOH. Calculate the concentrations of the ions
remaining in solution after the reaction is complete.
Assume volumes are additive.

4.156 Chemical tests of four metals A, B, C, and D show the
following results.

(a) Only B and C react with 0.5 M HCl to give H, gas.

(b) When B is added to a solution containing the
ions of the other metals, metallic A, C, and D are
formed.

(¢) A reacts with 6 M HNOs but D does not.

Arrange the metals in the increasing order as reducing
agents. Suggest four metals that fit these descriptions.
4.157 Because acid-base and precipitation reactions dis-

cussed in this chapter all involve ionic species, their

progress can be monitored by measuring the electrical

conductance of the solution. Match the following re-

actions with the diagrams shown here. The electrical

conductance is shown in arbitrary units.

(1) A 1.0 M KOH solution is added to 1.0 L of 1.0 M
CH;COOH.

(2) A 1.0 M NaOH solution is added to 1.0 L of 1.0 M
HCL



(3) A 1.0 M BaCl, solution is added to 1.0 L of 1.0 M
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(5) A 1.0 M CH;COOH solution is added to 1.0 L of

K,SO,. 1.0 M NH,,
(4) A 1.0 M NaCl solution is added to 1.0 L of 1.0 M
AgNO;.
3 4
g
53
g 7
S2
I
E —
1.0 2.0 1.0 2.0 1.0 2.0 1.0 2.0
Volume (L) Volume (L) Volume (L) Volume (L)
(a) (b) (© (d)

Answers to Practice Exer .

4.1 (a) Insoluble, (b) insoluble, (c) soluble. 4.2 Al3+(aq) +
30H (aq) — Al(OH);(s). 4.3 (a) Brgnsted base,

(b) Brgnsted acid. 4.4 (a) P: +3,F: —1; (b) Mn: +7, O: —2.
4.5 (a) Hydrogen displacement reaction, (b) combination

reaction, (c) disproportionation reaction, (d) metal
displacement reaction. 4.6 0.452 M. 4.7 494 mL.

4.8 Dilute 34.2 mL of the stock solution to 200 mL.
4.992.02%. 4.10 0.3822 g. 4.11 10.1 mL. 4.12 204 mL.



CHEMICAL

Mystery

Who Killed Napoleon?

fter his defeat at Waterloo in 1815, Napoleon was exiled to St. Helena, a small island in

the Atlantic Ocean, where he spent the last six years of his life. In the 1960s, samples of
his hair were analyzed and found to contain a high level of arsenic, suggesting that he might
have been poisoned. The prime suspects are the governor of St. Helena, with whom Napoleon
did not get along, and the French royal family, who wanted to prevent his return to France.

Elemental arsenic is not that harmful. The commonly used poison is actually arsenic(III)
oxide, As,Os, a white compound that dissolves in water, is tasteless, and if administered over
a period of time, is hard to detect. It was once known as the “inheritance powder” because it
could be added to grandfather’s wine to hasten his demise so that his grandson could inherit
the estate!

In 1832 the English chemist James Marsh devised a procedure for detecting arsenic. This
test, which now bears Marsh’s name, combines hydrogen formed by the reaction between zinc
and sulfuric acid with a sample of the suspected poison. If As,O; is present, it reacts with
hydrogen to form a toxic gas, arsine (AsHs). When arsine gas is heated, it decomposes to form
arsenic, which is recognized by its metallic luster. The Marsh test is an effective deterrent to
murder by As,Os, but it was invented too late to do Napoleon any good, if, in fact, he was a
victim of deliberate arsenic poisoning.

Apparatus for Marsh’s test. Sulfuric
acid is added to zinc metal and a — H,S0,

solution containing arsenic(lll) oxide.

The hydrogen produced reacts with

As,0; to yield arsine (AsH3). On heating, O Hydrogen flame
arsine decomposes to elemental

arsenic, which has a metallic appearance,
and hydrogen gas.

-
!
<

/ﬂ

[ Shiny metallic ring

/ As,03 solution >
e Ei:.‘;\

Zinc granules
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Doubts about the conspiracy theory of Napoleon’s death developed in the early 1990s,
when a sample of the wallpaper from his drawing room was found to contain copper arsenate
(CuHAsO,), a green pigment that was commonly used at the time Napoleon lived. It has been
suggested that the damp climate on St. Helena promoted the growth of molds on the wallpaper.
To rid themselves of arsenic, the molds could have converted it to trimethyl arsine [(CH;3);As],
which is a volatile and highly poisonous compound. Prolonged exposure to these vapors would
have ruined Napoleon’s health and would also account for the presence of arsenic in his body,
though it may not have been the primary cause of his death. This provocative theory is sup-
ported by the fact that Napoleon’s regular guests suffered from gastrointestinal disturbances
and other symptoms of arsenic poisoning and that their health all seemed to improve whenever
they spent hours working outdoors in the garden, their main hobby on the island.

We will probably never know whether Napoleon died from arsenic poisoning, intentional
or accidental, but this exercise in historical sleuthing provides a fascinating example of the use
of chemical analysis. Not only is chemical analysis used in forensic science, but it also plays
an essential part in endeavors ranging from pure research to practical applications, such as
quality control of commercial products and medical diagnosis.

Chemical Clues

1. The arsenic in Napoleon’s hair was detected using a technique called neutron activation.
When As-75 is bombarded with high-energy neutrons, it is converted to the radioactive
As-76 isotope. The energy of the y rays emitted by the radioactive isotope is characteris-
tic of arsenic, and the intensity of the rays establishes how much arsenic is present in a
sample. With this technique, as little as 5 ng (5 X 107 g) of arsenic can be detected in
1 g of material. (a) Write symbols for the two isotopes of As, showing mass number and
atomic number. (b) Name two advantages of analyzing the arsenic content by neutron
activation instead of a chemical analysis.

2. Arsenic is not an essential element for the human body. (a) Based on its position in the
periodic table, suggest a reason for its toxicity. (b) In addition to hair, where else might
one look for the accumulation of the element if arsenic poisoning is suspected?

3. The Marsh test for arsenic involves the following steps: (a) The generation of hydrogen
gas when sulfuric acid is added to zinc. (b) The reaction of hydrogen with As(IIl) oxide
to produce arsine. (c) Conversion of arsine to arsenic by heating. Write equations repre-
senting these steps and identify the type of the reaction in each step.

A lock of Napoleon’s hair.
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A tornado is a violently rotating

g column of air extending from a
: i o thunderstorm to the ground.
e Nt The models show the major
- A constituents in a tornado: nitrogen,

oxygen, water, and carbon dioxide
molecules and an argon atom.
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A Look Ahead

e We begin by examining the substances that exist as gases and their general
properties. (5.1)

e We learn units for expressing gas pressure and the characteristics of atmo-
spheric pressure. (5.2)

e Next, we study the relationship among pressure, volume, temperature, and
amount of a gas in terms of various gas laws. We will see that these laws
can be summarized by the ideal gas equation, which can be used to calculate
the density or molar mass of a gas. (5.3 and 5.4)

e We will see that the ideal gas equation can be used to study the stoichiom-
etry involving gases. (5.5)

e We learn that the behavior of a mixture of gases can be understood by
Dalton’s law of partial pressures, which is an extension of the ideal gas
equation. (5.6)

e We will see how the kinetic molecular theory of gases, which is based on
the properties of individual molecules, can be used to describe macroscopic
properties such as the pressure and temperature of a gas. We learn that this
theory enables us to obtain an expression for the speed of molecules at a
given temperature, and understand phenomena such as gas diffusion and
effusion. (5.7)

e  Finally, we will study the correction for the nonideal behavior of gases using
the van der Waals equation. (5.8)

Under certain conditions of pressure and temperature, most substances can
exist in any one of three states of matter: solid, liquid, or gas. Water, for
example, can be solid ice, liquid water, steam, or water vapor. The physical
properties of a substance often depend on its state.

Gases, the subject of this chapter, are simpler than liquids and solids in many
ways. Molecular motion in gases is totally random, and the forces of attraction
between gas molecules are so small that each molecule moves freely and essen-
tially independently of other molecules. Subjected to changes in temperature and
pressure, it is easier to predict the behavior of gases. The laws that govern this
behavior have played an important role in the development of the atomic theory
of matter and the kinetic molecular theory of gases.
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Substances That Exist as Gases

We live at the bottom of an ocean of air whose composition by volume is roughly
78 percent N,, 21 percent O,, and 1 percent other gases, including CO,. Today, the
chemistry of this vital mixture of gases has become a source of great interest because of
the detrimental effects of environmental pollution. The chemistry of the atmosphere
and polluting gases is discussed in Chapter 17. Here we will focus generally on
the behavior of substances that exist as gases under normal atmospheric conditions,
which are defined as 25°C and 1 atmosphere (atm) pressure.

Figure 5.1 shows the elements that are gases under normal atmospheric condi-
tions. Note that hydrogen, nitrogen, oxygen, fluorine, and chlorine exist as gaseous
diatomic molecules: H,, N,, O,, F,, and Cl,. An allotrope of oxygen, ozone (O3), is
also a gas at room temperature. All the elements in Group 8A, the noble gases, are
monatomic gases: He, Ne, Ar, Kr, Xe, and Rn.

Tonic compounds do not exist as gases at 25°C and 1 atm, because cations and
anions in an ionic solid are held together by very strong electrostatic forces; that is,
forces between positive and negative charges. To overcome these attractions we must
apply a large amount of energy, which in practice means strongly heating the solid.
Under normal conditions, all we can do is melt the solid; for example, NaCl melts at
the rather high temperature of 801°C. In order to boil it, we would have to raise the
temperature to well above 1000°C.

The behavior of molecular compounds is more varied. Some—for example, CO,
CO,, HCI, NH;, and CH, (methane)—are gases, but the majority of molecular com-
pounds are liquids or solids at room temperature. However, on heating they are con-
verted to gases much more easily than ionic compounds. In other words, molecular
compounds usually boil at much lower temperatures than ionic compounds do. There
is no simple rule to help us determine whether a certain molecular compound is a gas
under normal atmospheric conditions. To make such a determination we need to
understand the nature and magnitude of the attractive forces among the molecules,
called intermolecular forces (discussed in Chapter 11). In general, the stronger these
attractions, the less likely a compound can exist as a gas at ordinary temperatures.
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Figure 5.1 Elements that exist as gases at 25°C and 1 atm. The noble gases (the Group 8A elements) are monatomic species; the
other elements exist as diatomic molecules. Ozone (O3) is also a gas.
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TABLE 5.1 Some Substances Found as Gases at 1 atm and 25°C

Elements Compounds

H, (molecular hydrogen) HF (hydrogen fluoride)
N, (molecular nitrogen) HCI (hydrogen chloride)
O, (molecular oxygen) HBr (hydrogen bromide)
05 (ozone) HI (hydrogen iodide)

F, (molecular fluorine) CO (carbon monoxide)
Cl, (molecular chlorine) CO, (carbon dioxide)
He (helium) NH; (ammonia)

Ne (neon) NO (nitric oxide)

Ar (argon) NO, (nitrogen dioxide)
Kr (krypton) N,O (nitrous oxide)

Xe (xenon) SO, (sulfur dioxide)

Rn (radon) H,S (hydrogen sulfide)

HCN (hydrogen cyanide)*

*The boiling point of HCN is 26°C, but it is close enough to qualify as a gas at ordinary atmospheric conditions.

Of the gases listed in Table 5.1, only O, is essential for our survival. Hydrogen
sulfide (H,S) and hydrogen cyanide (HCN) are deadly poisons. Several others, such
as CO, NO,, O3, and SO,, are somewhat less toxic. The gases He, Ne, and Ar are
chemically inert; that is, they do not react with any other substance. Most gases are
colorless. Exceptions are F,, Cl,, and NO,. The dark-brown color of NO, is sometimes
visible in polluted air. All gases have the following physical characteristics:

* Gases assume the volume and shape of their containers.
* QGases are the most compressible of the states of matter.
* Gases will mix evenly and completely when confined to the same container.

* Gases have much lower densities than liquids and solids.

Pressure of a Gas

Gases exert pressure on any surface with which they come in contact, because gas
molecules are constantly in motion. We humans have adapted so well physiologically
to the pressure of the air around us that we are usually unaware of it, perhaps as fish
are not conscious of the water’s pressure on them.

It is easy to demonstrate atmospheric pressure. One everyday example is the
ability to drink a liquid through a straw. Sucking air out of the straw reduces the
pressure inside the straw. The greater atmospheric pressure on the liquid pushes it up
into the straw to replace the air that has been sucked out.

SI Units of Pressure

Pressure is one of the most readily measurable properties of a gas. In order to under-
stand how we measure the pressure of a gas, it is helpful to know how the units of
measurement are derived. We begin with velocity and acceleration.

Velocity is defined as the change in distance with elapsed time; that is,

Jocit distance moved
velocity = —————
J elapsed time

A gas is a substance that is normally in the
gaseous state at ordinary temperatures
and pressures; a vapor is the gaseous form
of any substance that is a liquid or a solid
at normal temperatures and pressures.
Thus, at 25°C and 1 atm pressure, we
speak of water vapor and oxygen gas.

NO; gas.
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1 N is roughly equivalent to the force
exerted by Earth’s gravity on an apple.

P

Figure 5.2 A column of air
extending from sea level to the
upper atmosphere.

The SI unit for velocity is m/s, although we also use cm/s.
Acceleration is the change in velocity with time, or

change in velocity

acceleration = -
elapsed time

Acceleration is measured in m/s’ (or cm/s2).

The second law of motion, formulated by Sir Isaac Newton' in the late seven-
teenth century, defines another term, from which the units of pressure are derived,
namely, force. According to this law,

force = mass X acceleration
In this context, the SI unit of force is the newton (N), where
I N = 1kg m/s
Finally, we define pressure as force applied per unit area:

force

pressure =
arca

The SI unit of pressure is the pascal (Pa),* defined as one newton per square meter:

1 Pa = 1 N/m?

Atmospheric Pressure

The atoms and molecules of the gases in the atmosphere, like those of all other mat-
ter, are subject to Earth’s gravitational pull. As a consequence, the atmosphere is much
denser near the surface of Earth than at high altitudes. (The air outside the pressurized
cabin of an airplane at 9 km is too thin to breathe.) In fact, the density of air decreases
very rapidly with increasing distance from Earth. Measurements show that about
50 percent of the atmosphere lies within 6.4 km of Earth’s surface, 90 percent within
16 km, and 99 percent within 32 km. Not surprisingly, the denser the air is, the greater
the pressure it exerts. The force experienced by any area exposed to Earth’s atmo-
sphere is equal to the weight of the column of air above it. Atmospheric pressure is
the pressure exerted by Earth’s atmosphere (Figure 5.2). The actual value of atmo-
spheric pressure depends on location, temperature, and weather conditions.

Does atmospheric pressure act only downward, as you might infer from its defini-
tion? Imagine what would happen, then, if you were to hold a piece of paper tight (with
both hands) above your head. You might expect the paper to bend due to the pressure of
air acting on it, but this does not happen. The reason is that air, like water, is a fluid.
The pressure exerted on an object in a fluid comes from all directions—downward
and upward, as well as from the left and from the right. At the molecular level, air pres-
sure results from collisions between the air molecules and any surface with which they
come in contact. The magnitude of pressure depends on how often and how strongly the

"Sir Isaac Newton (1642—1726). English mathematician, physicist, and astronomer. Newton is regarded by
many as one of the two greatest physicists the world has known (the other is Albert Einstein). There was
hardly a branch of physics to which Newton did not make a significant contribution. His book Principia,
published in 1687, marks a milestone in the history of science.

“Blaise Pascal (1623—1662). French mathematician and physicist. Pascal’s work ranged widely in mathe-
matics and physics, but his specialty was in the area of hydrodynamics (the study of the motion of fluids).
He also invented a calculating machine.
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molecules impact the surface. It turns out that there are just as many molecules hitting
the paper from the top as there are from underneath, so the paper stays flat.

How is atmospheric pressure measured? The barometer is probably the most
familiar instrument for measuring atmospheric pressure. A simple barometer consists
of a long glass tube, closed at one end and filled with mercury. If the tube is carefully
inverted in a dish of mercury so that no air enters the tube, some mercury will flow
out of the tube into the dish, creating a vacuum at the top (Figure 5.3). The weight
of the mercury remaining in the tube is supported by atmospheric pressure acting on
the surface of the mercury in the dish. Standard atmospheric pressure (1 atm) is
equal to the pressure that supports a column of mercury exactly 760 mm (or 76 cm)
high at 0°C at sea level. In other words, the standard atmosphere equals a pressure
of 760 mmHg, where mmHg represents the pressure exerted by a column of mercury
1 mm high. The mmHg unit is also called the torr, after the Italian scientist Evangelista
Torricelli,” who invented the barometer. Thus,

I torr = 1 mmHg

and
1 atm = 760 mmHg (exactly)

The relation between atmospheres and pascals (see Appendix 2) is

1 atm = 101,325 Pa
1.01325 X 10° Pa

and because 1000 Pa = 1 kPa (kilopascal)
1 atm = 1.01325 X 10* kPa

Examples 5.1 and 5.2 show the conversion from mmHg to atm and kPa.

