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PREFACE TO THE SIXTH EDITION

This revision has been made in order to maintain the prac-
tice of thirty-four years, first, of incorporating improvements
in presentation evolving from the experience, year after year,
of an exceptionally competent group of instructors, and, second,
to keep the book abreast of such advances in chemistry as
even freshmen can appreciate, and thus to do some justice to
the exciting, dynamic character of this great field of knowledge.

We have not felt it necessary to make a major revision at this
time because the preceding edition was extensively rewritten;
the main alterations are to be found in the chapters dealing
with the structure of matter, the properties of atoms, chemical
binding, chemical kinetics, equilibrium, and oxidation. A consid-
erable number of minor alterations have been made through-
out the text in the interest of clarity and style.

The book is not intended ecither to replace or to confine the
teacher. He is frce to take up topics in any rcasonable order
and to embellish them with all the wealth of illustration at his
command. It does not present one person’s notions of how
general chemistry should be taught, but is rather the fruit of
cooperative effort by members of a large department who have
believed that good research and good teaching are equal obli-
gations.

JOEL H. HILDEBRAND
RICHARD E. POWELL
Berkeley, California



PREFACE TO THE FIFTH EDITION

This fifth edition, like its predeccessors, has been written in
a continuing faith in perfection as a goal but not as an achieve-
ment. This has nccessitated repeated revisions; iudeed, the
present volume would hardly recognize its progenitor of
thirty years ago. The changes have been, in part, of a peda-
gogical kind. In this I have profited, as heretofore, from criti-
cisms by our own staff, whose members, senior as well as
junior, have always willingly cooperated by taking quiz
sections, but this time, particularly from suggestions gathered
by the publisher at my request from users of the book in
other institutions. I wish here to express my gratitude for the
pains several of these teachers have taken. I have made
most of the changes indicated by their friendly criticisms.

But changes and additions in subject matter have also
been called for by the constant growth of the science itself.
One who merely dips facts from a stagnant reservoir is
hardly teaching science; rather, he owes it to his students to
give them the impression of an onflowing stream. Chemistry
is in such a fluid state that it lends itself readily to this
purpose. Indeed, the young chemist needs the recent discov-
cries in atomic structure to illuminate physical and chemical
propertics. Conventional instruction in physics postpones this
for a couple of years, but we can set this exciting story before
him in the freshman year. We can escape the restrictions of
what [ have called, on page 80, the ‘‘chronological” order of
presentation, according to which all the oldest knowledge
must be learned first.

Of course, the intellectual appetites and digestive powers
of different students vary enormously, far beyond the range
between the traditional 60 and 100 per cent. Teachers should
both teach and grade with the Gaussian curve in mind, and

vi
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try to stimulate their best students to achieve not merely a
fraction above but several times the average.

It seems worthwhile here to repeat an explanation of our
practice in the University of California to allow for this wide
spread. I have heard our plan of instruction questioned as too
difficult for average students, but I believe we treat them
with due consideration. Although we deliberately set before
all students a far richer fare than most of them can assimilate,
we do not expect everyone to tackle every item. One device
is to distinguish the entrees from the hors d’oeuvres, as in
this volume by the use of different kinds of type, and aster-
isks for the difficult exercises at the end of chapters. One of our
weekly quizzes will contain decreasing credit, as in the follow-
ing sample of a quiz given near the close of the first term:

1. Divide the following substances into three groups according as
dilute aqucous solutions made from them are acid, alkaline, or
neutral:

(1) KCl (2) NH,NO; (3) BaCl, (4) SrO (5) BaAc;
(6) KHSO, (7) NHAc (8) Al(SO4); (9) NH; (10) Na,COs.
Credit 30

2. State what you can about the concentration of H* in each of
the following:

(1) 0.05 M-H,S0, (5) 1 M-KAc (9) 0.05 M-KHSO,
(2) 0.2 N-H,SO, (6) 0.1 M-BaCl, and 0.02M-HCl in
(3) 1 M-NH,CI (7) 1 M-NH; the same solution.

(4) 0.5 M-K,CO; (8) 0.01 M-NH,;Ac (10) 0.01 M-HAc.
Credit 20

3. If a soluble base, MOH, is 0.4 per cent ionized in 0.2 molal

solution, what are the concentrations of M+, OH™, and MOH?
Credit 10

4. What is the ionization constant of the MOH in the above
case?

Credit 5

5. Set up the four equations from which you could calculate the
concentration of OH™ in 0.1 molal MNOj solution.
Credit 5
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Such an arrangement permits the ordinary student to get
enough points for a “‘C” grade from two easier questions to
prevent discouragement, but the student who earns an ““A”
grade must answer the difficult third, fourth, and fifth
questions.

New chapters or paragraphs have been added on systems
of acids and bases, polymers, trans-uranium elements, struc-
ture of inorganic compounds, silicones, and carbonic acid and
its ions. The last of these offers excellent drill, both qualita-
tive and quantitative, in the principles of equilibrium as
applied to substances of great significance in biology, geology,
industry, and the home.

I have given, in Chapter XXII entitled “Acid-Base Sys-
tems,” a careful explanation of the ‘Bronsted Theory,”
along with the others. I fully appreciate the uscfulness of this
system for the purposes for which it is appropriate, but I
have not used it throughout the rest of the book for two
reasons: first, I regard it as better pedagogy to begin with
the ordinary water system, extending to the proton-donor-
acceptor system later for the special purposes of organic
chemistry; and, second, because the other systems are equally
“right” and so much more useful for certain purposes that
the Bronsted viewpoint should not be allowed to usurp the
field. I have stated the criteria in paragrapn 18 of the chapter.
A tcacher in another institution has stated his experience
regarding the pedagogic difficulties as follows: “At our insti-
tution I have been required to present the Bronsted defini-
tions as the definitions of acids and bases. To avoid confusion
and doubts, the students are not supposed to be made aware
of the existence of other points of view. The students have
great difficulty with the Bronsted concept. We make the
presentation as simple as possible, then conclude that the
students haven’t grasped it, so we go over it again, and again.
We spend an inordinate amount of time on it—and then
recognize that the students have digested very little of it, so
we ask practically nothing about it in the examinations. For
the sake of simplicity we practically ignore the Bronsted con-
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cepts in the remainder of the course. All in all, the result is a
mess. | believe the majority of our freshman staff agrees with
me in this conclusion, and 1 belicve the Bronsted theory is
ignored completely in the analytical courses that follow. I am
decidedly not in favor of ‘going Bronsted’ in the freshman
courses.”’

Many new exercises have been added, and the answers
have been transferred to an appendix to combat the tempta-
tion to estimate them instead of working them out by analysis.

I wish, finally, to express my gratitude to my colleague,
Professor Kenneth S. Pitzer, and to my former colleague,
Professor James Arthur Campbell, now of Oberlin College,
for specific contributions, to Dr. Ralph R. Hultgren, Pro-
fessor of Physical Mectallurgy, for the prints for Figs. 3-6 in
Chapter I, and to my collecague, Professor Glenn T. Seaborg,
for criticism of the material on the trans-uranium clements.

JOEL H. HILDEBRAND

Berkeley, California
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CHAPTER 1

KINDS OF MATTER

1. What Is Chemistry? The answer to this question, ap-
propriate at the beginning of a book or a course, might be
attempted in various ways. One would be to give a definition,
which students could commit to memory and recite when-
ever called upon; a process which, from time immemorial,
has been a prominent feature of education. The weakness of
this method lics in the fact that definitions are often merc
words, giving only the illusion of understanding to thosc
who repeat them. Big subjects cannot be expressed at all
adequately in sentence definitions. Dictionaries must give
definitions but the full meaning of, say “‘friendship,” requires
an essay, a book, or still better, long experience. The scope
of chemistry, similarly, is but dimly conveyed by its definition
in the dictionary, and will be found by the inquiring student
to be a continually enlarging and intecresting subject. This
chapter is intended to give only a partial exposition of the
scope of chemistry, to be expanded throughout the entire
book and through firsthand contact in the laboratory.

2. This distrust of definitions may seem inconsistent with
calls for definitions that will be found in the exercises at the
end of this and other chapters. The intention is not that the
student should ransack his memory, but that he should
endeavor, solely as an exercise, to put into clear concise
English whatever degrec of comprchension he may have
attained at the time. A clear concept can be put into words,
but words are no guarantee that the concept is clear.

Not all definitions are subject to the above difficulties.
The units of length, volume, mass, time, and so on, are
clearly defined, also properties such as density, specific heat,
solubility, viscosity. It may be interesting, as we proceed, to

1
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notice which terms are capable of rigid definitions and which
are not. (Cf. Exercise 5 at the end of this chapter.)

3. Many teachers of chemistry have felt it necessary to
define chemistry as distinct from physics. Such a distinction
is arbitrary, unnccessary, and undesirable, as is clearly shown
by the existence of a large common domain known as “‘physi-
cal chemistry.” There is published a Journal of Physical
Chemistry and also a Journal of Chemical Physics. This
does not imply that there is no difference between chemistry
and physics, but only that the differences lic in emphasis or
in point of view, or sometimes only in the label on the labora-
tory in which a picce of work has been done. Our language
is full of similar contrasting terms: bright and dull, rich and
poor, blonde and brunctte, fast and slow. These are useful
enough, but the lines between them are either hazy or arbi-
trary. To a student no better illustration of this is needed
than the grading practices of at least some of his professors.

We may now return to our question, What is chemistry?
with the understanding that it is to be answered by no single
sentence, propounded on the authority of the author to be
memorized and recited by the student, but rather by a sort
of aerial reconnaissance to get at least a preliminary and
partial view of what is contained in the domain of chemistry.
If we find that chemistry and physics, like the occans, are
separated by no recognizable line of demarkation, or if the
line is purely arbitrary, like the Arctic Circle, we shall not
expect to have to jump across it.

4. Substances and Their Properties. Chemistry is, first
of all, concerned with substances, materials, or kinds of
matter, such as wood, glass, iron, copper, clay, sugar, each
recognizable by its inherent properties, such as color, taste,
odor, hardness, density, etc. The names of substances must
not be confused with the names of objects or articles, such
as log, bottle, coin, brick, which are made of certain sub-
stances. Again, the forms which may be artificially imposed
upon matter are not properties. It is a natural property of
glass to become plastic at elevated temperatures, which
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permits it to be shaped into a variety of useful articles, but
the glass does not assume these shapes of itself, hence they
are not properties of glass. The only forms which are inherent,
serving to identify materials, are the crystal forms which
most of them are able to assume on separating as solids
from the liquid or gaseous states.!

We use the more obvious qualitative properties of matter
to identify the substances encountered in daily life: the color
of copper, the luster of silver, the taste of sugar or salt, the

Properties (Partial List)

Absorption spectrum Heat ot

+Boiling point *combustion

+Coefficient of expansion dissociation
Color expansion
Compressibility +ormation
Conductivity for heat fusion
Conductivity for electricity ionization
Critical pressure reaction
Critical temperature +vaporization
Critical volume Ignition temperature
Crystal form Index of refraction

+Density Luster
Dielectric constant Magnetic susceptibility
Elastic limit +Melting point
Elasticity Odor
Emission spectrum Reflectivity
Emissivity Solubility
Entropy Surface tension
Fluidity Tensile strength
Free energy +Vapor pressure
Hardness Viscosity

hardness and transparency of glass, the melting of ice, the
low density of aluminum. We readily distinguish solids,
liquids, and gases. There are, however, many properties
which are not evident to our unaided senses but which can
be measured, often with great accuracy, by the aid of suitable
instruments, such as electrical conductivity, refractive index,
coefficient of expansion. Since chemists, physicists, and en-

1 Cf. Latimer and Hildebrand, Reference Book of Inorganic Chemistry, New
York, The Macmillan Company, 1951, Appendix V.
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gineers have several hundred thousand different substances
to identify and utilize, it is important to be able to measure
all the properties with the requisite degree of accuracy. The
table on p. 3 is an incomplete list of properties. The student
would do well to be able to define or explain or describe a
method for measuring as many of these properties as possible,
particularly those marked by +. Use may be made of the
Glossary in Reference Book of Inorganic Chemistry, p. 513,
by Latimer and Hildebrand.

5. Chemical Reactions. Substances may change into other
substances by processes called chemical reactions. Among the
countless examples may be mentioned the rusting of iron, the
burning of fuel, the fermentation of sugar, the explosion of
gunpowder, the digestion of food, and the solution of silver
in nitric acid. The ability of a substance to undergo a given
chemical change is one of its chemical propertics, aiding in
its identification. Thus starch and talc may be distinguished
by the fact that the former will burn in air but the latter
will not. Silver will dissolve in nitric acid, tin reacts with the
same acid to give a white insoluble powder, platinum will
not react with it at all.

6. The quantities involved arc often important to know.
What weights of iron ore and coke arc necessary to produce
a ton of iron? What proportions of baking soda and crcam
of tartar should be used for a baking powder? It is part of
chemistry to be able to answer such questions.

7. Or again, we may be chiefly interested not in the nature
of the substances involved but in the amount of energy
liberated in the form of light, hcat, or mechanical power.
We purchase flashlight cells for the electrical encrgy liberated
by the chemical reaction that goes on in the cells while in use.
In the manufacture of substances by electrochemical processes,
such as chlorine, caustic soda, aluminum, and magnesium, the
cost of the electrical energy that must be supplied is as im-
portant as the cost of the raw materials that must be used.

8. We may summarize our view of the field of chemistry
up to this point by saying that chemistry is concerned with
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substances and their properties; with the techniques for sepa-
rating one substance from another; with the changes or
reactions whereby other substances are formed; with the
conditions necessary for bringing about or preventing these
reactions; and with the relative amounts of matter and energy
involved.

9. Various motives may lcad one to study chemistry. More or
less knowledge of the subject is essential for agriculture, engineering
in all its branches, medicine, the biological sciences, and most
manufdcturing industries. Again., all persons whose minds are
active feel lively curiosity concerning their environment. This
environment is physical and chemical as well as social and economic.
Again, chemistry if studied properly as a science gives unsurpassed
training in the scientific method, one of the major intellectual
achicvements of mankind. Chemistry, first of all, has progressed
much farther than certain other sciences beyond the era of mere
description and classification; second, it shares with physics and
astronomy a good deal of mathematical rigor, while presenting at
the same time phenomena too complicated, as yet, for mathematical
treatment and which must be dealt with by more qualitative
methods such as are largely characteristic of biology. The scientific
method, like chemistry itself, is not subject to brief, precise defini-
tion but it includes the search for pertinent facts, the planning and
performing of experiments carcfully designed to reveal new facts
and relationships; the use of the imagination to form hypotheses,
along with scrupulous care and honesty in subjecting them to
the tests both of facts and logic. Such training has both moral and
intellectual value and although it is difficult for man to transfer the
lessons he learns from one realm to another, nevertheless the prob-
lems presented in other fields, particularly the social, political, and
economic, are so pressing and complicated that both the desire and
ability to attack them scientifically is of the utmost importance.
It is the hope of the author that the students of this book will find
not only that they have learned about substances and their trans-
formations but will find themselves more inclined as well as able
to treat scientifically, all problems, whether chemistry or not,
which are appropriate for scientific treatment.

10. Mixtures. As we attempt to apply our tests to distin-
guish substances, we notice that for some materials the an-
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swers vary from sample to sample. What are the properties of
granite? Of solder? Of salt water? Each of these is in fact a mix-
ture of two or more substances. The term ‘“‘mixture” is ap-
plied loosely to the result of any mixing process in which no
obvious chemical reaction occurs. A housewife may mix flour,
baking powder, sugar, salt, and lard for biscuit batter while her
husband mixes a cocktail. Both the batter and the cocktail are
“mixtures.”’

The properties of a mixture depend upon its composition,
i.e., the relative amounts of its various constituents. There-
fore, when we report the properties of a mixture, we must also
specify its composition. We can state, as precisely as we wish,
the properties of a solder which is 509, tin and 509, lead, or of
a 29 salt solution.

11. Heterogeneous Mixtures. Even to the naked eye, granite
is composed of several kinds of minerals. At each boundary
from one small region to another, its properties change
abruptly. All of the regions of the same kind together constitute
a phase, and a mixture containing more than one phase is
called heterogeneous. Granite is a heterogencous mixture of
three phases: quartz, mica, and feldspar. A mixtare of chopped
ice and liquid water is heterogeneous. So is the freezing mix-
ture used in making ice cream: all of the pieces of ice together
constitute one phase, the crystals of salt another, and the salt
solution the third.

Heterogeneity can often be detected by the unaided eye: a
rock, a slurry of sand supended in water, a layer of kerosene
floating in water, a foam (gas bubbles mixed with a liquid).
If one of the phases is finely divided, the mixture may only
appear cloudy to the eye, but the individual particles can
readily be seen under a microscope; examples include paint
(solid dispersed in liquid), milk (fat droplets dispersed in an
aqueous medium), fog (liquid droplets in gas), and smoke
(solid particles in gas). Some alloys appear uniform to the eye,
but careful etching with acid and examination using a micro-
scope with reflected light reveals that they are heterogeneous.
Solder, for example, is made up of crystals of tin and crystals
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of lead. Grey cast iron contains graphite crystals, as shown
in Fig. 2, and is obviously heterogeneous, as is annealed steel,
Fig. 3, which consists of an in- '
timate mixture of pure iron
with an iron carbide.

Another technique for de-
tecting heterogencity in solids
makes use of X-ray diffraction.
When a beam of X-rays is shot
into a solid, the X-rays emerge
in the same direction, and in
addition in a number of new
directions. The angles between
these new beams and the prin-
cipal beam are absolutely char-

Fig. 1. Photograph taken through
a microscope of a familiar heterogene-
acteristic of the kind of crystal; ous system, oil emulsified in water by

they are the “fingerprints” of
the crystal. Suppose we melt together some sodium chloride
and some potassium chloride, and cool the melt until it solidi-
fies. Is the resulting solid. heterogeneous or not? We find that

the aid of soap.

Fig. 2. Grey cast iron. Fig. 3. Annealed steel.

the X-ray diffraction pattern of this solid is a superposition
of the patterns of sodium chloride and of potassium chloride,
so we know that the solid contains the two kinds of crystals
and is heterogeneous.
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12. The Separation of Heterogeneous Mixtures. If we wish
to separate granite into its constituents, we may crush the rock
and then pick out fragments of the individual mirerals. In this
way we can obtain enough samples to identify the constituents.
Let us devise a technique which will permit their separation on
a larger scale. Suppose we find the granite to be composed of
quartz whose density is 2.65, mica whose density is 2.80, and
feldspar whose density is 2.56. If we powder the granite and
throw it into a liquid whose density is 2.60, the feldspar will
float while the quartz and mica will sink. If we then change to a
liquid whose density is 2.70, the quartz will float and the mica
will sink. Such ‘‘float-or-sink’” separations, which take ad-
vantage of differences in density, are often useful. A similar
technique is used in the ‘“panning” of gold; the solid gold
(density 19) remains in the pan while the agitated water carrics
away the sand (density 2.65).

Density methods are also used to separate gases from liquids,
two liquids from each other, and solids from liquids. On account
of the very low density of gases, a gas will always rise to the top of
a liquid in which it is not soluble, when the gas can be pumped
away or the liquid drained off. For this reason, gases are often
collected and manipulated above a liquid such as water or
mercury. Two liquids which do not mix can easily be separated
by use of a “separatory funnel,” which is provided with a stop-
cock at the bottom for draining off the denser liquid layer. To
separate a solid from a liquid, the solid may be allowed to sct-
tle to the bottom, and the supernatant liquid poured off (‘‘de-
canted”). Instead of relying on the force of gravity to separate
two phases of different density, we may use centrifugal force.
One example of this is the ‘“‘cream scparator,” and another is
the centrifuge which is used in the analytical laboratory ta
separate precipitates from solutions.

A suspended solid is commonly removed from a liquid by
filtration. A fog or a smoke may be removed from a gas by the
same means.

13. Solutions. Let us dissolve a teaspoonful of sugar in 2
glass of water. The resulting mixture is not visibly heterogene-
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ous, even under a microscope; the sugar does not settle out,
nor can it be filtered out. The sugar-water is in fact a single
phase (it is homogeneous). A single phasc may consist of one
pure substance (such as pure sugar, pure iron, pure liquid
water), or it may consist of two or more substances (like sugar-
water) in which case it is called a solution. Although the most
familiar solutions are liquid solutions, the term ‘“‘solution’” is
not restricted to liquids. All gases are completely miscible with
one another, forming but one phase, so that cvery mixture of
gases is a gascous solution.
The alloy of silver with gold,
no matter what the relative
amounts of the two metals,
contains but one kind of crys-
tal, so is said to be a solid
solution. Hardened steel is
likewisc a solid solution, for
though it contains carbon it
shows but orre kind of crystal
under the microscope, as
shown in Fig. 4.

What cxperlm?nts will tell Fig. 4. Hardened steel; a solid
us whether a particular sample solution.
is a pure substance or a solu-
tion? The most convenient criteria are the melting point, the
boiling point, and the solubility in some suitable solvent. For
a pure substance, these are sharply defined properties. For a
solution, these properties depend upon the composition, which
varies during the melting (or boiling, or dissolving) process.
Solutions therefore exhibit a range of melting point, or boil-
ing point, or solubility. We can illustrate the principle with a
few actual examples:

(@) Melting point. The freezing point of liquid water (i.e., the
first temperature at which solid can appear as the liquid is
cooled) is 0° C. The melting point of ice (i.c., the temperature
at which liquid first appears as the solid is warmed) is likewise
0° C. As a matter of fact, the freezing point is identical with the
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melting point for any pure substance. For pure ethyl alcohol,
the freezing point (and the melting point) is — 110.5° C.
Suppose, now, we have a liquid solution of 209, ethyl alcohol
and 809, water. As we cool the liquid, solid can first appear at
— 10° C. (the freezing point). If we freeze the entire sample,
and then warm it until the first liquid appears, we observe this
to occur at — 118° C. (the meclting point). At any temperature
between —10° and —118°, the sample will be a mixture of solid
with liquid, and the mixture is said to have a melting range of
—10° to —118° C.

(b) Boiling point. The boiling point of pure nitrogen (i.c., the
temperature at which the gas pressure becomes one atmosphere,
as the liquid is warmed) is — 195.8° C., and its condensation
point (i.c., the temperature at which liquid can first appear, as
the gas is cooled at a pressure of onc atmosphere) is likewise
— 195.8° C. The boiling point coincides with the condensation
point for any pure substance. For pure oxygen, the boiling
point is — 183.0° C. and the condensation point is the same.
Air is a gascous solution, of approximately 209; oxygen and
809, nitrogen by volume. Suppose, however, we were ignorant
of this fact and wished to determine by experiment whether
air is a pure substance or a gaseous solution. We could cool the
air until we reached its condensation temperature, which we
would note to be — 191.7° C. Then we could liquefy the air
completely, and warm it until its boiling point was reached,
which would occur at — 194.2° C. We would then be able to
say that air has a boiling range of — 194.2° to — 191.7°, and
accordingly is not a pure substance.

(¢) Solubility. The solubility of pure potassium sulfate in
water at 25° C. is 12.1 grams per hundred grams of water, and
this figure is not exceeded, no matter how much extra solid
potassium sulfate is added. The solubility of pure ammonium
sulfate in water at 25° C. is 77.0 grams per hundn d grams of
water, and this figure likewise is unaffected by the presence of
additional solid ammonium sulfate. Suppose we melt together
equal weights of potassium sulfate and ammonium sulfate, and
allow the melt to solidify; the resulting solid shows only one
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kind of crystal, so it is a solid solution. If we were handed a
sample of such crystals, and asked to ascertain whether it was
a pure substance, we might proceed as follows: To one hundred
grams of water, we add crystals until some solid remains undis-
solved. This requires 23.8 grams of crystals. We continue to add
solid until a large excess of it is present, then withdraw a sample
of the liquid and analyze it. It is found to contain 66.7 grams
of dissolved solid per hundred grams of water. Since the solid
shows a range of solubility, depending on the amount of excess
solid present, it cannot be a pure substance.

14. The Fractionation of Solutions. If a solution is partially
frozen, or partially evaporated, or partially dissolved, it is
thereby separated into two phases whose compositions are, in
general, different. For example, if a solution of sugar and water
is heated carefully, all the water will go into the gas phase and
pure sugar will be left behind. If the solution of alcohol in water
mentioned earlier is cooled to — 115° C,, it will separate into a
solid phase which is pure ice and a liquid phase which is 939,
alcohol. If air is cooled until half of it has been liquefied,
the gas phase will be 109, oxygen and 909} nitrogen, while the
liquid phase will be 309, oxygen and 709, nitrogen. If the
potassium sulfate-ammonium sulfate solid is allowed to come
to equilibrium with just enough water to dissolve half of it, the
remaining solid will be 809, potassium sulfate and 209, am-
monium sulfate, while the dissolved solid will be 809, am-
monium sulfate and 209, potassium sulfate.

After the two phases of different composition have been
separated by mechanical means, each of them can be subjected
to another partial phase change. By a systematic repetition
of these fractional phase changes, any solution can eventually
be separated into its components with any desired degree of
purity.

15. The Elements. At least one-half million pure substances
are known, and new ones are constantly being prepared.
However, they in turn are combinations of a much smaller
number of simpler substances, called elements. Ninety-eight
elements are known at the present time. Table 1 contains a list
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of the chemical elements. Many of them are well known sub-
stances; many are rare, occurring in but small quantities.

In order to demonstrate that a pure substance is composed
of two or more elements (or, as chemists would say, is a com-
pound), we may seek to decompose the substance in question
into its elements, a process called analysis, meaning ‘‘taking
apart’’; or we may cause the elements to combine to form the
substance, a process called synthesis, meaning ‘putting to-
gether.”

For example, if we pass an clectric current through water,
using platinum or gold electrodes to introduce the current into
the water, we find that the water is used up, and that the pure
gaseous element hydrogen appears at one electrode, the pure
gaseous element oxygen at the other. From this analysis we
conclude that water is a compound of hydrogen and oxygen.
Alternatively, we can mix hydrogen with oxygen and ignite
the mixture with a spark. The two gases will combine ex-
plosively, and when we recover the product of the reaction we
find it to be pure water. From this synthesis, also, we conclude
that water is a compound of hydrogen and oxygen.

16. If 100 grams of lead reacts with oxygen, the product
of the reaction weighs 108 grams; if the lead reacts instead
with sulfur, the product weighs 116 grams; with chlorine the
product weighs 134 grams, with bromine 177 grams. Every
compound of lead weighs more than the elemental lead from
which it was prepared; the increase in weight is, of course, due
to the other element entering into the combination.

It is the change in weight which enables us to decide defi-
nitely whether the product of a reaction is simpler or more
complex. If, for example, we ignite a ribbon of magnesium in
an atmosphere of oxygen, it will burn brilliantly. The product
of the reaction is a white powder. For every 1 gram of magne-
sium burned, 1.66 grams of the white powder is obtained.
From this evidence we conclude that in burning, magnesium
has combined with another substance (the oxygen), rather than
lost its ‘““celestial fire’’ or ‘‘phlogiston.” The French chemist,
Lavoisier, investigated the changes in weight arising from com-
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TABLE 1
The Chemical Elements
Sym-| Atomic Sym- | Atomic
Element bol | ‘weight Element bol | ‘weight
Actinium Ac Molybdenum Mo 95.95
Aluminum Al 26.97 Neodymium Nd 144.27
Americium Am Neptunium Np 239
Antimony (Stibium) | Sb 121.76 Neon Ne 20.183
Argon A 39.94 Nickel Ni 58.69
Arsenic As 74.91 Niobium
Astatine At (Columbium) Nb 92.91
Barium Ba | 137.36 itrogen N 14.008
Berkelium Bk Osmium Os 190.2
Beryllium Be 9.02 Oxygen 0 16.000
Bismuth Bi 209.00 Palladium Pd 106.7
Boron B 10.82 Phosphorus P 31.02
Bromine Br 79.916 || Platinum Pt 195.23
Cadmium Cd | 11241 Plutonium Pu 239
Calcium Ca 40.08 Polonium Po
Californium Cf Potassium (Kalium) | K 39.10
Carbon C 12.010 || Praseodymium Pr 140.92
Cerium Ce 140.13 Promethium Pm
Cesium Cs 132.91 Protactinium Pa 231
Chlorine Cl 35.457 || Radium Ra 226.05
Chromium Cr 52.01 Radon Rn 222
Cobalt Co 58.94 Rhenium Re 186.31
Copper (Cuprum) Cu 63.57 Rhodium Rh | 10291
Curium Cm Rubidium Rb 85.48
Dysprosium Dy | 162.46 Ruthenium Ru 101.7
Erbium Er 167.2 Samarium Sm 150.43
Europium Eu | 152.0 Scandium Sc 45.10
Fluorine F 19.00 Selenium Se 78.96
Francium Fr Silicon Si 28.06
Gadolinium Gd | 156.9 Silver (Argentum) | Ag 107.880
Gallium Ga 69.72 Sodium (Natrium) | Na 22.997
Germanium Ge 72.60 Strontium Sr 87.63
Gold (Aurum) Au | 197.2 Sulfur S 32.06
Hafnium Hf | 178.6 Tantalum Ta 180.88
Helium He 4.003 Technetium Te
Holmium Ho | 163.5 Tellurium Te 127.61
Hydrogen H 1.0081 || Terbium Tb 159.2
Indium In 114.8 Thallium Tl 204.39
Todine I 126.92 Thorium Th 232.12
Iridium Ir 193.1 Thulium Tm | 169.4
Iron (Ferrum) Fe 55.84 Tin (Stannum) Sn 118.70
Krypton Kr 83.7 Titanium Ti 47.90
Lanthanum La | 138.90 Tungsten (Wolfram)| W 183.92
Lead (Plumbum) Pb 207.22 Uranium U 238.07
Lithium Li 6.940 |l Vanadium \'% 50.95
Lutetium Lu 175.0 Xenon Xe 131.3
Magnesium Mg 24.32 Ytterbium Yb 173.04
Manganese Mn 54.93 Yttrium Y 88.92
Mercury Zinc ZIn 65.38
(Hydrargyrum) Hg | 200.61 Zirconium Zr 91.22
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bustion, and was thereby led to the first correct explanation of
the process of combustion.

