FRED H. REDMORE

INTRODUCTORY CHEMISTRY

KARL F. KUMLI




D Fred H. Redmore

6 Chemistry Department

k C? é . ; .y Highland Community College
LR 2

STUDY GUIDE

INTRODUCTORY
CHEMISTRY

PRENTICE-HALL, INC., Englewood Cliffs, New Jersey



©1974 by Prentice-Hall, Inc., Englewood Cliffs, New Jersey
All rights reserved

No part of this book may be reproduced in any form or by
any means without permission in writing from the publisher.

10987654321

ISBN: 0-13-501684-3
Printed in the United States of America



8961495

STUDY GUIDE

INTRODUCTORY
CHEMISTRY

Karl F. Kumli




PREFACE

This study guide has been written for the student in
an introductory chemistry course, to accompany "Introductory
Chemistry" by Karl F. Kumli.

What has been done here is first of all to point out
what the objectives are for each chapter, since the first
step in learning anything is to understand just what it is
you are trying to learn. This is followed by a somewhat
brief summary of the main points; that is, a short discus-
sion of each topic pointing out the major aspects, clari-
fying points that often cause trouble and summarizing in
various types of tables and charts when applicable. The
material has been written in outline form, since I feel that
this is the most logical way to present a summary of any-
thing. This is what you, the student, should learn to do
as you study chemistry or any other subject; that 1is, try
to outline the material covered in your textbook and in the
lecture and summarize it in your own words. The material in
the first eleven chapters is more complete than in the re-
mainder of the book, since these are the basic principles
of chemistry which the rest of the material is based on.

And finally, each chapter concludes with a list of
questions and problems, and a sample quiz. The answers
to all of these are found in the back of the book so that
you can check your work as you go along. The first question
in each set consists of a list of terms for which you should
write out definitions (the answers for these are not given).
This should be done in your own words, not just copied from
a book. If you can write out a definition in your own
words it will mean much more to you, even if it doesn't
sound as good as the way it is stated in a textbook.

This book has been written for you, the student, to
help you in your study of beginning chemistry. It should
not be used as a substitute for the textbook and lecture
material, but as a guide to help you in your study of
material covered in the text and lecture.

In using this study guide, you may find it helpful
to read through the material covered here before it is
discussed in class , or even before you read the text, to
get a general idea of what topics are to be covered and
what the general objectives are (there may well be other
objectives that your instructor may wish you to master, in
addition to these or possibly instead of some of these).
After the material has been covered in class, the study
guide information, along with the lecture notes that you
take in class and any outside reading that you do, should
be used to help you organize the topics to be learned and
apply them by doing the exercises included. Answers to
all of these exercises are included in the appendix. If
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you cannot understand the material or cannot work the
exercises, get some help as soon as possible; it 1s
essential that you understand each topic before going on
to the next one.

Also in the appendix, along with the answers to all
exercises, there is a section on nomenclature of inorganic
compounds (to be used whenever this topic is covered in
the course--probably near the beginning), a sectlon on
balancing oxidation-reduction equations, and a set of
sample quizzes (one for each chapter) with all answers given
for these also.

To summarize, I would suggest that you attend class
regularly, read your text, and ask questions about things
that you don't understand. Then use the material in this
book to review and check yourself as you go along. With
some effort on your part I feel that you will find the
study of chemistry interesting.

Any comments you may have on this study guide or
suggestions for ways that it could be made more useful
would be greatly appreciated.