EXAMPLE 5.1

The pressure outside a jet plane flying at high altitude falls considerably below standard
atmospheric pressure. Therefore, the air inside the cabin must be pressurized to protect
the passengers. What is the pressure in atmospheres in the cabin if the barometer reading
is 688 mmHg?

Strategy Because 1 atm = 760 mmHg, the following conversion factor is needed to
obtain the pressure in atmospheres

1 atm
760 mmHg

Solution The pressure in the cabin is given by

688 mmHg X~
ressure = P
g €7 760 mmHg

= 0.905 atm

Practice Exercise Convert 749 mmHg to atmospheres.

"Evangelista Torricelli (1608—1674). Italian mathematician. Torricelli was supposedly the first person to
recognize the existence of atmospheric pressure.

76

Atmospheric
pressure

Figure 5.3 A barometer for

77

cm

measuring atmospheric pressure.

Above the mercury in the tube
a vacuum. (The space actually

is

contains a very small amount of

mercury vapor.) The column of
mercury is supported by the
atmospheric pressure.

Similar problem: 5.13.

TFARIS
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EXAMPLE 5.2

The atmospheric pressure in San Francisco on a certain day was 732 mmHg. What was
the pressure in kPa?

Strategy Here we are asked to convert mmHg to kPa. Because
1 atm = 1.01325 X 10° Pa = 760 mmHg
the conversion factor we need is

1.01325 X 10° Pa
760 mmHg

Solution The pressure in kPa is

1.01325 X 10° P
pressure = 732 mmHg X o 2 T e

760 mmHg
=9.76 X 10*Pa
Similar problem: 5.14. = 97.6 kPa
FARIS Practice Exercise Convert 295 mmHg to kilopascals.

A manometer is a device used to measure the pressure of gases other than the
atmosphere. The principle of operation of a manometer is similar to that of a barom-
eter. There are two types of manometers, shown in Figure 5.4. The closed-tube
manometer is normally used to measure pressures below atmospheric pressure [Fig-
ure 5.4(a)], whereas the open-tube manometer is better suited for measuring pressures
equal to or greater than atmospheric pressure [Figure 5.4(b)].

Nearly all barometers and many manometers use mercury as the working fluid,
despite the fact that it is a toxic substance with a harmful vapor. The reason is that
mercury has a very high density (13.6 g/mL) compared with most other liquids.
Because the height of the liquid in a column is inversely proportional to the liquid’s
density, this property enables the construction of manageably small barometers and
manometers.

Figure 5.4 Two types of

manometers used to measure

gas pressures. (a) Gas pressure \Vacuurn
is less than atmospheric

pressure. (b) Gas pressure 1
is greater than atmospheric Y 1
pressure.
h h
Gas Gas
Mercury
sz\s:Ph Pgas:Ph-"Palm

(@ (b)



5.3 The Gas Laws

Review of Concepts
Would it be easier to drink water with a straw on top or at the foot of Mt. Everest?

The Gas Laws

The gas laws we will study in this chapter are the product of countless experiments
on the physical properties of gases that were carried out over several centuries. Each
of these generalizations regarding the macroscopic behavior of gaseous substances
represents a milestone in the history of science. Together they have played a major
role in the development of many ideas in chemistry.

The Pressure-Volume Relationship: Boyle’s Law

In the seventeenth century, Robert Boyle' studied the behavior of gases systemati-
cally and quantitatively. In one series of studies, Boyle investigated the pressure-
volume relationship of a gas sample. Typical data collected by Boyle are shown in
Table 5.2. Note that as the pressure (P) is increased at constant temperature, the
volume (V) occupied by a given amount of gas decreases. Compare the first data
point with a pressure of 724 mmHg and a volume of 1.50 (in arbitrary unit) to the
last data point with a pressure of 2250 mmHg and a volume of 0.58. Clearly there
is an inverse relationship between pressure and volume of a gas at constant tem-
perature. As the pressure is increased, the volume occupied by the gas decreases.
Conversely, if the applied pressure is decreased, the volume the gas occupies
increases. This relationship is now known as Boyle’s law, which states that the
pressure of a fixed amount of gas at a constant temperature is inversely proportional
to the volume of the gas.

The apparatus used by Boyle in this experiment was very simple (Figure 5.5). In
Figure 5.5(a), the pressure exerted on the gas is equal to atmospheric pressure and
the volume of the gas is 100 mL. (Note that the tube is open at the top and is
therefore exposed to atmospheric pressure.) In Figure 5.5(b), more mercury has been
added to double the pressure on the gas, and the gas volume decreases to 50 mL.
Tripling the pressure on the gas decreases its volume to a third of the original value
[Figure 5.5(c)].

We can write a mathematical expression showing the inverse relationship between
pressure and volume:

|-

"Robert Boyle (1627-1691). British chemist and natural philosopher. Although Boyle is commonly associ-
ated with the gas law that bears his name, he made many other significant contributions in chemistry and
physics. Despite the fact that Boyle was often at odds with scientists of his generation, his book The
Skeptical Chymist (1661) influenced generations of chemists.

r“ + Animation
J The Gas Laws
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The pressure applied to a gas is equal to

the gas pressure.

TABLE 5.2 Typical Pressure-Volume Relationship Obtained by Boyle

P (mmHg) 724 869 951 998 1230
V (arbitrary units) 1.50 1.33 1.22 1.18 0.94

1893
0.61

PV 1.09 x 10°  1.16 x 10° 1.16 x 10° 118 x 10* 12 x10° 12 x 10°

2250
0.58
1.3 X 10°
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Figure 5.5 Apparatus for
studying the relationship between
pressure and volume of a gas.

(@) The levels of mercury are
equal and the pressure of the
gas is equal to the atmospheric
pressure (760 mmHg). The gas
volume is 100 mL. (b) Doubling
the pressure by adding more
mercury reduces the gas volume
to 50 mL. (c) Tripling the
pressure decreases the gas
volume to one-third of the original
value. The temperature and
amount of gas are kept constant.

Gas

1520 mmHg

33 mL
[«

|«——760 mmHg —>]

50 mL
—

100 mL

v - Hg

(a) (b) (©

where the symbol « means proportional to. We can change « to an equals sign and

write

1
P=kx (5.1a)

where k; is a constant called the proportionality constant. Equation (5.1a) is the math-
ematical expression of Boyle’s law. We can rearrange Equation (5.1a) and obtain

PV =k (5.1b)
This form of Boyle’s law says that the product of the pressure and volume of a gas
at constant temperature and amount of gas is a constant. The top diagram in Figure 5.6
is a schematic representation of Boyle’s law. The quantity n is the number of moles
of the gas and R is a constant to be defined in Section 5.4. We will see in Section
5.4 that the proportionality constant k; in Equations (5.1) is equal to nRT.

The concept of one quantity being proportional to another and the use of a pro-
portionality constant can be clarified through the following analogy. The daily income
of a movie theater depends on both the price of the tickets (in dollars per ticket) and
the number of tickets sold. Assuming that the theater charges one price for all tickets,

we write

income = (dollar/ticket) X number of tickets sold

Because the number of tickets sold varies from day to day, the income on a given
day is said to be proportional to the number of tickets sold:

income o number of tickets sold
= C X number of tickets sold

where C, the proportionality constant, is the price per ticket.
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Gases

Figure 5.7 Graphs showing
variation of the volume of a gas
with the pressure exerted on the
gas, at constant temperature.

(a) P versus V. Note that the
volume of the gas doubles as

the pressure is halved. (b) P versus
1/V. The slope of the line is equal
to k.

Capillary ~__
tubing
Mercury \f\
Gas \V
Low High
temperature  temperature

Figure 5.8 Variation of the
volume of a gas sample with
temperature, at constant
pressure. The pressure exerted
on the gas is the sum of the
atmospheric pressure and the
pressure due to the weight of
the mercury.

1
\4
(a) (b)

Figure 5.7 shows two conventional ways of expressing Boyle’s findings graphi-
cally. Figure 5.7(a) is a graph of the equation PV = k;; Figure 5.7(b) is a graph of
the equivalent equation P = k; X 1/V. Note that the latter is a linear equation of the
form y = mx + b, where b = 0 and m = k;.

Although the individual values of pressure and volume can vary greatly for a
given sample of gas, as long as the temperature is held constant and the amount of
the gas does not change, P times V is always equal to the same constant. Therefore,
for a given sample of gas under two different sets of conditions at constant tempera-
ture, we have

P1V1:k1:P2V2

or

PlVl = P2V2 (52)

where V| and V, are the volumes at pressures P; and P,, respectively.

The Temperature-Volume Relationship:
Charles’s and Gay-Lussac’s Law

Boyle’s law depends on the temperature of the system remaining constant. But sup-
pose the temperature changes: How does a change in temperature affect the volume
and pressure of a gas? Let us first look at the effect of temperature on the volume
of a gas. The earliest investigators of this relationship were French scientists, Jacques
Charles’ and Joseph Gay-Lussac.® Their studies showed that, at constant pressure,
the volume of a gas sample expands when heated and contracts when cooled (Fig-
ure 5.8). The quantitative relations involved in changes in gas temperature and vol-
ume turn out to be remarkably consistent. For example, we observe an interesting
phenomenon when we study the temperature-volume relationship at various pres-
sures. At any given pressure, the plot of volume versus temperature yields a straight
line. By extending the line to zero volume, we find the intercept on the temperature
axis to be —273.15°C. At any other pressure, we obtain a different straight line for
the volume-temperature plot, but we get the same zero-volume temperature intercept

Jacques Alexandre Cesar Charles (1746-1823). French physicist. He was a gifted lecturer, an inventor of
scientific apparatus, and the first person to use hydrogen to inflate balloons.

“Joseph Louis Gay-Lussac (1778-1850). French chemist and physicist. Like Charles, Gay-Lussac was a
balloon enthusiast. Once he ascended to an altitude of 20,000 ft to collect air samples for analysis.
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at —273.15°C (Figure 5.9). (In practice, we can measure the volume of a gas over
only a limited temperature range, because all gases condense at low temperatures to
form liquids.)

In 1848 Lord Kelvin' realized the significance of this phenomenon. He identified
—273.15°C as absolute zero, theoretically the lowest attainable temperature. Then he
set up an absolute temperature scale, now called the Kelvin temperature scale, with
absolute zero as the starting point. (see Section 1.7). On the Kelvin scale, one kelvin
(K) is equal in magnitude to one degree Celsius. The only difference between the
absolute temperature scale and the Celsius scale is that the zero position is shifted.
Important points on the two scales match up as follows:

Kelvin Scale Celsius Scale

Absolute zero 0K —273.15°C
Freezing point of water 273.15 K 0°C
Boiling point of water 373.15 K 100°C

The conversion between °C and K is given on p. 20. In most calculations we will
use 273 instead of 273.15 as the term relating K and °C. By convention, we use T
to denote absolute (kelvin) temperature and ¢ to indicate temperature on the Celsius
scale.

The dependence of the volume of a gas on temperature is given by

VoT

V=T

\%

— =k 53
or T 2 (5.3)

where k, is the proportionality constant. Equation (5.3) is known as Charles’s and
Gay-Lussac’s law, or simply Charles’s law, which states that the volume of a fixed
amount of gas maintained at constant pressure is directly proportional to the absolute
temperature of the gas. Charles’s law is also illustrated in Figure 5.6. We see that the
proportionality constant k, in Equation (5.3) is equal to nR/P.

"William Thomson, Lord Kelvin (1824—1907). Scottish mathematician and physicist. Kelvin did important
work in many branches of physics.
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Figure 5.9 Variation of the
volume of a gas sample with
temperature, at constant pressure.
Each line represents the variation
at a certain pressure. The
pressures increase from P; to P,
All gases ultimately condense
(become liquids) if they are cooled
to sufficiently low temperatures;
the solid portions of the lines
represent the temperature region
above the condensation point.
When these lines are extrapolated,
or extended (the dashed portions),
they all intersect at the point
representing zero volume and a
temperature of —273.15°C.

Under special experimental conditions,
scientists have succeeded in approaching
absolute zero to within a small fraction of
a kelvin.

Remember that temperature must be in
kelvins in gas law calculations.
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Avogadro’s name first appeared in
Section 3.2.

Just as we did for pressure-volume relationships at constant temperature, we can
compare two sets of volume-temperature conditions for a given sample of gas at
constant pressure. From Equation (5.3) we can write

1% %
Vi -
T, T,

or hw_wv (5.4)
n T,

where V; and V, are the volumes of the gas at temperatures 77 and 7, (both in kelvins),
respectively.

Another form of Charles’s law shows that at constant amount of gas and volume,
the pressure of a gas is proportional to temperature

PoT

P =T

P k (5.5
or — = .

T 3

From Figure 5.6 we see that k3 = nR/V. Starting with Equation (5.5), we have

P P
gy = 2
T, T,
or P _ P (5.6)
T, T»

where P; and P, are the pressures of the gas at temperatures 77 and 75, respectively.

The Volume-Amount Relationship: Avogadro’s Law

The work of the Italian scientist Amedeo Avogadro complemented the studies of Boyle,
Charles, and Gay-Lussac. In 1811 he published a hypothesis stating that at the same
temperature and pressure, equal volumes of different gases contain the same number
of molecules (or atoms if the gas is monatomic). It follows that the volume of any
given gas must be proportional to the number of moles of molecules present; that is,

Von
V =k 5.7)

where n represents the number of moles and k, is the proportionality constant. Equa-
tion (5.7) is the mathematical expression of Avogadro’s law, which states that ar
constant pressure and temperature, the volume of a gas is directly proportional to the
number of moles of the gas present. From Figure 5.6 we see that k, = RT/P.

According to Avogadro’s law we see that when two gases react with each other,
their reacting volumes have a simple ratio to each other. If the product is a gas, its
volume is related to the volume of the reactants by a simple ratio (a fact demonstrated
earlier by Gay-Lussac). For example, consider the synthesis of ammonia from molec-
ular hydrogen and molecular nitrogen:

3Hy(g) + Na(g) — 2NHs(g)

3 mol 1 mol 2 mol
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e @ ¥@
3Hy(9) + Ny(g) — 2NH;(g)
3 molecules + 1 molecule E— 2 molecules
3 moles + 1 mole E— 2 moles
3 volumes + 1 volume E— 2 volumes

Because, at the same temperature and pressure, the volumes of gases are directly
proportional to the number of moles of the gases present, we can now write

3Hy(g) + Na(g) — 2NHs(g)

3 volumes 1 volume 2 volumes

The volume ratio of molecular hydrogen to molecular nitrogen is 3:1, and that of

ammonia (the product) to the sum of the volumes of molecular hydrogen and molec-
ular nitrogen (the reactants) is 2:4 or 1:2 (Figure 5.10).
Worked examples illustrating the gas laws are presented in Section 5.4.

The Ideal Gas Equation

Let us summarize the gas laws we have discussed so far:

1
Boyle’s law: V « P (at constant n and T')

Charles’s law: V o T
Avogadro’s law: V « n

(at constant n and P)
(at constant P and T')

We can combine all three expressions to form a single master equation for the behav-
ior of gases:

nT
Vo —
P
nT
V=R—
P
or
PV = nRT (5.8)

where R, the proportionality constant, is called the gas constant. Equation (5.8), which
is called the ideal gas equation, describes the relationship among the four variables
PV, T, and n. An ideal gas is a hypothetical gas whose pressure-volume-temperature
behavior can be completely accounted for by the ideal gas equation. The molecules
of an ideal gas do not attract or repel one another, and their volume is negligible
compared with the volume of the container. Although there is no such thing in nature
as an ideal gas, the ideal gas approximation works rather well for most reasonable
temperature and pressure ranges. Thus, we can safely use the ideal gas equation to
solve many gas problems.
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Figure 5.10 Volume relationship
of gases in a chemical reaction.
The ratio of the volumes of
molecular hydrogen to molecular
nitrogen is 3:1, and that of
ammonia (the product) to
molecular hydrogen and
molecular nitrogen combined

(the reactants) is 2:4, or 1:2.

Keep in mind that the ideal gas equation,
unlike the gas laws discussed in Section
5.3, applies to systems that do not
undergo changes in pressure, volume,
temperature, and amount of a gas.
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Figure 5.11 A comparison of
the molar volume at STP (which
is approximately 22.4 L) with a
basketball.

The gas constant can be expressed in
different units (see Appendix 2).

¢
C

SFq

Before we can apply the ideal gas equation to a real system, we must evaluate
the gas constant R. At 0°C (273.15 K) and 1 atm pressure, many real gases behave
like an ideal gas. Experiments show that under these conditions, 1 mole of an ideal
gas occupies 22.414 L, which is somewhat greater than the volume of a basketball,
as shown in Figure 5.11. The conditions 0°C and 1 atm are called standard tempera-
ture and pressure, often abbreviated STP. From Equation (5.8) we can write

_rv
nT
_ (1 atm)(22.414 L)

~ (1 mol)(273.15K)

— 0.082057 =AM
’ K - mol

= 0.082057 L - atm/K - mol

R

The dots between L and atm and between K and mol remind us that both L and atm
are in the numerator and both K and mol are in the denominator. For most calculations,
we will round off the value of R to three significant figures (0.0821 L -atm/K - mol)
and use 22.41 L for the molar volume of a gas at STP.