17. Classification of the Elements. The elements may be
classified in various ways, according to one’s purpose, but
the most useful and far reaching classification is that furnished
by the Periodic System, whereby the elements are arranged
in families or groups based upon similarities in atomic structure
and chemical behavior. This arrangement will be explained
in Chapters V, XVI, and XVII.

18. Symbols. Along with each element in the table is also
a symbol used as an abbreviation of its name. It consists of
the initial letter of the name, followed, where necessary to dis-
tinguish between several elements having the same initial,
by a second appropriate letter. In many cases the symbol fol-
lows the Latin name of the element rather than the English
name, allowing the symbols to be practically the same in all the
principal languages. Thus, the symbol for iron is Fe, from the
Latin ferrum; that for gold is Au, from the Latin aurum, etc.

These symbols stand, also, for the smallest particle of each
element called an atom, each having an exceedingly small
but definite weight, called its atomic weight. The numer-
ical values of these atomic weights depend upon the units
chosen. The values in the table are in terms of the arbitrary
number of 16.000 given to the weight of an atom of oxy-
gen.

19. Formulas of Compounds. Symbols are combined in
formulas to denote the elementary atoms present in com-
pounds. For example, NaCl is the formula of sodium chloride,
common salt, and shows that it is made by combining sodium
atoms, Na, and chlorine atoms, Cl, in equal numbers. Again,
Fe;O3 is the formula of ferric oxide, familiar as the ore,
hematite, the pigment, Venetian red, and the pigment or polish-
ing material, rouge, and shows that it contains iron (ferrum)
and oxygen in the proportion of two atoms of iron to three of
oxygen. By using the atomic weights in Table 1, we can calcu-
late, further, the ratio of weights, as shown in the following
scheme.
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Formula Ratto of atoms Ratio of weights
NaCl 1 atom of sodium 23.00 parts by weight of sodium
& 1 atom of chlorine 35.46 parts by weight of chlorine
2 atoms of iron 2 X 55.84 parts by weight of iron
Fe203

3 atoms of oxygen 3 X 16.00 parts by weight of oxygen

These matters are explained in detail in Chapters II, III,
and IV.

20. Molecules. If a substance is a gas, or can be vaporized,
or can be dissolved in an appropriate solvent without under-
going a chemical change, it is possible to determine, by ex-
periments and deductions explained in Chapter IV, the groups
of atoms, or molecules, which are capable of independent
existence. One striking result is that the molecules of many
elements do not consist of single atoms, but of various
numbers, as illustrated by:

Helium He Oxygen 0,
Neon Ne Ozone O;
Hydrogen H: Phosphorus
Nitrogen N (active form) Py
Iodine Iz Sulfur (in

solution) Ss

21. Molecular Weights. Molecules of compounds often are
multiples of the simple numbers of atoms that weight ratios
alone would indicate, e.g., H:O: hydrogen peroxide; C:H:
acetylene; CgHg benzene. The last two contain the same
ratio of carbon to hydrogen but differ in molecular weight.

Ratio of Molecular

weights weight
H:20 water I-{d = 2—1X6-1'£-0—8 18.016
H:0: hydrogen peroxide % = %—;%30% 34.016
CzH; acetylene I(-:I_ = %%g—;— 26.036
CsHs benzene % = :—{.—g—; 78.108
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22, Kinds of Matter: Experimental Distinctions. We may
summarize the classification of materials presented in this
chapter by the following scheme. It is not important to
memorize it, but it is desirable to review the experimental
distinctions that have been made in order to be sure that they
have been clearly understood.

Kinds of Matter:
Heterogeneous. Separable by mechanical means into
Homogeneous.
Solutions. Separable by partial changes of state into
Pure Substances.
Compounds. Separable by chemical reactions into
Elements.

23. Kinds of Matter: Theoretical Distinctions. There is a
second way of stating the above distinctions, one which
seeks to account for them in terms of the atomic-molecular
structure of matter. Although the statements of this structure
in paragraphs 18-21 above are only very partial and pre-
liminary, intended only to prepare the way for chapters that
follow, most readers have already sufficient ‘acquaintance
with these things to make it worth while to restate the pre-
ceding scheme in these terms. Here again we have something
to understand, structures to visualize, not simply a form to
memorize.

Kinds of Matter:
Heterogeneous. Different kinds of visible regions separated
by sharp boundaries.
Homogeneous. Visually uniform throughout.
Solutions. Different molecular species irregularly mixed.
Pure Substances. Molecules all of one species.’

1 A substance containing molecules of different species will also survive a
partial change of state without separation of these separate species if they are
in rapid equilibrium with each other. Sulfur, for example, is usually regarded
as a pure substance, in spite of the fact that in the neighborhood of 200° C.
liquid sulfur contains both octagonal molecules of Sz and chain molecules of
varying lengths.



85 WEIGHI RELAITIUNDY 21

3. The Law of Conservation of Mass is violated appreciably
only in reactions in which new atoms are formed, involving enormous
quantities of energy, in which cases it is the sum of the mass and
the energy that is unchanged. However, it takes enormous energy
changes to have a detectable influence on mass, for 1 g. is equivalent
to 9 X 10% ergs. Another way of stating this is that 1 pound of
mass is equivalent to 11,300,000,000 kilowatt hours. To make this
relationship more real we may note that if 50 liters of hydrogen
measured at 1 atmosphere and room temperature weighing 4.032
grams, were converted entirely into helium, the loss in mass would
be 0.03 gram and the energy evolved would be 700,000,000 kilogram
calories, enough heat to raise 7000 tons of water from freezing to
boiling temperature. This heat is 5,000,000 times the amount that
would be liberated in burning this same amount of hydrogen.
Conversely, the heat lost in burning hydrogen, which is large as
chemical reactions go, corresponds to a change far too small to
detect on the most delicate balance.

4. The Law of Definite Proportions. It was pointed out in
Chapter I that although there are many pairs of substances
which can be ‘“combined” to form solutions in continuously
varying proportions, all solutions can be resolved into their
pure components of constant composition by submitting
them to fractional changes of state, including distillation,
crystallization, and sublimation.

The existence of vast numbers of pure substances, com-
pounds as well as elements, is a striking fact which can
hardly be explained except on the assumption of atoms
combining in some simple, definite pattern. If matter were
continuous, as it appears to the eye, it would be hard to see
why elements could not be combined in continuously variable
proportions.

5. The varying ways in which the “law of definite propor-
tions” is stated indicate some confusion with respect to it.
Here is one: ““A chemical compound always consists of the
same elements in the same proportions by weight. This
statement can be reversed to give a clear definition of a
chemical compound: a substance which has a definite com-
position by weight is a chemical compound.” Now a critical
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student may well object to defining two things in terms of
each other as merely going around in a circle. Also, he might
ask, will not a particular sample of sea water “always’ show
the same composition, year after year, if portions of it are
drawn off and analyzed? The answer is, of course, yes. The
composition of any particular solution is quite ‘‘definite.”
Another statement of the law is: ““The composition of a pure
compound never varies.”” The joker in these statements lies
in the words ‘‘always’ and ‘“‘never.” It is necessary to realize
that something must have happened during the interval of
time implied in these words, namely, one or more of the
purification processes, natural or artificial, afforded by
changes of state. The significant fact about the law of definite
proportions is the existence of immense numbers of pure
compounds whose properties, including composition, are
identical for all samples from different sources.

6. The Law of Simple Multiple Proportions. There are
many cases in which the same elements combine in different
weight ratios to form different compounds. The following
compounds of oxygen may be considered as examples:

TABLE 1 !
Other Per cent Wt. oxvgen
element oxygen Wt. otuer element
Water
88.8 794 =1 X 794
Hydrogen } Hydrogen o4y 1588 = 2 x 7.94
peroxide
Rouge } Iron 30.06 4298 = 9 X 0.04775
Lodestone 27.64 .3820 = 8 X 0.04775
Litharge 7.167 0.0772 = 1 X 0.0772 = 3 X 0.0257
Lead dioxide Lead 13.375 0.1544 = 2 X 0.0772 = 6 X 0.0257
Red lead 9.264 0.1021 = 4 X 0.0772 = 4 X 0.0257

The ratios of the weight of oxygen to the weight of the
other element are-in each case simple multiples of each other,
that is, one can be obtained from another by multiplying it
by a small integer or by a fraction containing only small
integers. The compounds of carbon with hydrogen are so
numerous that larger numbers have to be used, but they
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too are always integers. The above are no isolated cases, for
all experience shows that in all cases in which two or more
compounds of the same elements exist, the amount of one
element combined with a fixed weight of the other in the
different compounds can stand to each other in ratios of
whole numbers, usually small.

The picture of matter as composed of elementary atoms
furnishes a complete explanation of the laws of definite and
multiple proportions, and is, indeed, the only reasonable
one ever offered. We can feel as sure of the existence of atoms
as if we could see them with the naked eye, for if the above
table is not enough to convince a sceptic there is still more
evidence available, as will be set forth in Chapters XVI
and XVIII. We would expect certain simple combinations of
unlike atoms to be the stable ones, giving ‘‘definite,” repro-
ducible proportions, and, if additional combinations are
possible, they too should be simple, and hence simple multiples
of the first. The water molecule was for a long time thought
to have the formula HO, but we now know, for reasons to
be explained later, that it is HyO. If hydrogen peroxide is
HO or H;0,, it explains the figures in Table 1. (The true
formula is H;0,, as we shall see in Chapter IV.) Litharge is
PLO, lead dioxide is PbO,, and red lead is Pb3O4. (There is
also a Pb,O and Pb;0;.) Rouge is Fe;O3 and lodestone is
Fe3O04. The weight ratios given in Table 1 all agree with
these formulas when combined with the atomic weights,
Chapter I, Table 1. Thus,

Fe;04 Fe)Oy
Wt. oxygen 3 X 16.00 4 X 16.00
= 0.4298 —— = 0.
Wt. iron 2 X 55.84 3 X 55.8 0.3820

We have not yet proved that the above formulas are the
correct ones and give them only to show that simple atomic
formulas can yield the simple multiple relations observed.

7. The smallest group of atoms that can exist isolated
from other like groups, as in a gas or in solution, is called a
molecule. The molecule of a compound contains more than
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one kind of atom. The molecule of an element consists of
one or more like atoms. The atoms of the elements are
designated by the symbols given in the table on page 16.
For example, H denotes an atom of hydrogen. In hydrogen
gas, a pair of atoms forms a molecule, designated H,. Simi-
larly the oxygen atom is O and the molecule is O,. A molecule
of water is designated by the formula, H,O, indicating that
it contains two atoms of hydrogen and one atom of oxygen.
The evidence for these formulas will be presented later, our
purpose at present being merely to explain the significance
of chemical symbols and formulas.

8. Numerical Values of Atomic Weights. The actual
weights of the atoms are exceedingly small, expressed in
ordinary units, such as grams, and it is far more convenient
to select a much smaller weight as unit, such as the weight
of one of the atoms themselves. It is purely arbitrary which
atom we choose and what number we assign to it, so long
as we select corresponding values for the other atoms. Thus,
knowing that the molecule of water contains 7.94 times as
much oxygen as hydrogen, and granting that H,O is the
correct formula for it, we might call O = 100, when H would
be 6.30, or again, if we let O = 1, then H = 0.0630, etc.

The choice appeared a very simple one to most early chemists,
who, finding that the atom of hydrogen is lighter than that of any
other known element, decided to call its weight 1, corresponding
to atomic weights greater than one for all other elements. Later it
was found that the ratio of weights of the atoms of hydrogen and
oxygen is not exactly 1 to 16, but 1 to 15.88, and that if we take
O = 16.00 as our unit, making H = 1.008, the atomic weights of
most of the other clements come out much nearer whole numbers
than if we let H = 1 and O = 15.88. This is illustrated by the
following sets of values based on the two assumptions.

Hydrogen 1.008 1.000
Oxygen 16.00 15.88
Calcium 40.08 39.76
Carbon 12.01 11.91

Lithium 6.94 6.89
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Magnesium 24.32 24.13
Nitrogen 14.01 13.90
Phosphorus 31.02 30.77
Potassium 39.10 38.80
Sodium 23.00 22.83
Sulfur 32.06 31.82

An additional reason for the choice of O = 16.00 lies in the
fact that but few of the elements form compounds with hydrogen,
while nearly all form compounds with oxygen, and hence the
atomic weight ratio between an element and oxygen can be de-
termined directly, while the atomic weight ratio between the ele-
ment and hydrogen could only be determined indirectly, and would
therefore be subject to greater error.

9. The numerical values of the atomic weights permit us
to extend the meanings of chemical formulas to include the
ratios of weights of the elements contained in compounds.
For example, the formula, CO,, indicates not only a mole-
cule of carbon dioxide, composed of one atom of carbon and
two atoms of oxygen, but since an atom of carbon weighs 12,
if the weight of an atom of oxygen is called 16, the molecule
weighs 44 and contains 12 parts by weight of carbon and
32 parts by weight of oxygen. Furthermore, since this pro-

. . 2 . .
portion, Mﬂl— = -1—, applies to any molecule of CO,, it
wt. oxygen 32

applies to any number of molecules and to any units of weight.
Hence we can write for COs,

Wt. carbon _ 12 atomic wt. units _ 12 g. _ 12 1b.
Wt. oxygen 32 atomic wt. units 32g. 32 1b.

_ 12 oz. _ 1.000 g.
320z. 2.667g.’

10. It is convenient to let the symbol of an element stand
not only for one atom, but, alternatively, for one gram-atom,
which is that quantity of the element whose weight in grams
is numerically equal to the atomic weight. Since atoms are
so small as to be invisible through the most powerful micro-

etc.



26 PRINCIPLES OF CHEMISTRY Ch. I

scope, it is evident that the number of atoms in a gram-atom
must be an extremely large number. There are, fortunately,
several independent methods for determining it, all of which
agree within their own limits of error. The best value at
present is that it takes 6.023 X 10%* atoms to have the
weight of 1 gram-atom. This number is called the Avogadro
Number, in honor of the Italian physicist who discovered
the principle that bears his name (cf. Chapter 111, paragraph
20) and dispelled the confusion that once existed regarding
atomic weights and formulas. The relation between atoms
and gram-atoms is illustrated in Table 2.

TABLE 2
Weight of 1 atom
In atomic Weight of 1 gram-atom,
weight units In grams* or 6.023 X 10% atoms
Oxygen 16.00 2.66 X 107 16.00 grams
Hydrogen 1.008 0.167 X 1072 1.008
Copper 63.57 106 X 107% 63.57 “
Gold 197.2 327 Xx107®8 197.2 “

* The student who has forgotten the significance of the use of exponents fot
expressing very large and very small numbers would do well to get it clear, as
we shall make frequent use of it. The following relations should help:

103 = 10 X 10 X 10 = 1000, 1073 = 1/10% = 1/1000 = 0.001,
5 X 10* = 50,000, 3 X 10~* = 0.0003, 100 =1,
2 X 10~% = 0,000,000,000,000,000,000,000,02, etc.

11. In like manner, the formula of a molecule can stand,
alternatively, for 6.023 X 10?® molecules, called a gram-
molecule or mole, whose weight in grams is numerically
equal to its molecular weight. For example, the formula, CO,,
in addition to standing for 1 molecule, whose molecular
weight is 44 atomic weight units, can also stand for 44 grams
of it, which quantity contains 6.023 X 10% molecules.

12. There are several ways of determining the Avogadro Number,
the easiest to comprehend probably being the following. It is
possible to measure the electric charge of a single atom or particle
of negative electricity, called an electron, in the following way,
devised and carried out with great ingenuity by Dr. Robert A.
Millikan, who received a Nobel Prize for his work. The method
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consists in holding a minute drop of oil, charged negatively by
having acquired one or several electrons, suspended in an electric
field just sufficient to neutralize the effect of gravity. The apparatus
is shown in simplified form in Fig. 1. Oil drops are blown into the
upper chamber by an atomizer and one has fallen through the hole
in the bottom into the space between the two metal plates where
it can be observed by a microscope. Electrons are produced by
letting X-rays enter the chamber. When the oil drop has picked
up an electron it can be kept from further falling by applying the

@ — Atomizer

C
Condenser
plates
) Scale
Telescope

WW//////////////A
%

Fig. 1. Apparatus for determining the elementary charge.

proper charge to the electric plates, the upper one made positive.
In order to determine the weight of the drop, which just balances
the electric force, the charge on the plates is removed and the
velocity observed as the drop falls. An equation, known as Stokes’
Law, permits the calculation of the radius of the drop, therefore its
weight, from the velocity of fall and the density of the oil. The
gravitational force on the drop gives, in turn, the electrical force
which balances it, and from the known electrical charge on the
plates the charge on the drop is calculated. It turns out to be
1.6020 X 10" coulombs or some integral multiple thereof. This
furnishes the most convincing proof of the atomic nature of elec-
tricity. It makes it possible, also, to calculate Avogadro’s Number,
for it takes 96,500 coulombs of electricity to deposit enough hydro-
gen atoms to give 1.008 grams of hydrogen, which is 1 gram-atom
of it, and 96,500 =+ 1.6020 X 10~" gives 6.023 X 103,

13. The most accurate method of determining the Avogadro
Number is to compare the angle of diffraction of X-rays of definite
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wave length by a grating whose lines are a known distance apart
with the diffraction of the same X-rays by the atoms in a certain
crystal. A comparison of the two angles of diffraction permits the
calculation of the number of atoms per centimeter along the edge
of the crystal, and knowing the volume of a mole of the crystal
substance by the aid of its density, it is possible to calculate the
number of atoms it contains.

Figure 2 should make this clear to the reader unfamiliar with the
diffraction grating. Parallel light of single wave length—X-rays—
coming from left to right strikes a grating consisting of opaque
portions of uniform length, d, with openings between them through
which the light can pass. Most of the light passes on in the original
direction after leaving the grating, but some of it is bent, or dif-
fracted, at an angle, 6, such that the difference in path, /, is equal to
one full wave length, where the
rays can again fit crest to crest
(there are other beams at angles
such that / equals two or more
T wave lengths). If we know the
0 value of d from the way the

grating was ruled, and measure
9, we can calculate the wave

l length of the X-tays ! from the
T relation sin 8 = [/d. If we now
substitute a crystal, where d' is
the distance apart of the atoms,
Fig. 2. Diffraction of light or X-rays; and measure a new angle, 6’,

relation between angle o}‘ diffraction, since we know / for the X-rays
wave length, and grating distance. R

being used we can calculate
d’. The number of atoms per cm. is then 1/d’. If the crystal is
simple cubic, e.g., rock salt, NaCl, molal weight 58.46 g. and density
2.163, a mole cube would have a volume of 27.00 cc. with 3.0 cm.
on each edge. The number of atoms (ions) along each edge would
be 3.0/d’ and the number in the cube would be (3.0/d’')3 which
would be twice the Avogadro Number.

14. Weight Relations from Formulas. Let us at this point
consider a sample calculation of the sort that we now have
the basis for making. Suppose that we wish to calculate the
amount of lead required to make 100 grams of red lead.
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Pb3O,. We will assume that some process can be found
whereby all the lead taken can be turned into PbsOy4, hence
we can write the following series of logical steps.

3 atoms of Pb are required to produce 1 molecule of PbsOj,.
3 gram-atoms of Pb are required to produce 1 gram-mole-
cule of PbsO,. _
3 X 207 grams of Pb are required to produce (3 X 207)
+ (4 X 16) grams of Pb3Oy.
621 grams of Pb are required to produce 685 grams of PbgOy.
621 grams of Pb are required to produce 1 gram of PbgOy,.

685
621 .
100 X 685 grams of Pb required to produce 100 grams of
Pb30,.
90.7 grams of Pb required to produce 100 grams of PbzOy.

An alternative and briefer method of expressing the solu-
tion would be to state explicitly the idea of the proportionality
of 3 Pb to Pb;3O, regardless of the amounts of the units used,
as follows:

Wt.lead 3X207g.  =xg.
Wt. PbsO4 685g.  100g.

whence
100 X 621
® = ot = 90.7 g.

15. A third form is much used in books on chemistry,
685 : 621 : : 100 : x. This too readily becomes a purely formal
procedure, the basis for which is often not understood by
the student; there is nothing in it as written to show why it
should not be 685 :621 ::x :100; and it is likely to be
worked by a rule divorced from ordinary algebraic procedure.
It is highly desirable to be freed as much as possible from
mere rules, blindly accepted. A person may be trained to
rival a computing machine in carrying out operations by
some sort of formal procedure that he does not understand,
but if he is to be educated he must learn how to anlayze
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problems for himself, starting from the pertinent data given
and at his command; obtaining a clear view of the answer
desired, which is the objective; and proceeding towards it
by a series of logical steps, like a man crossing a stream by
a series of stepping stones. The first method given above
is a sample of such a series of steps, chosen to require very
small logical jumps; many persons could take bigger ones.
But this, like the second, and logically equivalent one, indi-
cates the reasoning involved, simple as it is. The steps can
be easily checked and the units are shown.

16. Chemical Equations. When a chemical reaction takey
place there is a rearrangement of atoms into new groups, ot
molecules, forming new substances. This is indicated by a
chemical equation, in which the rearrangement is shown by
the regrouping of the atomic symbols to represent the new
molecular species formed. For example, the formation of iron
and carbon dioxide, CO,, from the ore Fe,O3 by the action of
carbon monoxide, CO, is represented by the equation

Fe,05 + 3CO = 2Fe + 3COs,.

The following facts may be noted about such an equation:

First, an equation states nothing about the conditions
necessary for carrying out the reaction, and the mere writing
of an equation does not imply that the reaction it represents
can actually be realized.

Second, it must represent the fact that no matter dis-
appears, by showing the same number of atoms of each
element on both sides of the equation, though they are
arranged in different molecules.

Third, it represents the relative number of molecules of
each substance taking part in the reaction.

Fourth, it represents the relative weights of each sub-
stance, which can be readily computed with the aid of the
table of atomic weights.

The above equation, then, may be read as follows: 1 mole-
cule of ferric oxide reacts with 3 molecules of carbon monoxide
to yield 2 molecules (or atoms) of iron and 3 molecules of
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carbon dioxide; also, 2 X 56 + 3 X 16 parts (by weight)
of iron oxide react with 3(12 4- 16) parts of carbon monoxide
to give 2 X 56 parts of iron and 3(12 + 32) parts of carbon
dioxide. These parts by weight may be in any kind of weight
unit, pounds, tons, ounces, grams, etc. In accordance with
our double usage of the symbols and formulas to represent
not only single atoms and molecules, but also gram-atoms
and gram-molecules, or moles, as explained on page 26, we
often read an equation in terms of grams; hence, 160 g. of
iron oxide, when reacting with 84 g. of carbon monoxide, give
112 g. of iron and 132 g. of carbon dioxide, which quantities
represent 1 mole, 3 moles, 2 moles, and 3 moles respectively.

This may be summarized briefly by writing under each
formula in the equation its complete meaning in both of

the above senscs.
» Fe:0; + 3CO = 2Fe 4+ 3CO,
(1) Number of molecules 1 3 2 3
Weight, in terms of one-
sixteenth the weight of

an oxygen atom 160 84 112 132
(2) Number of moles 1 3 2 3
Weight 160 g. 84g. 112g. 1324

17. Calculation of Weight Relations. The meaning thus
attached to chemical formulas and equations makes it pos-
sible to calculate the weights of all the other substances
involved in a chemical reaction from the weight given for
any one of them. Suppose, for example, that it is required
to find the weight of iron that should be obtained from
100 1b. of the oxide of iron considered above. From the
weights implied by the formulas, as explained above, we
may write the following:

160 g. of Fe,0; gives 112 g. of Fe.
160 1b. of Fe,O; gives 112 1b. of Fe.
. 112
1 1b. of Fe 03 gives 160 Ib. of Fe.
100 X 112

100 Ib. of Fe;O3 gives 160

= 70 Ib. of Fe.
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Again, suppose we wish to find the amount of coke, con-
taining 80 per cent carbon, the rest being ash, that is required
to reduce to iron the above amount of ore. From the weights
implied in the equation, we can say that

1 mole Fe;0; requires 3 moles CO, which requires
3 gram-atoms of C.

160 Ib. Fe,0; requires 36 1b. C.
100 1b. Fe;O; requires % X 36 = 22.51b. C.

22.5 1b. C is 80 per cent or 80 of the coke required, which

100
100
is — X 22.5 Ib. = 28.1 Ib.
is %0 X b

This connection between atomic weights, formulas, and
relative weights of substances may be used not only to cal-
culate the relative weights from the formulas and atomic
weights, as above, but also to calculate the atomic weights
when the formulas and suitable weight relations are known,
or again, to determine formulas when the other two factors
are known.

18. Calculation of Atomic Weights. As an example of the
calculation of atomic weights let us suppose that we know
the formula of a certain oxide of copper to be Cu,O and
find on analysis that 0.5120 g. of it contains 0.4548 g. of
copper, and wish to calculate the atomic weight of copper,
provisionally called x. We may arrange the steps in the
reasoning as follows:

Given by formula Cu20 contains 2Cu and 10
Given weights, by analysis 0.512¢g. - 0.4548 g. = 0.0572 g.
Given relative no. gram-atoms

from formula 2 1
Wts. in 1 mole of CuO from

formula 2x g. 16 g.
Wts. in 1 mole of CuO from 16

analysis ——— X 0.4548 g. 16 g.

0.0572
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Comparing the last two figures in the column for copper
both represent the copper combined with 16 g. of oxygen,
hence they are equal, and d

16
2x = 0.0572 X 0.4548 g., or x = 63.6 g.,
hence the atomic weight of copper is 63.6.

19. Calculation of Formulas. The third case consists in
calculating the formula when the other two factors, atomic
weight and composition, are known. Suppose that we find
on analysis that a certain chloride of arsenic contains 58.68
per cent of chlorine, and know the atomic weight of arsenic,
As = 74.91, and chlorine, Cl = 35.46, and wish to determine
the formula of the compound. Now the formula indicates
the number of atoms, or of gram-atoms, in the molecule, or
mole, repectively, so that we may proceed to determine the
number of gram-atoms of one element combined with 1 gram-
atom of the other.

Given, 58.68 g. Cl combine with 41.32 g. As to yield 100.0 g.
of compound, then

35.46

35.46 g. Cl combine with 3868 X 41.32 = 24.970 g. As,
. ., 2497
or 1 gram-atom Cl, combine with Ta01 0.3334 or almost

exactly  gram-atom As (analyses are, of course, subject to
small errors), or 3 gram-atoms Cl combine with 1 gram-atom
As, and 3 atoms Cl combine with 1 atom As; therefore the
simplest possible formula is AsCls.

The above weight relations would, however, be equally
satisfied by the formulas As,Clg, As;Cly, etc., and before decid-
ing upon AsCl; we shall have to determine the weight of 1 mole,
for 1 mole of AsCl; would weight 181.23 g., while 1 mole of
As,Clg would weigh twice as much. (Chapter IV deals with
the problem of molecular weights.)

The simplest formula that fits the figures obtained from
analysis is often called the empirical formula, the word
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“empirical” meaning based on experiment or experience
rather than upon theory, or full scientific knowledge. In this
case, however, the experiment is incomplete, calling for fur-
ther experiment to determine molecular weight.

20. The foregoing examples and the tabulation at the end of
paragraph 16 all show the great numerical simplicity achieved
in chemical calculations by using moles and gram-atoms in-.
stead of ordinary units of mass, such as grams or pounds. The
student will do well, therefore, to overcome a natural reluc-
tance to work with a new, unfamiliar unit, and to adopt the
common practice of chemists of expressing quantities of pure
substances in terms of these chemical units.

Exercises
See Appendix 2 for answers.