Fred H. Redmore
Highland Community College
Freeport, Illinois 61032

viii



TABLE OF CONTENTS

PREFPRCE., o arels sl o0 o & 1 i & 16,10, 06 0 8 88,8 8 & 61919 o7 8 9581 9507 01001 10 03 imp oo vii
. The Nature and Scope of Chemistry........... 19 1
2. Atomlc Structure...csicccsssessscsosossses o 00 e 9
3 Chemical Bonding...eeeeeeeecescsocsccssssocosscccns 17
it StolchHiometry cvivesssissosossnonans Y o 23
5. The Periodic Table Revisited ........ o0 w0 W e 31
6. States of Matter.ccswsisssos gl SR B o T T 35
7 Solutions. s T (68 g e S R SRS e e e e e e e L6
8. Electrochemistry............. ..... e S B eyt SNt S B 53
g, Kinettes . sviewana s ba el 81 G e e e e 58
10. Chemical Equilibrium ..................... N e M 61
11, BAolds and BaseEBe. e s siesvaoseessssssssssswnsnsss 69
12. The Carbon Atom: Its Structure and Bonding g 78
13. Electronic Distribution in Organic Molecules 83
14, Structural Features of Organic Molecules....... . 87
15. Nomenclature of Organic CompoundsS.....ceeeceeees 91
16. Nucleophilic Substitution Reactions..... i i b 99
17. Elimination Reactlons.....ceeeeeececcesconsncnns 104
18. Nucleophilic Addition Reactions........cceeeeeens 106
19. Electrophilic Addition Reactions......ccooeeeene i 109
20. Electrophilic Substitution Reactlions............ 112
21. Free Radical Reactions. 1 o 4 8100 8 0 16 8 @ 88 94 H sae 115
22. Oxidation-Reduction Reactions 5,164 3 aris 8818 spsy® s LT
23: Liplds.cessessssssns . S 68 i 16 8 T 124
2L, CarbohydratesS...coseceessfuesvos 66 o wire vie v we 127
25. Amino Acids and Protelns.....ccceceeecccccncanns 131
96 BAZYMEOB s s s o o brersoisaiso s oeasseps 1o To.c6 1018 189191 5, & w1 ol oE : 135
27. Nucleic T T O s e R e 138
28. Metabolism (Catabolic Processes) R Sepop 0w 140
29, Metabolism (Anabolic Processes).......ceeseesces 143
30. A Summary of Some Aspects of Nutrition.......... 145
31. PharmaceuticalsS....cceeeerecesccoscssasossossansas 150
32. Polymers....ccceeeecses e a1 e T G S [ E 8181 et i B SLSL w 153
APPENDIX I Nomenclature of Inorganic Compounds.... 156
APPENDIX II Balancing Oxidation—Reduction Equations 160
APPENDIX III Quizzes........ s T T 1 1 5 90 A 162
APPENDIX IV Answers to Problems ................... : 174
APPENDIX V  Answers to Quizzes........... 5 e o W 188



Il

1 i

D.

To

Chapter 1
THE NATURE AND SCOPE OF CHEMISTRY
OBJECTIVES
become familiar with the following terms:

Matter

Energy

Chemistry

Scientific Method

understand the classification of matter into the

following areas (including becoming familiar with
all terms used)

A.

B.

To

Pure substances

1. Elements (composed of atoms)

2. Compounds (composed of molecules or lons)
Mixtures

1. Homogeneous (solutions)

2. Heterogeneous

learn the units used in the measurement of matter,

and how to convert from one unit to another

A.

Metric system

1. Prefixes used

2. Conversion between the metric and British
systems

Conversion factors

1. Converting between any units within either of
the systems

2. Converting units between systems

3. Other types of conversions

Density

1. Definition

2. How it is used in calculations

Exponents and scientific notation

1. Writing numbers in exponential form

2. Carrying out operations of multiplication,
division, addition and subtraction and taking
square and cube roots, with exponential
numbers

3. Scientific notation

Significant figures

1. Which digits are significant

2. Use of correct number of significant digits
in calculations



I.

Introduction. The first step in studying chemistry

is to become familiar with some basic terms, including
the following:

ITI.

A. Matter. All of the material that the universe
is made up of; that is, i1t 1s anything that has
weight and occuples space.

B. Energy. The other quantity in the universe. A1l
changes that take place 1n nature are accompanied by
changes in energy. It 1s now known that matter and
energy are interchangeable; that 1is, small amounts of
matter can be converted to energy. (This subject will
be discussed in more detail later). Also, it is now
known that the total amount of energy (or matter -
energy) in the universe is constant and therefore

the law of conservation of energy (or matter - energy)
says that energy can nelther be created nor destroyed,
it can only be changed from one form to another.

C. Chemistry. This is the study of matter and is
concerned with the changes that it undergoes and
the energy transformations that accompany these
changes.

D. The scientific method. A method of gaining know-
ledge by observing, attempting to explain the obser-
vations, making predictions based on these obser-
vations, and finding some method of verifying the
prediction. This process, of course, includes many
other things such as intuition, previous knowledge,
and so forth.

Classification of matter. The classification of

matter can be summarized by the chart shown in Fig. I-1.
But to understand this classification you must first make
sure that you are familiar with all of the terms used,
including the following:

A. Pure substance. A material which has a definite
and constant composition. This will either be an
element or compound.

B. Atom. The smallest particle of matter that can
undergo change in any ordinary chemical reaction. We
shall see later that atoms are made up of smaller par-
ticles, called electrons, protons, and neutrons. But
the study of chemistry is really only concerned with
the atoms that matter is made up of and not the de-
composition of atoms (in what are normally referred

to as nuclear reactions).