Example 5.3 shows that if we know the quantity, volume, and temperature of a
gas, we can calculate its pressure using the ideal gas equation. Unless otherwise stated,
we assume that the temperatures given in °C in calculations are exact so that they do
not affect the number of significant figures.

EXAMPLE 5.3

Sulfur hexafluoride (SFy) is a colorless, odorless, very unreactive gas. Calculate the
pressure (in atm) exerted by 1.82 moles of the gas in a steel vessel of volume 5.43 L
at 69.5°C.

Strategy The problem gives the amount of the gas and its volume and temperature. Is
the gas undergoing a change in any of its properties? What equation should we use to
solve for the pressure? What temperature unit should we use?

(Continued)
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Solution Because no changes in gas properties occur, we can use the ideal gas
equation to calculate the pressure. Rearranging Equation (5.8), we write

nRT
p="r
1%
_ (1.82mol)(0.0821 L - atm/K - mol)(69.5 + 273) K
a 543L
= 942 atm Similar problem: 5.32.
Practice Exercise Calculate the volume (in liters) occupied by 2.12 moles of nitric TFARIS

oxide (NO) at 6.54 atm and 76°C.

By using the fact that the molar volume of a gas occupies 22.41 L at STP, we
can calculate the volume of a gas at STP without using the ideal gas equation.

EXAMPLE 5.4 ._
Calculate the volume (in liters) occupied by 7.40 g of NH; at STP. L ‘

Strategy What is the volume of one mole of an ideal gas at STP? How many moles
are there in 7.40 g of NH;?

Solution Recognizing that 1 mole of an ideal gas occupies 22.41 L at STP and using

. . NH
the molar mass of NH; (17.03 g), we write the sequence of conversions as ’

grams of NH; ——> moles of NH; —— liters of NH; at STP

so the volume of NH; is given by

V= 740 o LmobNHy - 2241L
A0 g T 17.03 g NH; ~ 1 mobNH;

=974L

It is often true in chemistry, particularly in gas-law calculations, that a problem
can be solved in more than one way. Here the problem can also be solved by first
converting 7.40 g of NH; to number of moles of NH;, and then applying the ideal gas
equation (V = nRT/P). Try it.

Check Because 7.40 g of NHj; is smaller than its molar mass, its volume at STP
should be smaller than 22.41 L. Therefore, the answer is reasonable. Similar problem: 5.40.

Practice Exercise What is the volume (in liters) occupied by 49.8 g of HCI at STP? TFARIS

Review of Concepts

Assuming ideal behavior, which of the following gases will have the greatest
volume at STP? (a) 0.82 mole of He. (b) 24 g of N,. (¢) 5.0 X 10* molecules
of Cl,.
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The subscripts 1 and 2 denote the initial
and final states of the gas, respectively.

A scientific research helium balloon.

The ideal gas equation is useful for problems that do not involve changes in P,
V, T, and n for a gas sample. Thus, if we know any three of the variables we can
calculate the fourth one using the equation. At times, however, we need to deal with
changes in pressure, volume, and temperature, or even in the amount of gas. When
conditions change, we must employ a modified form of the ideal gas equation that
takes into account the initial and final conditions. We derive the modified equation as
follows. From Equation (5.8),

PVy PV,
R = (before change) and R = (after change)
m T, T,
Therefore,
PV P,V.
1V1 _ oV, (5.9)
n]Tl n2T2

It is interesting to note that all the gas laws discussed in Section 5.3 can be derived
from Equation (5.9). If n; = n,, as is usually the case because the amount of gas
normally does not change, the equation then becomes

PV _ Py, 510
T, T ‘

Applications of Equation (5.9) are shown in Examples 5.5, 5.6, and 5.7.

EXAMPLE 5.5

An inflated helium balloon with a volume of 0.55 L at sea level (1.0 atm) is allowed
to rise to a height of 6.5 km, where the pressure is about 0.40 atm. Assuming that the
temperature remains constant, what is the final volume of the balloon?

Strategy The amount of gas inside the balloon and its temperature remain constant,
but both the pressure and the volume change. What gas law do you need?

Solution We start with Equation (5.9)

PV PV,

T Ty
Because n; = ny and 7|, = T,

PV, =PV,

which is Boyle’s law [see Equation (5.2)]. The given information is tabulated:

Initial Conditions Final Conditions

P, = 1.0 atm P, = 0.40 atm
Vi=055L V,=7?
Therefore,
V= v x oL
2 1 P,
1.0 atm
=055L X ———
0-35L 0.40 atm
=14L

(Continued)
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Check When pressure applied on the balloon is reduced (at constant temperature), the
helium gas expands and the balloon’s volume increases. The final volume is greater
than the initial volume, so the answer is reasonable. Similar problem: 5.19.

Practice Exercise A sample of chlorine gas occupies a volume of 946 mL at a ARIS
pressure of 726 mmHg. Calculate the pressure of the gas (in mmHg) if the volume is
reduced at constant temperature to 154 mL.

EXAMPLE 5.6

Argon is an inert gas used in lightbulbs to retard the vaporization of the tungsten filament.
A certain lightbulb containing argon at 1.20 atm and 18°C is heated to 85°C at constant
volume. Calculate its final pressure (in atm).

Strategy The temperature and pressure of argon change but the amount and volume of
gas remain the same. What equation would you use to solve for the final pressure?
What temperature unit should you use?

Solution Because n; = n, and V; = V,, Equation (5.9) becomes

P _ P
T, T, Electric lightbulbs are usually filled with
argon.
which is Charles’s law [see Equation (5.6)]. Next we write
Initial Conditions Final Conditions
P, = 1.20 atm P, =7 Remember to convert °C to K when solving
T, = (18 +273) K =291K T, = (85 + 273) K = 358K gas-law problems.
The final pressure is given by
2
P2 = Pl X — One practical consequence of this
Tl relationship is that automobile tire
358 K pressures should be checked only when
= 1.20 atm X the tires are at normal temperatures.
291K After a long drive (especially in the
= 1.48 atm summer), tires become quite hot, and

the air pressure inside them rises.

Check At constant volume, the pressure of a given amount of gas is directly proportional
to its absolute temperature. Therefore the increase in pressure is reasonable. Similar problem: 5.36.

Practice Exercise A sample of oxygen gas initially at 0.97 atm is cooled from 21°C ARIS
to —68°C at constant volume. What is its final pressure (in atm)?

EXAMPLE 5.7

A small bubble rises from the bottom of a lake, where the temperature and pressure are
8°C and 6.4 atm, to the water’s surface, where the temperature is 25°C and the pressure
is 1.0 atm. Calculate the final volume (in mL) of the bubble if its initial volume was
2.1 mL.

(Continued)
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Strategy In solving this kind of problem, where a lot of information is given, it is
sometimes helpful to make a sketch of the situation, as shown here:

—TM?ﬁWL. Final_
'P' =4 'l,(v aﬂq Pz =[.0 alin
V,:ZINL Vz';? Gy = iy
t,= 8 f2 = 25°C
What temperature unit should be used in the calculation?
Solution According to Equation (5.9)

PV, PV,

m Ty T,

We assume that the amount of air in the bubble remains constant, that is, n; = n, so that

PV, _ RV,

T, T,

which is Equation (5.10). The given information is summarized:

Initial Conditions Final Conditions
We can use any appropriate units for P, = 6.4 atm P, = 1.0 atm
volume (or pressure) as long as we use Vl =2.1mL V2 - 9

the same units on both sides of the

T, =8 +273) K=281K T, = (25 +273) K=298K

equation.
Rearranging Equation (5.10) gives
P] T2
V=V, X — X —
6.4atm _ 298 K
=2.1mL X X ——
l.0atm 281K
= 14 mL
Check We see that the final volume involves multiplying the initial volume by a ratio
of pressures (P;/P,) and a ratio of temperatures (7,/T)). Recall that volume is inversely
proportional to pressure, and volume is directly proportional to temperature. Because the
pressure decreases and temperature increases as the bubble rises, we expect the bubble’s
volume to increase. In fact, here the change in pressure plays a greater role in the
Similar problem: 5.35. volume change.

{FARIS Practice Exercise A gas initially at 4.0 L, 1.2 atm, and 66°C undergoes a change so
that its final volume and temperature are 1.7 L and 42°C. What is its final pressure?
Assume the number of moles remains unchanged.

Density Calculations

If we rearrange the ideal gas equation, we can calculate the density of a gas:

P

n
V. RT
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The number of moles of the gas, n, is given by

=3

where m is the mass of the gas in grams and J is its molar mass. Therefore
mo_ P
MV RT

Because density, d, is mass per unit volume, we can write

P
= (5.11)

<|3

Unlike molecules in condensed matter (that is, in liquids and solids), gaseous mole-
cules are separated by distances that are large compared with their size. Consequently,
the density of gases is very low under atmospheric conditions. For this reason, gas
densities are usually expressed in grams per liter (g/L) rather than grams per milli-
liter (g/mL), as Example 5.8 shows.

EXAMPLE 5.8 m

Calculate the density of carbon dioxide (CO,) in grams per liter (g/L) at 0.990 atm and
55°C. CO,

Strategy We need Equation (5.11) to calculate gas density. Is sufficient information
provided in the problem? What temperature unit should be used?

Solution To use Equation (5.11), we convert temperature to kelvins (7 = 273 + 55 =
328 K) and use 44.01 g for the molar mass of CO,:

_PM

" RT

_ (0.990 atm)(44.01 g/mol)

~ (0.0821 L - atm/K - mol) (328 K)

d

= 1.62¢/L

Alternatively, we can solve for the density by writing

mass

density = volume

Assuming that we have 1 mole of CO,, the mass is 44.01 g. The volume of the gas can Being an intensive property, density is

be obtained from the ideal gas equation independent of the amount of substance.
Therefore, we can use any convenient

amount to help us solve the problem.

(1 mol)(0.0821 L - atm/K - mol) (328 K)
B 0.990 atm

=272L
Therefore, the density of CO, is given by

4401g
-~ 272L

= 1.62¢g/L

(Continued)
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Similar problem: 5.48.

{CARIS

Figure 5.12 An apparatus for
measuring the density of a gas.

A bulb of known volume is filled
with the gas under study at a
certain temperature and pressure.
First the bulb is weighed, and
then it is emptied (evacuated) and
weighed again. The difference in
masses gives the mass of the
gas. Knowing the volume of the
bulb, we can calculate the density
of the gas. Under atmospheric
conditions, 100 mL of air weigh
about 0.12 g, an easily measured
quantity.

Note that we can determine the molar
mass of a gaseous compound by this
procedure without knowing its chemical
formula.

Comment In units of grams per milliliter, the gas density is 1.62 X 10° g/mL, which
is a very small number. In comparison, the density of water is 1.0 g/mL and that of
gold is 19.3 g/em’.

Practice Exercise What is the density (in g/L) of uranium hexafluoride (UFy) at
779 mmHg and 62°C?

The Molar Mass of a Gaseous Substance

From what we have seen so far, you may have the impression that the molar mass of
a substance is found by examining its formula and summing the molar masses of its
component atoms. However, this procedure works only if the actual formula of the
substance is known. In practice, chemists often deal with substances of unknown or
only partially defined composition. If the unknown substance is gaseous, its molar
mass can nevertheless be found thanks to the ideal gas equation. All that is needed is
an experimentally determined density value (or mass and volume data) for the gas at
a known temperature and pressure. By rearranging Equation (5.11) we get

M=— (5.12)

In a typical experiment, a bulb of known volume is filled with the gaseous sub-
stance under study. The temperature and pressure of the gas sample are recorded, and
the total mass of the bulb plus gas sample is determined (Figure 5.12). The bulb is
then evacuated (emptied) and weighed again. The difference in mass is the mass of
the gas. The density of the gas is equal to its mass divided by the volume of the bulb.
Once we know the density of a gas, we can calculate the molar mass of the substance
using Equation (5.12). Of course, a mass spectrometer would be the ideal instrument
to determine the molar mass, but not every chemist can afford one.

Example 5.9 shows the density method for molar mass determination.

EXAMPLE 5.9

A chemist has synthesized a greenish-yellow gaseous compound of chlorine and oxygen
and finds that its density is 7.71 g/L at 36°C and 2.88 atm. Calculate the molar mass of
the compound and determine its molecular formula.

Strategy Because Equations (5.11) and (5.12) are rearrangements of each other, we
can calculate the molar mass of a gas if we know its density, temperature, and pressure.
The molecular formula of the compound must be consistent with its molar mass. What
temperature unit should we use?

Solution From Equation (5.12)

dRT
M==
P
_ (7.71 g/L)(0.0821 L - atm/K - mol) (36 + 273) K
B 2.88 atm
= 67.9 g/mol

(Continued)
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Alternatively, we can solve for the molar mass by writing

mass of compound

molar mass of compound =
moles of compound

From the given density we know there are 7.71 g of the gas in 1 L. The number of
moles of the gas in this volume can be obtained from the ideal gas equation

PV
= =2

RT
(2.88 atm)(1.00 L)

~ (0.0821 L - atm/K - mol)(309 K)
= 0.1135 mol

Therefore, the molar mass is given by

_ mass _ 171g
number of moles  0.1135 mol

= 67.9 g/mol

We can determine the molecular formula of the compound by trial and error, using only
the knowledge of the molar masses of chlorine (35.45 g) and oxygen (16.00 g). We know
that a compound containing one CI atom and one O atom would have a molar mass of Clo,
51.45 g, which is too low, while the molar mass of a compound made up of two Cl atoms
and one O atom is 86.90 g, which is too high. Thus, the compound must contain one Cl
atom and two O atoms and have the formula ClO,, which has a molar mass of 67.45 g. Similar problems: 5.43, 5.47.

Practice Exercise The density of a gaseous organic compound is 3.38 g/L at 40°C CARIS
and 1.97 atm. What is its molar mass?

Because Equation (5.12) is derived from the ideal gas equation, we can also
calculate the molar mass of a gaseous substance using the ideal gas equation, as shown
in Example 5.10.

EXAMPLE 5.10 ’ .

Chemical analysis of a gaseous compound showed that it contained 33.0 percent silicon

(Si) and 67.0 percent fluorine (F) by mass. At 35°C, 0.210 L of the compound exerted a .

pressure of 1.70 atm. If the mass of 0.210 L of the compound was 2.38 g, calculate the

molecular formula of the compound.

Strategy This problem can be divided into two parts. First, it asks for the empirical . .
formula of the compound from the percent by mass of Si and F. Second, the information

provided enables us to calculate the molar mass of the compound and hence determine
its molecular formula. What is the relationship between empirical molar mass and molar
mass calculated from the molecular formula?

Si,F,

Solution We follow the procedure in Example 3.9 (p. 90) to calculate the empirical
formula by assuming that we have 100 g of the compound, so the percentages are
converted to grams. The number of moles of Si and F are given by

1 mol Si

= 33.0 881 X —2"0 _ 1 17 mol Si
Isi &8 X 5 09 g5t fmomst
1 mol F
= 67.08F X ———>" = 353 mol F
ng 0gF 19.00 3.53 mo

(Continued)
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Similar problem: 5.49.

LCARIS

The key to solving stoichiometry problems
is mole ratio, regardless of the physical
state of the reactants and products.

The reaction of calcium carbide (CaC,) with
water produces acetylene (C,H,), a
flammable gas.

Similar problem: 5.26.

Therefore, the empirical formula is Si; ;7F; 53, or, dividing by the smaller subscript
(1.17), we obtain SiFs.

To calculate the molar mass of the compound, we need first to calculate the
number of moles contained in 2.38 g of the compound. From the ideal gas equation

PV
==L

RT
(1.70 atm) (0.210 L)

= = 0.0141 mol
(0.0821 L - atm/K - mol) (308 K) e

Because there are 2.38 g in 0.0141 mole of the compound, the mass in 1 mole, or the
molar mass, is given by

238¢g

- 1
0.0141 mol _ 100 &/me

The molar mass of the empirical formula SiF; is 85.09 g. Recall that the ratio
(molar mass/empirical molar mass) is always an integer (169/85.09 = 2). Therefore, the
molecular formula of the compound must be (SiF;), or Si,Fg .

Practice Exercise A gaseous compound is 78.14 percent boron and 21.86 percent
hydrogen. At 27°C, 74.3 mL of the gas exerted a pressure of 1.12 atm. If the mass of
the gas was 0.0934 g, what is its molecular formula?

Gas Stoichiometry

In Chapter 3 we used relationships between amounts (in moles) and masses (in grams)
of reactants and products to solve stoichiometry problems. When the reactants and/or
products are gases, we can also use the relationships between amounts (moles, n) and
volume (V) to solve such problems (Figure 5.13). Examples 5.11, 5.12, and 5.13 show
how the gas laws are used in these calculations.

EXAMPLE 5.11

Calculate the volume of O, (in liters) required for the complete combustion of 7.64 L of
acetylene (C,H,) measured at the same temperature and pressure.