1. What do you understand by the law of simple multiple
proportions?

2. How does the atomic theory explain this law?

3. Write out in words all that the following formulas mean to
you: H,O; H:0,; Ca(OH),; FeSO,.

4. Define symbol, formula, chemical reaction,,chemical equa-
tion, mole, molecule, atom.

5. How many atoms of oxygen are in 1 molecule of Ca(OH),?
6. How many gram-atoms of lead (Pb) are in 2 moles of Pb;O,?

7. How many gram-atoms of oxygen would be used up in
converting 1 gram-atom of lead into Pb;0,?

8. PbO; can be made from Pb;O, by the reaction:
Pb;O4 + 4 H+ = PbO; + 2 H,O + 2 Pb++,

How many pounds of PbO, could be obtained from 100 Ib. of
Pb;0,?

9. How many gram-atoms of sulfur are there in 196 g. of sulfuric
acid, H,SO,?

10. What weight of water could be obtained from 1.00 g. of
Cu:O?

11. How much water would be required to convert 100 g. of
phosphorus pentoxide, P,Os, into phosphoric acid, the equation
being: 3 H20 + PzOs =2 HaPO‘?
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12. What per cent of Al,O; is aluminum?

13. What weight of aluminum, Al, must be used per kilogram
of iron oxide, Fe;O4, to carry out the reaction: 8 Al 4+ 3 Fe;O4 =
4 Alea + 9 Fe?

14. When treated with hydrochloric acid, barium peroxide
yields hydrogen peroxide according to the following equation:
BaO; 4+ 2 HCI = H;0; 4+ BaCl,. How much BaO; is required to
make 10 Ib. of a 5 per cent solution of H;O,?

15. What weight of aluminum could be dissolved by 196 g. of
sulfuric acid, HoSO,? The equation is: 2 Al + 3 H,SO, = Aly(SO,)s
+ 3 H..

16. What weight of Fe;O; would result upon burning 10 kilo-
grams of FeS,? The equation for the reaction is: 4 FeS; + 110, =
2 Fe203 + 8 SOQ.

17. A certain compound of sulfur and oxygen only was found
by analysis to contain 2.00 g. of sulfur and 3.00 g. of oxygen.
(a) How many grams of oxygen, (b) how many gram-atoms of
oxygen would be combined with one gram-atom of sulfur in this
compound?

18. Since engineers use the avoirdupois units, including pounds,
more often than metric units, it is possible to use pound-atoms and
pound-molecules. Define them, give their relation to gram-atoms
and gram-molecules, and calculate the number of atoms in a pound-
atom. (1 lb. = 453.6 g.)



CHAPTER IH

THE KINETIC THEORY

1. Common Properties of Gases. While we are discussing
the general properties of substances it will be profitable to
consider certain properties of gases, on account of the existence
of important uniformities in their behavior from which we
can learn much about molecules. When solids and liquids
are heated, they expand, in nearly all cases, but the rate of
expansion with the temperature is a specific property of each
substance. The same holds true for the compressibility of
solids and liquids. With gases, however, the effect upon the
volume of changing temperature or pressure is nearly inde-
pendent of the particular gas used. This is illustrated by the
accompanying table.

TABLE 1 .
Increase in Volume When 1 Cubic Centimeter of Material at 0° C. Is Heated to 1° C,

Gases Liquids
Acetylene 0.003,77 Alcohol 0.001,05
Ammonia .003,75 Chloroform .001,21
Argon .003,68 Ether .001,56
Carbon monoxide .003,67 Mercury .000,18
Chlorine .003,90 Water — .000,06
Helium .003,66 Solids
Hydrogen .003,66 Common salt .000,032
Methane .003,68 Copper .000,017
Oxygen .003,66 Diamond .000,000,27

Similar regularity with gases is evident on examining the
compressibility, i.e., the relative decrease in volume on
applying pressure.

A further distinction between gases, on one hand, and
liquids and solids, on the other, is their tendency to expand
indefinitely, so as to fill completely any space at their dis-

36
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posal, always exerting pressure on the walls of the containing
vessel.

Again, the rate of diffusion of one gas through another is
vastly more rapid than diffusion through a liquid or through
a solid, in which case, indeed, measurable diffusion is very
rare, as illustrated by sharp boundaries in rocks between
minerals which have been in contact for millions of years.

2. Now these characteristics of gases are such as to excite
the curiosity of persons having the scientific attitude as to
why gases behave as they do. We may also wish to be in a
position to predict more accurately than we can from the
above meager information kow they behave. The former
question is theoretical, the latter immediately practical. We
may choose to begin by speculating regarding the answer to
the former, or by performing a series of careful experiments
to reveal the latter. The former course should yield a theory,
the latter the ‘“‘gas laws.” Science advances by using either
avenue of approach, now the one, now the other, or both
together.

3. The student might, at this point, go into the laboratory
and work out by well-controlled experiments the relations
between pressure, volume, temperature, mass, and molecular
weight of one gas; satisfy himself that the formulas obtained
are applicable to a number of gases and hence, probably, to
all gases. This is the inductive approach already referred to
in Chapter II; it starts with particular cases and leads up to
general laws which are essentially descriptions of behavior.
The other approach is to construct some theory, model, or
picture, of the possible structure of gases in this case, from
which the behavior of individual gases could be inferred by
deduction. All the various consequences of the theory should,
of course, be tested by experiment before it should be given
any great scientific standing.

4, In the present case, the latter approach will be empha-
sized because the resulting theory is a powerful tool for
dealing with other more complicated matters, such as the
control of chemical reactions. If it were merely a question
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of gas behavior, we might leave the whole matter to the
physicists, but the theory is of such value to chemists, and
so illuminating, indeed, to anyone interested in his physical
environment that practice in working it into one’s active
imagination is rather sure to be rewarding. It is, at least, a
labor saver, for it leads so obviously to the correct arith-
metical treatment of gas problems as to make it unnecessary
to commit to memory formulas almost certain to be misapplied
or forgotten.

5. Let us ask the question. What sort of structure must
gases possess in order to account for their general properties?
The most satisfactory picture is that furnished by the Kinetic
Theory, which assumes that a gas is composed of particles
called molecules, whose size is very small compared ‘with the
distance between them, and that each molecule is in rapid
motion, colliding with other molecules and with the walls of
the containing vessel.! It is these impacts which produce the
observed pressure, a rapid series of impacts obviously having
the effect of a steady pressure. The further assumption is
made that the average velocity of the molecules, and hence
the pressure produced upon the walls of the wessel, depends
upon the temperature, increasing as the latter increases.
The molecules are in such rapid motion, and are most of the
time so far apart, relatively, that their mutual attractions
have very little effect.

This picture of the condition of gases has proved to be of
such immense service in explaining and predicting their
properties that it is hardly questioned by scientists at the
present time.

6. Relation between Quantity and Pressure When Volume
and Temperature Are Constant. Let us see first, how, on the
basis of the theory just given, we should expect changes in

1 An idea of the actual values calculated may be obtained from the following
figures for oxygen. At one atmosphere pressure and 0° C., one cubic centimeter
of oxygen contains 27 X 10 molecules, moving with an average velocity of
0.46 kilometer per second (about 4 mile per second). Each molecule travels on
an ‘ave{age about 1000 times its own diameter before colliding with another
molecule.
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the amount of a gas to be related numerically to changes in
pressure. Imagine a gas inclosed in a vessel provided with
a cock, as represented in Fig. 1a. The vessel is supposed to be
immersed in a bath to preserve constant temperature. Let us
have very few molecules in the vessel, and visualize them by
the dots in the figure. These molecules will all be in rapid
rectilinear motion, some moving faster, some more slowly,
between impacts, but with a certain average velocity depend-
ing on the temperature, producing a definite pressure on the
vessel walls as they rebound
from them. Suppose, now, that
we introduce an equal number |
of the same kind of molecules
through the valve, producing
the condition illustrated in
Fig. 1b. It is obvious that
since the volume of the vessel
remains the same, and the Fig. 1
average speed of the molecules
is kept the same by the action of the bath in maintaining
constant temperature, the only effect of the doubling of the
amount of gas is merely to double the number of impacts in
a given time per unit of area of the vessel walls, and hence
to double the pressure. Evidently we would expect any
change in the number of molecules in the vessel to produce
a proportional change in the pressure, and since the number
of molecules depends on the amount of the gas, we can make
the general deduction that when temperature and volume
are kept constant the pressure of a gas is proportional to
the quantity present.

As an example of how this may be applied let us consider
a tank, with an attached pressure gauge, containing any gas.
Allow the gas to escape until the pressure falls from 100 Ib.
per square inch to 30 Ib. It is evident, since the pressure has
fallen to 0.3 of its initial value, that there remains in the tank
only 0.3 of the gas originally present. Many pressure gauges
give, not the absolute pressure, upon which this discussion
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is based, but only the excess over atmospheric pressure.
A familiar example is a tire pressure gauge, reading zero, not
when the pressure is zero but when it is the same as the
outside atmospheric pressure, which is 14.7 lb. per square
inch. If the pressure given in the above problem was not the
absolute pressure but the differential pressure, as read on
such a gauge, then the true pressures inside the tank were
114.7 Ib. per square inch before release and 44.7 lb. per
square inch after release, and the amount of gas remaining
in the tank after release was 44.7/114.7 or 0.380 of the original
amount. In what follows, pressure always is intended to mean
the true, or absolute pressure, not the net pressure.

7. Relation between Pressure and Volume When Tem-
perature and Amount Are Constant. Let us imagine, next,
that the gas is contained in a cylinder like that of a steam
engine, with a movable piston,
asin Fig. 2, so that the volume
] of the inclosed gas may be
altered without changing the
amount. If, now, the piston is
pushed down from the position
represented by a, in the fig-
1 ure, to that represented by b,
where the volume is half as

Fig. 2. Relation between pressure great, the number of impacts
and volume of a fixed quantity of gasat op 5 given area of the walls in
constant temperature. . . .

a given time will be doubled.
While the piston is being pushed down, the molecules striking
it will rebound a little faster than before, causing a slight
increase in temperature,! so that we must wait a moment
till this temperature has been lowered to that of the bath
surrounding the cylinder, when the average speed of the
molecules will be the same as before the piston was pushed
down. Since the number of impacts on a given area of the
walls has been doubled, the pressure is likewise twice what

! This effect may be noticed in the heating of the pump when a bicycle or
automobile tire is pumped up.
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it was before the piston was moved. Evidently, if the volume
were made one third as great as at first, the pressure would
become three times as great, etc., so that we may conclude
in general that when the temperature and amount of gas
are constant the pressure is inversely proportional to the
volume. This is usually called Boyle's Law.

As an example, let us calculate the final volume when 10
1. of gas at a pressure of 76 cm. of mercury is subjected to
a pressure of 19 cm. Since the pressure is decreased in the
ratio 19/76, the volume will be increased in the same ratio,
becoming seventy-six nineteenths of 10 1., the original
volume, or 40 .

8. Relatjon between Pressure and Concentration When
Temperature Is Constant. The ratio of the amount of material
to the volume in which it is contained, or the amount in
unit volume, is called its concentration. Evidently it is the
concentration which determines the number of impacts, and
hence the pressure, so long as the speed of the molccules is
unaltered. If, for example, 2 g. of a certain gas in 5 . exerted
a pressure of 2 atmospheres, then 1 g. of the same gas at the
same temperature in a volume of 10 l. would be only one
fourth as concentrated, and would exert only one fourth of
the pressure, which would be one half atmosphere. In general,
we may say that the pressure of a gas is proportional to its
concentration when the temperature is constant.

9. Reldtion between the Pressure, Mass, and Speed of
the Molecules. Although, as has been said, the pressure
exerted by a gas depends upon the velocity of its molecules,
it is not directly proportional to the speed, for if the speed
is doubled, not only does each molecule hit the vessel walls
twice as often, but also twice as hard, for the momentum of
each molecule is doubled by doubling the speed. The pressure
is thus proportional to the square of the average velocity of
the molecules. Moreover, the change of momentum at each
impact is proportional to the mass of the molecules. A heavy
molecule would exert more pressure than would a light one
moving at the same speed; hence, the contribution of a single
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molecule to the pressure of the gas is proportional both to
its mass, which we will call m, and to the square of its velocity,
which we will call #, that is, to mu?. Now } mu? is kinetic
energy, so we can say that the contribution of a single mole-
cule to the pressure of a quantity of gas depends upon its
kinetic energy. In a mixture of gases, the different species of
molecules must have the same average kinetic energy, since
they tend to equalize kinetic energies by collisions. It is
evident, therefore, that light molecules, like those of hydrogen,
must move much faster than heavier ones, like those of
oxygen (cf. paragraph 23).

*-10. Effect of Temperature, When Amount Is Constant.
Let us next sce how a fixed quantity of a gas would be affected
by a change in the temperature. It will be simplest, first, to
consider the effect of this change upon the pressure and
volume separately, keeping one constant while the other is
allowed to vary. We will imagine a constant weight on the
piston of the cylinder containing
the gas, so that the volume may
» vary while the pressure remains
t the same. We may now vary the

temperature by altering that of
the bath in which the cylinder is
immersed. If the temperature of
the gas is increased, we would
expect, in terms of our theory,
that the molecules would gain in kinetic energy, moving faster
and hitting the vessel walls and the piston both harder and
more frequently, forcing the latter upwards until the reduc-
tion in the number of impacts in a given time compensates
for the greater force of each impact. It is found by experiment
that this increase in volume is uniform, as expressed by the

plot in Fig. 3.

~11. Absolute Zero of Temperature. Similarly, if the piston
is not permitted to move, so that the volume remains constant,
an increase in temperature would be expected to increase the
kinetic energy of the molecules, resulting in harder and

— ¢,

Fig. 3
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more frequent impacts, and hence an increase in pressure.
The pressure of a gas at any temperature depends upon the
amount of gas and its volume, i.e., its concentration, but
for any given concentration the pressure increases uniformly
with temperature, as shown in Fig. 4 for three concentrations.
By careful measurements the increase is found to amount to
z¥7 of the value of the pressure at 0° C. for each degree rise
in temperature. We are led naturally to inquire the effect of

-

/ -
o /
1 / T
P
L=
-273°C —{, 0°C tec
0°K 273°K (273+t°) K
Fig. 4

a continued decrease in temperature. Diminishing the pres-
sure 175 of its value at 0° C. for every degree the temperature
is lowered would give no pressure at all at — 273° C. (more
exactly, — 273.15°C.) if the gas did not condense to a
liquid somewhere along the line.

What does this mean in terms of the kinetic theory? Since
we have attributed gas pressure to the impacts of gas mole-
cules moving with an energy depending on the temperature,
when the pressure becomes zero we must conclude that the
molecules are no longer in motion, and that we have reached
the Absolute Zero of temperature. A lower temperature is
inconceivable in terms of our theory. This remarkable con-
clusion is confirmed by the behavior of other properties, many
of which approach either zero or infinity, as the temperature
approaches — 273° C.

It is both logical, therefore, and for many scientific purposes
more convenient, to reckon temperature from the absolute
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zero, which is 273° below the centigrade zero. We denote
absolute temperature by K for Lord Kelvin. On this scale
the melting point of ice, 0° C., is + 273° K.; 17° C. is 273 +
17, or 290° K., and in general, letting T and ¢ stand for tem-
perature on the absolute and centigrade scales respectively,
T =t + 273. The most convenient way of expressing the
effect of temperature on the pressure is to say that when the
amount and volume of a gas are kept constant, the pressure
is proportional to the absolute temperature, since both
depend upon the kinetic energy of the molecules.

Figure 5 expresses in graphic form the relation between
four temperature scales: centigrade, Fahrenheit, absolute
or Kelvin, which uses centigrade degrees, and Rankine, also
counting from absolute zero but in Fahrenheit degrees.

12. As an example, let us find the final pressure produced
when a tank of gas under a pressure of 10 atmospheres is
cooled from 40° C. to 18° C. 40° C. is 313° K., and 18° C. is
291° K. Since the absolute temperature has been lowered
to $2% of its initial value, the kinetic energy of the molecules
will be lowered to 22} of its initial value, and hence the
pressure will be lowered to the same fraction of its initial
value, which is $3% of 10 atmospheres, or 9.3 atmospheres.

When the amount of gas and the pressure are kept constant,
any change in the absolute temperature, with its proportionate
change in the kinetic energy of the molecules, must be com-
pensated by a proportionate change in volume.

Suppose, for example, that we have 250 cc. of gas at 27° C.,
and wish to determine at what temperature the volume will
become 200 cc. The new volume will be $88, or 0.8 of the
old volume; hence the absolute temperature will be reduced
to 0.8 of its initial value, or from 300° K. to 240° K., which
is — 33° C.

13. Effect of Changing Both Temperature and Pressure,
When Amount of Gas Is Constant. When any two of the
factors pressure, temperature, and volume are changed, the
effect on the third can be calculated by separating the process
into two steps similar to the above. For example, suppose
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we have 50.0 cc. of gas at 74 cm. pressure and 20° C., and
wish to know the volume it would occupy under standard
conditions, which are 1 atmosphere (76 cm. of mercury) and
0° C. If we first change the pressure to the final value, since
the pressure is increased, the volume will be diminished to
F4 of 50.0 cc. Next, keeping the pressure constant, let us
change the temperature from 20° C., which is 293° K., to
0° C., or 273° K. This will cause a further diminution in
volume in the ratio $%%, so that the result of both changes
is 353 X & X 50.0 cc., or 45.3 cc.

14. The several gas laws which we have just deduced from
the kinetic theory, and which are found to be in accord with
experiment, may be expressed by algebraic equations, and
may be combined into one fundamental general equation.
When one has to apply the gas laws frequently, it is wise to
use equations, as the mathematical expression of a law makes
it easier to use. As has been said, ‘‘a mathematical equation
is a substitute for thought”; it enables one to represent
briefly the result of thought, so that the process may be
repeated in the future without repeating the reasoning.
When, however, the formula is used without thé previous
thought process, as when it is copied out of a textbook, there
is the danger that it will be misapplied or forgotten, and
even when applied correctly the process is nearly devoid of
educational value. Instead of depending on the memory to
retain several algebraic equations, we may use the kinetic
theory, a very simple conception, and by the aid of easy
logic solve any problem in the gas laws, as illustrated above.
The only numerical value that needs to be remembered is
that 0° C. is 273° K.

Let us see, however, how a general gas law may be obtained.
We will carry out the process followed in paragraph 13, but
using algebraic, general quantities instead of specific arith-
metical values. Consider 1 mole of gas, M grams, under
standard conditions, po, %o, Ty, and find what the volume of
M grams will be, v, at some other pressure, p, and temperature,
T. Changing p, to p while keeping T, the same changes the
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volume to vopo/p, and then changing to T while keeping p
the same changes this volume to T/T, of its former value
giving vopoT/pTo. If, finally, we use w grams of gas instead
of M grams, v = wvopoT/MpTo. We may rearrange this,
writing the more striking form,

e

Now po, vo, and T are fixed values, so we follow the universal
practice of setting povo/To = R, a constant, called the ‘‘gas
constant.” Its numerical value depends, of course, upon the
units chosen for expressing po, vo, and T. Using atmospheres,
liters, and Kelvin degrees, R = 1 X 22.4/273 = 0.0821
(cf. Chapter IV for the value of v,.) Using cm. of mercury
and cc., R =76 X 22,400/273 = 6240. The general gas
equation can then be written

w

for w grams of gas or
pv = RT (2)

for 1 mole of any gas. We may solve these equations for any
one of the quantities which may be unknown in a particular
case. We must be careful, however, to express R in the units
used for p, v, and T. Suppose, for example, we wish to calculate
the weight of oxygen, in grams, which will exert a pressure
of 100 mm. of mercury at 27° C. in a vessel having a capacity
of 600 cc. If we happen to remember R only in liter-atmos-
pheres, 0.0821, then we must express p in atmospheres, +§8,
and v in liters, 0.600, and since we want w in grams we write
M = 32.0 grams. Accordingly,

w = poM 100 X 0.600 X 32.0
RT 760 X 0.0821 X 300
15. The following somewhat oversimplified derivation of the

relation between pressure, p, number of molecules, #, mass per
molecule (molecular weight), m, volume, v, and average molecular

I

= 0.1025 grams
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velocity, #, may prove helpful to some. Imagine a cubic box, I cm.
on a side; a single molecule moving back and forth between op-
posite walls with velocity ¥ would hit x/! times per second, with
an impulse of 2 mx (the change of momentum) at each impact. The
force on these walls is thus 2 mx?/l. The velocity in the x-direction
is only one component of total velocity, u, the relation being
u? = x2 4+ 3* + 22, where y and 2z are the other components of
velocity. The total force exerted by 1 molecule on all six walls is
2mu?/l, and the corresponding pressure (force per area), p, is
4 mu?/P since the area is 6 /2. The volume of the box isv = B, so
that the pressure for #» molecules is

p =} nmu’/v 3)

Now, § mu? is the average kinetic energy per molecule, which is,
by the theory, assumed proportional to the temperature, provided
that temperature is reckoned, not from 0° C., but from the point
where molecular velocity ceases, the real ‘‘absolute zero.”” Writing
4 mu? = kT, where T is the temperature on the new scale and k
the universal “Boltzmann constant” of proportionality, we have,

pv = nkT 4)

It is evident that nk in equation 4 is identical with R in equation (2).

In the derivation given above it has been assumed that all the
molecules have the same velocity. Actually, of course, this cannot
be true, for a molecule may move after a collision either faster or
slower than before. The distribution of velocities and its change
with temperature are shown in Fig. 2, p. 173.

16. In drawing the various conclusions given above concerning
the relations between pressure, volume, amount and temperature,
we must remember that we have assumed that when the gases are
sufficiently expanded the volume occupied by the molecules them-
selves is negligible compared with the volume of the vessel, also
that they are so far apart and moving with such high velocity that
their mutual attractions can be neglected. The higher the tempera-
ture and the lower the concentration, the more nearly do these
assumptions correspond to the truth. On the other hand, as the
temperature is lowered and as the concentration is increased, in-
creasing deviations are to be expected from the behavior previously
deduced, becoming more and more marked until the attractive
forces become sufficient to cause the molecules to condense to the
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liquid state. The conditions under which this condensation takes
place obviously depend upon the kind of molecules involved. With
the gas helium, at a pressure of one atmosphere, the temperature
must be lowered to 4.5° before liquifaction takes place.

The deviations actually found from the ideal gas laws are illus-
trated in Fig. 6 for H;, O3, and CO;, where the experimental values
of pv are plotted against p. The quantity of gas and the units used
have been arbitrarily selected so as to make pv = 1 at low pressures.

.5
] I
He L
10 Ideal
02 0°
70°
05} CO,
v 50°
0 { | ] | [ | ]
0 P 100 200 300

Fig. 6. Deviations from Boyle's Law.

In the case of hydrogen, pv increases right from the start. This can
be explained as due to the fact that molecules themselves take up
part of the space of the container, which is v, causing the molecules
to strike the walls more frequently than they otherwise would, and
also to the weakness of the attractive forces between hydrogen
molecules, as could be inferred from the very low temperature
necessary to liquefy it. Oxygen molecules attract each other more
strongly, making p smaller at first, and CO; molecules attract each
other still more strongly, causing pv to dip to 0.5 at 100 atmospheres;
in other words, the actual volume of the gas at this pressure would
be only 0.5 of what it would be if CO; were an ideal gas.

. 17. van der Waals’ Equation. The Dutch physicist, van der
Waals, designated the actual volume of the molecules in 1 mole of
gas as b, so that the free space in the vessel becomes v — &, and he
expressed the attraction between the molecules as a/v?, where a
is another constant. Since the pressure of a real gas is made smaller
than the pressure of an ideal gas by reason of this attraction, we
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correct it by adding a/v?. The ideal gas equation, equation (2), is
transformed in this manner into

(p+ 2w -5 = &r: (s)

This agrees much better with the behavior of highly compressed
gases than does the simple pv = RT, and values for a and b can
be chosen which will permit the van der Waals’ equation to agree
approximately with the actual values such as those in Fig. S.
The agreement is far from perfect, however, so that the equation
is to be regarded only as the next approximation. The progress of
science seldem consists in reaching absolute truth but in closer and
closer approximation to it.

18. Partial Pressure of Different Gases in Mixtures. The
kinetic theory also enables us to predict correctly certain
properties of gaseous mixtures. In the first place, we would
expect the gas laws to hold for mixtures of gases as well as
for pure gases, as is indeed the case. In the second place, we
would expect the molecules of one species to maintain the
same average kinetic energy at the same temperature regard-
less of the presence of any other species of molecules, and
therefore the part of the pressure which is due to the impacts
on the vessel walls of one species, called the partial pressure
of that gas, would be the same no matter what other gases
are present. This law is usually known as Dalton’s Law.
By way of illustration, let us suppose a closed vessel con-
taining water and carbon dioxide gas maintained at a constant
temperature. Some of the carbon dioxide will dissolve in the
water. Suppose now that some other gas, say nitrogen, is
injected into the same vessel. How would this affect the
amount of carbon dioxide dissolved in the water? Without
the aid of the kinetic theory one might suppose that more
carbon dioxide would be forced into the water, but from the
molecular-kinetic standpoint we see that the number and
momentum of the carbon dioxide molecules striking the
water surface, upon which alone the solubility of the gas
depends, are practically unaltered by the presence of the
nitrogen molecules.
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The form in which Dalton announced the law known by his
name was not identical with the statement here given. His studies
antedated the kinetic theory, a fact which makes this and other
discoveries of his the more remarkable. In one place! he says,
‘. . . the elastic or repulsive power of each particle is confined
to those of his own kind; and consequently the force of such a
fluid, retained in a given vessel, or gravitating, is the same in a
separate as in a mixed state, depending on its proper density and
temperature.’”’ With reference to the solubility of a single constituent
of a mixture of gases he said, “If a quantity of water free from air
be agitated with a mixture of two or more gases (such as atmospheric
air) the water will absorb portions of each gas the same as if they
were presented to it separately in their proper density.”

Again, suppose we consider two vessels of equal size, one
evacuated and the other containing oxygen, both kept at
the same temperature. If water is introduced into the first
one, a little of it will vaporize, since the molecules of the
liquid are in rapid motion with a velocity depending on the
temperature, and certain molecules at the surface which
have unusually high velocities may be able to escape the
attraction of the liquid and go into the vapor phase. As the
number of molecules in the vapor phase increases, there is
a constantly increasing chance that some of them, moving
more slowly than usual, will be caught into the liquid again,
instead of rebounding at the surface. The concentration of
molecules in the vapor state thus tends to become adjusted,
so that there is an equilibrium or balance between the two
phases such that the number of molecules of liquid vaporizing
in a given time just equals the number of molecules of water
condensing in the same time. The pressure of vapor necessary
for this equilibrium depends on the nature of the liquid and
on the temperature, increasing as indicated by the curves

t Alembic Club Reprints, ‘““Foundations of the Atomic Theory,” No. 2, p. 1,
published by William F. Clay, Edinburgh, 1893. This reprint, together with
No. 4, which quotes brief papers by Dalton, Wollaston, Thomson, Gay-Lussac,
and Avogadro, gives the steps, experimental and logical, by which the conclusions
presented in Chapters I to IV in this book were reached. It might comfort a

reader who finds these matters a bit difficult to learn that the able men who
worked them out did not find them easy.
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in Fig. 7. It is obvious that this pressure will not depend on
the extent of the liquid surface, as an increase in surface has
the same effect on the number of molecules vaporizing as it
has on the number condensing, so that the net effect is zero.

Suppose, now, we admit water to the second vessel, con-
taining oxygen. Evidently the tendency of molecules of
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Fig. 7. Vapor pressure and temperature of liquids. A, ethyl alcohol; C,
chloroform; E, ethyl ether; W, water.

liquid to escape will be the same as before, but the vaporized
molecules will be unable to distribute themselves so rapidly
throughout the vessel, since they must diffuse through
oxygen molecules which collide with them and retard their
progress. Hence the liquid will evaporate more slowly than
in the previous case, where oxygen was absent, but eventually
the molecules of water vapor will be distributed throughout
the vessel just as if the oxygen were absent, and the partial
pressure of the water vapor will be independent of the other
gas (or gases) present.

19. Relation between the Pressure of a Gas and Its
Solubility in a Liquid. When a gas is placed over the surface
of a liquid, it dissolves to an extent dependent on the nature
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of the gas, the nature of the liquid, the temperature and
the pressure of the gas. When no more gas will dissolve in
the liquid, we have a state of equilibrium, in which the
number of molecules of gas being caught into the liquid in a
given time is the same as the number escaping.

Suppose, now, that more of the same gas is introduced
into the space above the liquid. If the temperature is kept
the same, the momentum of the molecules striking the surface
of the liquid is unaltered, but the number so striking is in-
creased, so that more of them enter the liquid than escape
from it, and the added number of dissolved molecules finally
increases the number escaping until it again equals the
number entering. An increase, therefore, in the pressure of
the gas above the liquid causes an increase in the amount
of gas dissolved by it. We would naturally expect this amount
dissolved to be proportional to the pressure, which is ap-
proximately true for gases which are not too soluble and do
not react chemically with the solvent. This is known as
Henry’s Law.