C. Element. A type of material which contains only
one kind of atom, and does not undergo decomposition
to a simpler substance under ordinary conditions.
(Again, the only changes this could undergo would
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be in a nuclear reaction.) There are presently
only 105 different elements known; or 105 different
kinds of atoms, and only 88 of these are known to
occur in nature, the other 17 being man-made.

D. Compound. A substance made up of two or more
elements in a definite and constant composition,
which can be broken down to simpler substances by
chemical means. For example, water, which has the
formula H20, is always made up of two atoms of
hydrogen “(H) and one atom of oxygen (0). A formula
gives the simplest whole number ratio of atoms that
make up a compound. A symbol 1s used to represent
each type of atom--that is, there is a symbol for
each of the 105 elements. Therefore, another way

of identifying a compound is by the fact that there
is a formula for it. (The distinction between
molecular and ionic compounds will be discussed in
the next chapter.) We shall see later that since a
particular element has a definite, relative weight,
a compound will always have the same % composition by
weight. For example, water 1s always 11.1% hydrogen
and 88.9% oxygen, by weight.

E. Mixture. A combination of two or more substances
in variable proportions. These can be homogeneous,
in which case any sample taken will be the same, or
heterogeneous, in which case samples will differ.

For example, if salt is dissolved in water, to make

a homogeneous mixture (called a solution) any portion
of the solution will be the same, but there are an
infinite number of different solutions of salt in
water; that is, there is no formula for salt water.
If sand is mixed with water a heterogeneous mixture
results.

F. Chemical reaction. The process whereby two or
more elements or compounds combine or rearrange to
form one or more new compounds or elements. (Chemical
reaction will be discussed in more detail in Chapter Ly

Matter
Pure Substance Mixture
Element Compound Homogeneous Heterogeneous
(solution)

Molecules Ions

Fig. I-1



ITI. Measurement of matter. There are three types of
measurements that we shall be concerned with. These
are: mass (or weight), length, and volume.

A. Metric system. In the metric system, which is
used in all scientific work, and which will eventually
be used exclusively in the United States as it now is
in most of the rest of the world, the prefixes in
table I-1 are used. The basic units used are the
gram (g), meter (m), and liter (1). The prefixes
listed here are used with all types of units and

must therefore be learned (there are also others,
which can be found in any chemistry book, but these
are the ones most commonly used).

kilo (k) = 1000 units (1 kg = 1000 g)
deci (d) = 1/10 unit (lm = 10 dm)
centi (c)= 1/100 unit (lm = 100 cm)
milli (m)= 1/1000 unit (11 = 1000 ml)
micro (M)= 1/1,000,000 unit|(1 ym = 10~ 0m)

Table I-1

The following three basic conversion units must
also be learned (or, any other conversion unit between
the two systems, for each type of measurement).

1 1b. = Us54 g

1 in, 2.54 cm

1 1

1.06 gt

Again, there are many others also, but if these are
learned along with the following method of carrying
out conversions this is all that is necessary.

Also, 1 ml =1 em3 (or cc)

B. Conversion of units. To convert any unit to

any other, either within the British or metric system,
or between the two systems, we can use what are often
called conversion factors. These are simply numbers,
with units, written so that the conversion factor is
equal to one, and the units cancel out properly.

For example, since 1 in. = 2.54 cm,

1 in. =1 and 2.54 cm = 1
2.50 cm L in,



Therefore, to convert 5.8 cm to inches you simply
multiply the 5.8 cm by the proper conversion factor
to give the unit in., which is:

5.8 carx 1 in. = 2.3 1n;
2.50 cm

In this same way any quantity involving units can be
made to give conversion factors, and any calculations
involving relationships between quantities can be
solved in this way, even though several steps may be
involved.

Consider the following examples:
(1) Convert a speed of 50 mi/hr to cm/sec.

50 mk y lbr vl mbwr yx 5280 £t x 12 imy 2.54 cm
bhr " 60_mir 60 sec 1.m* 1 £t i =

=2,235 cm/sec.