2C,H,(g) + 50,(g) — 4CO,(g) + 2H,0())

Strategy Note that the temperature and pressure of O, and C,H, are the same. Which
gas law do we need to relate the volume of the gases to the moles of gases?

Solution According to Avogadro’s law, at the same temperature and pressure, the
number of moles of gases are directly related to their volumes. From the equation, we
have 5 mol O, = 2 mol C,H,; therefore, we can also write 5 L O, = 2 L C,H,. The
volume of O, that will react with 7.64 L C,H, is given by

S5LO,

1 fO,=764LCH, X ————
volume o h 918 03 ZL,%HE

19.1L

(Continued)
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Figure 5.13 Stoichiometric

Amount of Amount of calculations involving gases.
reactant (grams ———> ] — LS —> product (grams
reactant product
or volume) or volume)
Practice Exercise Assuming no change in temperature and pressure, calculate the CARIS

volume of O, (in liters) required for the complete combustion of 14.9 L of butane (C4H):

2C4H o(g) + 130,(g) — 8CO,(g) + 10H,O(!)

EXAMPLE 5.12

Sodium azide (NaN3) is used in some automobile air bags. The impact of a collision
triggers the decomposition of NaNj as follows:

2NaN;(s) —> 2Na(s) + 3N,(g)

The nitrogen gas produced quickly inflates the bag between the driver and the windshield
and dashboard. Calculate the volume of N, generated at 80°C and 823 mmHg by the
decomposition of 60.0 g of NaNj.

Strategy From the balanced equation we see that 2 mol NaN; = 3 mol N, so the
conversion factor between NaN; and N, is

3 mol N,

L An air bag can protect the driver in an
2 mol NaNj automobile collision.

Because the mass of NaNj is given, we can calculate the number of moles of NaN; and
hence the number of moles of N, produced. Finally, we can calculate the volume of N,
using the ideal gas equation.

Solution First we calculate number of moles of N, produced by 60.0 g NaN; using
the following sequence of conversions

grams of NaN; ——> moles of NaN; ——> moles of N,
so that

1 molNaN3 % 3 mol N,
65.02 g NaN3 2 molNalN3

moles of N,

60.0 g NaN3 X
1.38 mol N,

The volume of 1.38 moles of N, can be obtained by using the ideal gas equation:

nRT _ (1.38 mol)(0.0821 L - atm/K - mol) (80 + 273 K)
P (823/760) atm
= 369L Similar problem: 5.60.

W=

Practice Exercise The equation for the metabolic breakdown of glucose (C¢H;,04) is TCARIS
the same as the equation for the combustion of glucose in air:

CeH,04(s) + 60,(g) —> 6CO,(g) + 6H,0(/)

Calculate the volume of CO, produced at 37°C and 1.00 atm when 5.60 g of glucose is
used up in the reaction.
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. . .
3 Bl =xavpLE 5.13

Aqueous lithium hydroxide solution is used to purify air in spacecrafts and submarines
because it absorbs carbon dioxide, which is an end product of metabolism, according to
the equation

by

2LiOH(aq) + CO,(g) — Li,COs(ag) + H,0())

The pressure of carbon dioxide inside the cabin of a submarine having a volume of
The air in submerged submarines and 24X 10°Lis 7.9 X 107 atm at 312 K. A solution of lithium hydroxide (LiOH) of
space vehicles needs to be purified negligible volume is introduced into the cabin. Eventually the pressure of CO, falls to
continuously. —4 o1 .

1.2 X 10 " atm. How many grams of lithium carbonate are formed by this process?

Strategy How do we calculate the number of moles of CO, reacted from the drop in
CO, pressure? From the ideal gas equation we write

n=P><(l)
RT

At constant T and V, the change in pressure of CO,, AP, corresponds to the change in
the number of moles of CO,, An. Thus,

An = AP X <l)
RT

What is the conversion factor between CO, and Li,CO3?
Solution The drop in CO, pressure is (7.9 X 10~ atm) — (1.2 X 10~* atm) or

7.8 X 10~° atm. Therefore, the number of moles of CO, reacted is given by

24X 10°L
(0.0821 L - atm/K - mol) (312 K)

An =78 X 1073 atm X
= 73 mol
From the chemical equation we see that 1 mol CO, = 1 mol Li,CO3, so the amount of

Li,CO; formed is also 73 moles. Then, with the molar mass of Li,CO; (73.89 g), we
calculate its mass:

73.89 g Li,CO4
1 molH=C05
Similar problem: 5.96 =54 x 10° g Li,CO3

mass of Li,CO; formed = 73 mol-=i€05 X

CARIS Practice Exercise A 2.14-L sample of hydrogen chloride (HCI) gas at 2.61 atm and
28°C is completely dissolved in 668 mL of water to form hydrochloric acid solution.
Calculate the molarity of the acid solution. Assume no change in volume.

Dalton’s Law of Partial Pressures

Thus far we have concentrated on the behavior of pure gaseous substances, but exper-
imental studies very often involve mixtures of gases. For example, for a study of air
pollution, we may be interested in the pressure-volume-temperature relationship of a
sample of air, which contains several gases. In this case, and all cases involving mix-
tures of gases, the total gas pressure is related to partial pressures, that is, the pres-
sures of individual gas components in the mixture. In 1801 Dalton formulated a law,
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Volume and temperature are constant

Combining

the gases

« @€ o
@ ® ® @

P, Py

Figure 5.14 Schematic illustration of Dalton’s law of partial pressures.

now known as Dalton’s law of partial pressures, which states that the total pressure
of a mixture of gases is just the sum of the pressures that each gas would exert if it
were present alone. Figure 5.14 illustrates Dalton’s law.

Consider a case in which two gases, A and B, are in a container of volume V.
The pressure exerted by gas A, according to the ideal gas equation, is

nART
\%

A =

where 7, is the number of moles of A present. Similarly, the pressure exerted by gas
B is

nBR T
\%4

B =

In a mixture of gases A and B, the total pressure Pr is the result of the collisions of
both types of molecules, A and B, with the walls of the container. Thus, according to
Dalton’s law,

Pr =P, + Py
naRT  ngRT
Vv - Vv
_RT
v
nRT
Vv

(na + np)

where n, the total number of moles of gases present, is given by n = n, + ng, and
P, and Py are the partial pressures of gases A and B, respectively. For a mixture of
gases, then, Py depends only on the total number of moles of gas present, not on the
nature of the gas molecules.

197
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For gas mixtures, the sum of partial
pressures must equal the total pressure
and the sum of mole fractions must equal 1.

In general, the total pressure of a mixture of gases is given by
PT:P1+P2+P3+"'

where P, P,, P3, . . . are the partial pressures of components 1, 2, 3, . . .. To see
how each partial pressure is related to the total pressure, consider again the case of a
mixture of two gases A and B. Dividing P, by Pr, we obtain

Py nART/V
Py (np + ng)RT/V
__ "
- np + ng
= XA

where X, is called the mole fraction of A. The mole fraction is a dimensionless
quantity that expresses the ratio of the number of moles of one component to the
number of moles of all components present. In general, the mole fraction of compo-
nent 7 in a mixture is given by

X, = — (5.13)

where n; and np are the number of moles of component i and the total number of
moles present, respectively. The mole fraction is always smaller than 1. We can now
express the partial pressure of A as

Py = X\Pr
Similarly,
P B — XBP T

Note that the sum of the mole fractions for a mixture of gases must be unity. If only
two components are present, then

na ng
XA+XB: + :1
na + ng nh + ng

If a system contains more than two gases, then the partial pressure of the ith compo-
nent is related to the total pressure by

Pi = XiPT (514)

How are partial pressures determined? A manometer can measure only the total
pressure of a gaseous mixture. To obtain the partial pressures, we need to know the
mole fractions of the components, which would involve elaborate chemical analyses.
The most direct method of measuring partial pressures is using a mass spectrometer.
The relative intensities of the peaks in a mass spectrum are directly proportional to
the amounts, and hence to the mole fractions, of the gases present.

From mole fractions and total pressure, we can calculate the partial pressures
of individual components, as Example 5.14 shows. A direct application of Dalton’s
law of partial pressures to scuba diving is discussed in the Chemistry in Action
essay on p. 202.
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EXAMPLE 5.14

A mixture of gases contains 4.46 moles of neon (Ne), 0.74 mole of argon (Ar), and
2.15 moles of xenon (Xe). Calculate the partial pressures of the gases if the total
pressure is 2.00 atm at a certain temperature.

Strategy What is the relationship between the partial pressure of a gas and the total
gas pressure? How do we calculate the mole fraction of a gas?

Solution According to Equation (5.14), the partial pressure of Ne (Py.) is equal to the
product of its mole fraction (Xy.) and the total pressure (Pr)

need to find
v
Pye = XnePr
want to calculate given

Using Equation (5.13), we calculate the mole fraction of Ne as follows:

Yo = 7INe _ 4.46 mol
N e + fiar + xe 446 mol + 0.74 mol + 2.15 mol
= 0.607
Therefore,
Pxe = XnePr
= 0.607 X 2.00 atm
= 1.21 atm
Similarly,
PAr = XArPT
= 0.10 X 2.00 atm
= 0.20 atm
and Pxe = XxPr
= (0.293 X 2.00 atm
= (0.586 atm

Check Make sure that the sum of the partial pressures is equal to the given total

pressure; that is, (1.21 + 0.20 + 0.586) atm = 2.00 atm. Similar problem: 5.63.

Practice Exercise A sample of natural gas contains 8.24 moles of methane (CH,), TCARIS
0.421 mole of ethane (C,Hg), and 0.116 mole of propane (C3;Hg). If the total pressure of
the gases is 1.37 atm, what are the partial pressures of the gases?

Dalton’s law of partial pressures is useful for calculating volumes of gases col- = 4 Animation
Collecting a Gas over Water

lected over water. For example, when potassium chlorate (KCIOs) is heated, it
decomposes to KCI and O,:

2KClO5(s) — 2KClI(s) + 30,(g)

199

The oxygen gas can be collected over water, as shown in Figure 5.15. Initially, the  when collecting a gas over water, the total

inverted bottle is completely filled with water. As oxygen gas is generated, the gas
bubbles rise to the top and displace water from the bottle. This method of collecting

pressure (gas plus water vapor) is equal to
the atmospheric pressure.
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Figure 5.15 An apparatus for
collecting gas over water. The
oxygen generated by heating
potassium chlorate (KCIO3) in
the presence of a small amount
of manganese dioxide (MnO,),
which speeds up the reaction,
is bubbled through water and
collected in a bottle as shown.
Water originally present in the
bottle is pushed into the trough
by the oxygen gas.

TABLE 5.3

Pressure of Water Vapor
at Various Temperatures

Water
Vapor
Temperature Pressure
(°C) (mmHg)
0 4.58
5 6.54
10 9.21
15 12.79
20 17.54
25 23.76
30 31.82
35 42.18
40 55.32
45 71.88
50 92.51
55 118.04
60 149.38
65 187.54
70 233.7
75 289.1
80 355.1
85 433.6
90 525.76
95 633.90
100 760.00

Bottle being filled with oxygen gas

KCIO;5 and MnO, ﬂg —

i

\ /

Bottle filled with water Bottle full of oxygen gas
ready to be placed in plus water vapor
the plastic basin

a gas is based on the assumptions that the gas does not react with water and that it
is not appreciably soluble in it. These assumptions are valid for oxygen gas, but not
for gases such as NHj;, which dissolves readily in water. The oxygen gas collected in
this way is not pure, however, because water vapor is also present in the bottle. The
total gas pressure is equal to the sum of the pressures exerted by the oxygen gas and
the water vapor:

PT:P02+PHZO

Consequently, we must allow for the pressure caused by the presence of water vapor
when we calculate the amount of O, generated. Table 5.3 shows the pressure of water
vapor at various temperatures. These data are plotted in Figure 5.16.

Example 5.15 shows how to use Dalton’s law to calculate the amount of a gas
collected over water.

EXAMPLE 5.15

Oxygen gas generated by the decomposition of potassium chlorate is collected as shown
in Figure 5.15. The volume of oxygen collected at 24°C and atmospheric pressure of
762 mmHg is 128 mL. Calculate the mass (in grams) of oxygen gas obtained. The
pressure of the water vapor at 24°C is 22.4 mmHg.

Strategy To solve for the mass of O, generated, we must first calculate the partial
pressure of O, in the mixture. What gas law do we need? How do we convert pressure
of O, gas to mass of O, in grams?

(Continued)



5.7 The Kinetic Molecular Theory of Gases 201

800 -
Solution From Dalton’s law of partial pressures we know that 760 -
I~ 600
Pr = Po, + Pyo 3
E 400 -
Therefore, <
200 -
Po, = Pt — Pypo : 1 1 1
= 762 mmHg — 22.4 mmHg
= 740 mmH 0 20 40 60 80 100
¢ 1(°C)
From the ideal gas equation we write Figure 5.16 The pressure

of water vapor as a function of
. temperature. Note that at the
PV = nRT = —RT boiling point of water (100°C) the
M pressure is 760 mmHg, which is
exactly equal to 1 atm.
where m and Jl are the mass of O, collected and the molar mass of O,, respectively.

Rearranging the equation we obtain

PVl (740/760)atm(0.128 L)(32.00 g/mol)
~ RT  (0.0821 L-atm/K - mol)(273 + 24) K

— 0.164 g
Check The density of the oxygen gas is (0.164 g/0.128 L), or 1.28 g/L, which is a
reasonable value for gases under atmospheric conditions (see Example 5.8). Similar problem: 5.68.
Practice Exercise Hydrogen gas generated when calcium metal reacts with water is CARIS

collected as shown in Figure 5.15. The volume of gas collected at 30°C and pressure of
988 mmHg is 641 mL. What is the mass (in grams) of the hydrogen gas obtained? The
pressure of water vapor at 30°C is 31.82 mmHg.

Review of Concepts

Each of the color spheres represents a different gas molecule. Calculate the
partial pressures of the gases if the total pressure is 2.6 atm.

e © 6
0 ©6
o ©

@ © ¢

The Kinetic Molecular Theory of Gases

The gas laws help us to predict the behavior of gases, but they do not explain what
happens at the molecular level to cause the changes we observe in the macroscopic
world. For example, why does a gas expand on heating?



Scuba Diving and the Gas Laws

Scuba diving is an exhilarating sport, and, thanks in part to
the gas laws, it is also a safe activity for trained individuals
who are in good health. (“Scuba” is an acronym for self-
contained underwater breathing apparatus.) Two applications of
the gas laws to this popular pastime are the development of
guidelines for returning safely to the surface after a dive and the
determination of the proper mix of gases to prevent a potentially
fatal condition during a dive.

A typical dive might be 40 to 65 ft, but dives to 90 ft are not
uncommon. Because seawater has a slightly higher density than
fresh water—about 1.03 g/mL, compared with 1.00 g/mL—the
pressure exerted by a column of 33 ft of seawater is equivalent
to 1 atm pressure. Pressure increases with increasing depth, so
at a depth of 66 ft the pressure of the water will be 2 atm, and
SO on.

What would happen if a diver rose to the surface from a
depth of, say, 20 ft rather quickly without breathing? The to-
tal decrease in pressure for this change in depth would be
(20 ft/33 ft) X 1 atm, or 0.6 atm. When the diver reached the
surface, the volume of air trapped in the lungs would have
increased by a factor of (1 + 0.6) atm/l atm, or 1.6 times.
This sudden expansion of air can fatally rupture the mem-
branes of the lungs. Another serious possibility is that an air
embolism might develop. As air expands in the lungs, it is
forced into tiny blood vessels called capillaries. The presence

in Action
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of air bubbles in these vessels can block normal blood flow to
the brain. As a result, the diver might lose consciousness
before reaching the surface. The only cure for an air embo-
lism is recompression. For this painful process, the victim is
placed in a chamber filled with compressed air. Here bubbles
in the blood are slowly squeezed down to harmless size over
the course of several hours to a day. To avoid these unpleas-
ant complications, divers know they must ascend slowly,
pausing at certain points to give their bodies time to adjust to
the falling pressure.

Our second example is a direct application of Dalton’s law.
Oxygen gas is essential for our survival, so it is hard to believe
that an excess of oxygen could be harmful. Nevertheless, the
toxicity of too much oxygen is well established. For example,
newborn infants placed in oxygen tents often sustain damage to
the retinal tissue, which can cause partial or total blindness.

Our bodies function best when oxygen gas has a partial
pressure of about 0.20 atm, as it does in the air we breathe. The
oxygen partial pressure is given by

— — nOZ
Po, = Xo,Pr = ¥ Pr
no, nn,

where Py is the total pressure. However, because volume is
directly proportional to the number of moles of gas present (at

In the nineteenth century, a number of physicists, notably Ludwig Boltzmann' and

James Clerk Maxwell,” found that the physical properties of gases can be explained in
terms of the motion of individual molecules. This molecular movement is a form of energy,
which we define as the capacity to do work or to produce change. In mechanics, work is
defined as force times distance. Because energy can be measured as work, we can write

energy = work done
= force X distance

The joule (J)* is the SI unit of energy

1J =1kgm?¥s®
1 Nm

"Ludwig Eduard Boltzmann (1844—1906). Austrian physicist. Although Boltzmann was one of the greatest
theoretical physicists of all time, his work was not recognized by other scientists in his own lifetime. Suf-
fering from poor health and great depression, he committed suicide in 1906.