20. Avogadro’s Rule. One more conscquence of the kinetic
theory should be given at this time, as it will play a very
important part in the reasoning in Chapter IV,

When two different gases are at the same temperature,
the average kinetic energy of the two different kinds of
molecules is the same. We conclude that this is true from
the fact that when two different gases at the same tempera-
ture are mixed the total resulting pressure is the sum of the
partial pressures each gas would have if the other were
absent; hence the kinctic energy of ncither is altered by the
mixing, which can be the case only when they have the same
kinetic energy before mixing. Let us then take, in two vessels
of equal volume, such amounts of two different gases at the
same temperature that their pressures will be the same.
Now we have seen that the pressure of a gas depends upon
the number of molecules, their kinetic energy, and the volume
they occupy, and upon no other factors. Since, therefore, we
have chosen equal pressures, volumes, and temperaturées
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(and hence kinetic energies) the only other factor, the number
of molecules in the two quantities of gas, must likewise be
the same. In other words, equal volumes of all gases, at the
same temperature and pressure, contain the same number
of molecules. This was first announced by an Italian physicist,
Avogadro, in 1811, and is usually called Avogadro’s Rule or
Law. We will use it presently to measure the relative numbers
of molecules involved in chemical reactions.

21. The conclusion just drawn can be more concisely expressed
in algebraic terms, by aid of the equation, pv = nkT, derived in
paragraph 15. Letting the subscripts 1 and 2 stand for two different
gases, we write pw = mkT: and pw, = n.kT,. Let us take two
vessels of equal size, so that v; = v;, and hold them at the same
temperature, so that T; = T, and adjust the quantities of the two
gases so that p, = p,, then it follows that n, = n,.

)Z“_-——; o .

c d
Fig. 8. Effect on temperature of a gas of a, compression; b, expansion while

doing work; ¢, expansion of a dilute gas into a vacuum; d, expansion of a com-
pressed gas into a vacuum.

22. Other consequences of the kinetic theory may readily be
drawn. For example, the molecules of a gas striking a compressing
piston rebound with increased velocity just as is the case with a
baseball struck by a batter; hence they are hotter and the process
of compressing heats the gas, cf. Fig. 8a. The reverse is of course
true, and a gas expanding by doing work on a retreating piston is
cooled, cf. Fig. 8b. This occurs both in steam engines and gasoline
motors. On the other hand, a molecule leaking through a fine hole into
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a vacuum is not cooled, any more than a ball is retarded by passing
through an open window, cf. Fig. 8c. However, if the gas is highly
compressed, then, on expansion through an orifice the mutual
attractions of its molecules may be enough to cause retardation as
they move apart, just as a ball is retarded when rising against the
earth’s gravitational attraction, cf. Fig. 84. This effect is used in
the liquefaction of air. The air is highly compressed, cleaned of
moisture and carbon dioxide, cooled to remove the heat 8f com-
pression, first by water, then, in certain plants at least, by liquid
ammonia, then by air that has already expanded and cooled itself.
Part of this strongly cooled air then liquefies on expansion through
an orifice.

23. Molecular Velocities and Diffusion. Since the molecules of
different gases have equal translational energies at the same tem-
perature, we can write 3 m,? = % mau,? (cf. paragraph 15) where
the subscripts refer to the two species, whence u;/u; = Vmy/m.
If the first gas is hydrogen, H,, for which m; = 2, and the second
is oxygen, O», for which m, = 32, then u; = 4 u,, that is, hydrogen
molecules move on the average four times as fast as oxygen mole-
cules at the same temperature. We may conclude from this that
hydrogen could diffuse through a small hole or down through
another gas four times as fast as oxygen.

The actual mean velocities can be calculated from equation 3.
We will obtain # in centimeters per second if we use the molal
weight, nm = M, in grams, and p in dynes. Let us take 1 mole of
gas in 22,400 cc. at 0° C. and 1 atm., then, since 1 atm. = 76 cm.
of Hg = 76 X 13.6 grams = 76 X 13.6 X 980 dynes = 1.013 X
10° dynes, we obtain

_ [ 26 x 100
u u = —————\/.M_ cm./sec.

M for hydrogen is 2, giving » = 1.85 X 10° cm./sec. or 1.85 kilo-
meters per second (1.15 miles per second). The corresponding figure
for oxygen, where M = 32, is 0.46 km./sec. or 0.29 mile/sec.
24. Heat Capacity of Gases. If a monatomic gas, such as heliu
He, neon, Ne, argon, A, or mercury vapor, Hg, is heated in a v
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molecules is % nmu? = § pv, and this is equal (paragraph 14) to
$ RT. At a temperature one degree higher, T 4 1, the kinetic
energy is greater by an amount equal to § R. It is convenient for
this purpose to take the value of R not in liter-atmospheres per
degree per mole, as in paragraph 14, but in calories per degree per
mole, 1.987. The heat required to raise the temperature of 1 mole
of monatomic gas 1°C. is § X 1.987 or 2.98 calories when the
volume is kept constant. This heat capacity is usually designated
C,.

If the pressure is kept the same during the heating, work has to
be done against the external pressure and a larger amount of heat

eelSclicoc
cocilidou

Fig. 9. Internal energies of molecules. a, rotation; b, vibration of diatomic
molecule; ¢, d, ¢, modes of vibration of linear triatomic molecule, e.g., OCO.

is required to raise the temperature of the gas 1° C. Writing pv =
RT and pv" = R(T 4+ 1) for the gas before and after heating
1° C., respectively, the work done against the external pressure
is equal to the pressure times the increase in volume, p(v' — v) =
R(T 4+ 1) — RT = R = 1.987 cals. The heat capacity at constant
pressure, designated C,, exceeds C, by R calories per degree, i.e.,
Cp,—Cy=R.

On heating a gas whose molecules contain more than one atom,
the kinetic energy is increased by § R, as with monatomic mole-
cules, but additional energy can be absorbed by rotations and
internal vibrations of the molecules, as illustrated in Fig. 9. These
will vary in magnitude depending on the constitution of the mole-
cules. Of course C, — C, = R, as with monatomic molecules.
Table 2 gives illustrative values for gases whose molecules have
varying complexity.
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TABLE 2
Approximate Values for Heat Capacities at 15°C.
He, A, etc. H: N2 (o) CO, NH, C;H,
Cp 5.0 6.8 6.9 7.0 8.8 8.9 11.6
C, 3.0 4.8 49 5.0 6.8 6.9 9.6
Cp—0Cy 2.0 2.0 2.0 2.0 2.0 2.0 2.0
Cp/Cy 1.67 1.41 1.40 1.40 1.30 1.31 1.22

The ratios, C,/C,, given in the bottom row, have been calculated
from the velocity of sound in the gas, which depends on this ratio.

25. Solids and Liquids. As the temperature of a gas is
lowered, the kinetic energy of the molecules decreases until
a point is reached where the attractive force between the
molecules, a/* in the van der Waals equation, equation 5,
together with the external pressure, causes the molecules
to condense to liquid. The higher the external pressure the
higher the temperature at which condensation can occur.
Our picture of a liquid is one in which the molecules are in
vigorous motion, with sufficient space in which to change
their positions continually, but without sufficient kinetic
energy to enable any but the fastest among them to escape
into a vapor space above the liquid. Molecules in the vapor
phase close to the liquid surface which happen to be moving
slowly as a result of the most recent collision may be caught
into the liquid. A liquid and its vapor in contact at constant
temperature quickly reach a state of balance or equilibrium
in which the number of molecules which escape from the
liquid to the vapor in any interval of time is the same as the
number of those which reenter the liquid, and their concentra-
tion or pressure in the vapor phase has a fixed value, called
the vapor pressure at that temperature. Lowering the tem-
perature diminishes the vapor pressure because it decreases
the speed of the molecules, allowing them to be more easily
captured by the liquid, and also because it allows the liquid
molecules to crowd more closely together so that they escape
less easily into the vapor. (Intermolecular attraction often
varies inversely with the seventh power of the distance.)
A lower pressure then suffices to restore the equilibrium:



58 PRINCIPLES OF CHEMISTRY Ch. Iit

Figure 7 shows the form of vapor pressure curves for several
familiar substances, ether, chloroform, alcohol, and water.
These and all other vapor pressure curves can be expressed
with little error by the Clausius-Clapeyron equation,

— L

logi0p 1575 T +C (6)
where p stands for the vapor pressure, L the heat absorbed
in the vaporization of 1 mole of the liquid, T the absolute
temperature, and C a constant chosen to fit the data. This
equation suggests plotting log p against 1/T’, which gives a
_ straight line which most vapor
pressures fit with close approx-

imation.
2000}~ On lowering the tempera-
ture of a liquid, the thermal
Vaporization agitation of the molecules di-
minishes, the liquid contracts,
the molecules attract each
other more strongly due to the
smaller distances separating
them, and a point is finally
reached where they can no
longer wander about in the
! liquid, exchanging places, and
0 50 100 150°%  they become fixed in a regular
Fig. 10. Heat absorbed by oxygen, array in a solid crystal lattice.
starting at absolute zero. Fig. 5, p. 415, shows the ar-
rangement of atoms in crystals of a number of metals, includ-
ing aluminum, nickel, lead, copper, and silver. This is known as
the face-centered cubic lattice. Here they are still free to oscil-
late in their places, or ‘“‘cages,” but only occasionally, if at all,
can a pair exchange places. Melting is the reverse of this pro-
cess. Many solids show one or more further transitions as the
temperature is further lowered. Changes in the amount of
vibrations within the molecule, changes in its rotation, etc.,
can favor one type of crystal lattice over another. Iron is
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stable at high temperatures in the face-centered cubic struc-
ture, but below about 900° C. it changes to the body-centered
cubic lattice! shown in Fig. 4, p. 415.

These changes all involve the addition or subtraction of
heat and in Fig. 10 is shown the amount of heat that must
be added to a mole of oxygen starting at absolute zero to bring
it to its stable form at any particular temperature.

Exercises

See Appendix I for answers.

It is recommended that the student remember that the purpose
of the following exercises is not simply to get the correct answers,
which might be achieved simply by substituting unintelligently
in the formulas found in a high school text, but rather to stimulate
the exercise of the imagination. Exercises 18 and 19 are particularly
good tests of this ability.

1. What properties serve to distinguish solids, liquids, and
gases? State the distinctions in terms of the kinetic theory.

2. If a certain quantity of gas occupies 100 cc. at 3 atm., at
what pressure will it occupy 60 cc. if the temperature remains
unchanged?

3. If 16 g. of oxygen is required to inflate a rubber balloon to
a certain size at 0° C., what weight of oxygen must be used to
inflate it to the same size at 20° C.?

4. Some gas occupies 100 cc. at 127° C. and 50 cm. pressure.
To what temperature would it have to be cooled in order that a
simultaneous decrease in volume to 60 cc. would produce no change
in pressure?

5. If an automobile tire is inflated to a pressure of 30 Ib. per
sq. in. gauge pressure at 15° C., what will the gauge pressure become
if the tire is heated to 50° by running?

6. What proportion by weight of the air in an automobile tire
must be allowed to escape in order to reduce its gauge pressure from
35 1b. to 30 Ib. per sq. in., the temperature remaining the same?

7. A quantity of gas occupies a volume of 40 cc. at 127° C.
At what temperature will its volume become 22 cc., the pressure
remaining the same?

1See Latimer and Hildebrand, Reference Book of Inorganic Chemistry Ap-,
pendix V, for types of crystal lattice.
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8. At what temperature will a flask contain 3.30 g. of carbon
dioxide gas at 1 atm. if it contains 2.00 g. at 57° C. and 1 atm.?

9. To what temperature must an open flask be heated in order
that one fifth of the gas which it contains at 7° C. shall escape?

10. If a balloon has a capacity of 480 cubic meters, how many
tanks of hydrogen must be used so fill it if each tank has a volume
of 0.300 cubic meters and contains hydrogen at a pressure of 40
atm.?

11. If 1 liter of a certain gas, measured at 76 cm. and 0° C.,
weighs 1.25 g., what would be the weight of 1 liter of the same
gas at 60 cm. and 47° C.?

12. A tank contains 150 g. of hydrogen at 15 atm. and 17° C.
What weight of hydrogen would escape if the tank were heated to
100° C. and the cock opened?

13. If the concentration of chlorine gas in a flask is 3.16 g. per
liter at 0° C. and 1 atm., what will it be at 47° C., if the pressure
is 0.8 atm.?

14. A flask contained enough oxygen molecules to exert a pres-
sure of 0.5 atm. upon the walls. If twice as many nitrogen molecules
and three times as many helium molecules are introduced, what
will be the pressure upon the walls?

15. If water is introduced into an evacuated vessel at 20° C.
the pressure inside the vessel becomes 17 mm. of mercury. If some
air which has been standing over water at 20° C. is put into a
flask to a pressure of 756 mm., a piece of quicklime introduced and
the flask closed, what will the pressure become when the quicklime
has absorbed all of the water vapor from the air?

16. According to the kinetic theory how will the temperature
of a gas be affected by expansion into a vacuum? Explain briefly.

17. Explain, in terms of the kinetic theory, why an automobile
pump gets hot while pumping air into a tire.

18. State the effect, quantitatively where you can, of each
of the following changes upon (a) the number of molecular impacts
per second per square centimeter upon the containing walls and
(b) the force of each impact.

(1) Gas in a cylinder with a movable piston, immersed in a
large water bath, is expanded from 2 liters to 3 liters.

(2) The air pressure in an automobile tire is slowly pumped up
from a gauge pressure of 20 lb. per sq. in. to 30 Ib. per sq. in.

(3) H.S gas is kept in a closed vessel at constant temperature
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19. Consider the following quantities for two gases, designated
1 and 2, respectively: pressure, p; volume, v; temperature, T;
molecular weight, 7 ; mean molecular speed, s; number of molecules,
n. If you are given the following relations between certain of these
pairs of variables, you can draw conclusions regarding others.
Indicate this conclusion in each of the following cases by writing
in the sign, >, when the first is greater than the second (e.g., p1 > p2
means p is greater than p,), the sign, <, when it is less, and the
sign, = , when it is equal to the second. If no conclusions can be
drawn, write a question mark (?).

Conclusions from the Kinetic
Theory. Indicate by writing

in the appropriate sign,
>, <, =or?
(@) m1 > ms, equal p, v, T; St v v . S
(b) my > ms, equal p, v, T; T na
(6) p1 > P2 m1 > ms, equal T, n; Vo v o V2
(@) n > no, equal p, v; Ti. .... T,
(e) Equalo, n, s; D1« ... De.

*20. Divers can operate at greater depths if they breathe an
atmosphere of helium and oxygen instead of compressed air because
helium is less soluble than nitrogen in the body fluids, and therefore
has less tendency to form bubbles when the diver comes to the
surface, releasing the pressure. This “‘effervescence’” produces the
serious and painful “‘caisson disease,” or ‘““bends.” It is much harder,
however, to kecp warm in this helium atmosphere, and electrically
heated clothing has been found necessary. Explain.

*21. Which gas, in each of the following pairs, would you expect
to conduct heat faster from a hot body: (a) Hz or N, (b) A or CO,
(nearly equal molecular weights), (¢) dry air or water vapor at the
same pressure’?

22. What difference would you infer from the kinetic theory
between (a) He and Ne, and (b) Ne and Oy, in the amounts of heat
energy necessary to raise the temperature of 1 mole of the gas 1° C.?

*23. Helium atoms have an average speed of 1150 meters per
second. The “mean free path” (i.e., average distance between
collisions) is 25 X 10~% cm. How many collisions does a helium
atom undergo per second?

*24. Compare the rise in temperature for (¢) A and Ne and
(0) A and CO; when the volume of each is suddenly diminished

* Questions of greater difficulty, that should not be attacked until the others
have been mastered.
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to one half its former value; the initial pressures and temperatures
being the same.

*25. A MacLeod gauge, shown in Fig. 11, is used to measure low
pressures. A represents the vessel containing the gas at low pressure.
When the mercury in the reservoir, C, is forced upwards by pressure

Fig. 11. MacLeod gauge.

in C into the capillary D to a height, 4"/, the gas in B, previously at
the same pressure as the gas in A4, is trapped and forced into the
capillary, E, the mercury rising to a height, k. If the volume of
B is 200 cc., and the diameter of the capillary is 0.8 mm., b’ — &
= 100 mm., and A" — k = 125 mm. What is the pressure of the
gasin A?



CHAPTER IV

MOLECULAR WEIGHTS

1. Fixing Formulas and Atomic Weights. In the preceding
chapters a number of molecular formulas have been used
without explaining how we know them to be the correct ones.
The law of simple multiple proportions considered by itself
merely allows us to say, for example, that if the formula of
water is HyO, as stated in Chapter 1I, paragraph 6, then
that of hydrogen peroxide could be H;0, or HO, since the
ratio of the weights of oxygen to hydrogen is, by analysis,
7.94 in the former and 15.88 in the latter. These formulas
are consistent with the accepted values of the atomic weights
of oxygen, 16.00, and hydrogen, 1.008, since

Wt. of oxygen 16.00 .
= = 7.94 in H,0,
Wt. of hydrogen 2 X 1.008 7.94 in H;0
and is
2 X 16.00 .
m = 15.88 in HgOz.

But the formula of water was long considered by many, among
them Dalton himself, to be HO, which would be consistent
with the analytical weight ratio of 7.94 if the atomic weight
of oxygen were set at 8.00. Hydrogen peroxide would then
have to be HO,, or some multiple thereof, to agree with the
analytical weight ratio of 15.88. How do we now know that
water is H,O and not HO?

The decision resulted, historically, from the discovery that
molecules of elements are not identical with their atoms. Dalton
had spoken, in 1808, of ‘‘an atom of water or steam, composed of
1 of oxygen and 1 of hydrogen, retained in contact by a strong

63
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affinity, and supposed to be surrounded by a common atmosphere
of heat;its relative weight = 8."” Gay-Lussac, later in the same year,
announced the law now called by his name. It is interesting to
read this in his own words. ‘“Thus it appears evident to me that
gases always combine in the simplest proportions when they act
on one another; and we have seen in reality in all the preceding
examples that the ratio of combination is 1 to 1, 1 to 2, or 1 to 3.
It is very important to observe that in considering weights there
is no simple and finite relation between the elements of any one
compound; it is only when there is a second compound between
the same elements that the new proportion of the element that
has been added is a multiple of the first quantity. Gases, on the
contrary, in whatever proportions they may combine, always give
rise to compounds whose elements by volume are multiples of each
other.

““Not only, however, do gases combine in very simple propor-
tions, as we have just seen, but the apparent contraction of volume
which they experience on combination has also a simple relation
to the volume of the gases, or at least to that of one of them.”

We must understand, of course, that these volumes are all
measured at the same pressure and temperature. Avogadro, in
1811, seized upon this discovery to draw the conclusion now known
as Avogadro’s Law, which we saw in Chapter 111, paragraph 15, to
be also a direct consequence of the kinetic theory. He wrote, “It
must then be admitted that very simple relations also exist be-
tween the volumes of gaseous substances and the numbers of simple
or compound molecules which form them. The first hypothesis
to present itself in this connection, and apparently even the only
admissible one, is the supposition that the number of integral
molecules in any gas is always the same for equal volumes, or al-
ways proportional to the volumes.” Avogadro proceeded to explain
how this principle, applied to the volumes of gases taking part in
reactions, leads to a consistent set of formulas and atomic weights,
His work of clarification was not generally understood or ap-
preciated, unfortunately, and the formula of water continued to be
written H;O by some chemists and HO by others until Cannizzaro
revived it in 1858. Let us state the case in the language of today.

2. If hydrogen and oxygen are made to combine at a
temperature and pressure at which the resulting water is
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steam, the volumes involved are in the proportion indicated
below.

Hydrogen + Oxygen —> Steam
Relative volumes 2 1 2

It follows from Avogadro’s Law that the molecules are
involved in the reaction in the same proportion. Let us note
particularly that 1 volume of oxygen suffices to produce 2
volumes of steam and therefore that 1 molecule of oxygen
has enough atoms in it, at least two, to give 2 molecules of
steam. Its formula must be O,, or Oy, etc. But no reactions
are known in which 1 molecule of oxygen gives more than
2 molecules of another compound containing oxygen, hence
the formula, O,, explains all the known facts.

The ratio of the volumes of hydrogen and steam in the
above reaction tells us only that the number of hydrogen
atoms in both molecules is the same. It could be one atom
per molecule so far as this particular reaction is concerned;
however, there are many other reactions known in which 1
molecule of hydrogen gives 2 molecules of some other gas;
never more. Such a reaction is

Hydrogen + Chlorine —> Hydrogen chloride
Relative
volumes 1 1 2

The molecule of hydrogen, therefore, must be H,;. The mole-
cule of chlorine, from this and its other reactions, is Cl,.

We now possess other criteria for distinguishing monatomic
and polyatomic molecules. One of these is furnished by the
different heat capacities of gas molecules of differing com-
plexity, as set forth briefly in Chapter III, Table 2.

3. If this reasoning seems at all puzzling it is because it
is difficult to carry out a logical process in unfamiliar terms,
where one’s imagination cannot serve as a prop. A problem
involving the price of bandersnatches in rupees would bother
persons who could solve the same. problem on the price of
sheep in dollars. The difficulty is one that can be minimized
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by training, and such training is an important element in
one's education. The aim should be to learn to reason just
as confidently and correctly with “unknowns,” such as x
and y, as with familiar terms such as apples and boys. Let us
illustrate the simple nature of the argument in the preceding
paragraph by using familiar units.

Suppose you were told that an unknown number of apples
had been divided equally among a certain number of baskets,
and, further, that the apples in these baskets had later been
divided equally, without cutting any apples, among twice
as many boys as baskets. What conclusion could you draw
about the number of apples in each basket? You would
doubtless have little hesitation in stating your conclusion
somewhat as follows: If the apples in a certain number of
baskets, all filled alike, can be distributed evenly among
twice as many boys as baskets, then each basket must con-
tain an even number of apples, at least two. The reasoning
in paragraph 2 is no more difficult than this. It is, simply: If
the atoms in a certain number of molecules of oxygen (all
alike, since it is pure substance) can be distributed evenly
among twice as many molecules of water, then éach molecule
of oxygen must contain an even number of atoms, at least
two. It sometimes pays to substitute familiar for unfamiliar
terms just to overcome one’s inhibitions.

4. Molecules of Elements. We have seen that the molecules
of hydrogen, oxygen, and chlorine each contain two atoms.
The same is true for nitrogen, fluorine, bromine, and iodine.
Another variety of oxygen exists, called ozone, formed from
oxygen by the silent electric discharge, with a diminution in
volume in the ratio of 3 to 2, indicating that the equation

must be written
3 02 = 2 03.

The molecule of ozone, therefore, contains three oxygen
atoms. The molecule of phosphorus vapor at low tempera-
tures is P,, at higher temperature P, that of sulfur may be
Sg, S;, or S, according to the temperature. When metals are
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vaporized their molecules nearly always consist cf single
atoms. The same is true of argon, neon, and helium, gases
existing in small amounts in the atomsphere.

5. Changes in Volume or Pressure in Gas Reactions.
The connection we have traced between the volumes of
gases in chemical reactions and the relative number of mole-
cules may be used conversely to deduce the change of volume
or pressure to be expected when reactions take place betweer;
substances whose formulas are known. Consider, for example,
the reaction represented by the equation

2 SOz + Oz = 2 503-

If this reaction is carried out at a temperature at which all
of the substances represented are gaseous, then we see that
three molecules have formed two. If the temperature and
volume have been kept the same during the reaction, this
will result in a decrease of the pressure to two thirds of its
former value. If the temperature and pressure are the same
as before, then the volume will be two thirds of its former
value.

It is important, whenever an equation will be used to
deduce relative volumes, te use the correct formulas of the
substances in the gaseous form. For example, the same
weight, 28 g., is indicated both by N, and 2N, but the second
formula is incorrect, and would lead us to expect twice the
volume which would actually be involved.

6. Volume of One Mole of Any Gas. The double meaning
attached to chemical symbols and formulas was explained
in Chapter II, one referring to single atoms and molecules,
and furnishing a basis for reasoning, and the other referring
to the gram-atom and gram-molecule, or mole, and furnish-
ing a basis for experimental work. Having determined that
equal numbers of gaseous molecules are contained in equal
volumes, at equal temperatures and pressures, and that
the mole of all substances consists of the same number
of molecules, it becomes important to ask what is the
actual volume occupied by the mole of gas. This rests upoa
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the measurement of gas densities, as illustrated by the fol-
lowing table:

Wt. of 1 liter Vol. of 1 g. g. per Vol. of 1 mole

Gas 0°C., 1atm. 0° C., 1 atm, mole 0°C., 1 atm,
H. 0.08988 g. 11.126 1. 2.016 22431,
0. 1.4291 ¢g. 0.6998 1. 32.00 22.39 1,
N2 1.2507 g. 0.7995 1. 28.02 22401,
NH; 0.7621 ¢. 1.3122 1. 17.03 22351,

These values for the volume of the mole of gas under
standard conditions, as well as others that might be added,
are all very close to 22.4 liters, which may therefore be
selected as the molal volume of a gas under standard con-
ditions. (This is the volume of a cube 28.2 cm. or 113 inches
on the side.) We may take this volume as the basis of our
working definition of molecular weight, saying that the
molecular weight of a substance is the number of grams of
it which occupy 22.4 liters when it is in the gaseous form and
under standard conditions. Very frequently, of course, sub-
stances cannot exist in the vapor state under these conditions,
so that the relation between the weight and the volume of
vapor must be found experimentally at some higher tempera-
ture, and perhaps lower pressure, after which it is possible
to calculate the weight that 22.4 liters of the vapor would
have at 0° C. and 1 atmosphere, if no condensation took
place.

7. We may illustrate by examples the various types of
problems it is possible to solve with the aid of this relation-
ship.

Calculation of the Weight of a Given Volume or the Volume
of a Given Weight of a Gas. Example: What is the volume
of 10 g. of O; at 127° C. and 0.5 atmosphere? The answer to
this is obtained by the following obvious steps:

32 g. of O3 occupy 22.4 1. at 273° K. and 1 atm.

32 g. of O, occupy 44.8 1. at 273° K. and 0.5 atm.

32 g. of O, occupy 493 X 44.8 1. at 400° K. (127° C.) and
0.5 atm.
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1 g. of O; occupies 35 X 393 X 44.8 1. at 400° K. and
0.5 atm.

10 g. of O, occupy 3% X 43§ X 44.8 1. or 20.5 1. at 400° K.
and 0.5 atm.

Example: What is the weight of 50 1. of CO, measured at
25° C. and 3 atm.?

At 273° K. and 1 atm. 22.4 1. of CO, weigh 44 g.

At 273° K. and 3 atm. § X 22.4 1. of CO, weigh 44 g.

At 298° K. (25° C.) and 3atm. 338 X 1 X 22.41,0r8.161.,
of CO, weigh 44 g.

At 298° K. and 3 atm. 1 1. of CO, weighs 55 g.

At 298° K. and 3 atm. 50 1. of CO; weigh 50 X z*{5 g., or
270 g.

8. Determination of the Relative Weights of a Gas and
Air. It is often important to know whether a gas is heavier
or lighter than air. The proportion of nitrogen to oxygen
in air is very nearly 4 to 1 by volume, so that in 22.4 liters
of air four fifths of the molecules would be nitrogen and one
fifth would be oxygen. Taking four fifths of 22.4 liters of
nitrogen under standard conditions, weighing four fifths of
28.0 g., and mixing it with one fifth of 22.4 liters of oxygen,
weighing one fifth of 32.0 g., we would get 22.4 liters of air
weighing 28.8 g., under standard conditions. Suppose we
wish to know the relative density of the following gases with
respect to air: CO,, NH3, HCl, Cl,. We can find their molec-
ular weights with the aid of the atomic weight table, and
conclude that 22.4 liters under standard conditions would
have the following weights: CO,, 44 g.; NH;, 17 g.; HC],
36.5 g.; Cl,, 70 g.; air, 28.8 g. This shows at once the relative
weight of each with respect to the air.

9. Determination of Molecular Weight. Example: What
is the molecular weight of phosphorus vapor and what is
its formula, given the atomic weight, P = 31.0, and the ex-
perimental determination that a flask having a volume of
583 cc. was filled with the vapor at 310° C. and a pressure
of 756 mm., and that it was found on cooling to cémtain
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1.49 g. of phosphorus? The molecular weight is found from
the number of grams occupying 22.4 liters at 273° K. and
760 mm., which must therefore be calculated.

Since 1.49 g. of phosphorus vapor occupied 583 cc. at 756

mm. and 583° K.,

1.49 g. of phosphorus vapor would occupy #2& X 583
cc. at 760 mm. and 583° K.,

1.49 g. of phosphorus vapor Would occupy %53 X 138
X 583 cc. at 760 mm. and 273° K.,

1.49 g. of phosphorus vapor would occupy 0.2715 1.
at 760 mm. and 273° K.,

o5 X 149 g., or 123 g., of phosphorus vapor would
occupy 22.4 1. at 760 mm. and 273° K.