(2) Convert 1.20 g/em3 to 1b/ft>

1.20 g-X 1 1b X (2.54)3 em3 X (12)3 2
_cm3  L.54 g 13 _in3 13 £t

= 74.9 1b
ft

Remember that in conversions of this type, both the
number and the unit must be cubeg--for examgle cubic
foot (ft 3)_does not equal 12 in?, but (12)°> in

Of course 13 is still one, but it is put in here to
emphasize that both the number and the unit must be
cubed.

We will see later that this same method can be used
for many types of calculations, but not all calcu-
lations--only those actually involving equivalent
quantities.

C. Density. Another commonly used measurement of
matter is density. This gives the relationship be-
tween the mass and a given volume, or the "mass per
unit volume", expressed as mass/volume. In the
metric system this is almost always expressed as g/ml
or g/cm3 for liquids and solids, and g/l for gases.
For example, the density of water is 1 g/ml and the
density of sulfuric acid is about 1.8 g/ml. This
means that one ml of water weighs one gram but one
ml of sulfuric acid weighs 1.8 g. To use density

in conversion problems, we can simply say, for

water 1 g = 1 ml, and for sulfuric acid 1.8 g = 1 ml,
and then these can be used as conversion factors,
either as 1 g/1 ml or 1 ml/1 g for water and

1.8 g/1 ml or 1 m1/1.8 g for sulfuric acid.
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D. Exponents and scientific notation. In exponential
notation numbers are written in two parts, a whole
number or decimal_and a power_of 10. For example,

2 X 102, 2.5 x 108, 3.2 x 10'3, and so forth. Recall
that a positive exponent (that is, power of 10) means
that the decimal point must be moved to the right and
a negative exponent means that it is moved to the
left. That is, a negative exponent indicates a small
number - (and the larger the negative exponent the
smaller the number is) and a positive exponent indi-
cates a large number. Consider the following
examples:

10 = 10! 200 = 2 x 10°

100 = 102 .0032 = 3.2 x 10~3
) ST U U ot .25 x 102 = 25

T0

1 = .01 = 1072 25 x 103 = .025
100

Operations with numbers involving exponents.

1. Multiplication. Multiply the numbers and
add the exponents. For example:

(2 x 102) (2 x 103) = 4 x 10°

(3 2 203 (2 52077y = 6 5 307"

2. Division. Divide the numbers and subtract
the exponents algebraically. For example:

4 x 102 _ 3
7x 102 2% 10

6 x 10-8 _ r
T Io=s = 2% 107

3. Addition and subtraction. Here the expon-
ents must be to the same power; for example, to
add 2.50 x 102 and 1.20 x 103 one of these must

be changed to: 2.50 X 102 + 12,0 x 102 =

14.5 x 102 = 1.45 x 103 or, .250 x 103 + 1.20 x 103
= 1.45 x 103

4, Square root, cube root, and so forth. To
take a square root the exponent must be divisible
by 2; to take a cube root it must be divisible

by 3, and so forth. For example:

Vi x 10-8 = 2 x 10-%
V1.6 x 103 =/16 x 10" = 4 x 102
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¥ 8 x 1076 = 2 x 102
W .27 x 10-7 =~¥27 x 1077 = 3 x 16-3

In scientific notation the numbers are always
written as a number greater than one and less than
ten, with an exponent. Also, all significant digits,
and only significant digits, are included. For
example:

2500 = 2.500 x 103 (not 2.5 x 103)
0.00250 = 2.50 x 10~3 (not 2.5 x 1073)
0.25 x 10~% = 2.5 x 10”2 (not 2.50 x 10~2)

E. Significant figures. Numbers written in such a
way that only the last digit is in doubt. For
example, a value of 10.22 g means that this was mea-
sured to the closest one hundredth of a gram--like-
wise, a value of 10.00 g means the same thing, and
therefore should not be written as 10 g or 10.0 g

or 10.0000 g. A zero is . only.sighiflcant if it is
NOT needed to show where the decimal point is (see
the above example.) In doing calculations, the
answer must have the same number of significant
digits as the least number in any of the values used.
For example:

(1.202) (3.01) (2.0) = 7.2, since the first
number has four significant digits, the second has
three, and the last only two, the answer must have
two, but no more than two.