James Clerk Maxwell (1831-1879). Scottish physicist. Maxwell was one of the great theoretical physicists
of the nineteenth century; his work covered many areas in physics, including kinetic theory of gases,
thermodynamics, and electricity and magnetism.

$James Prescott Joule (1818-1889). English physicist. As a young man, Joule was tutored by John Dalton.
He is most famous for determining the mechanical equivalent of heat, the conversion between mechanical
energy and thermal energy.
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constant temperature and pressure), we can now write

Vo,

Fo, = Vo, + VNZPT
Thus, the composition of air is 20 percent oxygen gas and
80 percent nitrogen gas by volume. When a diver is submerged,
the pressure of the water on the diver is greater than atmospheric
pressure. The air pressure inside the body cavities (for example,
lungs, sinuses) must be the same as the pressure of the sur-
rounding water; otherwise they would collapse. A special valve
automatically adjusts the pressure of the air breathed from a
scuba tank to ensure that the air pressure equals the water pres-
sure at all times. For example, at a depth where the total pres-
sure is 2.0 atm, the oxygen content in air should be reduced to
10 percent by volume to maintain the same partial pressure of
0.20 atm; that is,

Vo,
o X 2.0 atm

Po, = 020 atm = ———=—
y Vo, + Vi,
' 0.20 at
@ _ 28 010 0r 10%
Vo, T Vn, 2.0 atm

Although nitrogen gas may seem to be the obvious choice
to mix with oxygen gas, there is a serious problem with it. When
the partial pressure of nitrogen gas exceeds 1 atm, enough of the
gas dissolves in the blood to cause a condition known as nitrogen
narcosis. The effects on the diver resemble those associated with

Scuba divers.

alcohol intoxication. Divers suffering from nitrogen narcosis
have been known to do strange things, such as dancing on the
seafloor and chasing sharks. For this reason, helium is often used
to dilute oxygen gas. An inert gas, helium is much less soluble in
blood than nitrogen and produces no narcotic effects.

Alternatively, energy can be expressed in kilojoules (kJ):

1 kJ = 100017

As we will see in Chapter 6, there are many different kinds of energy. Kinetic
energy (KE) is the type of energy expended by a moving object, or energy of

motion.

The findings of Maxwell, Boltzmann, and others resulted in a number of gener-
alizations about gas behavior that have since been known as the kinetic molecular
theory of gases, or simply the kinetic theory of gases. Central to the kinetic theory

are the following assumptions:

1. A gas is composed of molecules that are separated from each other by distances
far greater than their own dimensions. The molecules can be considered to be

The kinetic theory of gases treats
molecules as hard spheres without
internal structure.

“points”; that is, they possess mass but have negligible volume.

2. Gas molecules are in constant motion in random directions, and they frequently
collide with one another. Collisions among molecules are perfectly elastic. In
other words, energy can be transferred from one molecule to another as a result
of a collision. Nevertheless, the total energy of all the molecules in a system

remains the same.

3. Gas molecules exert neither attractive nor repulsive forces on one another.
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4. The average kinetic energy of the molecules is proportional to the temperature
of the gas in kelvins. Any two gases at the same temperature will have the same
average kinetic energy. The average kinetic energy of a molecule is given by

KE = i

where m is the mass of the molecule and u is its speed. The horizontal bar denotes
an average value. The quantity u? is called mean square speed; it is the average
of the square of the speeds of all the molecules:

— u%-l—u%—i-‘”-l-u,zv
u? =
N

where N is the number of molecules.

Assumption 4 enables us to write

KE 7
Imu? o« T

Hence, KE = imu?® = CT (5.15)

where C is the proportionality constant and 7 is the absolute temperature.

According to the kinetic molecular theory, gas pressure is the result of collisions
between molecules and the walls of their container. It depends on the frequency of
collision per unit area and on how “hard” the molecules strike the wall. The theory
also provides a molecular interpretation of temperature. According to Equation (5.15),
the absolute temperature of a gas is a measure of the average kinetic energy of the
molecules. In other words, the absolute temperature is an indication of the random
motion of the molecules—the higher the temperature, the more energetic the mole-
cules. Because it is related to the temperature of the gas sample, random molecular
motion is sometimes referred to as thermal motion.

Application to the Gas Laws

Although the kinetic theory of gases is based on a rather simple model, the mathe-
matical details involved are very complex. However, on a qualitative basis, it is pos-
sible to use the theory to account for the general properties of substances in the
gaseous state. The following examples illustrate the range of its utility.

*  Compressibility of Gases. Because molecules in the gas phase are separated by large
distances (assumption 1), gases can be compressed easily to occupy less volume.

*  Boyle’s Law. The pressure exerted by a gas results from the impact of its mol-
ecules on the walls of the container. The collision rate, or the number of molec-
ular collisions with the walls per second, is proportional to the number density
(that is, number of molecules per unit volume) of the gas. Decreasing the volume
of a given amount of gas increases its number density and hence its collision rate.
For this reason, the pressure of a gas is inversely proportional to the volume it
occupies; as volume decreases, pressure increases and vice versa.

* Charles’s Law. Because the average kinetic energy of gas molecules is propor-
tional to the sample’s absolute temperature (assumption 4), raising the tempera-
ture increases the average kinetic energy. Consequently, molecules will collide
with the walls of the container more frequently and with greater impact if the gas
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is heated, and thus the pressure increases. The volume of gas will expand until
the gas pressure is balanced by the constant external pressure (see Figure 5.8).

* Avogadro’s Law. We have shown that the pressure of a gas is directly propor-
tional to both the density and the temperature of the gas. Because the mass of
the gas is directly proportional to the number of moles (n) of the gas, we can
represent density by n/V. Therefore

n
Po—T
v

For two gases, 1 and 2, we write

}’l]T] anl
P1 o« —=(C——
Vi Vi
n,T. n,T
P20C 242 =C 242
Vs Va

where C is the proportionality constant. Thus, for two gases under the same
conditions of pressure, volume, and temperature (that is, when P, = P,, T} = T»,
and V|, = V,), it follows that n; = n,, which is a mathematical expression of
Avogadro’s law.

* Dalton’s Law of Partial Pressures. If molecules do not attract or repel one
another (assumption 3), then the pressure exerted by one type of molecule is
unaffected by the presence of another gas. Consequently, the total pressure
is given by the sum of individual gas pressures.

Distribution of Molecular Speeds

The kinetic theory of gases enables us to investigate molecular motion in more detail.
Suppose we have a large number of gas molecules, say, 1 mole, in a container. As
long as we hold the temperature constant, the average kinetic energy and the mean-
square speed will remain unchanged as time passes. As you might expect, the motion
of the molecules is totally random and unpredictable. At a given instant, how many
molecules are moving at a particular speed? To answer this question Maxwell ana-
lyzed the behavior of gas molecules at different temperatures.

Figure 5.17(a) shows typical Maxwell speed distribution curves for nitrogen gas
at three different temperatures. At a given temperature, the distribution curve tells us
the number of molecules moving at a certain speed. The peak of each curve repre-
sents the most probable speed, that is, the speed of the largest number of molecules.
Note that the most probable speed increases as temperature increases (the peak shifts
toward the right). Furthermore, the curve also begins to flatten out with increasing
temperature, indicating that larger numbers of molecules are moving at greater speed.
Figure 5.17(b) shows the speed distributions of three gases at the same temperature.
The difference in the curves can be explained by noting that lighter molecules move
faster, on average, than heavier ones.

The distribution of molecular speeds can be demonstrated with the apparatus
shown in Figure 5.18. A beam of atoms (or molecules) exits from an oven at a known
temperature and passes through a pinhole (to collimate the beam). Two circular plates
mounted on the same shaft are rotated by a motor. The first plate is called the “chop-
per” and the second is the detector. The purpose of the chopper is to allow small
bursts of atoms (or molecules) to pass through it whenever the slit is aligned with the
beam. Within each burst, the faster-moving molecules will reach the detector earlier

Another way of stating Avogadro’s law is
that at the same pressure and temperature,
equal volumes of gases, whether they are
the same or different gases, contain equal
numbers of molecules.
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|
500
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Figure 5.17 (a) The distribution of speeds for nitrogen gas at three different temperatures. At the higher temperatures, more molecules
are moving at faster speeds. (b) The distribution of speeds for three gases at 300 K. At a given temperature, the lighter molecules are

moving faster, on the average.

There are comparable ways to estimate
the “average” speed of molecules, of
which root-mean-square speed is one.

Figure 5.18 (a) Apparatus

for studying molecular speed
distribution at a certain
temperature. The vacuum pump
causes the molecules to travel
from left to right as shown.

(b) The spread of the deposit on
the detector gives the range of
molecular speeds, and the density
of the deposit is proportional to
the number of molecules moving
at different speeds.

than the slower-moving ones. Eventually, a layer of deposit will accumulate on the
detector. Because the two plates are rotating at the same speed, molecules in the next
burst will hit the detector plate at approximately the same place as molecules from
the previous burst having the same speed. In time, the molecular deposition will
become visible. The density of the deposition indicates the distribution of molecular
speeds at that particular temperature.

Root-Mean-Square Speed

How fast does a molecule move, on the average, at any temperature 7?7 One way to
estimate molecular speed is to calculate the root-mean-square (rms) speed (u,,),
which is an average molecular speed. One of the results of the kinetic theory of gases
is that the total kinetic energy of a mole of any gas equals 3RT. Earlier we saw that
the average kinetic energy of one molecule is 3mu? and so we can write

NaGmu?) = 3RT

To vacuum pump

Motor
/ Slow
&' molecules
Oven : \ Fast
A e molecules
A D
= : etector
)
Chopper with
g . Average
tat: lit
rotatmg st molecules Detector

() (b)
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where N, is Avogadro’s number and m is the mass of a single molecule. Because
Nam = Jl, the above equation can be rearranged to give

3RT
M

u- =

Taking the square root of both sides gives

— [3RT
Vi = uy, = 0 (5.16)

Equation (5.16) shows that the root-mean-square speed of a gas increases with the
square root of its temperature (in kelvins). Because Jl appears in the denominator, it
follows that the heavier the gas, the more slowly its molecules move. If we substitute
8.314 J/K-mol for R (see Appendix 2) and convert the molar mass to kg/mol, then
ums Will be calculated in meters per second (m/s). This procedure is illustrated in
Example 5.16.

EXAMPLE 5.16

Calculate the root-mean-square speeds of helium atoms and nitrogen molecules in m/s
at 25°C.

Strategy To calculate the root-mean-square speed we need Equation (5.16). What units
should we use for R and J so that u,,, will be expressed in m/s?

Solution To calculate i, the units of R should be 8.314 J/K - mol and, because 1 J =
1 kg m%s’, the molar mass must be in kg/mol. The molar mass of He is 4.003 g/mol,
or 4.003 X 10~? kg/mol. From Equation (5.16),

~ [3RT
urms /‘/‘/

_\/3(8.314J/K-mol)(298 K)
4.003 X 10~ kg/mol

= V1.86 X 10°J/kg

Using the conversion factor 1 J = 1 kg m%s* we get

Ugms = V1.86 X 10°kg m¥kg - 52
= V1.86 X 10°m?s’

= 1.36 X 10°m/s

The procedure is the same for N,, the molar mass of which is 28.02 g/mol, or
2.802 X 1072 kg/mol so that we write

Urms

B \/3(8.314 J/K - mole) (298 K)
2.802 X 10~ % kg/mol

V2.65 X 10° m%/s?

515 m/s

(Continued)
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Similar problems: 5.77, 5.78.

FARIS

Jupiter. The interior of this massive planet
consists mainly of hydrogen.

Diffusion always proceeds from a region
of higher concentration to one where the
concentration is lower.

7 Animation
Diffusion of Gases

Figure 5.19 The path traveled
by a single gas molecule. Each
change in direction represents a
collision with another molecule.

Check Because He is a lighter gas, we expect it to move faster, on average, than N,.
A quick way to check the answers is to note that the ratio of the two u,, values
(1.36 X 10%515 = 2.6) should be equal to the square root of the ratios of the molar
masses of N, to He, that is, V' 28/4 = 2.6.

Practice Exercise Calculate the root-mean-square speed of molecular chlorine in m/s
at 20°C.

The calculation in Example 5.16 has an interesting relationship to the composition
of Earth’s atmosphere. Unlike Jupiter, Earth does not have appreciable amounts of
hydrogen or helium in its atmosphere. Why is this the case? A smaller planet than
Jupiter, Earth has a weaker gravitational attraction for these lighter molecules. A fairly
straightforward calculation shows that to escape Earth’s gravitational field, a molecule
must possess an escape velocity equal to or greater than 1.1 X 10* m/s. Because the
average speed of helium is considerably greater than that of molecular nitrogen or
molecular oxygen, more helium atoms escape from Earth’s atmosphere into outer
space. Consequently, only a trace amount of helium is present in our atmosphere. On
the other hand, Jupiter, with a mass about 320 times greater than that of Earth, retains
both heavy and light gases in its atmosphere.

The Chemistry in Action essay on p. 210 describes a fascinating phenomenon
involving gases at extremely low temperatures.

Gas Diffusion and Effusion

We will now discuss two phenomena based on gaseous motion.

Gas Diffusion

A direct demonstration of gaseous random motion is provided by diffusion, the grad-
ual mixing of molecules of one gas with molecules of another by virtue of their kinetic
properties. Despite the fact that molecular speeds are very great, the diffusion process
takes a relatively long time to complete. For example, when a bottle of concentrated
ammonia solution is opened at one end of a lab bench, it takes some time before a
person at the other end of the bench can smell it. The reason is that a molecule expe-
riences numerous collisions while moving from one end of the bench to the other, as
shown in Figure 5.19. Thus, diffusion of gases always happens gradually, and not
instantly as molecular speeds seem to suggest. Furthermore, because the root-mean-
square speed of a light gas is greater than that of a heavier gas (see Example 5.16),
a lighter gas will diffuse through a certain space more quickly than will a heavier gas.
Figure 5.20 illustrates gaseous diffusion.

In 1832 the Scottish chemist Thomas Graham' found that under the same condi-
tions of temperature and pressure, rates of diffusion for gases are inversely propor-
tional to the square roots of their molar masses. This statement, now known as
Graham’s law of diffusion, is expressed mathematically as

r

Pt /Ml (5.17)

where r; and r, are the diffusion rates of gases 1 and 2, and Jl; and Jl, are their
molar masses, respectively.

"Thomas Graham (1805-1869). Scottish chemist. Graham did important work on osmosis and characterized
a number of phosphoric acids.
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Gas Effusion

Whereas diffusion is a process by which one gas gradually mixes with another, effu-
sion is the process by which a gas under pressure escapes from one compartment of
a container to another by passing through a small opening. Figure 5.21 shows the
effusion of a gas into a vacuum. Although effusion differs from diffusion in nature,
the rate of effusion of a gas has the same form as Graham’s law of diffusion [see
Equation (5.17)]. A helium-filled rubber balloon deflates faster than an air-filled one
because the rate of effusion through the pores of the rubber is faster for the lighter
helium atoms than for the air molecules. Industrially, gas effusion is used to separate
uranium isotopes in the forms of gaseous *>UF, and ***UFs. By subjecting the gases
to many stages of effusion, scientists were able to obtain highly enriched **°U isotope,
which was used in the construction of atomic bombs during World War II.
Example 5.17 shows an application of Graham’s law.

EXAMPLE 5.17

A flammable gas made up only of carbon and hydrogen is found to effuse through a
porous barrier in 1.50 min. Under the same conditions of temperature and pressure, it
takes an equal volume of bromine vapor 4.73 min to effuse through the same barrier.
Calculate the molar mass of the unknown gas, and suggest what this gas might be.

Strategy The rate of diffusion is the number of molecules passing through a porous
barrier in a given time. The longer the time it takes, the slower is the rate. Therefore,
the rate is inversely proportional to the time required for diffusion, Equation (5.17) can
now be written as r,/r, = t,/t; = V JM,/JM,, where f, and 1, are the times for effusion
for gases 1 and 2, respectively.

Solution From the molar mass of Br,, we write

1.50 min | M
4.73 min 159.8 g/mol

where J is the molar mass of the unknown gas. Solving for .Il, we obtain

1.50 min \
=(-—"——) x 159.
M (4.73 in) 159.8 g/mol

= 16.1 g/mol

(Continued)

Figure 5.20 A demonstration
of gas diffusion. NH3 gas (from
a bottle containing aqueous
ammonia) combines with HCI
gas (from a bottle containing
hydrochloric acid) to form solid
NH,CI. Because NHj is lighter
and therefore diffuses faster, solid
NH,CI first appears nearer the
HCI bottle (on the right).

Gas Vacuum

Figure 5.21 Gas effusion. Gas
molecules move from a high-
pressure region (left) to a low-
pressure one through a pinhole.



Super Cold Atoms

hat happens to a gas when cooled to nearly absolute zero?