Since 123 g. would occupy 22.4 1. under standard conditions,
if it did not condense, 123 is approximately the molecular
weight. Since the atomic weight is 31, there are evidently
4 atoms in the molecule, so that the formula is P,.

10. As another example we may determine the formula
of a compound, found by analysis to contain 40,per cent of
carbon, 6.67 per cent of hydrogen, and 53.33 per cent of
oxygen, and of which 0.50 g. gave 328 cc. of vapor at 200° C.
and 750 mm. We will first find the relative number of atoms
of each element in the molecule of the compound. From the
per cents given we may say that

40 g. C combines with 6.67 g. H and 53.33 g. of O
a12g ¢ “ 12 %°6.67g = 2g Hand
12 X 53.33 = 16g. O
or 1 g.-atom C “ 2 g.-atoms H and 1 g.-atom O
orlatomC *“ “ 2 atoms H and 1 atom O.

6

The formula might therefore be CH;0. However, the same
proportions by weight would be found if the formula were
C;H,0; or C3HgO3, or any other multiple of CH,0. In order
to distinguish between them we must therefore determine
the number of grams per mole, which is numerically equal
to the molecular weight.
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Since 0.5 g. occupies 328 cc. at 750 mm. and 473° K.
(200° C.), 0.5 g. would occupy 7§¢ X 328 cc. at 760 mm.
and 473° K., and 0.5 g. would occupy %% X 89 X 328 cc.,
or 187 cc. at 760 mm. and 273° K.

Now the weight of gas contained in 22.4 liters, or 22,400
cc., is 1 mole, and since 187 cc. weigh 0.5 g., 1 cc. would
weigh 0.00267 g. and 22,400 cc. would weigh 22,400 X
0.00267 g., or 60 g. Of the various multiples of CH,O the
one having a molal weight of 60 g. is C,H,0O,; hence this is
the correct formula.

11. Direct Relation between Volumes of Gases and
Weights of Other Substances in Reactions. Example: When
limestone is heated to a sufficiently high temperature, it
decomposes, as represented by the following equation:

CaCO3 = CaO + CO..

Suppose we wish to calculate how many liters of COs,
measured at 20° C. and 10 atmospheres pressure, should be
obtained from 2 kilograms (2000 g.) of CaCOs. It is not
necessary to calculate the weight of CO,, since the equation
can be interpreted so as to give directly the relation between
the weight of CaCOj and the volume of CO,. We may indicate
this relationship as follows:

CaC03 _—> COg
1 mole}gi {1 mole

100 g. 1224 1. at 273° K. and 1 atm.
~2000g. “ 4481 ¢« @ o
“ “ 293 % 4481 at 293° K. and 1 atm.
“ “ 5 X 338 X 448.1at 293° K. and 10 atm.

The resulting volume is 48.1 1.

12. Complete Interpretation of Chemical Equations. It
is possible now to summarize what has been presented in
this chapter and the preceding one concerning the interpre-
tation of chemical equations, both as to weight and volume
relations, bearing in mind that a formula signifies a certain
weight of substance, and, when the substance exists in the
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gaseous state, a certain volume under standard conditions.
The molal volumes of liquids and solids can be calculated
from the measured density, d grams per cc., whence 1 g.
occupics 1, d cc. and M grams M/d cc. We may recall that
formulas are interpreted in two ways, one referring to atoms
and molecules, the other to gram-atoms and gram-molecules,
or moles. This double interpretation may be illustrated by
using an equation as in the following table, writing under
each formula its significance in both senses.

CO, (gas) + C (solid) = 2 CO (gas)
(1) Weights in terms of

oxygen atom = 16 44 12 50
Number of molecules 1 1 atom 2
Relative volumes 1 0+ 2

CO; (gas) + C (solid) = 2 CO (gas)
(2) Weight in grams 44 12 56
Number of moles 1 1g.-atom 2
Volume of 0° C., 12

1 atm. 2241 P 418 1.
Number of mole- 6 % 102 6 % 10% 12 % 102

cules (atoms)

The last row of figures is added for the sake of interest,
not because it will be used in problems. The other data
represent all that is necessary in order to solve any problem
involving weights, or volumes of gases, provided that one
knows how to apply the gas laws to get the relation between
the volumes of gases at standard conditions and at other
conditions. It must be noted that this generalization con-
necting weights and volumes is possible only where gases
are involved. With liquids and solids the densities of the
particular substances must be determined by experiment.
The great difference between the volumes of equivalent
quantities of gases, liquids, and solids should be appreciated.
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If the carbon in the above equation is in the form of graphite,
whose density is 2.25, the volume of 12 g. of it is 5.33 cc. The
relative volumes of 12 g. of graphite and 44 g. of CO, in both
liquid and gaseous forms are represented to scale in Fig. 1.

® W

1 Gram-atom 1 Mole COzgas, 1 Mole CO, liquid
of graphite 1 atmos., 0°C 34.5 atmos., 0°C

Fig. 1. Relative volumes.

13. Molecular Weights of Dissolved Substances. It is frequently
impossible to determine the molecular weight of a substance from
the volume of its vapor, owing to decomposition on heating. Sugar,
for example, decomposes instead of vaporizing when heated, turning
first to caramel and then charring. Some property other than the
density in the vapor state is therefore necessary in order to determine
its molecular weight, and to decide which multiple of its empirical
formula, C;sH2:0y, is the correct one. Hydrogen peroxide, like-
wise, is very unstable, except when in a dilute solution, decomposing
often with explosive violence when in the pure state. Analysis
shows that it contains twice as much oxygen in proportion to the
hydrogen as does water; hence, having decided that water is repre-
sented by the formula H.O, we may conclude that hydrogen per-
oxide must be represented by one of the formulas HO, H:0,, H303,
etc. These are alike in the proportion of hydrogen to oxygen, 1 to
16, but differ in the total weight of the molecule, i.c., the molecular
weight. To distinguish between these possible formulas, therefore,
we must find out whether the mole weighs 17 g. or 34 g. or 51 g.,
etc. For such substances the molecular weight must be determined
under conditions such that the substance does not decompose,
which is the case often in dilute solutions.
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14. Among the properties of a solution which depend upon the
molecular weight of the dissolved substance (called the solute) are
the vapor pressure, the boiling point, and the freezing point. To
understand the nature of the effect of a solute we may apply agair
the kinetic theory. If we have a pure liquid in contact with its
vapor in a closed vessel, we imagine that there is a constant inter-
change of molecules between the two phases, molecules going
from the liquid into the vapor phase at the same rate that others
go from the vapor phase back into the liquid. This distribution
between liquid and vapor is illustrated in Fig. 2a for a pure liquid.

Fig. 2. a, vapor pressure of pure liquid, and b, of the same liquid in which 0.2
of the molecules have been replaced by molecules of a nonvolatile solute having
approximately the same intermolecular force of attraction.

Suppose, now, that a certain proportion of the solvent molecules,
say 0.2, is replaced by molecules of some solute which is not ap-
preciably volatile and which does not alter the attractive forces
holding the molecules of solvent in the liquid phase. Since there
are now only 0.8 as many molecules of solvent present in the liquid
phase as before, the number in the vapor phase and hence their
pressure will be reduced to 0.8 its former value, as illustrated in
Fig. 2b. Of course, if the molecules of the solute introduced exert
a stronger attraction on the solvent molecules, they will be in-
dividually less able to escape into the vapor than before, so that
their number and therefore their aggregate pressure would be less
than 0.8, and vice versa. The effect on vapor pressure in the ideal
case, where there is no alteration in the attractive forces, is repre-
sented graphically in Fig. 3. If the solution is composed of #; moles
of solvent and 7. moles of solute (these roles are actually inter-
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changeable) then the fraction of solvent molecules in the solution
is m1/(m + ne) and their vapor pressure, p;, is the same fraction
of the vapor pressure of the pure solvent, p°, or

nm
n + u2

= po° (1)
This is known as Raoult’s Law.

Evidently Raoult’s Law can be used to determine the number
of moles, n,, represented by a certain weight of solute in #, moles
of solvent. Suppose, for illustration, that it was found by experiment
that 19.40 g. of iodine dis- 100 B
solved in 38.0 g. of CS. -
lowered the vapor pressure 80
of the CS; from 433 mm. p
at 30° C.,the value for pure o}
CS,, to 378 mm. for the
iodine solution. Putting py 4}
= 378 and p° = 433 in

equation (1) gives 0.874 = 20

n1/(m1 +n2). The molecular ‘ . .
weight of CS. is 76.0, there- 01 o o8 06 0.4 0.2 )
fore the number of moles of Mole fraction

it in 38.0 g. is 0.500, which Fig. 3. lLowering of vapor pressure of a
is m. Substituting this solvent when its mole fraction is reduced

in the prcccding equation by adding a solute. Raoult’s Law.

gives the value of n, = 0.0718, the number of moles of iodine
represented by 19.40 g. One mole of iodine is, accordingly, 19.40/
0.0718 = 270 g. Since the atomic weight of iodine is 127 its molecule
must be I, rather than I, or I3, etc., with a molecular weight 254.
The discrepancy between 254 and 270 must be attributed to ex-
perimental errors and to deviations of this solution from Raoult’s
Law.

15. Instead of measuring the number of dissolved moles by the
lowering of the vapor pressure of the solvent, the temperature
being kept the same, we may, on the other hand, keep the pressure
the same, say 1 atmosphere, and determine how much the tempera-
ture must be increased in order to make the vapor pressure of the
solvent great enough to continue boiling, i.e., we may measure
the rise in the boiling point produced by the added solute. The
relation between the rise in temperature when solute is added in
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order to continue the boiling under 1 atmosphere pressure, and the
lowering of vapor pressure when solute is added at constant tem-
perature, as shown in Fig. 2, depends on the change in vapor
pressure caused by changing the temperature. This is related to
the heat of vaporization of the solvent by Equation (6), Chapter
II1. In the case of water, the theoretical rise in the boiling point
is 0.52° C. for 1 mole of solute in 1000 g. of water. Other concentra-
tions produce proportionate rises, i.e., 0.26° C. for 0.50 mole per
1000 g., etc.

16. Just as it is harder to vaporize the solvent from a solution
than it is from the pure solvent, so it is harder to remove it by
any other means, such as freezing, and just as the boiling point
of a solution of a nonvolatile substance is higher than that of the
solvent, so the freezing point of the solution will be lower, and will
depend, likewise, only on the number of moles of solute in a given
amount of solution. The theoretical value is 1.86° C. for 1 mole of
solute in 1000 g. of water, with proportionate values at other con-
centrations. Here again, actual solutions show deviations from the
theoretical lowerings due to unequal attractive forces, and these
deviations, as might be expected, are greater at higher than at
lower concentrations, as illustrated in Table 1.

TABLE 1
Freezing Point Lowerings for Aqueous Solutions
Moles per 1000 g. H;O 0.01 0.1 1.0
Acetone, CO(CHj). 0.0186 0.185 1.79
Hydrogen peroxide, H20, — 0.184 1.88
Ethyl alcohol, C;HsOH 0.0183 0.183 1.83
Propy! alcohol, C3H,OH 0.0186 0.183 1.79
Slycerol, C3H(OH), 0.0186 0.187 1.92
Cane sugar, C12H200n1 0.0186 0.188 2.06

17. Example: It was found that a solution of 7.29 g. of sugar in
100 g. of water had a freezing point 0.395° lower than that of water.
What is the molecular weight of the sugar? For each 1000 g. of
water in a solution of the same concentration there would be 72.9 g.
of sugar. Now, 1 mole of sugar in this amount of water would
produce a lowering of 1 86°, and since 72.9 g. produces a lowering
of only 0.395°, which is %3#§ or 0.213 of the lowering produced by
1 mole, there must be only 0.213 of a mole present. If, then, 72.9 g.
is 0.213 mole, 1 mole is v-37% g. or 342 g. Comparing this with the
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empirical formula of sugar, C1;H»01;, as determined by analysis,
we sce that the simplest formula is the correct one.

Exercises

1. Define (a) compounds, (b) solutions, (c) elements in terms
of the atomic and molecular theories.

2. What is the distinction between a mole and a molecule?
Give an example of the former.

3. What conclusion can you draw from the fact that 1 liter of
phosphine gas, PH3, can be decomposed to give 250 cc. of phos-
phorus vapor, measured at the same temperature and pressure?

4. What volume of oxygen is necessary to burn 3 liters of
H,S gas according to the reaction: 2 H,S 4 3 O; = 2 H,0 + 2 SO,?

5. State a simple piece of evidence to show that the molecule
of oxygen contains two atoms.

6. If ordinary oxygen is O3, how could you prove that ozone is
032

7. How many moles of oxygen, O, are 40 g. of oxygen?

8. (¢) How many moles of NO; gas are there in 23 g. of it?
(b) What volume would 23 g. occupy under standard conditions?

9. A closed vessel contains ammonia gas at 1 atm. and 27° C.
A spark is passed through the gas till it is all decomposed into
hydrogen and nitrogen. What will the pressure be if the temperature
is (a) 27° C., (b) 127° C.? The equation for the reaction is:2 NH,
= Nz + 3 H,.

10. Give the specific gravity of each of the following gases referred
to air under the same conditions: N,, O, CO, H.S, Cl;, NHs,,
H,0 vapor, HCl, NO, SO,.

11. What is the volume of 34 g. of NH; at 546° C. and 4 atm.?

12. What would be the relative efficiencies of the following gases
as filling for balloons: H,, He, CH,?

*13. How efficient is hot air, at a temperature of say 200° C., in

lifting a balloon? (Make rcasonable assumptions for any further
necessary data.)

14. (a) A certain compound of carbon and hydrogen contains
209, of hydrogen; the atomic weights are H = 1 and C = 12;
what is its simplest formula? (b) What is its formula if 1.5 g. of
the gas occupy 1.12 1. under standard conditions?

* These are questions of greater difficulty, which should not be attacked
1until the others are mastered.
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15. How many liters of CO,;, measured (@) under standard
conditions, (b) at 22° C. and 5 atm. pressure, could be obtained by
heating 1000 g. of CaCOj?

16. At a certain pressure and temperature 2 g. of CO, occupied
a volume of 1250 cc. What is the molecular weight of another gas
2 g. of which occupied a volume of 720 cc. under the same tempera-
ture and pressure?

17. What volume of CO, measured at 0° C. and 0.8 atm., could
be obtained from 25 g. of carbon by the reaction: 2 C + O, = 2 CO?

18. A certain gas is known to have a formula of the type CH,
C;H,, C3H;, etc. Given that 295 cc. of it weighs 0.317 g. at 22° C.
and 1 atm., which formula is correct?

19. Write the equation for the combustion of CO to CO,, and
interpret it in terms of (a) moles, (b) liters at standard conditions,
(c) grams.

20. 4.0 g. of scandium react with an excess of HCI to give 3.054
liters of hydrogen at 0° C. and 760 mm. At. wt. of Sc = 44. (a)
What weight of scandium is equivalent to 1 g. of hydrogen? (b)
What is the formula of scandium chloride? (¢) What would be the
volume of hydrogen at 25° C. and 784 mm. if collected over water?
Vapor pressure of water at 25° C. is 24 mm.

21. What is the formula of a gas containing 46.1%, of carbon
and 53.99 of nitrogen, 2.60 g. of which has a volume of 560 cc.
at 0°C. and 2 atm.?

22. If M grams of a gas occupy 22.4 liters at 1 atm. and 273° K.,
what volume, v, will W grams of it occupy at p atm. and T°?

*23. Hydrogen peroxide contains 1 part by weight of hydrogen to
16 parts of oxygen, and a solution of 0.369 g. of it in 25 g. of water
had a freezing point of — 0.805° C. What is its formula?

24. The following gas reactions are carried out in closed vessels
kept at constant temperature. If the initial pressure is 1 atm.,
what will the final pressure be in each case? (@) 2 HI + H, = 1,,
(b) 203= 302, (C)4PH3 = P4+6H2, (d) ZSO3= ZSOz+Oz.

*25. Arrange the following gases in order of increasing rate of
diffusion through still air: NH;, Cl;, COCl,, H,, H,S, SO,.

*26. The radius of a helium atom is approximately 10-8 cm.
What fraction of the volume occupied by helium gas at 1 atm. and
0° C. is actually occupied by the atoms themselves?

*27. Calculate the ratio of the density of air containing 0.01
mole per cent of Cl; to that of pure air at the same temperature.

28. What volume of liquid benzene, density 0.82 g. per cc.,
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would be formed by condensing 1 liter of benzene vapor, measured
at 100° C. and 1 atm.? Benzene, C¢Hs.

29. 68,000 calories of heat are given out when one mole of
hydrogen burns. How many calories are liberated by the burning
of the hydrogen in a soap bubble of 500 cc. volume? Assume 1
atm. pressure and 25° C.

*30. AsH; is toxic at a partial pressure of 0.04 mm. What weight
of Mg;As, would be necessary to infect one cubic meter of air to
this concentration?

*31. In deriving the number 28.8 for the weight of 22.4 1. of air
at standard conditions, in paragraph 8, the presence of argon was
neglected and the fraction of oxygen molecules was taken roughly
as £. Calculate a more accurate value from the following figures for
the per cent of each kind of molecule: 789, Ny, 219, O,, 19, A.

*32. The pressure of water vapor at 20° C. is 17 mm. Calculate
the weight of 1 1. of (a) dry air at 20° C. and 760 mm. (use the
result of exercise 31), and (b) air saturated with water vapor at
the same temperature and pressure.

*33. The value of pv for Hy at 200 atm. and 20° C. is 1.206 of the
value of pv at low pressures and the same temperature. What
balloon capacity could be filled by the hydrogen in a steel ‘“‘bottle”
of 1.00 cu. ft. capacity and a pressure of 200 atm. at 20° C.?

*34. How many molecules of gas per cc. are there in an X-ray
tube evacuated to a pressurc of 10~° mm. at 20° C.?



CHAPTER V

THE RELATION OF CHEMICAL AND
PHYSICAL PROPERTIES TO
ATOMIC STRUCTURE

1. The nature of chemical union prior to the last few
decades was clothed in mystery. Such pictures of it as were
drawn were the product of pure speculation. The older
generation of living chemists had to accumulate their knowl-
edge of chemical behavior piecemeal, with little to guide
them in the way of general principles. The students of today,
however, can be saved much of this long process by availing
themselves of the deductive approach made possible by the
flood of light recently thrown upon the structure of matter.
This chapter is intended only as a preliminary survey, details
and proofs will be given later, particularly in Chapters XVI
and XVII. The student should not be discouraged if he
should feel after studying it that he is far from being expert
in understanding atomic structure and relating it to chemical
and physical properties. That facility is something to build
up gradually by repeated practice in connection with an
ever-widening range of phenomena, not a task that can be
completed in a few lessons.

There are three common ways of presenting a subject.
They may be designated, respectively, the logical, the chrono-
logical, and the psychological. The first consists in building
up an argument, step by step, each complete and conclusive.
It is the form which a subject finally assumes in an orderly
mind, the one, therefore, which it tends to assume in a
textbook. The second way follows the historical order in
which the subject was developed. This is likely to be interest-

ing and worth retracing, but it may not be the most sig-
80
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nificant to the learner because the clearest experimental
evidence has not always been the first to come to light. The
way which is here called the psychological way takes account
of the fact that a scientific principle is usually not a simple
proposition to be grasped the moment it is logically demon-
strated, but rather a concept, which may have many and
far-reaching implications. To use it with true understanding
requires skill only to be developed by practice. It is like an
athletic skill, such as diving, which cannot be acquired by
explanations and demonstrations aione, but by repetition
under increasingly difficult conditions.

TABLE 1
Ultimate Particles
Atomic weight Electric charge
O = 160000  Unit = 1.60 X 10-° Radius, cm.
coulombs

Electron 0.000,548 -1 > 10718
Proton 1.0073 +1 2 X 10718
Neutron 1.0087 0 2X 1078
cf. Oxygen atom 16 0000 0 6000 X 10713

This chapter is neither logical nor chronological; it is a
sort of brief aerial reconnaissance of scientific territory of
great importance to students of physical science. It gives a
preview of what is to be later proved by evidence and logic.
The student will have repeated opportunity throughout the
course to learn to find his own way about in this region.

2. Ultimate Particles. We now have abundant evidence that
the atoms are not the ultimate, indivisible particles they were
once conceived to be, but are composed of still smaller particles.
The most significant of these, according to present views, are
the electrons, protons, and neutrons. Their significant prop-
erties, mass, electric charge, and size are given in Table 1. The
figures for size are to be regarded as somewhat uncertain, for
they depend on the method used in cslculating them. The
properties of the electron are such that a definite radius cannot
be measured; all we are justified in saying is that an electron
occupies much more space than a proton or a neutron.
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3. Composition of Atoms. The atoms of the different
elements are all made up of these three kinds of elementary
particles. The weight of an atom depends almost entirely
on the number of protons and neutrons it contains, since the
electrons are so light that they contribute but little to atomic
weight. The charge of an atom, however, is not affected by
the number of neutrons present but depends on the balance
between electrons and protons. A neutral atom contains the
same number of electrons and protons; an atem with unit
negative charge has one extra electron; one with unit positive
charge has lost one electron; one with 2 units of positive charge
has lost 2 electrons, etc.

4. Structures of Atoms. The protons and necutrons in an
atom are packed tightly in a very small nucleus around
which the clectrons travel at relatively great distances, a
little like the plancts of the solar system, which travel around
the sun. The size of the solar system is fixed by the planctary
orbits, its mass mainly by the mass of the sun.

A neutral atom of oxygen, for example, has 8 electrons and
8 protons. Since its atomic weight is 16, it contains 8 neutrons
in addition to its 8 protons in the nucleus. If the diameter
of the whole atom is called 1, the diameter of the nucleus
is only 0.0001; the diameter of a single electron is perhaps,
roughly 0.001. If the nucleus is represented by a small pea,
the electrons could be large oranges, the farthest 100 yards
away from the pea. It would be a queer kind of pea, however,
since it would weight about one ton if the oranges were
ordinary oranges. It is evident that an atom, like the solar
system, is mostly empty space.

5. Electron Orbitals. The Danish physicist, Bohr, assigned
definite circular and elliptical orbits to the electrons, on the
basis of certain assumptions, but it is now realized that it
is impossible to verify these orbits experimentally. Tha
orbit of a comet can be fixed from a series of observations
of its successive positions, but anything we do to an electron
to find out where it is diverts it from its path, and we can
never find out where it would have been later if left alone.
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It is possible, however, in effect, to shoot electrons at a
great many atoms of one species and learn how the percentage
of successful hits on the electrons of the atom varies with
the distance from the nucleus. Figure 1 shows how this
probability or “electron den-

sity’’ varies with the distance. £ 8

The results of such experi- ¢ %20 “ bob!
ments and calculations per- 2§ [ A st
mit the drawing of the only .§§’]0-_

kinds of atomic pictures that 55 [ Average
have any actual significance. 32 [ distance
Figure 2a¢ shows such a pic- ® 0556 .'1.5
ture. It is a picture such as Dis'““:;’;";“u"n‘l';”’ "
would result if it were pos- (1 Angstrgm unit =107 cm)

sible to take a photograph  Fig. 1. Electron density in a hydro-

of the electron of a hydro- gen atom at varying distance from its
. nucleus.

gen atom by time exposure

without disturbing it. The electron appears to be moving

in and out from the nucleus in different directions, giving

the effect of a spherical “cloud.” Figure 2b shows the

“cloud” for an electron which is temporarily moving in

a b c

Fig. 2. “Elcctron clouds.”

a state farther from the nucleus. It will later revert to the
more stable state, emitting a ‘‘quantum’’ of radiant energy
of definite frequency. Figure 2¢ shows the dumbbell shaped
“cloud” made by an electron moving in still another tempo-
rary state in a magnetic field.
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6. The Grouping of Electrons in Atoms. The number of
neutrons in the nucleus of an atom, while contributing to
the atomic weight, has little effect upon its chemical behavior.
This is determined by the nuclear charge, which depends on
the number of protons. The nuclear charge fixes the number
of electrons required to give a neutral atom, and these elec-
trons arrange themselves in certain stable groups. The ele-
ments known as the ‘“noble gases’” are inert chemically on
account of their stable electron arrangements. Table 2
shows these groupings.

TABLE 2
Electron Groupings in the Noble Gas Elements

Helium Neon Argon Krypton Xenon Radon
Nuclear charge
atomic number

(No. of protons) +2 +10 +18 +3 +54 486

No. of electrons

1st group K 2 2 2 2 2 2
2nd Y L 8 8 8 8 8
id “ M 8 18 18 18
4h " N 8 18 32
Sth “ O 8 18
6th “ P 8

We see that 2 electrons form a stable group nearest the
nucleus in all these atoms. All but helium have stable octets
as their outermost groups. We need not bother at this time
to discuss the significance of the buried groups of 18 and 32,
but we shall focus our attention on the pair and the octet.
Figure 3 shows the probability of finding an electron, or the
density of the “electron cloud” at different distances from
the nucleus for an atom of krypton, which has 2, 8, 18, 8
electrons in the K, L, M, N groups, respectively.

7. Gain or Loss of Outer Electrons. Elements with inter-
mediate atomic numbers have either too many or too few
electrons to give these stable groupings. Table 3 shows the
distribution of electrons in the elements with nuclear charges
from 1 to 20. These nuclear charges, serving as they do to
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orient the series of elements, are called atomic number:.
The elements not possessing the stable outer electron groups
shown in Table 2 tend to acquire these groups by gaining or
losing electrons, as the case may be. The element fluorine,
whose electron groups are 2,7, could assume the neon struc-
ture by acquiring an extra electron, but since its nuclear
charge is only + 9, the electrons 2,8, would give the resultant
atom a unit negative charge, which we write F~ and call

Electron density

1 1

0 0.5 1.0 1.5
Distance from nucleus, Angstroms

Fig. 3. “Electron density"’ for a krypton atom.

fluoride ion. Sodium, Na, + 11, has 2,8,1 electrons, and can
assume the neon structure by losing its outer electron, making
it Nat, sodium ion. Similarly, magnesium, Mg, can become
Mgtt; aluminum, Al, can become Al+*+; oxygen, O, can
become O, etc. The elements near argon, A, can assume
the argon structure, 2,8,8, by gaining or losing electrons,
as the case may be, giving ST, CI7, A, K+, Ca,*t etc., all
having 2,8,8 electrons. Lithium, Li, becomes Lit in assuming
the helium structure. Hydrogen, like Li, Na, K, can lose its
only electron, since it is not part of a pair or an octet.

This is so important that it is summarized for the first
20 elements, in Table 4, for emphasis.

8. Chemical Reaction by Electron Transfer. Atoms which
can lose outer electrons can react chemically with atoms which
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can gain electrons, giving charged atoms which can arrange
themselves in solid crystal lattices. If we represent a fluorine

atom by =@", the circle inclosing what is called the

“kernel,” consisting of the nucleus and the inner pair of
electrons, the part not disturbed in chemical reactions, whose

TABLE 4
Gain and Loss of Electrons to give Stable Structures

Neutral atoms (o] F Ne Na Mg Al
2 2 2 2 2 2
6 7 8 8 8 8
1 2 3
Charged atoms, neon
structure o— F- Ne Nat Mg+ Al+++
2 2 2 2 2 2
8 8 8 8 8 8
Neutral atoms - S Cl A K Ca Sc
2 2 2 2 2 2
8 8 8 8 8 8
6 7 8 8 8 8
1 2 3
Charged atoms, argon
structure S— CI- A K+ Cat+  Sch+
2 2 2 2 2 2
8 8 8 8 8 8
8 8 8 8 8 8

charges add up to 4- 7, and, represent a sodium (natrium)
atom by '@, whose kernel consists of the nucleus, the

inner electron pair, and the electron octet, whose charges
add up to + 1, then the chemical reaction between these
two atoms may be represented as follows:

=®- and = (+1) give =@= and (+1)

These resulting charged atoms, F~ and Nat+, attract each
other, and, if there are many of them, build up a cubic
crystal lattice in which the oppositely charged atoms alternate
as illustrated in the one in Fig. 6 labeled ‘“‘ionic.” Sodium
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chloride crystals, common salt, NaCl, are constructed on
this plan.

If magnesium and fluorine atoms are used, one atom of
the former, with its two outer electrons, can satisfy two
fluorine atoms. The reaction can be pictured as follows:

G ant @G w i)~ @) C
The resulting MgF; necessarily forms a somewhat more com-
plicated crystal lattice than the simple cubic mentioned above.

It can be seen, in general, that the numbers of outer
electrons determine the ratios in which atoms combine, their
combining values, or “valences’” (cf. Chapter IX), and allow
us to write compounds of the elements in Table 4, such as:
KCl, CaCl,, ScCl;, K,S, CaS, Sc,S;. The outer electrons of
an atom, the ones which are involved in chemical changes,
are called its valence electrons.

The terms we have been using may be clearer for future
use if summarized in the following diagram.