PROBLEM SET 1

Define the following terms (in your own words) :

matter element symbol

energy compound formula

chemistry mixture equation

atom density conversion factor
mass meter significant digits
weight gram scientific method

Classify each of the following as: element, com-
pound, or mixture:

A. Water D. Sodium
B. Aluminum E. Gasoline
C. Milk F. Chlorine



Fill in the blanks:

e T L= __ %5 ml E. 11=___ aqt
B. L 1b. = g F. 1lkg-= g
Ce LB =T mg G. lin. = ____cm
D. 1m= cm

Carry out the following conversions:
2 2

A. 5.2 in. to cm E. 10 m to cm
B. 2.5 1 to qt F. 2 gal toml
C. 1.2 kg to g G. 5 ton to mg
D. 10 mg to ounces H. 5 ft/min to cm/sec

Solve the following and express the answer in
scientific notation:

A. (2.5 x 10-8) (2 x 105)

B. 7 x 1072
7 x 10-3

c. 8 x 107
0.002

D. (0.02) (80,000)

E. (8 x 10°) (5.x 103)
2 x 10- 7

F. (0.003) (0.004) (0.0005)

G. 2 x 1073
5 x 10-0

Tell how many significant digits there are in each
of the following:

A. 262.5 B. 250.2 c. 0.042
D. 201 E. 0.0020 F. 20.00

If 6 g of a substance occupy a volume of 1.5 ml,
what is the density?



Chapter 2
ATOMIC STRUCTURE
OBJECTIVES

I. To become familiar with the three basic particles
that the atom is composed of (electrons, protons,
and neutrons) and learn what the relative mass and
charge of each of these is

II. To learn the general arrangement of these three
particles in the atom

III. To understand what the atomic number tells about
an atom

IV. To learn what is meant by atomic mass, what isotopes
are, and what the notation AX represents
Z
V. To understand what the atomic weight scale 1s and
how mass defect affects it

VI. To learn how the electrons are arranged in the atom
in terms of the following things
A. Energy levels

. Sublevels and orbitals

. Electron spin

. Electron configuration

. Sequence of occupancy of orbitals

. Unpaired electrons

. Valence electrons

QE-EHoQw

VII. To learn how the electron arrangement of atoms is
related to the arrangement of the periodic table

VIII. To become familiar with some periodic variations in
properties, such as
A. Atomic size
B. Ionization energy (ionization potential)
C. Electron affinity

I. Subatomic particles. In discussing atoms it was
stated that an atom is made up of electrons, protons,
and neutrons. We now want to become familiar with these
three types of particles and then learn how they are
arranged in the atom. Table II-1 summarizes the rela-
tive properties. It 1s essential that you learn these,
since a large part of the study of chemistry is con-
cerned with the atom and the changes that atoms undergo.



In discussing mass (or weight) of atoms and particles
that make up the atom, relative weights are used, since a
single atom is too small to weigh. For example, it is
known that oxygen is about 16 times as heavy as hydrogen
and therefore on a relative weight scale we can say that
hydrogen is about 1 and oxygen is about 16. These rela-
tive units are sometimes referred to as atomic mass units
(amu). We will look at atomic weights and related topics
later in the chapter, but for now you should understand
what is meant by these relative units called amu.

approximate relative
particle symbol mass (amu) charge
electron e 0 -1
proton jo) 1 +1
neutron n 1 0
Table II-1

II. Arrangement of particles in the atom. At the center
of the atom is the nucleus, which contains the protons
and neutrons, and hence has a + charge equal to the
number of protons that 1t contains. Surrounding the
nucleus is a cloud of electrons. The nucleus contains
most of the mass of the atom, but only a very small
fraction of the size; that is, the electron cloud makes
up most of the volume of the atom.

III. Atomic number. Since an atom is a neutral specles,
there must always be the same number of electrons as
there are protons, and the number of protons (or
electrons) is called the atomic number. For example,
all atoms of hydrogen, whose atomic number is 1, have
1 proton and 1 electron; all atoms of He (atomic number 2)
have 2 protons and 2 electrons; and so forth.

IV. Atomic mass and isotopes. As was stated earlier this
is based on a relative scale. It must be kept in mind
that all atoms of a given element have the same atomic
number, but they do not have the same atomic mass. This
is due to the fact that different atoms of the same ele-
ment can have different numbers of neutrons. These are
called isotopes (that 1s, atoms with the same atomic
number but different numbers of neutrons). Fortunately,
there are at the most only a few isotopes that occur
naturally for each element, and any sample of a given
element has the same proportion of the various isotopes.
The notation used to indicate a particular isotope is Tx»
where X is the symbol for the element, Z is the atomic?
number and A is the mass number, which represents the sum
of &ﬁe protons and neutrons in the nucleus. For example,
in 1% there are 6 protons (and 6 electrons) and 8 neu-
tronf (14 - 6 = 8).
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