More than 70 years ago, Albert Einstein, extending work
by the Indian physicist Satyendra Nath Bose, predicted that at
extremely low temperatures gaseous atoms of certain elements
would “merge” or “condense” to form a single entity and a new
form of matter. Unlike ordinary gases, liquids, and solids, this
supercooled substance, which was named the Bose-Einstein
condensate (BEC), would contain no individual atoms because
the original atoms would overlap one another, leaving no space
in between.

Einstein’s hypothesis inspired an international effort to pro-
duce the BEC. But, as sometimes happens in science, the neces-
sary technology was not available until fairly recently, and so early
investigations were fruitless. Lasers, which use a process based on
another of Einstein’s ideas, were not designed specifically for
BEC research, but they became a critical tool for this work.

Finally, in 1995, physicists found the evidence they had
sought for so long. A team at the University of Colorado was the
first to report success. They created a BEC by cooling a sample
of gaseous rubidium (Rb) atoms to about 1.7 X 107K using a
technique called “laser cooling,” a process in which a laser light
is directed at a beam of atoms, hitting them head on and dra-
matically slowing them down. The Rb atoms were further cooled
in an “optical molasses” produced by the intersection of six la-
sers. The slowest, coolest atoms were trapped in a magnetic field
while the faster-moving, “hotter’” atoms escaped, thereby remov-
ing more energy from the gas. Under these conditions, the ki-
netic energy of the trapped atoms was virtually zero, which
accounts for the extremely low temperature of the gas. At this
point the Rb atoms formed the condensate, just as Einstein had
predicted. Although this BEC was invisible to the naked eye (it
measured only 5 X 10~ cm across), the scientists were able to
capture its image on a computer screen by focusing another laser
beam on it. The laser caused the BEC to break up after about
15 seconds, but that was long enough to record its existence.

The figure shows the Maxwell velocity distribution’ of the
Rb atoms at this temperature. The colors indicate the number of
atoms having velocity specified by the two horizontal axes. The
blue and white portions represent atoms that have merged to
form the BEC.

Within weeks of the Colorado team’s discovery, a group of
scientists at Rice University, using similar techniques, succeeded
in producing a BEC with lithium atoms and in 1998 scientists at

"Velocity distribution differs from speed distribution in that velocity has both
magnitude and direction. Thus, velocity can have both positive and negative val-
ues but speed can have only zero or positive values.

in Action
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the Massachusetts Institute of Technology were able to produce
a BEC with hydrogen atoms. Since then, many advances have
been made in understanding the properties of the BEC in general
and experiments are being extended to molecular systems. It is
expected that studies of the BEC will shed light on atomic prop-
erties that are still not fully understood (see Chapter 7) and on
the mechanism of superconductivity (see the Chemistry in Ac-
tion essay on this topic in Chapter 11). An additional benefit
might be the development of better lasers. Other applications
will depend on further study of the BEC itself. Nevertheless, the
discovery of a new form of matter has to be one of the foremost
scientific achievements of the twentieth century.
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Maxwell velocity distribution of Rb atoms at about 1.7 X 10~ K. The velocity
increases from the center (zero) outward along the two axes. The red color
represents the lowest number of Rb atoms and the white color the highest.
The average speed in the white region is about 0.5 mm/s.

210




5.8 Deviation from Ideal Behavior

Because the molar mass of carbon is 12.01 g and that of hydrogen is 1.008 g, the gas is
methane (CHy).

Practice Exercise It takes 192 s for an unknown gas to effuse through a porous wall
and 84 s for the same volume of N, gas to effuse at the same temperature and pressure.
What is the molar mass of the unknown gas?

Review of Concepts

(a) Helium atoms in a closed container at room temperature are constantly
colliding among themselves and with the walls of the container. Does this
“perpetual motion” violate the law of conservation of energy?

(b) Uranium hexafluoride (UFy) is a much heavier gas than hydrogen, yet at a
given temperature the average kinetic energies of these two gases are the
same. Explain.

Deviation from Ideal Behavior

The gas laws and the kinetic molecular theory assume that molecules in the gaseous state
do not exert any force, either attractive or repulsive, on one another. The other assumption
is that the volume of the molecules is negligibly small compared with that of the con-
tainer. A gas that satisfies these two conditions is said to exhibit ideal behavior.

Although we can assume that real gases behave like an ideal gas, we cannot
expect them to do so under all conditions. For example, without intermolecular forces,
gases could not condense to form liquids. The important question is: Under what
conditions will gases most likely exhibit nonideal behavior?

Figure 5.22 shows PV/RT plotted against P for three real gases and an ideal gas
at a given temperature. This graph provides a test of ideal gas behavior. According to
the ideal gas equation (for 1 mole of gas), PV/RT equals 1, regardless of the actual
gas pressure. (When n = 1, PV = nRT becomes PV = RT, or PV/RT = 1.) For real
gases, this is true only at moderately low pressures (= 5 atm); significant deviations
occur as pressure increases. Attractive forces operate among molecules at relatively
short distances. At atmospheric pressure, the molecules in a gas are far apart and the
attractive forces are negligible. At high pressures, the density of the gas increases;
the molecules are much closer to one another. Intermolecular forces can then be
significant enough to affect the motion of the molecules, and the gas will not
behave ideally.

CH,
20 — H,
NH;
oy /
RT 1.0 Ideal gas
| | | | | |
0 200 400 600 800 1000 1200

P (atm)
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Similar problems: 5.83, 5.84.
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Figure 5.22 Piot of PV/RT
versus P of 1 mole of a gas at
0°C. For 1 mole of an ideal gas,
PV/RT is equal to 1, no matter
what the pressure of the gas

is. For real gases, we observe
various deviations from ideality
at high pressures. At very low
pressures, all gases exhibit ideal
behavior; that is, their PV/RT
values all converge to 1 as P
approaches zero.
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Figure 5.23 Effect of
intermolecular forces on the
pressure exerted by a gas. The
speed of a molecule that is
moving toward the container
wall (red sphere) is reduced

by the attractive forces exerted
by its neighbors (gray spheres).
Consequently, the impact this
molecule makes with the wall

is not as great as it would be

if no intermolecular forces were
present. In general, the measured
gas pressure is lower than the
pressure the gas would exert if it
behaved ideally.

Keep in mind that in Equation (5.18), P is
the experimentally measured gas pressure
and V is the volume of the gas container.

Another way to observe the nonideal behavior of gases is to lower the tempera-
ture. Cooling a gas decreases the molecules’ average kinetic energy, which in a sense
deprives molecules of the drive they need to break from their mutual attraction.

To study real gases accurately, then, we need to modify the ideal gas equation,
taking into account intermolecular forces and finite molecular volumes. Such an anal-
ysis was first made by the Dutch physicist J. D. van der Waals' in 1873. Besides being
mathematically simple, van der Waals’ treatment provides us with an interpretation of
real gas behavior at the molecular level.

Consider the approach of a particular molecule toward the wall of a container
(Figure 5.23). The intermolecular attractions exerted by its neighbors tend to soften
the impact made by this molecule against the wall. The overall effect is a lower gas
pressure than we would expect for an ideal gas. Van der Waals suggested that the
pressure exerted by an ideal gas, P4, is related to the experimentally measured pres-
sure, P, by the equation

2

Pideal = Preal + %
T T

correction
term

observed
pressure

where a is a constant and n and V are the number of moles and volume of the
container, respectively. The correction term for pressure (an’/V?) can be understood
as follows. The intermolecular interaction that gives rise to nonideal behavior
depends on how frequently any two molecules approach each other closely. The
frequency of such “encounters” increases with the square of the number of mole-
cules per unit volume (n%/V?), because the probability of finding each of the two
molecules in a particular region is proportional to n/V. Thus, a is just a proportion-
ality constant.

Another correction concerns the volume occupied by the gas molecules. In the
ideal gas equation, V represents the volume of the container. However, each molecule
does occupy a finite, although small, intrinsic volume, so the effective volume of the
gas becomes (V — nb), where n is the number of moles of the gas and b is a constant.
The term nb represents the volume occupied by n moles of the gas.

Having taken into account the corrections for pressure and volume, we can rewrite
the ideal gas equation as follows:

(P = a71122> (V—nb) = nRT (5.18)

_

corrected
pressure

corrected
volume

Equation (5.18), relating P, V, T, and n for a nonideal gas, is known as the van
der Waals equation. The van der Waals constants a and b are selected to give the
best possible agreement between Equation (5.18) and observed behavior of a par-
ticular gas.

Table 5.4 lists the values of a and b for a number of gases. The value of a indi-
cates how strongly molecules of a given type of gas attract one another. We see that

Johannes Diderck van der Waals (1837-1923). Dutch physicist. van der Waals received the Nobel Prize
in Physics in 1910 for his work on the properties of gases and liquids.
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helium atoms have the weakest attraction for one another, because helium has the TABLE 5.4
smallest a value. There is also a rough correlation between molecular size and b.
Generally, the larger the molecule (or atom), the greater b is, but the relationship
between b and molecular (or atomic) size is not a simple one.

van der Waals Constants
of Some Common Gases

Example 5.18 compares the pressure of a gas calculated using the ideal gas equa- & b
tion and the van der Waals equation. atm - L2 L
Gas (—) L
mol mol
He 0.034 0.0237
EXAMPLE 5.18 Ne 0.211 0.0171
Given that 3.50 moles of NH; occupy 5.20 L at 47°C, calculate the pressure of the gas Ar 1.34 0.0322
(in atm) using (a) the ideal gas equation and (b) the van der Waals equation. Kr 232 0.0398
. . . Xe 4.19 0.0266
Strategy To calculate the pressure of NH; using the ideal gas equation, we proceed as
in Example 5.3. What corrections are made to the pressure and volume terms in the van H, 0.244 0.0266
der Waals equation? N, 1.39 0.0391
7 . 0] 1.36 0.0318
Solution (a) We have the following data: 2
Cl, 6.49 0.0562
V=520L CO, 3.59 0.0427
T= (47 +273) K =320K CH, 2.25 0.0428
n = 3.50 mol ccl, 204 0.138
R = 0.0821 L - atm/K - mol NH, 417 0.0371
Substituting these values in the ideal gas equation, we write H,0 5.46 0.0305
nRT
14
_ (3.50 mol)(0.0821 L - atm/K - mol) (320 K)
- 520L
= 17.7 atm
(b) We need Equation (5.18). It is convenient to first calculate the correction terms in
Equation (5.18) separately. From Table 5.4, we have
a = 4.17 atm - L¥mol®
b = 0.0371 L/mol
so that the correction terms for pressure and volume are
an®  (4.17 atm - L*mol*)(3.50 mol)?
== 5 = 1.89 atm
vV (5.20L)
nb = (3.50 mol)(0.0371 L/mol) = 0.130 L
Finally, substituting these values in the van der Waals equation, we have
(P + 1.89atm)(5.20L — 0.130 L) = (3.50 mol)(0.0821 L-atm/K-mol)(320 K)
P = 16.2 atm
Check Based on your understanding of nonideal gas behavior, is it reasonable that the
pressure calculated using the van der Waals equation should be smaller than that using
the ideal gas equation? Why? Similar problem: 5.89.
Practice Exercise Using the data shown in Table 5.4, calculate the pressure exerted CARIS

by 4.37 moles of molecular chlorine confined in a volume of 2.45 L at 38°C. Compare
the pressure with that calculated using the ideal gas equation.
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Key Equations

PV, = P,V, (5.2) Boyle’s law. For calculating pressure or
y y volume changes.
L2 5.4) Charles’s law. For calculating temperature
I I or volume changes.
P P
?1 = ?2 (5.6) Charles’s law. For calculating temperature
1 2 or pressure changes.
V = kyn (5.7) Avogadro’s law. Constant P and 7.
PV = nRT (5.8) Ideal gas equation.
Py = #14) (5.9) For calculating changes in pressure,
mT,  nT, temperature, volume, or amount of gas.
P P . .
Vi = LeAd) (5.10) For calculating changes in pressure,
T Ty temperature, or volume when 7 is constant.
PM
d= RT (5.11) For calculating density or molar mass.
n; .. .
X, = — (5.13) Definition of mole fraction.
nr
P, = X;Pr (5.14) Dalton’s law of partial pressures. For
calculating partial pressures.
KE = imu? = CT (5.15) Relating the average kinetic energy of a gas

to its absolute temperature.

For calculating the root-mean-square speed
of gas molecules.

urms ‘_/’/L ( . )
no_ M (5.17)
) ‘/‘/tl

an2
(P + 7>(v — nb) = nRT (5.18)

Graham’s law of diffusion and effusion.

van der Waals equation. For calculating the
pressure of a nonideal gas.

7| Media Player
Chapter Summary

1. At25°Cand 1 atm, a number of elements and molecular 5. Absolute zero (—273.15°C) is the lowest theoretically

compounds exist as gases. lonic compounds are solids
rather than gases under atmospheric conditions.

attainable temperature. The Kelvin temperature scale
takes 0 K as absolute zero. In all gas law calculations,

2. Gases exert pressure because their molecules move temperature must be expressed in kelvins.
freely and collide with any surface with which they . The amount-volume relationships of ideal gases are de-
make contact. Units of gas pressure include millimeters scribed by Avogadro’s law: Equal volumes of gases
of mercury (mmHg), torr, pascals, and atmospheres. contain equal numbers of molecules (at the same T
One atmosphere equals 760 mmHg, or 760 torr. and P).

3. The pressure-volume relationships of ideal gases are . The ideal gas equation, PV = nRT, combines the laws
governed by Boyle’s law: Volume is inversely propor- of Boyle, Charles, and Avogadro. This equation de-
tional to pressure (at constant 7 and n). scribes the behavior of an ideal gas.

4. The temperature-volume relationships of ideal gases . Dalton’s law of partial pressures states that each gas in

are described by Charles’s and Gay-Lussac’s law: Vol-
ume is directly proportional to temperature (at constant
P and n).

a mixture of gases exerts the same pressure that it would
if it were alone and occupied the same volume.



9. The kinetic molecular theory, a mathematical way of de-
scribing the behavior of gas molecules, is based on the
following assumptions: Gas molecules are separated by
distances far greater than their own dimensions, they pos-
sess mass but have negligible volume, they are in constant
motion, and they frequently collide with one another. The
molecules neither attract nor repel one another.

10. A Maxwell speed distribution curve shows how many
gas molecules are moving at various speeds at a given
temperature. As temperature increases, more molecules
move at greater speeds.

Key Words
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11. In diffusion, two gases gradually mix with each other.
In effusion, gas molecules move through a small open-
ing under pressure. Both processes are governed by the
same mathematical law—Graham’s law of diffusion
and effusion.

12. The van der Waals equation is a modification of the
ideal gas equation that takes into account the nonideal
behavior of real gases. It corrects for the fact that real
gas molecules do exert forces on each other and that
they do have volume. The van der Waals constants are
determined experimentally for each gas.
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if assigned by your instructor as electronic homework.

°ARIS ARIS Problems: 5.39, 5.47, 5.54, 5.59, 5.67,
5.69,5.78,5.107, 5.110, 5.125, 5.127, 5.132, 5.142, 5.147,
5.151,5.152, 5.154.
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Questions and Problems .'"& =

Substances That Exist as Gases
Review Questions

5.1 Name five elements and five compounds that exist as
gases at room temperature.

5.2 List the physical characteristics of gases.

Pressure of a Gas
Review Questions

5.3 Define pressure and give the common units for pressure.

5.4 Describe how a barometer and a manometer are used
to measure gas pressure.

5.5 Why is mercury a more suitable substance to use in a
barometer than water?

5.6  Explain why the height of mercury in a barometer is
independent of the cross-sectional area of the tube.
Would the barometer still work if the tubing were
tilted at an angle, say 15° (see Figure 5.3)?

5.7 Explain how a unit of length (mmHg) can be used as a
unit for pressure.

5.8 Is the atmospheric pressure in a mine that is 500 m
below sea level greater or less than 1 atm?

5.9 What is the difference between a gas and a vapor? At
25°C, which of the following substances in the gas
phase should be properly called a gas and which should
be called a vapor: molecular nitrogen (N,), mercury?

5.10 If the maximum distance that water may be brought

up a well by a suction pump is 34 ft (10.3 m), how is
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5.11

5.12

Gases

it possible to obtain water and oil from hundreds of
feet below the surface of Earth?

Why is it that if the barometer reading falls in one part
of the world, it must rise somewhere else?

Why do astronauts have to wear protective suits when
they are on the surface of the moon?

Problems

5.13
5.14

Convert 562 mmHg to atm.

The atmospheric pressure at the summit of Mt. McKinley
is 606 mmHg on a certain day. What is the pressure in
atm and in kPa?

The Gas Laws
Review Questions

5.15

5.16

State the following gas laws in words and also in
the form of an equation: Boyle’s law, Charles’s law,
Avogadro’s law. In each case, indicate the conditions
under which the law is applicable, and give the units
for each quantity in the equation.

Explain why a helium weather balloon expands as it
rises in the air. Assume that the temperature remains
constant.

Problems

5.17

A gaseous sample of a substance is cooled at constant
pressure. Which of the following diagrams best repre-
sents the situation if the final temperature is (a) above
the boiling point of the substance and (b) below the boil-
ing point but above the freezing point of the substance?