Atom Na Cl1 Ca
Nucleus +11 417 420
Electrons
1st group 2 2 2 {Kernel
2nd group 8 i, 8
3rd group 78
4th group 2 Valence electrons

9. It is often convenient to represent the kernel of an atom
by its symbol in boldface type, remembering the + charge
each kernel would have and the outer electrons that would
have to be present in a neutral atom. The following com-
parison illustrates the relation between these kernel symbols
and the ordinary symbols, using dots to denote valence
electrons.

Ordinary symbol H H+ Cl Cl- Cl, HCl H0
Kernel symbol H- H '(:2:1: :C:'!: :s:l :(;'l: H:Cl: H:0:
H
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10. Electron-Shared or Covalent Bonds. Many crystalline
salts are held together by “ionic”” attraction, like that between
Nat and F~. There is, however, another type of strong chemi-
cal bond. Its simplest example is the hydrogen molecule, H,,
which is made up of two protons and two electrons. Let us
list, in increasing order of stability, the various ways in which
these four particles could be assembled. The least stable (i.e.,
highest energy) state is that in which the four particles are
completely separated. If one of the electrons combines with one
of the protons to form a hydrogen atom, 314 kcal. of heat is
liberated. If both electrons are acquired by one of the protons,
the resulting system (H* H~™) is somewhat more stable, 331
kcal. being liberated in its formation. Of still greater stability
(374 kcal. evolved) is the system in which the two protons to-
gether have one electron moving around and between them,
so as to form the charged molecule Hz*. The next more stable
state (627 kcal. evolved) comprises two hydrogen atoms, each
proton having acquired one of the electrons. The stablest state
of all (731 kcal. evolved) is that of the hydrogen molecule, Ha,
in which both electrons simultaneously are moving around and
between the two protons.

The stability of molecules such as He* and H; can be ex-
plained by the electrostatic attraction of the positive nuclei
for the negative electrons. This attraction is considerably
greater tha the repulsion of one nucleus by the other, or of
the two electrons by each other. We may say that the nuclei
are held together by the electrons, which spend a substantial
portion of their time in the region between the nuclei, and so
act as a sort of “electrostatic glue.” Our concept of a hydrogen
molecule must therefore be two protons with two electrons
moving about both of them in some sort of stabilized orbits,
giving a ‘‘cloud” shaped like Fig. 4. A similar stability is
achieved by the pairing of the odd electrons of 2 chlorine atoms.
Unable otherwise to gain undisputed possession of 8 electrons,
they satisfy their need for 8 electrons by going into partnership,

as represented by Cl Cl.. We have such pairing and sharmg
also in the molecules Fz, Br,, L.



90 PRINCIPLES OF CHEMISTRY Ch. V

11. Electron-pair bonded molecules can be very stable,
as illustrated by the heat necessary to dissociate them into
atoms, shown in Table 5. The figure for NaCl vapor illustrates

the fact that electrostatic bonds and
electron-pair bonds can be of compar-
able magnitude.

12. Metals and Nonmetals. The pair-
ing of the outer clectrons of two like
atoms that we see in the molecule, Ha,
does not occur, at least with any

Fig. 4. Electron “cloud” Strength, in the case of the larger, metal-
density for a hydrogen lic atoms, whose valence electrons, even
molecule. in the solid state, are more or less free
to move about within the metal, in consequence of which they
are electric conductors. The ability of metals to reflect light
from their surfaces, called metallic luster, is due to these loosely

TABLE 5 ¢
Heat of Dissociation of One Mole into Atoms, Kilocalories
H, 103.7 Bry 45.2
| 317.7 I, 35.4
Cly 56.9 NaCl(gas) 100.

held electrons. These electrons can easily be detached from the
solid metal, the work required in the case of sodium being
only 48 kcal. Elements whose outer octets are complete,
either alone, as with the noble gas atoms, neon, argon, etc.,
or by sharing, as with Cls, Oz, N3, etc., hold their electrons so
firmly that they are nonconducting and nonmetallic in the
solid state. The work of removing an electron from a molecule
of gaseous Cl; is 304 kcal. per mole.

13. Nonpolar, Polar, and Ionic Compounds. As stated
above, two like atoms usually combine by sharing outer
electrons, if possible, so as to complete pairs and octets, as
illustrated by chlorine in Fig. 5. The molecule is symmetrical
and electrically neutral, and is called nonpolar. If the atoms
differ somewhat in their affinity for electrons due to differing
sizes or structures, the bonding or shared electrons will be
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closer to, or spend more of the time traveling about one atom
than the other, making this atom on the whole more nega-
tive, as illustrated by iodine chloride, Fig. 5. Such a molecule
is called polar. If the difference in electron affinity is suffi-
ciently great, the outer electrons of the one may be completely

Fig. 5. Types of molecules.

lost to the other so that there is no true chemical bond but
only the electrostatic attraction of the now positive and nega-
tive atoms for cach other, as illustrated by sodium chloride.
Such a molecule is called ionic, since the two parts are easily
detached from cach other on going into solution where they
are free to wander off in different directions.

14. The degree of polarity, or displacement of + and
— charges in a molecule is expressed by its dipole moment.
The dipole moment of a molecule determines the force which
an electronic field can exert to orient the molecule, as shown
in Fig. 6. It obviously depends upon the magnitude of the
charge separation in the molecule, i.e., it is greater the larger
the charge difference between different parts of the molecule
and the distance of separation. The transition from nonpolar
through increasingly polar to ionic compounds is illustrated
in Table 6. .

The dipole moment often gives important evidence of
molecular structure. For example, the large moment of the
water molecule shows that it is not linear and symmetrical
as represented by HOH, but approximately right angled, as
represented by HI?I If we represent the charge distribution

of a linear form by +=:O:= + we see that the protons (hydro-

gen nuclei) cancel each other, while a right-angled arrange-
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TABLE 6
Polarity
(The figures are for dipole moment X 10 electrostatic units)
Eleciron displacement

Zero Increasing Complete
H,, Cl, HI HClI HF NaCl
0 0 0.4 1.0 2
PIa PBra PCla SbCl3 BiF3
0 0.6 1.0 3.6
H.Te HsSe H,S H0 MgO
0 1.0 1.9

ment +=§= throws the positive charges to one side, the nega-
+
tive to the other so that the molecule would tend to orient in an

electric field as shown in Fig. 6.

+ + +
Three Effects of an Electric
Field on Molecules D
a b a b a b
= = e~
Electric field off On Ooff On off On
Polarization-kind Electron Atomic Orientation
Effect of temperature Nil Nil Opposes
Very rapid Rapid Slow
Frequency of field to ; .
. Ultra-violet Infra-red Radio
which effect responds Light Light Frequencies
Contributions HCN 6 7 140
to total molar HClI 8 = 1.2 22
polarization* HI 15 0.7 3
CCl, 28 3. 0

* Calculated from dielectric constant, ¢, and the volume per mole, v, by the
formula, V(e — 1)/(e + 2).

Fig. 6
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A study of dipole moments indicates that the negative
character of some of the commoner elements increases in the
following order:

K, Na, Ba, Ca, Mg, Al, Sn, Sb, B, As, H, P, I, S, C, Br, C],
N, O, F.

15. Types of Crystal Lattices. The various types of atoms
and molecules arrange themselves in solid crystal lattices
of rather distinct kinds with characteristic properties. Metallic
atoms hold their electrons so loosely that even when massed
together in the solid form the electrons can migrate more
or less freely through the solid under the impulse of an
electric field giving metallic conduction, the most distinctive
property of metals. This is crudely illustrated in Fig. 7.
Moreover, since the positive ‘kernels” of the atoms—the
atoms stripped of their outer electrons—are not bound
to each other by specific bonds, they can be displaced rela-
tively to each other without destroying the general attraction
between kernels and electrons; hence the metals are ordinarily
malleable.

Ionic substances, on the other hand, form crystals with
alternately + and — atoms or, better, ions, which are too
large to change places unless the structure is melted and
greatly expanded; hence they are nonconductors in the
solid form but conductors in the liquid state. To split the
crystal requires the overcoming of the electrostatic forces
between the ions. They are not malleable or plastic since the
sliding of one layer over another would bring together ions of
like sign which would repel each other resulting in breaking
the crystal before a new position of attraction is attained.

Nonpolar molecules and the single stable atoms of helium,
neon, argon, etc., exert no electrostatic attractions upon
each other but only a relatively weak force due to a general
interaction of the rapidly moving electrons of one molecule
with those of another, analogous, very roughly, to the inter-
action of vibrating tuning forks. Nonpolar substances, there-
fore, are relatively soft, and are easily melted and vaporized.
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PERE| 0eo®
10008 ®060

OO 0000
ool  ®OAO

. Metallic b. lonic
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¢. Molecular, nonpolar d. Molecular, polar ¢. Diamond
Fig. 7. Types of crystal lattices.

A number of the lighter molecules exist as gases at ordinary
temperatures and pressures. Figure 7 includes a crude picture
of a lattice of nonpolar molecules, e.g., Cls.

If the molecules are more or less polar like ICI, in Fig. S,
we may expect them to strive for crystal arrangements in which
oppositely charged parts of molecules are as near as possible
together, giving enhanced attractions, melting points and
crystal strengths, other things being equal, as in Fig. 7, for
polar molecules. In the liquid state, unlike the ionic sub-
stances, they cannot conduct the electric current by migrating
independently to the poles, but they will tend to orient,
except as opposed by thermal agitation, so that the charged
ends of the molecules will lie in the direction of oppositely
charged plates thrust into the liquid, as illustrated in Fig. 6.

This figure illustrates three effects of applying electric
fields to molecules. The first is the displacement of electrons
with respect to nuclei; the second, the stretching or bending
of molecules, called atomic polarization; the third, the orienta-
tion of dipoles already existing within the molecule. The dis-
tinguishing characteristics of each effect are stated.
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One other important lattice type exists, that represented
by diamond. Carbon atoms have 4 outer electrons, as shown
in Table 1. When 2 such atoms form a chemical bond by
sharing a pair of electrons the possibilities of sharing are
not exhausted, as they are with chlorine atoms, but each
can form electron pairs with 3 other atoms. The result is
represented in 2 dimensions in Fig. 7, ‘“‘diamond lattice.”
Actually each atom has 4 others around it arranged like the
corners of a tetrahedron as illustrated in Chapter XVIII,
Fig. 1. We see that there are no molecules of carbon in such
a crystal, but that all the atoms are firmly bound together
with electron-pair bonds, continuing throughout the crystal.
To scratch or split such a crystal would require the rupture
of a large number of these bonds, which are particularly
strong with carbon due to its small atomic size. In fact, ca}rbon
is the hardest known substance, and neither dissolves nor
vaporizes at any ordinary temperature.

16. Relative Stabilities of Ionic Compounds. In the cases
of compounds in which the atoms may be regarded as defi-
nitely positive or negative by reason of the passage of elec-
trons from the metallic to the nonmetallic atoms, we may
relate the stability of the compound in large part to the
ease with which the electrons can be detached from the
former and acquired by the latter. If the formation of one
compound from its elements libcrates more energy than the
formation of another, it is evident that to recover the free
elements from the former would require more energy, whether
electrical or chemical, than in the case of the latter; the
former is therefore more stable. This energy of formation
may be divided into a number of parts corresponding to
carrying out the synthesis in a number of distinct steps.
For example, if one mole (58.5 g.) of solid sodium chloride
is to be synthesized from solid sodium and gaseous chlorine,
instead of allowing the elements to react with each other
directly to form the salt, a process which liberates 98 kg.
cals. of heat per mole of NaCl, it is possible to melt one gram-
atom of sodium, Na (solid), with absorption of its heat of
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fusion, next to vaporize it to give gaseous atoms, Na (gas),
absorbing its heat of vaporization, then to strip it of its outer
electron, giving Na* (gas), then let it unite with Cl~ (gas),
prepared by splitting Clp (gas) into atoms, Cl (gas), and
adding an electron per atom, to give gaseous NaCl molecules,
which are then liquefied, and finally solidified.

This synthesis in steps is indicated in the following diagram along
with the amount of heat, in kcal., involved in each step. A + sign
means that heat has been absorbed, increasing the heat content of
the material involved, and a — sign that heat has been evolved or
lost.

TABLE 7
31, (solid)
+7
Na (solid) 1Cl;, (gas) K (solid) 31 (gas)
! +26 ! +2 | +22 | +18
Na (gas) Cl (gas) K (gas) I (gas)
l +119 l =9 1 +101 l =7
Nat (gas) 1™ (gas) K+ (gas) 1™ (gas)
— 128 I — 105
NaCl (gas) KI (gas)
1 -5 | -43
NacCl (solid) KI (solid)
Total — 98 kcal. — 79 kcal.

By comparing the different steps for the two substances, sodium
chloride, NaCl, and potassium iodide, KI, it can be seen how
differences between the several respective steps affect the total.
For example, the greater total heat of formation of NaCl is due in
part to the much greater heat evolved when its gaseous ions unite;
they are smaller and can approach closer to each other. The totals
are made to differ in one direction by the greater heat absorbed in
removing the electron from the gaseous metallic atom, in the case
of the sodium, and in the other direction, by the greater heat
evolved upon adding the electron to the nonmetallic atom, in the
case of chlorine. The smaller energy involved in vaporizing the
metal in the case of potassium contributes to the stability of its
compounds.
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These comparisons may be clearer if the magnitudes are
represented graphically to scale, as in Fig. 8. Each step
which naturally evolves energy is represented as occurring
downward, while each step which absorbs energy is represented
as occurring upward. The net
evolution of energy on forming
a compound is thus the excess
of all the downward over the
upward processes. The greater
the evolution of energy when
the compound is formed, the
more stable it is, because this
would have to be expended
in separating the compound
again into its elements. The
diagram shows that the main
“downhill” steps are bigger for
forming KF than for forming
KI, and, conversely, that to
decompose KF would require
more energy than to decom-
pose KI, principally because, Fig;t&d Gfl‘altahic feprfsggt?tiﬁn Ct>f
first, more energy is required il o¢e 0 Steps Mvoived in heats
to “lift” apart K* and F~ than
K* and I——the former are closer together—and, second,
because it takes more energy to “lift"” the electron from F-
than from the larger I=. If we compare KI and Nal, where
the difference lies in the metals, we see that ‘“lifting”’ the
electron from a K-atom requires less energy than to “lift”
one from the smaller Na-atom, hence more energy is left
over to be evolved when KI is formed than when Nal
is formed, and, conversely, more would have to be ex-
pended to get K and I from KI than to get Na and I; from
Nal.

17. It may be rather disappointing at this early stage to
learn that so many factors have to be considered in order
to make accurate predictions. Most of us would prefer to

F
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have the matter much simpler. Some profess to predict the
weather by looking at the new moon, to see whether its horns
point up or down. Some are impressed by claims that a single
patent will cure many ailments, from dandruff down to
athlete’s foot. There are people who vote for a candidate
who promises to bring prosperity by means of some single,
simple formula. The trouble is that matters are seldom so
simple. The weather forccaster, spending all his time on the
job, using a variety of criteria, still makes mistakes. Individu-
als and society spend part of the time recovering from the
effects of absurdly simple panaceas.

Physical scientists have, for the most part, lcarned to be
sceptical about explanations that are too simple. They have
now found that there are 98 elements, not four, ‘‘earth,
air, fire, and water”’; that the law of gravitation is not an
adequate basis for a system of physics; that the behavior of
electrons cannot be’ predicted from that of baseballs. Political
and economic problems are still more complicated, and we
should learn to distrust the social scientist who offers in a
single palatable and intoxicating elixir to cure a sick social
and economic system. We should learn that a spree and a
cure may begin with similar feelings of elation but they end
very differently.

18. Electrochemical Series. It may be worth while to
simplify a problem provided we remember what we have
done and do not rely too heavily on the result. We decide in
the morning whether or not to take along an umbrella on
the basis of an admittedly unreliable prediction regarding the
weather. After all, most of us can do better than tossing
a coin to protect ourselves from getting wet. Indeed, the
making of an accurate analysis of a problem may take so
long, even when we know how, as not to be worth the effort.
We find, fortunately, that we can correlate chemical stabilities
with only a small proportion of error if we focus our attention
on only a few of the factors presented in paragraph 16. In
that case it is important only not to be surprised if we make
a few mistakes.
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It is evident from the values in Table 7 that, while the
stability of a compound depends upon a number of factors,
the electron changes are comparatively large; hence the
energies involved in gaining and losing electrons largely
determine stability. This will be discussed at more length
later (Chapters XVI and XVII) in relation to atomic struc-
tures, and we will content ourselves here with simply giving
a list, in Table 8, of some of the elements arranged roughly

TABLE 8

Heat Evolved in Formation of Compounds in Kcal. per Gram-atom of
Negative Element

Cxides Chlorides Iodides
Potassium 86 105 9
Sodium 99 98 70
Calcium 152 104 64
Aluminum 133 56 24
Zinc 85 49 25
Iron (ferrous) 64 41 24
Tin (stannous) 70 40 18
Lead 52 43 20
Hydrogen 66 41 -6
Copper (cuprous) 40 33 16
Silver 7 30 15
Gold (aurous) — 10 2

according to the stabilities of their compounds. The order is
not quite uniform because the charged atoms do not arrange
themselves in the same patterns in crystals of different com-
pounds, but the only great discrepancies are in the positions
of Na;0O and K:O.

19. The order of the elements in Table 8 is worth remem-
bering. This will not be difficult for one who will see its
correlation, first with its historical significance. The noblest
metal in the list, gold, has the greatest tendency to retain
its electrons in the metallic state rather than to become
positive in compounds, and, accordingly, has doubtless been
known from earlier times than any other metal. Neither gold
nor silver, however, were sufficiently abundant to have any
great cultural significance. Copper, on the other hand, is
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more abundant and is easily obtained from its ores and was
the first metal to play a significant role in making tools and
utensils. The alloy of copper with tin gave bronze, which is
harder than either, and gave rise to the ‘‘bronze age.” Iron
is harder to obtain, hence the ‘‘iron age’ came later. Only
in recent times have metals such as sodium and aluminum
been obtained. The order of the elements in Table 8 can be
further correlated with their ordinary properties and uses.
For example, gold is not subject to corrosion, silver tarnishes
slightly, copper and lead more readily, but they can still be
used where iron would rust badly. Aluminum seems to be
stable but this is because the thin oxide coating first formed
is very adherent and impervious; if the surface is wet with
mercury the film no longer adheres and the metal oxidizes
with great rapidity. .

20. Salts. Substances which crystallize in ionic lattices,
except those whose negative ion is OH™, are usually called
salts, by analogy with NaCl, common salt. Most of them are
more or less soluble in water, whose polar molecules (cf. para-
graph 12) are able to attract the ions of the salt crystal suf-
ficiently to overcome the forces holding them in the lattice.
They are then able to wander about independently in the
solution (cf. Chapter VIII).

The ions of salts are not confined to single charged atoms,
but may consist of charged groups. Figure 10, Chapter XXIII,
represents the structure of such salts as CaCOs; and NaClOs,
where the ions are Catt and CO3~~ or Nat and ClO;™, re-
spectively. The following polyatomic ions are frequently en-
countered:

SOz~ sulfite C2H30;~ acetate
SO~ sulfate ClOs~  chlorate
COs~~ carbonate ClIO~  hypochlorite
NO;~ nitrate NH,* ammonium
Ag(NHs):* silver ammonia complex.

Such ions, like monatomic ions, owe their charges to an excess
or deficiency of electrons.
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21. Acids. There are a number of hydrogen compounds
which, although not giving ionic lattices, react with water
to give hydrogen ion, which may be written H* (aq.), HsO*
(ie., H:O + H*), but is usually abbreviated to H*, the
water of hydration being understood. Such a solution is
readily recognized as acid by such familiar tests as sour
taste, reaction with base metals, such as zinc, to produce
hydrogen, 2H* + Zn = H; 4+ Zn**; reaction with a car-
bonate to produce CO. gas, 2 H* 4+ CaCO; (solid) = Cat+
+ H20 4 CO.; and colors imparted to certain highly colored
substances called indicators (cf. Chapter XIII). There are a
number of more or less familiar acids which we may recall
and characterize briefly. Hydrochloric acid, HCl, is a gas
when in the pure state at ordinary pressure and temperature,
but it is very soluble in water, forming the solution known
industrially as “muriatic acid.” Sulfuric acid, H2SOs, in the
absence of water, is a dense, syrupy liquid, and has the trade
name, “‘oil of vitriol.” It is manufactured in larger quantities
than any other substance for purely chemical purposes.
Nitric acid, HNOs3, is a fuming, corrosive liquid extensively
used to dissolve the nobler metals and in the manufacture of
explosives. Acetic acid, HC;H30. (only one of the hydrogen
atoms of which has acid properties), is the acid of vinegar.
Phosphoric acid, H3POy, is used in the phosphate drinks at
soda fountains. Boric acid, HsBOs, or “boracic acid,” is a
solid giving a solution of very faintly acid properties. It finds
use as a mild antiseptic. Oxalic acid, H2C204, a solid in the
pure state, finds frequent use as a chemical reagent. The
various fruit juices contain characteristic acids, such as citric
acid, found in lemons, tartaric acid in grapes, malic acid in
apples, etc.

When acids dissolve in water, there is formed, along with
H*, an equivalent amount of negative ion, e.g.,

HClI (gas) = H* + CI-,
HNO; (liquid) = H* + NO;—,
H.SO; (liquid) = 2 H+ 4+ SO, .
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22, Bases. Certain solid lattices contain the hydroxide
ion OH™ which is liberated, if the substance is soluble, on
going into water solution. Such substances are called bases.
The positive ion is nearly always that of a metal. Most of
them are insoluble in water, or nearly so, the chief exceptions
being sodium hydroxide, NaOH, sometimes called ‘‘caustic
soda,” potassium hydroxide, KOH, sometimes called ‘“‘caustic
potash,” the solution of which is often called “lye,” and
barium hydroxide, Ba(OH),. Calcium hydroxide, Ca(OH),,
“slaked lime,” is sparingly soluble; its solution is known as
“lime water.” To these should be added ammonium hydroxide,
NH,OH, formed when ammonia gas, NHj, is dissolved in
water. The soluble bases, especially the first two, are often
called alkalis, and their solutions alkaline.

The most significant property common to bases is their
ability to neutralize acids. If the base and acid are both
soluble and largely split into ions, the reaction is simply,
H* + OH™ = H;0. If the base is insoluble, for example,
Pb(OH),, and the acid soluble, the reaction is expressed by
Pb(OH), + 2 H+* = 2 H;O + Pb+*. Of course, in order to
have a solution of H* some negative ion must be present.
e.g., NO;~, but where this does not take part in the reaction
there is no more necessity for representing it in the equation
than there is to include the vessel, the operator, or other
necessary concomitants; nevertheless, it is often important
not to forget its presence in connection with any later treat-
ment of the solution. Some teachers, for this reason, prefer to
represent the above reaction by the equation, Pb(OH), +
(2 H+, 2 NO3™) = 2 H,0 + (Pb*t, 2 NO3).

The soluble bases, like acids, can be recognized by the
colors they give to indicators. We shall see that it is possible
by selecting proper indicators to construct a scale to measure
all degrees of acidity and alkalinity (cf. Chapter XIII).

23. Basic and Acidic Oxides; Anhydrides of Bases and
Acids. Certain oxides of metals can react with water to
produce bases, e.g.

CaO + H;0 = Ca(OH); = Cat+t + 2 OH",
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or, they may remain after a base is dehydrated by heating;
or, again, they may neutralize an acid directly, without first
reacting with water, e.g., CaO + 2 H* = H,0 4+ Cat*. Their
close relation to bases is justification for calling them basic
oxides or basic anhydrides, or even, briefly, bases.

Certain other oxides, chiefly those of nonmetals, react
with water to yield H*, e.g., H,O 4+ SO3; = H,SO, = 2 H+
+ SO4~ 7, hence may be called acidic oxides or acid anhy-
drides.

24. Other Systems of Acids and Bases. The definitions of
acids and bases given in this chapter are the ones most gen-
erally used, particularly for inorganic chemistry, where re-
actions receiving most attention are those occurring in
aqueous solutions. Acids and bases are substances that can
give, respectively, H+* and OH", the ions of the solvent,
H;0. Other points of view have, however, proven useful for
dealing with other classes of compounds and reactions.
In dealing with reactions in liquid ammonia, a solvent show-
ing many similarities with water, it is desirable to use the
“ammonia system,” in which an acid is any substance which
gives the positive ion of the solvent, NH,*, and a base any
substance which gives its negative ion, NH,™. Neutralization
is NH4 s+ 4+ NH;” = 2 NH;. The organic chemist has for
study a large number of acids which give H* but few bases
which give OH™, and he uses a variety of solvents, hence he
usually prefers a system which is not restricted in these
respects: one which defines an acid as any species, whether
charged or uncharged, which can give off a proton, H+, and
a base as any substance which can unite with H*. Thus
H,CO;, HSO,™, and NH,* are all acids, by virtue of the
reactions:

H2C03 = H+ + HCOa—,
HSO,~ = H* + SO,
NH4* = H* + NH,,

and HCO;™, SO, 7, and NHj are all bases, though varying
widely in strength. A fourth system is used which is still more
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general, in that it escapes also from the limitation of H* as
the criterion of an acid. For over a century chemists have
been accustomed to speak of ‘basic oxides” and ‘‘acid
oxides,” influenced by the close resemblance between the neu-
tralization of a base and an acid, such as

Ca(OH)2 + H2804 = CaSO4 + 2 H2O
and the union of their anhydrides,
CaO + SO; = CaSO,

The nature of such a union is seen from their electron formulas
(cf. paragraph 9):

:0: ! :0:
Ca ; 0 + SO =Ca , :0:5:0:
:0: 0
Charges +2 —2 0 +2 2

The S-atom of SO; lacks 2 electrons to complete its octet, and
these are furnished by sharing a pair with the O of CaO. The
“acid,” SOz, is an ‘‘electron acceptor,” and the “base,” CaO,
an ‘“‘electron donor.” (These different systems are explained
at length in Chapter XXII.) A student who, in the meantime,
becomes skilled in using the ‘“‘water system’ should have
little difficulty in extending his viewpoint to include the other
three.

Exercises

1. State as briefly as possible the essential distinctions between
the terms:

(e) alkali and base, (b) halide and halogen, (c) concentration and
amount, (d) mole and molecule, (¢) noble metal and base metal,
(f) electron and proton, (g) proton and neutron.

2. What is meant by each of the terms: electron, proton, kernel,
nucleus, noble metal, alkali, alkaline reaction, neutralization, anhy-

dride?

3. Four different atoms, A, B, C, IJ, have nuclear charges of
6, 9, 13, 19 respectively.

(@) Give the electron groupings in these atoms.
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(b) Which of these elements are metals, and which nonmetals?

(¢) Which of these elements will be gaseous, with diatomic
molecules, under ordinary laboratory conditions?

(d) Which, if any, of the other elements will unite with B to
form an ionic compound?

(e) Which, if any, of the other elements will unite with B to
form a compound with electron-pair bonds? )

4. Element X is made up of atoms in which the nucleus con-
tains 12 protons and 12 neutrons. What is (¢) its atomic weight,
(b) its atomic number, (¢) the number of valence electrons, (d)
its character as a metal or a nonmetal?

5. A certain atom has 11 protons in its nucleus. (¢) How many
valence electrons does it have? (b) Is the solid element metallic?
(¢) What additional fact could be stated if the atomic weight were
also given?

6. Given that Li has 1 valence electron, Be has 2, C has 4,
O has 6, and F has 7, write the formula and state what kind of
bonds you would expect in each of the following: (a¢) Li element,
(0) O element, (c) F element, (d) compound of Be and F, (¢) com-
pound of Li and O, (f) compound of Li and F, (g) compound of O
and F.

7. Which of the following reactions would you expect to take
place with least evolution of heat, and which with the greatest?

Fe 4 Cl; = FeCl,,
Ca + Cl; = CaCl,,
Cu + Cl; = CuCly,
Ca + I, = Cal..

8. Knowing that zinc displaces copper from its chloride, would
you expect the decomposition of ZnCl; or of CuCl; to require the
greater electrical energy?

9. Complete the following equations:
Ba(OH). 4+ HCI =
Ba(OH); + HNO; =
Ba(OH), + H;PO4 =
C3Hsz + O, = CO; + HO

10. Determine, by subtracting H:O in proper proportion, what
are the anhydrides of the following substances: HNO; H:COs,
Fe(OH);, Fe(OH),, HsPO4, HPOs H3PO;, CuCH, H,SO;.
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11. Give, by formulas, two examples of each of the following:
(@) alkali, (b) acid, (c) basic anhydride.

*12. The radius of the atom of Clis 1.1 X 10~8 cm., that of I is
1.3 X 1078 cm. How would this difference affect the relative heats
of formation of solid BaCl, and Bal, from the reaction of metallic
Ba with gaseous Cl; and I,? Explain.

13. Do vou expect HF or HI to have the larger dipole moment?
Explain.

* Questions of greater difficulty.



CHAPTER VI

CONCENTRATION, ACIDIMETRY
AND ALKALIMETRY

1. Gravimetric Analysis. The determination of the com-
position of any material is termed its analysis. Qualitative
analysis is the determination of the kinds of matter com-
posing the material; quantitative analysis, their amounts.
The qualitative analysis of a mineral would give the informa-
tion that it contains certain constituents; its quantitative
analysis would yield the amount of each. Quantitative
analysis may be carried out by separating each constituent
from the others in a form that can be weighed; this is called
gravimetric analysis. For example, the amount of sulfuric
acid in a solution may be determined by adding a solution
of barium chloride, which produces a nearly insoluble precipi-
tate (meaning a substance thrown down) of barium sulfate;
this is filtered out on a suitable filter, dried and weighed.
The amount of sulfuric acid present in the sample of solution
analyzed can then be calculated from the relation that 98.08 g
of H,SO, yields 233.45 g. of BaSO;,.

2. Volumetric Analysis, There is another procedure, called
volumetric analysis, where the amount of constituent is
determined from the amount of a reagent (a reacting sub-
stance) necessary to complete some reaction with it, the
amount of the reagent being found by having it in a solutizn
of known concentration and measuring the volume of this
solution necessary to .complete the reaction, a process called
titration. This method is usually preferred to the gravimetric
method on account of its greater rapidity. Since it is im-

portant not only for analysis but for many other purposes$
107
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to have clear ideas respecting concentration, we will use
volumetric analysis at this point to develop them.

The amount of an acid or alkali present in a solution is
usually determined by volumetric analysis, since the exact
y amount of the one necessary to neutralize the
other is easily determined by the aid of‘an indi-
cator, a substance showing different colors in acid
and alkaline solutions, which shows the end point
of the titration. Suppose that we wish to deter-
mine the amount of sulfuric acid in, say, 50.0 cc.
of a certain solution. We can titrate it in the
presence of an indicator with a solution of NaOH
of known concentration, say 10.0g. per liter, using
a buret (cf. Fig. 1), a tube provided at its lower
end with a stopcock and graduated in cubic centi-
meters so that the volume of solution used can be
read. Suppose that 20.0 cc. of the alkaline solution
is necessary to neutralize the acid, as shown by the
change of color of the indicator. Since 1000 cc. of
the alkaline solution contain 10.0 g. of dissolved
NaOH, 20.0 cc. of it contain 0.02 X 10.0 g. or
0.200 g. To calculate how much sulfuric acid this
can neutralize we write the equation, 2 NaOH 4+
H,SO, = 2 H;O + Na,SOy, from which, by the
aid of the atomic weights, we see that 2(23.0 +
16.0 + 1.0) or 80.0 g. of NaOH can ncutralize
2.0 + 32.0 + 4 X 16.0 or 98.0 g. of H,SO,. Then
1.00 g. of NaOH can neutralize g5 X 98.0 g. or
1.225 g. of HySO4 and 0.200 g. of NaOH, the
Fig-1. Bur=t. - mount used in the titration, can ncutralize
0.245 g. of H,SO,, which is the amount in the 50.0 cc.
sample of the acid solution. It is not necessary for this pur-
pose to consider degree of ionization since all acids or bases,
whether highly ionized or not, must be titrated by aid of a
suitable indicator to an end point where acid and base are
equivalent, even though the solution is not neutral (cf. Chap-
ter XIII, paragraph 30).
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3. The amounts of acid and alkali involved in the neutrali-
zation are much more simply expressed if the mole is used
as the unit instead of the gram. Instead of saying that 80 g.
of NaOH can neutralize 98 g. of H,SO,4, we write simply
that 2 moles of NaOH can neutralize 1 mole of H,SO,. We
should then express the concentration in terms of moles
per liter, and 10.0 g. of NaOH per liter becomes 0.25 mole
per liter since 40 g. of NaOH is 1 mole. We designate con-
centration in terms of moles per liter by the letter M follow-
ing the number and preceding the formula, thus 0.25 M-
NaOH means a solution containing 0.25 moles of NaOH
for every liter. It should be noted carefully that it expresses
a concentration of NaOH, not the quantity of it used;

For example,
1 liter of 0.25 M-NaOH contains 0.25 mole of NaOH

2 liters ““ ¢ “  contain 0.5 weu “
100 cc. ¢ ¢ “ ‘“ 0.025 “ooa «“
20 cc. “ “ “ 0.005 “oow “

and so forth, for any volume of solution taken.

Since solutions expand with increasing temperature, a
given volume of solution will not contain exactly the same
amount of dissolved substance if measured out at different
temperatures. The magnitude of the possible error can be
inferred from the expansion of pure water with temperature.
The volume of 1 kg. of water is 1000.87 cc. at 15° C. and
1001.77 cc. at 20° C., a difference of approximately 1 cc. in
1000 cc. This change in temperature would therefore produce
a detectible error in a titration only if the error in end point
and buret readings also did not exceed 1 part per 1000, e.g.,
0.05 cc. in measuring 50 cc. of solution.

It is possible, by exercising great care, to reduce the other
errors to such small amounts that the fluctuations in room
temperature could interfere with a desired high degree of
accuracy. Since it is usually not convenient to keep the
temperature of a room sufficiently constant, the difficulty is
avoided by weighing the amount of solution used instead of
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measuring its volume. A weight buret, suitable for this
purpose, is shown in Fig. 2. It is made short in order to suspend
it from an analytical balance. The concentrations of solutions
to be used for this purpose are generally stated in terms of
the number of moles per 1000 g. of water. Where it is desired
to distinguish the two methods, molar concentration refers
to the number of moles per 1000 cc.
of solution and molal to the number
of moles per 1000 g. of water.

Having supposedly used 20.0 cc.
of this 0.25 M-NaOH in titrating
the 50 cc. sample of sulfuric acid
solution, we can now say that 0.005
mole of NaOH was used. Since, from
the equation, we see that 2 moles of
NaOH neutralize 1 mole of H,SOy,,
evidently 0.005 mole of NaOH neu-
tralize 0.0025 mole of H,SOy4, which
is the amount present in the sample.
If we want this amount in grams
we simply take 0.0025 X 98 g. If we
wish to know the molar concentra-
tion of the acid, i.e., the number of
moles per liter, we see that since 50.0 cc. of the acid solution
contain 0.0025 mole of H,SO,, 1000 cc. or 1 liter would con-
tain 28§ X 0.0025, or 0.05 mole; hence it is 0.05 M-H,SO,.
This calculation is obviously simpler than the one involving
grams, which necessitated the use of atomic weights.

4. The Equivalent: Normal Concentration. It is very
convenient, in titration, to have various solutions of the
same neutralizing power. Although it is true that solutions
of such acids as HCl and HNO; of the same molar concentra-
tion may be used interchangeably in titrating bases, solu-
tions of molar HCl and molar H,SO,, for example, could
not be used indiscriminately, since 1 mole of H,SO, has
twice the power that 1 mole of HCI has to neutralize alkali.
Similarly, while 10 cc. of 0.1 M-HCI would neutralize 10 cc.

Fig. 2. Weight buret.
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of 0.1 M-NaOH, it would neutralize only 5 cc. of 0.1 M-
Ba(OH),. Since, in titrating acids and bases, we are interested
in the hydrogen of the acid and the hydroxyl of the base, the
simplest basis for making and using such solutions is the
amount of acid hydrogen and basic hydroxyl in a liter of
each solution. Solutions of NaOH and Ba(OH), would have
the same neutralizing power if equal volumes contained, not
1 mole of each, but 1 mole and } mole, respectively. The
amount of acid and base to be dissolved in equal volumes of
solution are the amounts which, in the particular reactions
involved, will yield 1 g. of acid hydrogen and 17 g. of basic
hydroxyl, respectively. This amount is called an equivalent,!
and concentration expressed in equivalents is called normality
and denoted by the letter N in the same way that molar
concentration is indicated by M. Thus 2 N-H;SO, denotes
2 equivalents of this acid per liter; 0.5 N-KOH denotes 0.5
equivalent of KOH per liter. Obviously, whenever the acid
and base contain one acid hydrogen atom and one hydroxyl
group in the molecule, the mole and equivalent are the same,
and so molar and normal concentrations for such acids and
bases are the same.

5. The previous example can now be reconsidered in the
simpler units. We found that 20.0 cc. of 0.25 M-NaOH
neutralized 50.0 cc. of H,SO, solution of unknown concen-
tration. In terms of true acid and alkaline equivalence, or
neutralizing power, it is evident that the H,SO, solution
is less concentrated than the NaOH in the ratio 2 to 5, since
the corresponding volumes are in the ratio of 5 to 2. The
concentration of the NaOH is 0.25 N, as well as 0.25 M,
since 1 mole is 1 equivalent in this case. The concentration
of the H,SO, is therefore £ X 0.25 or 0.1 equivalent per
liter, which is written 0.1 N-H,SO,. This calculation is
simpler than the one using molar concentration, as the

1 The following is a more general definition: The equivalent weight for any
substance for any reaction is that weight in grams which will yield 6 X 108
unit reactions, or 1 equivalent of reaction. The unit reaction irvolves the making

or breaking of a bond, or the participation of one elementary particle such as
the proton or electron.
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equation need not be used, and the concentrations can be
directly compared instead of calculating the moles present
in each volume used. It may be made to yield the same results
as the other, for 1 equivalent of HySO, is 0.5 mole and 49 g.;
hence a solution which is 0.1 N-H;SO, is 0.05 M-H,SO, or
contains 4.9 g. per liter.

6. The use of equivalents and normal concentration is
likely to seem more difficult at first, but this is only because
these terms are new. As soon as the initial difficulty is over-
come by a little wrestling with it, these units will be found
to make matters simpler. The following illustration should

TABLE 1
Ratio of base to acid expressed in
Base and acid Grams Moles Eguivalents
NaOH + HCl 40 : 36.5 1:1 1:1
KOH + HNO; 56 : 63 1:1 1:1
2 KOH + H;SO4 112 :98 2:1 2:2
Ba(OH): + 2 HNO;3 171 : 126 1:2 2:2
3 NaOH + H3(CsHs0y)(citric acid)* 120 : 192 3:1 3:3
3 Mg(OH); + 2 H;3(CeH;0r) 123 : 384 3:2 6:6

* Only the hydrogen atoms outside the parentheses react as acid.

make clear why this is true. The use of grams corresponds
to the ordinary grocery store in which a price list is required
to convert pounds to cents. Using moles is like a ‘‘groceteria’’
in which all commodities are in packages worth $1, $2, §3,
etc. The clerk would not need to know as much arithmetic.
A still less educated clerk could get along, however, if every
package were worth just $1.00. He would be very stupid,
.indeed, if he should allow himself to worry over the different
sizes, weights, and shapes of the packages.

Table 1 should suffice to show that the arithmetic involved
becomes progressively simpler as we go from grams to moales
to equivalents.

7. Summary. By way of summary it may be stated that
any kind of problem involved in titrating acids and bases
may be solved by understanding the three following factors
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and utilizing them in the connection demanded by the
problem:

First, the number of equivalents and the number of grams
per mole of substance, as indicated by the formula; e.g.,
Ca(OH), denotes 1 mole, 2 equivalents, 74 g.

Sccond, the meaning of the symbols expressing concen-
tration; e.g., 0.01 M-Ca(OH), denotes a solution of 0.01
mole (hence, by the first step, 0.02 equivalent or 0.74 g.)
of Ca(OH); in a liter.

Third, the relation between the amount of acid and base
used, which is given by the equation, if amounts are ex-
pressed in moles or grams, or, if equivalents are used, 1
equivalent of any acid neutralizes 1 equivalent of any base,
by the definition of the term equivalent.

8. Examples: What is (1) the molar concentration and
(2) the normal concentration when 7.4 g. of Ca(OH), are
in 2 liters of solution? 1 mole of Ca(OH), is 2 equivalents,
and weighs 74 g.; hence 7.4 g. is 0.1 mole and 0.2 equivalent.
Since this is dissolved in 2 liters, 1 liter contains 0.05 mole
or 0.1 equivalent, so that the solution is 0.05 molar or 0.1
normal, expressed briefly as 0.05 M-Ca(OH), and 0.1
N-Ca(OH),, respectively.

9. How many cc. of 0.2 N-HCI will be required to neutralize
40.0 cc. of 0.5 N-NaOH? By 0.5 N-NaOH we mean 0.5
equivalent of NaOH in 1 liter of solution; hence 40.0 cc.
of it, which is 0.040 liter, will contain 0.040 X 0.5, or 0.02
equivalent of NaOH. Since 1 equivalent of any acid neutralizes
1 equivalent of any base, the amount of acid neutralized by
0.02 equivalent of NaOH is 0.02 equivalent. Since 0.2 N-HCI
means 0.2 equivalent of it per liter of solution, to get 0.02
equivalent we would have to take 0.1 liter, or 100 cc.

10. It was found that the acetic acid in 10 cc. of vinegar
was neutralized by 14.0 cc. of 0.5 M-KOH solution. How
many grams of acetic acid were in 100 cc. of the vinegar?
The formula of acetic acid is HC;H30,, and only one of the
hydrogen atoms in the molecule has acid properties. By
0.5 M-KOH we mean a solution containing 0.5 mole of KOH



114 FRINCIPLES OF CHEMISTRY Ch. VI

per liter. Since 14 cc. is 0.014 liter, this volume of soluticn
will contain 0.014 of 0.5 mole, or 0.007 mole of KOH. By

writing the equation,
KOH + HC;H3;0, = H,0 4+ KC,H;0,,

we see that 1 mole of the acid neutralizes 1 mole of the base,
so that 0.007 mole of the base will be neutralized by 0.007
mole of the acid, which is the amount present in 10 cc. of
vinegar. Since 1 mole of acetic acid weighs 60 g., 0.007 mole
weighs 0.42 g. Since this amount is contained in 10 cc. of
vinegar, 100 cc. would contain 4.2 g.

11. If 0.654 g. of zinc is completely dissolved in 100 cc.
of 0.5 M-H,SO,, what will be the concentration of the acid
after the reaction, in terms of: (a) moles per liter, (b) equiva-
lents per liter? The atomic weight of zinc is 65.4, so that
0.654 g. is 0.01 gram-atom of zinc. From the equation for
the reaction,

Zn + H2SO4 = ZnSO4 + H2,

we see that 1 gram-atom of zinc will use up 1 mole of acid;
hence, 0.01 gram-atom of zinc would use up 0.01 mole of
the acid. Now 1 liter of 0.5 M-H,SO, contains 0.5 mole and
100 cc. would contain 0.05 mole. The zinc used up 0.01 mole
of this, leaving 0.04 mole of H,SO4 in 100 cc., which cor-
responds to 0.4 mole per liter. Since 1 mole of H,SO4 = 2
equivalents, 0.4 mole = 0.8 equivalent and the solution
may be called 0.8 normal.

12. Titration Involving Other Types of Reaction. It will be scen
from the last example above that solutions of known concentration
may be used to measure amounts of material in other reactions
besides those wherc acids and bases neutralize each other. The
speed with which volumes of solutions can be measured in titrations,
makes the former preferable wherever speed is desired. When
neutralization of acids and bases does not take place, some other
means of indicating the end point of the reaction is nccessary.
Where a highly colored substance disappears in the reaction, this
may be used to indicate when the exact amount required has been
added. Any excess makes itself evident by reason of the color.
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One such substance frequently used is potassium permanganate,
KMnO,, a substance with a deep purplish red color, which is a very
strong oxidizing agent. As an example of the type of reaction now
being considered, let us determine how much iron is in an ore,
1.016 g. of which, when dissolved in acid so as to give a solution
containing FeSO,, required 45.0 cc. of 0.05 M-KMnO, to change
the FeSO, to Fez(SO4)s, according to the equation,

10 FeSO4 + 2 KMROA + 8 HzSO4 =
5 Feg(SO.;)s + 2 MHSO4 + KzSO4 + 8 Hgo.

The actual amount of KMnO, used is evidently 0.045 of 0.05 mole
or 0.00225 mole. According to the equation 2 moles of KMnO,
react with 10 moles of FeSO,, so that 0.00225 mole of KMnO,
would react with 5 X 0.00225 mole or 0.01125 mole of FeSO,.
Now 0.01125 mole of FeSO, contains 0.01125 gram-atom of iron,
and since 1 gram-atom of iron is 55.8 g., 0.01125 gram-atom would
weigh 0.01125 X 55.8 g., or 0.626 g. Since, finally, this amount of
iron was found from 1.016 g. of the ore, the iron is 61.7 per cent
of the ore.

13. Standardizing Solutions. In making solutions of known
concentration for titration we must start with some substance
that can be weighed, such as benzoic acid, HC;HzO, (only one of
the hydrogen atoms has acid properties), or sodium carbonate,
NaCO;. If it were desired to make 0.05 M-H,SO,, which contains
0.05 mole or 4.9 g. of H,SOy per liter, we would make up a quantity
of the solution a little more concentrated than 0.05 M by dissolving
about 3 cc. of concentrated acid (density 1.8) in a liter of water.
We would next determine accurately the concentration of acid in
this solution by titrating a known weight of Na,CO;. Suppose
that it takes 43.0 cc. of our solution to react with 0.248 g. of Na,COs,
according to the equation

NEIzCOa + HzSO4 = Hzo + C02 + Nast4.

Since 1 mole of sodium carbonate reacts with 1 mole of the acid,
and since 0.248 g. of Na,COj; is 0.00234 mole, the amount of H,SO,
is also 0.00234 mole, and as this is dissolved in 43.0 cc. the amount
in one liter is 13§2 X 0.00234 mole, or 0.0545 mole. This solution
may be used in titrations just as it is, or by diluting with the right
amount of water the concentration may be adjusted to exactly
0.05 molal. Since 0.05 mole per liter is the same as 0.0545 mole in
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1090 cc., if water is added to a liter of the 0.0545 molal solution
until the volume becomes 1090 cc., then the concentration of the
resulting solution is 0.05 molal, as desired. From this an alkaline
solution of desired concentration may then be made up by a similar
process.

Chemists are, however, prone to take unnccessary pains to
adjust their standard solutions to concentrations expressed by
simple numbers. By the aid of a slide rule it is just as easy to calcu-
late the results of titrations where the acid is 0.0545 M as it is when
it is exactly 0.05 M.

Exercises

See Appendix II for Answers

1. Write equations expressing the neutralization of sodium
hydroxide with hydrochloric acid; sodium hydroxide with sulfuric
acid; calcium hydroxide with nitric acid; barium hydroxide with
sulfuric acid.

2. Write under each substance involved in the above equation
the number of moles, grams, and equivalents represented.

3. How many grams are there in 1 equivalent of each of the
following substances: KOH, H,SO,, AI(OH):? From your answers
state how many grams of aluminum hydroxide and of sulfuric acid
would combine to form aluminum sulfate.

4. How many moles of sulfuric acid will be neutralized by 4
equivalents of sodium hydroxide?

5. If 0.98 g. of sulfuric acid is in 1 liter of solution, what is (a)
the molar concentration? (b) the normal concentration?

6. When 3.7 g. of calcium hydroxide are in 5 liters of solution,
what is (a) the molar concentration? (b) the normal concentration?

7. (@) How many equivalents of barium hydroxide are in 200
cc. of 0.1 normal solution? (b) How many moles? (¢) How many
equivalents of hydrochloric acid could this solution neutralize?
(d) How many grams?

8. If 10 cc. of a certain solution of sulfuric acid neutralized
20 cc. of a normal solution of potassium hydroxide, what was the
concentration of the former in (@) equivalents per liter; (b) moles
per liter; (¢) grams per liter?

9. If 25 cc. of 0.2 normal acid neutralized some base, how many
equivalents of base were there? How many grams of base were
there if the base was (a) sodium hydroxide; (b) calcium hydroxide?
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10. If 10 cc. of N/S5 ammonium hydroxide neutralizes 20 cc.
of sulfuric acid, what was the concentration of the latter?

11. How many cc. of 0.2 normal acid are necessary to neutralize
25 cc. of 0.5 normal alkali?

12. How many cc. of 0.2 M-HCI will exactly neutralize 0.02
mole of (¢) KOH; (b) Ba(OH)»; each dissolved in 500 cc. of water?

13. What volume of hydrogen, measured at 18° C. and 1.02 atm.,
could be obtained by the action of zinc in excess upon 200 cc. of
0.5 M-H.SO,?

14. What is the equivalent weight of an acid 1.25 g. of which is
neutralized by 25 cc. of 0.4 N-Ba(OH),?

15. (a) How many equivalents of oxalic acid, H,C;04, are neces-
sary to neutralize 1 equivalent of KOH? (b)) How many moles of
the former for 1 mole of the latter? (¢) How many grams of the
former for 1 gram of the latter?

16. 11.2 liters of Cl; at 0° C. and 760 mm. react with an excess
of H,. The product is dissolved in water. What is the molar con-
centration of HCl in this solution if its final volume is 500 cc.?

17. 30 cc. of 0.1 M-HCl are mixed with 100 cc. of 0.05 M-Ba(OH),
and the resulting solution is evaporated to dryness. (a) What
substances are present in the residue? (b)) How many moles of each?
(¢) How many equivalents of each? '



CHAPTER VII

THERMOCHEMISTRY

1. There are many chemical reactions in which our interest
lies ordinarily not in the substances produced but in the
heat evolved or absorbed. The burning of fuel is a chemical
reaction, but our purpose in burning them is not to produce
the carbon dioxide and water that usually result. These
substances we take pains to dispose of by means of chimneys
and ventilation. Our purpose is rather to obtain the heat or
light that accompanies the reaction. In buying fuels, there-
fore, the important consideration is not the relative cost of the
various available fuels but the relative cost of the heat ob-
tained from each. The chemist should therefore know how the
heat of such a reaction may be measured and expressed.

Again, in many reactions of importance, a knowledge of
whether heat is absorbed or evolved helps to determine the
most desirable conditions for carrying it out, as will be ex-
plained in Chapter XIV. Also in technical processes, if heat
is absorbed during a reaction, this may have to be considered
in estimating the cost, since the heat thus absorbed may
have to be supplied by means of fuel or electrical energy.

2. Heat Units. A quantity,of heat is conveniently measured
by absorbing it in a definite weight of water and measuring
the rise in temperature of the water. The units chosen depend
on the units of weight and temperature which are used.
These heat units and the relation between them are set forth
in Table 1. The joule is 107 ergs, and is also a volt-coulomb,
that is, the electrical work done when a coulomb of electricity
flows through a resistance under a drop of potential of 1 volt,
or, in equivalent terms, when a current of 1 ampere flows
for 1 second under a 1-volt drop in potential.

118
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TABLE 1
Heat Units

Amount of heat necessary

to raise the temperature of Name Abbreviation Equivalent
1 g. of water 1° C. at 15° C, calorie cal.  4.185 joules
1keg " “ 1°C.* ¢ large calorie kcal. 1000 cal.
1 pound of water 1°F. at British Thermal ~ B.T.U. 1054.6 joules

60° F. Unit 0.252 kcal.

3. Experimental Determination of Heats of Reaction. The
amount of heat involved in a chemical reaction is determined in
an apparatus known as a calorimeter. It consists of a vessel holding
perhaps a liter of water, provided with a stirrer and a more or less
delicate thermometer. This vessel must be well surrounded by
some effective heat insulator, so that
the temperature of the water within
shall be affected only to the least pos-
sible extent by the room temperature.
This insulation may be furnished by
felt, a water jacket, or, by a vacuum
jacket, as in a Dewar flask. The re-
acting substances may be introduced
into the calorimeter in various ways,
When the heat of solution of a solid is
to be measured, the substance may be
sealed in a thin glass bulb immersed in
water in the calorimeter. After uni-
form temperature has been reached the
bulb is broken and the solid allowed
to dissolve. If the reaction is one like
the precipitation of an insoluble sub-
stance from dilute solutions, or the
neutralization of an acid by a base,
one liquid may be inclosed in a thin
glass vessel, or in one with a valve, and immersed in the other
liquid. The liquids may then be mixed at the proper time. If the
reaction is one taking place at a high temperature, it may be carried
on within a “bomb’’ immersed in the water of the calorimeter, (Fig.
1). A small weighed portion of the material under investigation is
placed within this bomb, which is then closed and filled through a
tube in the top with oxygen under high pressure. It is then placed in’

Fig. 1. Bomb calorimeter,
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the calorimeter and when uniform temperature is attained the com-
bustion is brought about by means of an electrical connection
through the lid of the bomb.

The amount of heat liberated by the reaction is measured by
the rise in temperature of the calorimeter contents and the heat
capacity of the latter. If water alone were involved, the number
of calories liberated would be found simply by multiplying the
rise in temperature by the weight of the water. Various other sub-
stances are present, however, such as the stirrer, the containing
vessel, the thermometer, etc., so that their power of absorbing
heat compared with that of water must be measured or calculated
and added to the weight of the water as the ‘‘water equivalent”
of the calorimeter. This may be measured by allowing a reaction
evolving a known amount of heat to take place in the calorimeter,
or else calculated, by knowing the heat capacities or specific heats,
together with the weights, of the various substances in the calori-
meter.

4. The amount of heat involved in a chemical reaction can
be expressed by including it in the chemical equation, thus

C (graphite) + O; = CO. + 96,500 cal.

indicates that when 1 mole (12 g.) of carbon burns with 1 mole
of oxygen to form 1 mole (44 g.) of carbon dioxide, 96,500 cal.
of heat is evolved. It is now general practice, however, to
express this heat as the change in heat content or “enthalpy,”
denoted by the symbol AH. The above process would be written

C (graphite) + O, = CO, AH = — 96,500 cal.

Similarly, the formation of NO from its elements would be

written
Nz +0: = 2NO AH =+ 43,200 cal.

indicating that 43,200 cal. of heat is absorbed in the synthesis
of 2 moles of NO.

The term exothermic is often applied to reactions which
evolve heat and endothermic to those which absorb heat.
It may be mentioned that the former predominate in reactions
occurring at ordinary temperatures and the latter in those
occurring at very high temperatures, in the electric furnace.
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5. Effect of the State of the Reacting Substances. The
heat of a reaction depends upon the temperature at which
it is carried out and upon the state of the substances involved.
For example, in the union of hydrogen and oxygen to form
water, it makes a difference whether the water produced is
at a temperature at which it is liquid or vapor. Since the
condensation of steam to liquid takes place with the evolution
of heat, it is evident that where the final product is liquid
the heat of formation will be greater than when it is a gas.
To make this clear we will need to specify in the equation
the state of the substance, which we would do in this case as
follows:

2H; + Oz = 2 H,O (gas) + 115,640 cal., or
2 H:0 (liq.) + 136,540 cal.

Or, again, we might find it desirable to express the states
of all substances in the equation where ambiguity might
otherwise arise, as in the equation,

Hg (liq.) + Cl; (gas) = HgCl; (solid) + 53,300 cal.

It makes a difference also whether or not a substance is
in solution, and what its concentration is in the solution.
We might, therefore, have an equation such as the following:

NaOH (0.1 molal) + HCI (0.1 molal)
= HyO + NaCl (0.05 molal) 4+ 13,200 cal.

Where the concentration is small and does not need to be
specified exactly, it may suffice to use the abbreviation, aq.,
after the formula of the dissolved substance, which signifies
the presence of a large amount of water. (From the Latin
aqua, water.)

6. In a gaseous reaction in which the number of molecules of
gaseous substances changes, the heat will be somewhat different
if the reaction is carried out in a closed vessel so that the volume
remains constant, from what it will be if the reaction is carried out
so as to keep the pressure constant. Since a gas does work in ex-
panding against an external pressure, heat must be absorbed during
the expansion in order to maintain the original molecular velocity
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and hence the original pressure. This behavior finds illustration
in the fact that a ball thrown against a yielding surface rebounds
with less speed than when thrown against a rigid surface. The
heat of a chemical reaction at constant pressure will therefore be
greater or less than that of the same reaction at constant volume
according as the number of gaseous molecules decreases or increases
during the reaction.

7. Indirect Determination of Heats of Reaction. In many
cases the heat of a reaction cannot be determined directly
on account of the difficulty of carrying out the reaction in a
calorimeter. In such cases it is usually possible to determine
it indirectly. Moreover, even though the reactions may be
easily carried out in the calorimeter, it is unnecessary to
measure the heats of all, since some may be calculated from
others. To do this we use a well-founded law (Hess' Law)
stating that all heats of reaction depend only on the state
of the initial or final substances and not upon the steps into
which the reaction may be divided. This law is a consequence
of the more fundamental law of the conservation of energy,
which states that though energy be transformed from one
form to another, none of it is ever lost. The different forms of
energy include heat, potential energy, or energy of position,
kinetic energy, or energy of motion, electrical energy, chemical
energy, etc. As an example, ZnSO, might be formed from its
elements in eithenof the following ways:

First Way
Zn+ 10, =7ZnO0O  AH = — 85 kcal.
S + 02 = 502 AH = — 70 kcal.
502 + % 02 = SOs AH =— 22 kcal.'
ZnO 4+ SO; = ZnSO, AH = — 53 kecal.
Total: Zn + S + 20; = ZnSO4y AH = — 230 kcal.