5.18

e ® o

© ® ®
¥ i

° ¢ . ®

o. ¢ oo
(a) (b) (©) (V)

Consider the following gaseous sample in a cylinder
fitted with a movable piston. Initially there are n moles
of the gas at temperature 7, pressure P, and volume V.

<l >

Choose the cylinder that correctly represents the gas
after each of the following changes. (1) The pressure
on the piston is tripled at constant n and 7. (2) The
temperature is doubled at constant n and P. (3) n moles
of another gas are added at constant 7 and P. (4) T is

<l >

5.19

5.20

521

5.22

5.23

5.24

5.25

5.26

halved and pressure on the piston is reduced to a quar-

ter of its original value.

(a) (b) (©

A gas occupying a volume of 725 mL at a pressure of
0.970 atm is allowed to expand at constant tempera-
ture until its pressure reaches 0.541 atm. What is its
final volume?

At 46°C a sample of ammonia gas exerts a pressure of
5.3 atm. What is the pressure when the volume of the
gas is reduced to one-tenth (0.10) of the original value
at the same temperature?

The volume of a gas is 5.80 L, measured at 1.00 atm.
What is the pressure of the gas in mmHg if the volume is
changed to 9.65 L? (The temperature remains constant.)

A sample of air occupies 3.8 L when the pressure is
1.2 atm. (a) What volume does it occupy at 6.6 atm?
(b) What pressure is required in order to compress it to
0.075 L? (The temperature is kept constant.)

A 36.4-L volume of methane gas is heated from 25°C
to 88°C at constant pressure. What is the final volume
of the gas?

Under constant-pressure conditions a sample of hydro-
gen gas initially at 88°C and 9.6 L is cooled until its
final volume is 3.4 L. What is its final temperature?
Ammonia burns in oxygen gas to form nitric oxide
(NO) and water vapor. How many volumes of NO are
obtained from one volume of ammonia at the same
temperature and pressure?

Molecular chlorine and molecular fluorine combine to
form a gaseous product. Under the same conditions of
temperature and pressure it is found that one volume of
Cl, reacts with three volumes of F, to yield two volumes
of the product. What is the formula of the product?

The Ideal Gas Equation

Review Questions

5.27

5.28
5.29

5.30

List the characteristics of an ideal gas. Write the ideal
gas equation and also state it in words. Give the units
for each term in the equation.

Use Equation (5.9) to derive all the gas laws.

What are standard temperature and pressure (STP)?
What is the significance of STP in relation to the vol-
ume of 1 mole of an ideal gas?

Why is the density of a gas much lower than that of a
liquid or solid under atmospheric conditions? What
units are normally used to express the density of gases?
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5.31

5.32

5.33

5.34

5.35

5.36

5.37

5.38

5.39
CARIS

5.40

5.41

5.42

5.43

5.44

5.45

A sample of nitrogen gas kept in a container of volume
2.3 L and at a temperature of 32°C exerts a pressure of
4.7 atm. Calculate the number of moles of gas present.

Given that 6.9 moles of carbon monoxide gas are pres-
ent in a container of volume 30.4 L, what is the pres-
sure of the gas (in atm) if the temperature is 62°C?

What volume will 5.6 moles of sulfur hexafluoride
(SF¢) gas occupy if the temperature and pressure of
the gas are 128°C and 9.4 atm?

A certain amount of gas at 25°C and at a pressure of
0.800 atm is contained in a glass vessel. Suppose that
the vessel can withstand a pressure of 2.00 atm. How
high can you raise the temperature of the gas without
bursting the vessel?

A gas-filled balloon having a volume of 2.50 L at
1.2 atm and 25°C is allowed to rise to the strato-
sphere (about 30 km above the surface of Earth),
where the temperature and pressure are —23°C and
3.00 X 107? atm, respectively. Calculate the final
volume of the balloon.

The temperature of 2.5 L of a gas initially at STP is
raised to 250°C at constant volume. Calculate the final
pressure of the gas in atm.

The pressure of 6.0 L of an ideal gas in a flexible con-
tainer is decreased to one-third of its original pressure,
and its absolute temperature is decreased by one-half.
What is the final volume of the gas?

A gas evolved during the fermentation of glucose (wine
making) has a volume of 0.78 L at 20.1°C and 1.00 atm.
What was the volume of this gas at the fermentation
temperature of 36.5°C and 1.00 atm pressure?

An ideal gas originally at 0.85 atm and 66°C was al-
lowed to expand until its final volume, pressure, and
temperature were 94 mL, 0.60 atm, and 45°C, respec-
tively. What was its initial volume?

Calculate its volume (in liters) of 88.4 g of CO, at STP.

A gas at 772 mmHg and 35.0°C occupies a volume of
6.85 L. Calculate its volume at STP.

Dry ice is solid carbon dioxide. A 0.050-g sample of
dry ice is placed in an evacuated 4.6-L vessel at 30°C.
Calculate the pressure inside the vessel after all the
dry ice has been converted to CO, gas.

At STP, 0.280 L of a gas weighs 0.400 g. Calculate
the molar mass of the gas.

At 741 torr and 44°C, 7.10 g of a gas occupy a volume
of 5.40 L. What is the molar mass of the gas?

Ozone molecules in the stratosphere absorb much of
the harmful radiation from the sun. Typically, the
temperature and pressure of ozone in the stratosphere
are 250 K and 1.0 X 107° atm, respectively. How
many ozone molecules are present in 1.0 L of air un-
der these conditions?

5.46

5.47
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5.48

5.49

5.50
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Assuming that air contains 78 percent N,, 21 percent O,,
and 1 percent Ar, all by volume, how many molecules
of each type of gas are present in 1.0 L of air at STP?
A 2.10-L vessel contains 4.65 g of a gas at 1.00 atm
and 27.0°C. (a) Calculate the density of the gas in
grams per liter. (b) What is the molar mass of the gas?
Calculate the density of hydrogen bromide (HBr) gas
in grams per liter at 733 mmHg and 46°C.

A certain anesthetic contains 64.9 percent C, 13.5 per-
cent H, and 21.6 percent O by mass. At 120°C
and 750 mmHg, 1.00 L of the gaseous compound
weighs 2.30 g. What is the molecular formula of
the compound?

A compound has the empirical formula SF,. At 20°C,
0.100 g of the gaseous compound occupies a volume
of 22.1 mL and exerts a pressure of 1.02 atm. What is
the molecular formula of the gas?

Gas Stoichiometry
Problems

5.51

5.52

5.53

5.54
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5.55

Consider the formation of nitrogen dioxide from nitric
oxide and oxygen:

2NO(g) + Oy(g) — 2NOs(g)

1£9.0 L of NO are reacted with excess O, at STP, what
is the volume in liters of the NO, produced?
Methane, the principal component of natural gas, is used
for heating and cooking. The combustion process is

CHy(g) + 20,(g) —> COx(g) + 2H,0(I)

If 15.0 moles of CH, are reacted, what is the volume
of CO, (in liters) produced at 23.0°C and 0.985 atm?

When coal is burned, the sulfur present in coal is con-
verted to sulfur dioxide (SO,), which is responsible
for the acid rain phenomenon.

S(s) + Ox(g) — SO1(g)

If 2.54 kg of S are reacted with oxygen, calculate the
volume of SO, gas (in mL) formed at 30.5°C and
1.12 atm.

In alcohol fermentation, yeast converts glucose to
ethanol and carbon dioxide:

CGleo()(S) — 2C2H50H(l) + 2C02(g)

1f 5.97 g of glucose are reacted and 1.44 L of CO, gas
are collected at 293 K and 0.984 atm, what is the per-
cent yield of the reaction?

A compound of P and F was analyzed as follows:
Heating 0.2324 g of the compound in a 378-cm” con-
tainer turned all of it to gas, which had a pressure of
97.3 mmHg at 77°C. Then the gas was mixed with
calcium chloride solution, which turned all of the F to
0.2631 g of CaF,. Determine the molecular formula of
the compound.
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5.57

5.58
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A quantity of 0.225 g of a metal M (molar mass =
27.0 g/mol) liberated 0.303 L of molecular hydrogen
(measured at 17°C and 741 mmHg) from an excess of
hydrochloric acid. Deduce from these data the corre-
sponding equation and write formulas for the oxide
and sulfate of M.

What is the mass of the solid NH,Cl formed when
73.0 g of NH; are mixed with an equal mass of HCI?
What is the volume of the gas remaining, measured at
14.0°C and 752 mmHg? What gas is it?

Dissolving 3.00 g of an impure sample of calcium
carbonate in hydrochloric acid produced 0.656 L of
carbon dioxide (measured at 20.0°C and 792 mmHg).
Calculate the percent by mass of calcium carbonate in
the sample. State any assumptions.

Calculate the mass in grams of hydrogen chloride pro-
duced when 5.6 L of molecular hydrogen measured at
STP react with an excess of molecular chlorine gas.

Ethanol (C,Hs;OH) burns in air:
CH;0H(!) + 0,(g) — CO,(g) + H,0()

Balance the equation and determine the volume of air
in liters at 35.0°C and 790 mmHg required to burn
227 g of ethanol. Assume that air is 21.0 percent O, by
volume.

Dalton’s Law of Partial Pressures
Review Questions

5.61

5.62

State Dalton’s law of partial pressures and explain
what mole fraction is. Does mole fraction have units?

A sample of air contains only nitrogen and oxygen gases
whose partial pressures are 0.80 atm and 0.20 atm,
respectively. Calculate the total pressure and the mole
fractions of the gases.

Problems

5.63

5.64

5.65

A mixture of gases contains 0.31 mol CHy, 0.25 mol
C,Hg, and 0.29 mol C;Hg. The total pressure is 1.50 atm.
Calculate the partial pressures of the gases.

A 2.5-L flask at 15°C contains a mixture of N,, He,
and Ne at partial pressures of 0.32 atm for Ny, 0.15 atm
for He, and 0.42 atm for Ne. (a) Calculate the total
pressure of the mixture. (b) Calculate the volume in
liters at STP occupied by He and Ne if the N, is
removed selectively.

Dry air near sea level has the following composition
by volume: N,, 78.08 percent; O,, 20.94 percent; Ar,
0.93 percent; CO,, 0.05 percent. The atmospheric
pressure is 1.00 atm. Calculate (a) the partial pressure
of each gas in atm and (b) the concentration of each
gas in moles per liter at 0°C. (Hint: Because volume is
proportional to the number of moles present, mole
fractions of gases can be expressed as ratios of vol-
umes at the same temperature and pressure.)
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5.67
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5.70

5.71

5.72

A mixture of helium and neon gases is collected over
water at 28.0°C and 745 mmHg. If the partial pres-
sure of helium is 368 mmHg, what is the partial pres-
sure of neon? (Vapor pressure of water at 28°C =
28.3 mmHg.)

A piece of sodium metal reacts completely with water
as follows:

2Na(s) + 2H,0(/) — 2NaOH(aq) + H,(g)

The hydrogen gas generated is collected over water
at 25.0°C. The volume of the gas is 246 mL measured
at 1.00 atm. Calculate the number of grams of sodium
used in the reaction. (Vapor pressure of water at
25°C = 0.0313 atm.)

A sample of zinc metal reacts completely with an ex-
cess of hydrochloric acid:

Zn(s) + 2HCl(ag) —> ZnCl,(aq) + Hy(g)

The hydrogen gas produced is collected over water at
25.0°C using an arrangement similar to that shown in
Figure 5.15. The volume of the gas is 7.80 L, and the
pressure is 0.980 atm. Calculate the amount of zinc
metal in grams consumed in the reaction. (Vapor pres-
sure of water at 25°C = 23.8 mmHg.)

Helium is mixed with oxygen gas for deep-sea div-
ers. Calculate the percent by volume of oxygen gas
in the mixture if the diver has to submerge to a depth
where the total pressure is 4.2 atm. The partial pres-
sure of oxygen is maintained at 0.20 atm at this
depth.

A sample of ammonia (NH3) gas is completely de-
composed to nitrogen and hydrogen gases over heated
iron wool. If the total pressure is 866 mmHg, calculate
the partial pressures of N, and H,.

Consider the three gas containers shown here. All of
them have the same volume and are at the same tem-
perature. (a) Which container has the smallest mole
fraction of gas A (blue sphere)? (b) Which container
has the highest partial pressure of gas B (green
sphere)?
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i) (ii) (iii)

The volume of the box on the right is twice that of
the box on the left. The boxes contain helium atoms
(red) and hydrogen molecules (green) at the same
temperature. (a) Which box has a higher total pres-
sure? (b) Which box has a lower partial pressure of
helium?
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Kinetic Molecular Theory of Gases
Review Questions

5.73

5.74

5.75

5.76

What are the basic assumptions of the kinetic molecu-
lar theory of gases? How does the kinetic molecular
theory explain Boyle’s law, Charles’s law, Avogadro’s
law, and Dalton’s law of partial pressures?

What does the Maxwell speed distribution curve tell
us? Does Maxwell’s theory work for a sample of 200
molecules? Explain.

Which of the following statements is correct? (a) Heat
is produced by the collision of gas molecules against
one another. (b) When a gas is heated, the molecules
collide with one another more often.

What is the difference between gas diffusion and
effusion? State Graham’s law and define the terms in
Equation (5.17).

Problems

5.717

5.78
TFARIS

5.79

5.80

5.81

5.82

Compare the root-mean-square speeds of O, and UFg
at 65°C.

The temperature in the stratosphere is —23°C. Calculate
the root-mean-square speeds of N,, O,, and O3 mole-
cules in this region.

The average distance traveled by a molecule between
successive collisions is called mean free path. For a
given amount of a gas, how does the mean free path
of a gas depend on (a) density, (b) temperature at
constant volume, (c) pressure at constant tempera-
ture, (d) volume at constant temperature, and (e) size
of the atoms?

At a certain temperature the speeds of six gaseous
molecules in a container are 2.0 m/s, 2.2 m/s, 2.6 m/s,
2.7 m/s, 3.3 m/s, and 3.5 m/s. Calculate the root-mean-
square speed and the average speed of the molecules.
These two average values are close to each other, but
the root-mean-square value is always the larger of the
two. Why?

Based on your knowledge of the kinetic theory of
gases, derive Graham’s law [Equation (5.17)].

The **°U isotope undergoes fission when bombarded
with neutrons. However, its natural abundance is only
0.72 percent. To separate it from the more abundant
280U isotope, uranium is first converted to UFg, which
is easily vaporized above room temperature. The mix-
ture of the ***UF, and *®UF, gases is then subjected to
many stages of effusion. Calculate the separation fac-
tor, that is, the enrichment of >*°U relative to >**U after
one stage of effusion.

5.83

5.84
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A gas evolved from the fermentation of glucose is
found to effuse through a porous barrier in 15.0 min.
Under the same conditions of temperature and pres-
sure, it takes an equal volume of N, 12.0 min to effuse
through the same barrier. Calculate the molar mass of
the gas and suggest what the gas might be.

Nickel forms a gaseous compound of the formula
Ni(CO),. What is the value of x given the fact that under
the same conditions of temperature and pressure, meth-
ane (CHy) effuses 3.3 times faster than the compound?

Deviation from Ideal Behavior
Review Questions

5.85

5.86

5.87

5.88

Cite two pieces of evidence to show that gases do not
behave ideally under all conditions.

Under what set of conditions would a gas be expected
to behave most ideally? (a) High temperature and
low pressure, (b) high temperature and high pressure,
(c) low temperature and high pressure, (d) low tem-
perature and low pressure.

Write the van der Waals equation for a real gas. Ex-
plain the corrective terms for pressure and volume.

(a) A real gas is introduced into a flask of volume V. Is
the corrected volume of the gas greater or less than V?
(b) Ammonia has a larger a value than neon does (see
Table 5.4). What can you conclude about the relative
strength of the attractive forces between molecules of
ammonia and between atoms of neon?

Problems

5.89

5.90

Using the data shown in Table 5.4, calculate the pres-
sure exerted by 2.50 moles of CO, confined in a vol-
ume of 5.00 L at 450 K. Compare the pressure with
that predicted by the ideal gas equation.

At 27°C, 10.0 moles of a gas in a 1.50-L container
exert a pressure of 130 atm. Is this an ideal gas?

Additional Problems

591

5.92

5.93

Discuss the following phenomena in terms of the gas
laws: (a) the pressure increase in an automobile tire on
a hot day, (b) the “popping” of a paper bag, (c) the
expansion of a weather balloon as it rises in the air,
(d) the loud noise heard when a lightbulb shatters.

Under the same conditions of temperature and pres-
sure, which of the following gases would behave most
ideally: Ne, N,, or CH,? Explain.

Nitroglycerin, an explosive compound, decomposes
according to the equation

4C3H5(NO3)3(s) —
12CO,(g) + 10H,O(g) + 6Nx(g) + Oa(g)

Calculate the total volume of gases when collected at
1.2 atm and 25°C from 2.6 X 10* g of nitroglycerin.
What are the partial pressures of the gases under these
conditions?
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5.94 The empirical formula of a compound is CH. At
200°C, 0.145 g of this compound occupies 97.2 mL at
a pressure of 0.74 atm. What is the molecular formula
of the compound?

5.95 When ammonium nitrite (NH4;NO,) is heated, it de-
composes to give nitrogen gas. This property is used
to inflate some tennis balls. (a) Write a balanced equa-
tion for the reaction. (b) Calculate the quantity (in
grams) of NH4;NO, needed to inflate a tennis ball to a
volume of 86.2 mL at 1.20 atm and 22°C.

5.96 The percent by mass of bicarbonate (HCOs3) in a cer-
tain Alka-Seltzer product is 32.5 percent. Calculate
the volume of CO, generated (in mL) at 37°C and
1.00 atm when a person ingests a 3.29-g tablet. (Hint:
The reaction is between HCO; and HCI acid in the
stomach.)

5.97 The boiling point of liquid nitrogen is —196°C. On
the basis of this information alone, do you think nitro-
gen is an ideal gas?

5.98 In the metallurgical process of refining nickel, the
metal is first combined with carbon monoxide to form
tetracarbonylnickel, which is a gas at 43°C:

Ni(s) + 4CO(g) — Ni(CO)4(g)

This reaction separates nickel from other solid impuri-
ties. (a) Starting with 86.4 g of Ni, calculate the pres-
sure of Ni(CO), in a container of volume 4.00 L.
(Assume the above reaction goes to completion.)
(b) At temperatures above 43°C, the pressure of the
gas is observed to increase much more rapidly than
predicted by the ideal gas equation. Explain.

5.99 The partial pressure of carbon dioxide varies with sea-
sons. Would you expect the partial pressure in the
Northern Hemisphere to be higher in the summer or
winter? Explain.

5.100 A healthy adult exhales about 5.0 X 10> mL of a gas-
eous mixture with each breath. Calculate the number of
molecules present in this volume at 37°C and 1.1 atm.
List the major components of this gaseous mixture.

5.101 Sodium bicarbonate (NaHCO,) is called baking soda
because when heated, it releases carbon dioxide gas,
which is responsible for the rising of cookies, dough-
nuts, and bread. (a) Calculate the volume (in liters) of
CO, produced by heating 5.0 g of NaHCO; at 180°C
and 1.3 atm. (b) Ammonium bicarbonate (NH,HCO3)
has also been used for the same purpose. Suggest one
advantage and one disadvantage of using NH;HCO;
instead of NaHCO; for baking.

5.102 A barometer having a cross-sectional area of 1.00 cm?
at sea level measures a pressure of 76.0 cm of mercury.
The pressure exerted by this column of mercury is
equal to the pressure exerted by all the air on 1 cm” of
Earth’s surface. Given that the density of mercury is
13.6 g/mL and the average radius of Earth is 6371 km,
calculate the total mass of Earth’s atmosphere in

kilograms. (Hint: The surface area of a sphere is 477>
where r is the radius of the sphere.)

5.103 Some commercial drain cleaners contain a mixture of
sodium hydroxide and aluminum powder. When the
mixture is poured down a clogged drain, the following
reaction occurs:

2NaOH(aq) + 2Al(s) + 6H,0(]) —>
2NaAl(OH),(aq) + 3H,(g)

The heat generated in this reaction helps melt away
obstructions such as grease, and the hydrogen gas
released stirs up the solids clogging the drain. Calcu-
late the volume of H, formed at 23°C and 1.00 atm if
3.12 g of Al are treated with an excess of NaOH.

5.104 The volume of a sample of pure HCI gas was 189 mL
at 25°C and 108 mmHg. It was completely dissolved
in about 60 mL of water and titrated with an NaOH
solution; 15.7 mL of the NaOH solution were required
to neutralize the HCI. Calculate the molarity of the
NaOH solution.

5.105 Propane (C;Hg) burns in oxygen to produce carbon
dioxide gas and water vapor. (a) Write a balanced
equation for this reaction. (b) Calculate the number of
liters of carbon dioxide measured at STP that could be
produced from 7.45 g of propane.

5.106 Consider the following apparatus. Calculate the par-
tial pressures of helium and neon after the stopcock is
open. The temperature remains constant at 16°C.

He Ne
12L 34L
0.63 atm 2.8 atm

5.107 Nitric oxide (NO) reacts with molecular oxygen as
TARIs follows:

2NO(g) + O,(g) — 2NOx(g)

Initially NO and O, are separated as shown here.
When the valve is opened, the reaction quickly goes to
completion. Determine what gases remain at the end
and calculate their partial pressures. Assume that the
temperature remains constant at 25°C.

NO 0,
400L at 2.00 L at
0.500 atm 1.00 atm



5.108 Consider the apparatus shown here. When a small
amount of water is introduced into the flask by squeez-
ing the bulb of the medicine dropper, water is squirted
upward out of the long glass tubing. Explain this
observation. (Hint: Hydrogen chloride gas is soluble
in water.)

HCl gas
H,O
Rubber
bulb
U
H,0

5.109 Describe how you would measure, by either chemical
or physical means, the partial pressures of a mixture
of gases of the following composition: (a) CO, and
H,, (b) He and N,.

5.110 A certain hydrate has the formula MgSO, - xH,0. A
TPARIS quantity of 54.2 g of the compound is heated in an
oven to drive off the water. If the steam generated
exerts a pressure of 24.8 atm in a 2.00-L container at

120°C, calculate x.

5.111 A mixture of Na,CO3; and MgCO; of mass 7.63 g is
reacted with an excess of hydrochloric acid. The CO,
gas generated occupies a volume of 1.67 L at 1.24 atm
and 26°C. From these data, calculate the percent com-
position by mass of Na,COj; in the mixture.

5.112 The following apparatus can be used to measure
atomic and molecular speed. Suppose that a beam of
metal atoms is directed at a rotating cylinder in a
vacuum. A small opening in the cylinder allows the
atoms to strike a target area. Because the cylinder is
rotating, atoms traveling at different speeds will
strike the target at different positions. In time, a layer
of the metal will deposit on the target area, and the
variation in its thickness is found to correspond to
Maxwell’s speed distribution. In one experiment it is
found that at 850°C some bismuth (Bi) atoms struck
the target at a point 2.80 cm from the spot directly
opposite the slit. The diameter of the cylinder is
15.0 cm and it is rotating at 130 revolutions per sec-
ond. (a) Calculate the speed (m/s) at which the target
is moving. (Hint: The circumference of a circle is
given by 27r, where r is the radius.) (b) Calculate
the time (in seconds) it takes for the target to travel
2.80 cm. (c) Determine the speed of the Bi atoms.
Compare your result in (c) with the u,,, of Bi at
850°C. Comment on the difference.
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Rotating cylinder

Target
Bi atoms

stit”

5.113 If 10.00 g of water are introduced into an evacuated
flask of volume 2.500 L at 65°C, calculate the mass of
water vaporized. (Hint: Assume that the volume of the
remaining liquid water is negligible; the vapor pres-
sure of water at 65°C is 187.5 mmHg.)

5.114 Commercially, compressed oxygen is sold in metal
cylinders. If a 120-L cylinder is filled with oxygen to
a pressure of 132 atm at 22°C, what is the mass
(in grams) of O, present? How many liters of O, gas
at 1.00 atm and 22°C could the cylinder produce?
(Assume ideal behavior.)

5.115 The shells of hard-boiled eggs sometimes crack due
to the rapid thermal expansion of the shells at high
temperatures. Suggest another reason why the shells
may crack.

5.116 Ethylene gas (C,H,) is emitted by fruits and is known
to be responsible for their ripening. Based on this in-
formation, explain why a bunch of bananas ripens
faster in a closed paper bag than in a bowl.

5.117 About 8.0 X 10° tons of urea [(NH,),CO] are used
annually as a fertilizer. The urea is prepared at 200°C
and under high-pressure conditions from carbon diox-
ide and ammonia (the products are urea and steam).
Calculate the volume of ammonia (in liters) measured
at 150 atm needed to prepare 1.0 ton of urea.

5.118 Some ballpoint pens have a small hole in the main
body of the pen. What is the purpose of this hole?

5.119 The gas laws are vitally important to scuba divers.
The pressure exerted by 33 ft of seawater is equivalent
to 1 atm pressure. (a) A diver ascends quickly to
the surface of the water from a depth of 36 ft without
exhaling gas from his lungs. By what factor will the
volume of his lungs increase by the time he reaches
the surface? Assume that the temperature is constant.
(b) The partial pressure of oxygen in air is about
0.20 atm. (Air is 20 percent oxygen by volume.) In
deep-sea diving, the composition of air the diver
breathes must be changed to maintain this partial pres-
sure. What must the oxygen content (in percent by
volume) be when the total pressure exerted on the
diver is 4.0 atm? (At constant temperature and pres-
sure, the volume of a gas is directly proportional to
the number of moles of gases.) (Hint: See Chemistry
in Action essay on p. 202.)
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5.120 Nitrous oxide (N,O) can be obtained by the thermal
decomposition of ammonium nitrate (NH;NO3).
(a) Write a balanced equation for the reaction. (b) In a
certain experiment, a student obtains 0.340 L of the
gas at 718 mmHg and 24°C. If the gas weighs 0.580 g,
calculate the value of the gas constant.

5.121 Two vessels are labeled A and B. Vessel A contains
NH; gas at 70°C, and vessel B contains Ne gas at the
same temperature. If the average kinetic energy of
NH; is 7.1 X 10~%" J/molecule, calculate the mean-
square speed of Ne atoms in m?/s?.

5.122 Which of the following molecules has the largest a
value: CHy, F,, C¢Hg, Ne?

5.123 The following procedure is a simple though some-
what crude way to measure the molar mass of a gas. A
liquid of mass 0.0184 g is introduced into a syringe
like the one shown here by injection through the rub-
ber tip using a hypodermic needle. The syringe is then
transferred to a temperature bath heated to 45°C, and
the liquid vaporizes. The final volume of the vapor
(measured by the outward movement of the plunger)
is 5.58 mL and the atmospheric pressure is 760 mmHg.
Given that the compound’s empirical formula is CH,,
determine the molar mass of the compound.

. Rubber tip

'I

5.124 In 1995 a man suffocated as he walked by an abandoned
mine in England. At that moment there was a sharp drop
in atmospheric pressure due to a change in the weather.
Suggest what might have caused the man’s death.

5.125 Acidic oxides such as carbon dioxide react with basic

'ARIS oxides like calcium oxide (CaO) and barium oxide

(BaO) to form salts (metal carbonates). (a) Write

equations representing these two reactions. (b) A stu-

dent placed a mixture of BaO and CaO of combined

mass 4.88 g in a 1.46-L flask containing carbon diox-

ide gas at 35°C and 746 mmHg. After the reactions

were complete, she found that the CO, pressure had

dropped to 252 mmHg. Calculate the percent compo-

sition by mass of the mixture. Assume volumes of the
solids are negligible.

5.126 (a) What volume of air at 1.0 atm and 22°C is needed
to fill a 0.98-L bicycle tire to a pressure of 5.0 atm at
the same temperature? (Note that the 5.0 atm is the
gauge pressure, which is the difference between the
pressure in the tire and atmospheric pressure. Before
filling, the pressure in the tire was 1.0 atm.) (b) What
is the total pressure in the tire when the gauge pressure
reads 5.0 atm? (c) The tire is pumped by filling the
cylinder of a hand pump with air at 1.0 atm and then,

by compressing the gas in the cylinder, adding all the
air in the pump to the air in the tire. If the volume of
the pump is 33 percent of the tire’s volume, what is
the gauge pressure in the tire after three full strokes
of the pump? Assume constant temperature.

5.127 The running engine of an automobile produces carbon
-ARIS monoxide (CO), a toxic gas, at the rate of about 188 g
CO per hour. A car is left idling in a poorly ventilated
garage that is 6.0 m long, 4.0 m wide, and 2.2 m high
at 20°C. (a) Calculate the rate of CO production in
moles per minute. (b) How long would it take to build
up a lethal concentration of CO of 1000 ppmv (parts
per million by volume)?

5.128 Interstellar space contains mostly hydrogen atoms at a
concentration of about 1 atom/cm®. (a) Calculate the
pressure of the H atoms. (b) Calculate the volume (in
liters) that contains 1.0 g of H atoms. The temperature
is 3 K.

5.129 Atop Mt. Everest, the atmospheric pressure is
210 mmHg and the air density is 0.426 kg/m®. (a) Cal-
culate the air temperature, given that the molar mass
of air is 29.0 g/mol. (b) Assuming no change in air
composition, calculate the percent decrease in oxygen
gas from sea level to the top of Mt. Everest.

5.130 Relative humidity is defined as the ratio (expressed
as a percentage) of the partial pressure of water vapor
in the air to the equilibrium vapor pressure (see
Table 5.3) at a given temperature. On a certain summer
day in North Carolina the partial pressure of water va-
por in the air is 3.9 X 10’ Pa at 30°C. Calculate the
relative humidity.

5.131 Under the same conditions of temperature and pres-
sure, why does one liter of moist air weigh less than
one liter of dry air? In weather forecasts, an oncoming
low-pressure front usually means imminent rainfall.
Explain.

5.132 Air entering the lungs ends up in tiny sacs called
-ARIS alveoli. It is from the alveoli that oxygen diffuses
into the blood. The average radius of the alveoli is
0.0050 cm and the air inside contains 14 percent
oxygen. Assuming that the pressure in the alveoli is
1.0 atm and the temperature is 37°C, calculate the
number of oxygen molecules in one of the alveoli.

(Hint: The volume of a sphere of radius r is 37r°.)

5.133 A student breaks a thermometer and spills most of
the mercury (Hg) onto the floor of a laboratory that
measures 15.2 m long, 6.6 m wide, and 2.4 m high.
(a) Calculate the mass of mercury vapor (in grams) in
the room at 20°C. The vapor pressure of mercury at
20°C is 1.7 X 10~® atm. (b) Does the concentration of
mercury vapor exceed the air quality regulation of
0.050 mg Hg/m® of air? (c) One way to treat small
quantities of spilled mercury is to spray sulfur powder
over the metal. Suggest a physical and a chemical
reason for this action.



5.134 Nitrogen forms several gaseous oxides. One of them
has a density of 1.33 g/L. measured at 764 mmHg and
150°C. Write the formula of the compound.

5.135 Nitrogen dioxide (NO,) cannot be obtained in a pure
form in the gas phase because it exists as a mixture of
NO, and N,O,. At 25°C and 0.98 atm, the density of
this gas mixture is 2.7 g/L.. What is the partial pressure
of each gas?

5.136 The Chemistry in Action essay on p. 210 describes the
cooling of rubidium vapor to 1.7 X 10”7 K. Calculate
the root-mean-square speed and average kinetic
energy of a Rb atom at this temperature.

5.137 Lithium hydride reacts with water as follows:
LiH(s) + H,O(l) — LiOH(aq) + H,(g)

During World War II, U.S. pilots carried LiH tablets.
In the event of a crash landing at sea, the LiH would
react with the seawater and fill their life belts and life-
boats with hydrogen gas. How many grams of LiH are
needed to fill a 4.1-L life belt at 0.97 atm and 12°C?

5.138 The atmosphere on Mars is composed mainly of car-
bon dioxide. The surface temperature is 220 K and the
atmospheric pressure is about 6.0 mmHg. Taking
these values as Martian “STP,” calculate the molar
volume in liters of an ideal gas on Mars.

5.139 Venus’s atmosphere is composed of 96.5 percent CO,,
3.5 percent N,, and 0.015 percent SO, by volume. Its
standard atmospheric pressure is 9.0 X 10° Pa. Calcu-
late the partial pressures of the gases in pascals.

5.140 A student tries to determine the volume of a bulb
like the one shown on p. 192. These are her results:
Mass of the bulb filled with dry air at 23°C and
744 mmHg = 91.6843 g; mass of evacuated bulb =
91.4715 g. Assume the composition of air is 78 per-
cent N, 21 percent O,, and 1 percent argon. What
is the volume (in milliliters) of the bulb? (Hint: First
calculate the average molar mass of air, as shown in
Problem 3.142.)

5.141 Apply your knowledge of the kinetic theory of gases
to the following situations. (a) Two flasks of vol-
umes V; and V, (V, > V,) contain the same number
of helium atoms at the same temperature. (i) Com-
pare the root-mean-square (rms) speeds and average
kinetic energies of the helium (He) atoms in the
flasks. (ii) Compare the frequency and the force with
which the He atoms collide with the walls of their
containers. (b) Equal numbers of He atoms are placed
in two flasks of the same volume at temperatures
T, and T, (T, > T)). (i) Compare the rms speeds of
the atoms in the two flasks. (ii) Compare the fre-
quency and the force with which the He atoms col-
lide with the walls of their containers. (c) Equal
numbers of He and neon (Ne) atoms are placed in
two flasks of the same volume, and the temperature
of both gases is 74°C. Comment on the validity of
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the following statements: (i) The rms speed of He is
equal to that of Ne. (ii) The average kinetic energies
of the two gases are equal. (iii) The rms speed of
each He atom is 1.47 X 10° m/s.

5.142 It has been said that every breath we take, on average,

TARIS contains molecules that were once exhaled by Wolfgang

Amade