SeEconD WaY
Zn 4+ S = ZnS AH = — 40 kcal.
ZnS 4+ 20, = ZnSOy AH = — 190 kcal.
Total: Zn 4+ S 4+ 20; = ZnSO4 -AH = — 230 kcal.
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The total result in either case is the formation of ZnSQO,
from Zn, S, and 2 O; with the evolution of heat. Our law
tells us that the total heat liberated is the same in either case,
as shown by the above figures.

As a consequence of this, thermochemical equations may
be added or subtracted like any algebraic equations. Suppose
that the following heats of reaction have been measured:

C + O, = C02 AH = — 96.5 kcal., (1)
2CO 4+ 0Oz = 2C0O; AH = — 135.0 kcal,, (2)
and we wish to learn the heat of the reaction:
2C + 0, = 2CO.

All that is necessary is to eliminate CO; from this pair of equa-
tions. We may double equation (1), if we at the same time mul-
tiply by 2 its value of AH:

2C+20;=2C0O; AH = — 193.0 kcal.

Also, we may write equation (2) in the reverse direction, if
we change the sign of its value of AH:

2 COz =2 CO + 02 AH =+ 1350 kcal.
Addition of these two equations gives us the reaction we desire:
2C+0;=2CO AH = — 58kcal.

If, on the other hand, we eliminate O. from the pair of equa-
tions (1) and (2), we obtain the equation for a different reaction,

C+ CO; =2CO AH =+ 38.5 kcal.

Again, it is not possible to synthesize H;O. aq. from its
elements in the calorimeter, but the heat that would be evolved
if the reaction were possible may be calculated from the fol-
lowing:

H202 aq. = Hzo + %02 + aq. AH = — 23.0 kcal.,
H2 + ‘;‘ 02 = H2O AH = — 68.4 kcal.

Subtracting the first from the second to eliminate H:O we ob-
tain:

and

H; 4 O; + aq. = H:0;aq. AH = — 45.4 kcal.
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From this we learn that H;O. is an exothermic compound,
formed from its elements with the evolution of heat.

8. Fuel Value of Foods. The heat and muscular energy
needed by the body are furnished by the oxidation of food
materials. The metabolic oxidation of sucrose (a typical car-
bohydrate), stearin (a typical fat), and a typical protein can
be represented by the following equations:

1 C12H22011 + Oz = CO: + 14 H,0,
185 CsxH11006 + Oz = 145 CO, + 134§ H:O,
0.213 (C43H76ON) + Oz = 0.809 CO, + 0.1063 CO(NHy)s
+ 0.595 H;0.

Per mole of oxygen, the heat liberated by the metabolism of
sucrose is 112.47 kcal., of stearin 110.86, of the protein 97.88,
and of an average diet including carbohydrates, fats, and pro-
teins 108.1.

The amount of food energy needed by a person varies accord-
ing to his weight and the amount of his muscular activity.
In this country, the daily per capita consumption of food pro-
vides about 3000 kcal. The “starvation level” is somewhat
lower than 2000 kcal. per day.

A knowledge of the fuel value of various foods is useful, for
example, in nutritional research, or in determining the least
weight of food necessary for a camping or exploring expedition.
It may be of interest to have the few figures given in the fol-

lowing table:
Approximate number

Foods kecal. per pound
Starchy foods, cereals, flour, rice, beans, etc. 1650
Sugar 1860
Fats and oils 3650,
Cheese 2000
Chocolate 2850
Milk, evaporated, unsweetened 800
Milk, condensed, sweetened 1500
Dried fruit 1300
Fish 1000
Meat ¢ 1600

Of course, other considerations must also enter to secure a
wholesome, well-balanced diet, but these cannot be discussed here.
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Exercises
See Appendix II for Answers

1. What is the distinction between heat and temperature?
2. Calculate the heat of the reaction:
CaO + CO, = CaCO,
from the following:

CO; + Ca(OH); = CaCO; + H;O AH = — 30.5 kcal.
CaO + H,0 = Ca(OH): AH = — 11.5 kcal.

3. Calculate the heat of the reaction:
Zn + Cl; + aq. = ZnC(Cl; aq.
from the following determinations:

Zn + 2 HCl aq. = ZnCl; aq. + H, AH = — 36 kcal.
H,; + Cl; = 2 HCI (gas) AH = — 44 kcal.
HCl (gas) + aq. = HCl aq. AH = — 17 kcal.

4. (a) Calculate the heat of the reaction:
N.+ 3H, = 2 NH;
from the following:
4 NH; + 30, = 2 N; 4+ 6 H:O (ligq.) AH = — 364 kcal.
H; + 3 0, = Hy0 (liq.) AH = — 68.3 kcal.

(b) The above figures are for constant pressure; would the heat
of formation of NH; be greater or less at constant volume?

5. Given that C 4+ O, = CO; + 96.5 kcal., and that anthracite
coal, considered as 95 per cent carbon, costs $10 per ton (= 1000
kg.), determine the cost of 1000 kcal. from the burning of this coal.

6. Considering ‘‘water gas' to consist of CO and H; only, as
indicated by the equation of its formation,

C+H20=CO+H2,
and given the heats of combustion of CO and H,, i.e.,

H2 + %Oz = HQO AH = - 68.3 kcal.

calculate the cost of 1000 kcal. from this gas if it costs 90¢ per
1000 cu. ft. (= 28,300 liters) when measured at 20° C. and 1 atm. -
pressture.
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7. If kerosene were pure CioHjs, whose heat of combustion is
1626 kcal., and costs 15¢ per gallon (3.781 liters) and has a density
of 0.79 g. per cc., calculate the cost of 1000 kcal. obtained by burn-
ing kerosene.

8. From the table on page 124 make out a ‘‘grub-list” for two
men on a ten-day walking tour, endeavoring to get the minimum
weight consistent with variety and palatability.



CHAPTER VIII

ELECTROLYTIC DISSOCIATION

1. Such a large proportion of the reactions with which
we concern ourselves take place in water solution that the
behavior of substances dissolved in water is a subject of
great importance. We will consider a number of the properties
and reactions of substances in aqueous solution, and see that
conclusions that may be drawn as to the nature of these
solutions are in agreement with the picture in Chapter V.

2. Solvents for Different Types of Solids. We can better
understand the nature of aqueous solutions if we first consider
the process of solution in general. In relation to the different
types of solids outlined in Chapter V, paragraph 15, a solid
composed of distinct molecules is best dissolved by a liquid
whose intermolecular forces are of approximately the same
strength and nature as those existing in the solid. For ex-
ample, solid sulfur, containing molecules of Ss, is readily
dissolved by liquid CS,. Naphthalene, C;oHs, is readily dis-
solved by hexane, C¢H,4. Water is a very poor solvent for
these substances because the field of force around a water
molecule is different from the fields of force surrounding the
molecules just mentioned. The electrons are much more the
property of the oxygen than of the hydrogen, hence the
water molecule is relatively positive in one part and negative
in another. Such a molecule is called an electric dipole (cf.
Chapter V) and is surrounded by an electrostatic field, very
different in nature from the field of force surrounding a sulfur
molecule. Water is, however, a good solvent for a substance
like sugar, whose molecules contain a number of OH groups,
each an electric dipole similar to the water dipole. Solids
of the diamond type are usually nearly insoluble in all solvents.

127



128 PRINCIPLES OF CHEMISTRY Ch. Vil

Solids of the salt type are not dissolved by liquids whose
molecules are surrounded by symmetrical fields of force
such as benzene or gasoline but they are dissolved by liquids
whose molecules contain electrostatic dipoles, including water,
liquid ammonia, and a few others. The process of solution
in such a case is easily pictured (Fig. 1). When the water
molecule reaches the surface of a salt crystal it tends to

5. OO
@O E @@@@---@@@ Q.0
©OOO O 5 QL. o0
PEEOOO° ofe

©WOOOOE

Solid Water solution

Fig. 1. The process of solution of a salt in water.

orient with its negative part towards the positive potassium
atom and its positive part towards the negative chlorine
atom. This weakens the force between the charged atoms
of the crystal so that, if it is not too strong, the charged
atoms may be detached from the crystal and wander off
into solution each surrounded By an envelope of oriented
water molecules. These charged' atoms in solution are but
weakly attracted to each other and can move about in the
solution more or less independently. They are accordingly
called ions, from the Greek word meaning to wander.

We will now examine certain properties of salt solutions
to see how they harmonize with this conception regarding
their nature.

3. Abnormally Great Lowering of the Freezing Point. It
has been pointed out in Chapter III that the molecular
weight of substances may be determined by two essentially
identical methods. Both methods depend upon the fact that
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a standard number of molecules (6 X 10? or 1 mole) produce
certain effects which are independent of the mass, structure,
or identity of the molecules.

Thus, 1 mole of any gas (6 X 10 molecules) occupies
224 1. at 0°C. and 1 atm. Again, 1 mole of any soluble
substance produces the same effect, in general, as 1 mole of
any other substance with respect to lowering the freezing
point, or raising the boiling point of water solutions.

It is even possible as an alternative to define a mole from
the empirical viewpoint as the number of grams which in
the gaseous state at 0° C. and 1 atm. will occupy 22.4 1., or
else as the number of grams which, dissolved in 1000 g. of
water, will lower the freezing point of the solution 1.86° C.
below that of pure water. If we determine the effect of various
substances in lowering the freezing point of water, we find
that a large number of them show concordant behavior.
Other substances, including acids, bases, and salts, show an
abnormally great lowering of the freezing point. This is
illustrated in the following table:

TABLE 1
Freezing points of 0.1
Substance molal solutions, °C,
Sugar — 0.188°
Glycerine — 0.186°
Alcohol — 0.184°
Na(Cl — 0.348°
HCl - 0.356°
KNOs - 0.330°
BaCl, - 0478°
NazS04 — 0.459°

It will be seen that the first three substances in the table
behave as would be expected, but that the others give an
abnormally great lowering of the freezing point. There are
two ways of accounting for this abnormality. Either the
law of the uniform molal lowering does not hold universally,
or else acids, bases, and salts dissociate into two or more
independent parts when dissolved in water. If this law still -
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holds, then 1 mole of NaCl, HCI, or KNO;, when dissolved
in a large quantity of water, seems to yield nearly 2 moles
of dissolved substances, whereas 1 mole of BaCl,;, or of
NaySOy, seems to yield nearly 3 moles of dissolved substances.

These results harmonize perfectly with the picture of such
solutions given above according to which 1 mole of KCl in
solution exists as 1 gram-ion of K+ and 1 gram-ion of CI°,
nearly independent of each other, and each exerting its
effect upon the freezing point. This effect is proportional
chiefly to the total concentration of ions or molecules in
solution and is scarcely influenced by their nature, size, or
charge. Thus 0.1 mole of Br,, CH;OH, Nat, CI", and SO~
would each affect the freezing point to the same extent.

4. The theory that acids, alkalis, and salts may be dis-
sociated into charged ions was advanced by Arrhenius in
1881, long before it had been shown that the solid salts also
contain charged atoms, and it seemed absurd to many to
think of sodium chloride dissolving as atoms of sodium and
chlorine, sodium being a metal that reacts violently with
water and chlorine a poisonous gas. Such a difficulty is avoided
by realizing that an uncharged atom and a charged ion are
quite different substances. Thus Cu is copper, a reddish metal;
Cu** or cupric ion, existing in water as a greenish blue sub-
stance, is very different from Cu in all its properties. Again,
H,; is a light, combustible gas, while H* is a substance existing
in solution, along with some negative partner, and having a
sour taste, etc.

5. Independent Migration of Ions in Electrolysis. It has
been found that all dissolved substances that give the ab-
normal effect on the freezing point of water also give solutions
which conduct the electric current, depositing materials
at the electrodes, or else dissolving the electrodes. Because
of this behavior they are called electrolytes. Those conducting
very well, the strong acids and alkalis, and most salts, are
called strong electrolytes.

6. This conductivity is quite in accord with the presence
in the solution of charged ions, which must necessarily migrate
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towards an electrode of opposite charge when voltage is
applied. The negative electrode, called the cathode, the one
which is receiving electrons from the dynamo or battery,
attracts the positive ions, which are accordingly called
cations, while the positive electrode, the anode, attracts the
negative ions, called anions. It is possible to detect this
migration experimentally. If, for example, we have a U-
tube containing, say, dilute copper sulfate in the bottom,
with dilute potassium nitrate | _1 la
carefully superimposed as T4 ™
shown in Fig. 2a, and allow L ] J
an electric current to pass | ., K+
through the solution for a
time, we will find that the
blue color characteristic of
copper salts travels towards [ ++ ot
the negative pole, while the

sulfate ion travels towards |59~ \_J o,
the positive pole, as might be
shown by testing layers of

solution with a solution of a b
barium chloride. The state of  Fig. 2. Independent migration of the
affairs after the passage of a fons in electrolysis.

current is depicted in the figure at b. Whenever electrolysis
takes place it is possible to show such independent migration
of the two parts of the salt, acid, or base, by appropriate
experiments similar to the above.

7. Discharge of the Ions at the Electrodes. Since in elec-
trolysis it is observed that current continues to flow so long
as sufficient voltage is applied and there are ions in the
solution, it is obvious that electrons must be able to pass
from the solution to the wire, or external circuit, and vice
versa. The pole at which the electrons enter the solution is
called the cathode or reducing electrode; conversely, the
pole at which they leave the solution is called the anode or
oxidizing electrode. (Note that anode and oxidation begin
with vowels, cathode and reduction begin with consonants.)"

L

NO; NO;
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If we represent an electron by the symbol, €7, the dis-
charge of ions at a cathode may be represented by equations
such as the following:

H+ 4+ ¢ = H, followed by 2 H = Hjy;
Agt + ¢ = Ag;
Cutt 4+ 2¢ = Cu.

In some cases an ion may be reduced to an ion of lower
charge without being deposited, as Fet++ 4 ¢~ = Fett,
To deposit 1 gram-atom of an eclement whose ion has 1
positive charge, such as Ag* or H*, requires 6.0234 X 10%
electrons (cf. Chapter V), 1 equivalent of electricity; twice
as much, or 2 equivalents for ions with 2 positive charges,
such as Cut* or Zn*+, and so on. The quantity of electricity
represented by 6.023 X 10% electrons, the electrochemical
equivalent, is obviously very important and is called one
faraday, in honor of Michael Faraday, who discovered the
laws of electrolysis. Its magnitude in practical units is 96,500
coulombs,! a number worth remembering.

At the anode, where electrons leave the solution, we may
have reactions such as CI” = Cl + ¢7, followed by 2 Cl = Cl,.
Frequently the electrons may come from some source other
than the anions in solution. Thus, if the anode were made of
copper, the electrons removed from the anode would come
not from CI™ in solution but from atoms of copper going into
solution as Cu*+. Again, when SO,” " is present, although it
carries part of the current to the anode it is the water, not
the SO,~ 7, which eventually gives up electrons to the anode;
H,0 = 2 H* + 3 O, 4+ 2 ¢. (It is sometimes said that the
reaction is SO, ~ = SO; + 3 O; + 2 ¢7, followed by SO; +
H,O0 = 2 H+ 4+ SO4 ~. The sum of these two is the reaction
previously written, which is the final result in either case.
There is probably no evidence that electrons are any more

1 A coulomb is the amount of electricity carried by a current of 1 ampere in
1 second; e.g., 10 amperes flowing for 1 minute would amount to 600 coulombs,
and if 1000 coulombs are delivered in 50 seconds, the current strength is 20
amperes. Practically it is defined as the amount of electricity that will deposit
0.001,118 g. of silver.
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easily removed from SO4~~ than from H;O, and the net result
is all we are sure of.) In any case Faraday’s Law holds, and
1 faraday of electricity releases 3 Cls, § Oz, etc., or dissolves
1 Cutt, etc.

8. The following further examples may serve to make the
matter clearer. Since 108 g. of silver is 1 gram-atom, deposited
by 96,500 coulombs, to deposit 1 g. would require 35 of
96,500 coulombs, and to deposit 5 g. would require 35 of
96,500 coulombs, or 4470 coulombs. If this were done by a
current of 2 amperes (2 coulombs per second), the time
required would be 2235 seconds, or 37 minutes, 15 seconds.
However, to deposit 63.6 g. of copper, from ordinary copper
salts, 65.4 g. of zinc, etc., requires twice as much electricity,
or 2 faradays. Similarly, certain other ions require 3 faradays
per gram-ion.

9. Itis worth noting that the fact that whole numbers of faradays
are required to discharge 1 gram-atom of different elements implies
that 1 or more elementary electric charges are involved in changing
ions to atoms, or, in other words, that electricity, like matter, is
atomic in structure, not a continuous ‘“fluid,”” as it was once often
called. The experimental facts constitute, essentially, laws of
“definite and simple multiple proportions’’ for electricity as for
ather forms of matter.

10. Formulas of Ions. The formulas of ions are simply
related, in many cases, to the number of outer or valence
electrons upon the free atom, which, in turn, is correlated
with the group of the Periodic System to which an element
belongs (cf. Chapter XVII). Thus, the hydrogen atom
has one electron and gives H+, the calcium atom has two
electrons and gives Cat+, etc. The student should learn the
formulas of the common ions, such as Nat, K+, Ag*+, Cutt,
Zn*, Ba*+, Al+++, Fet++ and Fe++, OH™, CI°, Br, NOj,
SO4 " and CO;~ . When the formula of one ion is known,
that of its accompanying ion can be derived; for example,
knowing that Th(SO4), must give SO4 7, it is obvious that
thorium ion is Th++++, Similarly, the formulas of solids or
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undissociated molecules follow from the ionic charges, such
as 2 Al+++ + 3 804—— = Alz(SO.;)a; 4 K+ -+ Fe(CN)G"_"_ =
K4F€(CN)6; Ca++ + 2 H2P04_ = Ca(H2P04)2; Cat+ +
HPO, ~ = CaHPOy; 3 Ca*+ + 2 PO, ™7 = Caz(POy),.

11. The properties of dilute aqueous solutions of strong
electrolytes are the sum of independent sets of properties,
hence independent substances are present. The properties
of solids cannot be simply referred to the properties of their
constituent ions, since these ions, in crystals, are so close
together as to modify each other’s properties. Solid CuCl,,
CuBr;, and Cu(NOs3); - 6 H20, for example, are colored green,
brown, and blue, respectively. The copper ions are the source
of color but their color is modified differently by each different
species of adjacent colorless ions, or, in the Cu(NOQOj;), -
6 H,0, by the water surrounding the Cut+. All three salts,
however, give the same blue color when dissolved in dilute
water solution, indicating the presence of the same Cut+ agq.
in each case. The ions are influenced now mainly by the water
molecules surrounding them; the different ions are too far
apart to have more than slight effect upon each other. The
properties of a dilute solution of a strong electrolyte are,
therefore, the sum of the properties of the water and of the
constituent hydrated ions. This applies to all properties,
including density, electric conductivity, color, refractive
index, and chemical behavior. It makes no difference, for
example, whether we make a solution by dissolving 0.1 mole
each of NaCl and KNO; or by dissolving 0.1 mole each of
NaNO; and KCl, the result in either case is a solution con-
taining 0.1 mole each of Na*, K+, CI7, and NO;™. The con-
ductivities of these four salts at 25° C. in 0.1 molat solution
are given in Table 2. We see that there is scarcely any differ~
ence between the sums corresponding to the presence of equal
amounts of the same four ions. Obviously the conductivity
of any one of these solutions could be calculated with good
accuracy from measurements on the other three.

Most striking of all, perhaps, are the chemical reactlons.
It is not possible to predict the properties of gaseous HCI!
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from the properties of hydrogen and those of chlorine, but
it is possible to predict the properties of a dilute aqueous
solution of HCl from the properties common to all other
acids, on the one hand, and those common to all soluble
chlorides on the other hand. The hydrogen ion in this solu-
tion reacts in the same way and has the same properties as
the hydrogen ion obtained from any other acid, as explained
in Chapter V. It affects indicators in the same way, it reacts

TABLE 2
Conductivities of 0.1 Molar Solutions at 25° C.
NaCl 0.01066 NaNO; 0.00987
KNO;  0.01201 KCl1 0.01286
Sum  0.02267 Sum  0.02273

with carbonates, dissolves zinc, tastes sour, just as it always
does unless the other ion present exerts some complicating
effect on these tests. The chloride ion gives precipitates with
the same reagents, such as AgNO; or Hg,(NO;), solutions,
as are obtained from all other chloride electrolytes. Knowing
the properties of chloride ion, as obtained from some chloride,
and knowing the properties of a cation, say barium ion, we
can predict the properties of dilute solutions of barium
chloride, without the aid of direct experiment. This makes it
possible to simplify enormously the labor of learning the
chemical reactions of electrolytes upon each other. It is
necessary only to know the reactions given by the important
ions in order to predict the reactions of the enormous number
of electrolytes which might be obtained by combinations
of these ions. Instead of remembering the action of a large
number of sulfates individually upon all soluble barium salts,
it suffices to remember that barium ion, Ba*+, reacts with
sulfate ion, SO4™~, to give a very insoluble white precipitate
of barium sulfate, BaSO4. Such generalizations cannot be
made with any degree of assurance with substances that are
un-ionized. Alcohol and phenol (carbolic acid) both contain
the hydroxyl group (OH), their formulas being C;H;OH and
CeH;OH, respectively, but these are not appreciably ionized,
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and when dissolved in water react very differently, having
no set of properties in common. Again, it is not correct tc
conclude that silver nitrate is a ‘‘test for chlorine,” as is
sometimes stated. Chloroform, CHCl;, will give no such
test unless it is heated with silver nitrate for a long time.
A solution of potassium chlorate gives no precipitate with
silver ion, Ag*, because, although it contains chlorine, it
yields no chloride ion, CI7, but, instead, chlorate ion, ClO;".

The value of the ionic theory is very great in reducing
equations to their simplest terms and focusing the attention
on the essential reactions taking place.

12. Heats of reaction in dilute solutions of strong elec-
trolytes depend on the reacting ions only. Heats of reaction
between ions in dilute solution are independent of the nature
of any other ions present. This is not true for substances
not in solution. Solid NaOH and solid KOH do not give the
same heat of neutralization with concentrated hydrochloric
or nitric acid, but when both acid and base are dilute, the
amount of heat liberated is always the same, 13,700 calories
per equivalent. Since the heat liberated is the same, the
reaction liberating it is likely to be the same, and the ionic
theory indicates that this should be the case. Instead of
writing

NaOH + HCI = H,0 + NaCl
and

KOH + HNO3 = H20 + KNO3,

for the reactions in dilute solution, which would lead us to
expect different heats of reaction, we should, according to
previous evidence, write
Nat 4+ OH- + H* + ClI- = H,O + Nat 4 CI-
AH = — 13,700 cal.
K+ + OH- + H* 4+ NO;~ = HyO + K+ 4+ NOs~
AH = — 13,700 cal.

The ionic form of the equations indicates that nothing happens
to anything except H* and OH~, which unite to form H,0;
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the other ions, being unaffected, may be canceled from the equa-
tion, leaving simply

H* 4+ OH- = H,O AH = — 13,700 cal.

as the fundamental and only reaction in both cases.

The same would apply to precipitations. Any soluble barium
salt would give the same heat effect per mole with any soluble
sulfate, since, no matter what other ions are present in the
solution, the essential reaction is

Ba*t + SO, = BaSO, AH = —5600 cal.

If, however, Ba(OH), and H,SO, solutions be used, the heat
of reaction would, of course, be no longer the same as above,
for then we would have occurring simultaneously two inde-
pendent reactions, each with its own heat effect, and the ionic
equation

Ra*t+ 4+ 20H~ + 2 H* 4 SO, = BaSO4 4 2 H:0
AH = 2 X (— 13,700) — 5600 cal.

shows that nothing should be canceled out.

13. Degree of Ionization of Strong Electrolytes. In very dilute
solutions, the ions of strong electrolytes are so far apart as to be
without influence on each other, but as concentration increases,
electrostatic attractions and repulsions come into play, each
positive ion tending to surround itself with negative ions, and
vice versa. This attraction restricts their independence and prevents
them from exerting their full individual effects. For example, they
suffer a drag as they move in opposite directions while conducting
an electric current, as shown in Table 3, which gives the current
that would be carried by a mole of KCl at 18° C. between parallel
electrodes 1 cm. apart when diluted by different volumes of water.
The limiting conductivity in very dilute solution is evidently about
128, but this is greatly reduced as higher concentrations are reached.
The effect of ions on the freezing point is likewise additive only at
extremely low concentrations. If a salt gives two ions, the ratio
of the freezing point lowering to the concentration should be 2 X
1.86° = 3.72 (cf. paragraph 3). This is closely approached by
0.001 M-KCl, as seen in Table 3 on page 138, but becomes less
at higher concentrations.
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There are other factors that may contribute to these deviations
beside the one mentioned above. One of these may be the repulsions
suffered by the ions when they happen to come very close to each
other; another may be their varying degrees of hydration. In many
cases, also, a given pair of ions may temporarily unite to forma
molecule. This union is strong in the case of the weak acids and

TABLE 3
Effects of lonic Interaction for KCl

Concentration moles per

1000 g. of water 0.0002 0.001 0.01 0.1 1
Conductivity divided by

concentration 127.9 127.1 122.2 113.7 981
Freezing point lowering

divided by concentration _ 3.65° 3.61° 3.45° 3.25°

bases and a few salts, and is appreciable in the case of many salts.
Even such a strong acid as nitric shows evidence of the presence of
HNO; molecules in concentrated solutions. The weak salts men-
tioned below, in paragraph 15, represent cases of incomplete dis-
sociation. In some cases intermediate ions are formed, as Pb++ 4
CI” = PbCl+, and PbCl, 4+ CI™ = PbCl;™.

The various formulas connecting the concentrations of the ions
with the properties of their solutions all require modification to
take into account the several kinds of interaction. Students who
pursue this subject further into the realm of quantitative relation-
ships will encounter factors called activity coefficients, which
correct the ionic concentrations so as to allow for the variations
here discussed. However, the qualitative reasoning called for in
this book will yield sufficiently accurate results if we treat strong
acids and bases and nearly all salts as completely ionized, the ions
having effects proportional to their concentration.

It should be understood that the omission from an equation
of ions which are unaffected by the reaction does not imply
that they can be absent from the solution. Although the
equation H+ + OH™ = H,0 represents the only chemical
change that occurs in the neutralization of solutions of strong
acids with strong bases, the solutions mixed must contain
other ions; it is impossible to make one solution containing
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only H*+ and another containing only OH™; some ion of
opposite charge must be present in each, but it makes practi-
cally no difference whether the ion associated with H* is
CI-, NO;~, or ClO,~, nor whether the ion associated with
OH™ is Nat, K+, Rb*, or Cs+. The fact that some other ion
must be in the solution is no reason for putting it into the
equation if nothing happens to it. Indeed, one cannot have
these solutions without vessels to hold them, test tubes, or
beakers, or flasks, or some other, but that fact is no reason
for adding test tubes to both sides of an equation. A chemical
equation should show only the chemical changes, and not be
overburdened by the formulas of molecular species which
are not reacting.

14. Weak acids and bases are less ionized than strong
acids and bases in solutions of the same concentration.
There are some acids and bases which show the properties
of hydrogen and hydroxide ions, respectively, to a much
less extent than do strong acids and bases in solutions of
the same concentration. Solutions of HCI, HNOj3, and H,SO,,
at the same concentration, say 0.01 normal, would have
about the same sour taste, but 0.01 normal acetic acid,
HC;H30,, would not taste nearly so sour. The first three
acids would show almost identical colors with an indicator
like methyl violet, sensitive to that degree of acidity, but
it would require approximately normal acetic acid to show
the same color. The same weakness on the part of acetic
acid is shown in power to conduct current. While, therefore,
the properties of acetic acid indicate that it yields hydrogen
ion in water, they also indicate that only a little of the
hydrogen of the acid is ionized. Again, while the effect of
acetic acid on the freezing point of water is greater than that
of an un-ionized substance like sugar, it is not double the
latter, as is approximately the case with an acid like hydro-
chloric acid. Its heat of neutralization is no longer 13,700 cal.,
as with a strong acid, but has a different value, 13,400 cal.,
which includes the heat of dissociation of the acid during
its neutralization.
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There are a number of such weak acids, including carbonie
acid, H,COjs, boric acid, H3BO3, hydrogen sulfide (hydro-
sulfuric acid), H,S, silicic acid, H;SiO3 (also many polysilicic
acids), nitrous acid, HNO,, arsenous acid, H3AsOs, arsenic
acid, H3AsO,, sulfurous acid, H2SO;, and hydrocyanic acid,
HCN, hypochlorous acid, HCIO, etc. Table 4 gives the con-

TABLE 4

Approximate Concentration of H* in Solutions of Various Acids

Moles of Acid Dissolved per Liter 1 0.1 0.0r
Hydrochloric HCI 1 0.1 0.01
Nitric HNO; 1 0.1 0.0t
Bisulfate ion

(NaHSO;, soln.) HSO4~ 0.2 0.04 0.008

Acetic HC:H30: 0.004 0.0013 0.0004
Carbonic H2COs (CO: in water) — 0.0002 0.00006
Hydrosulfuric H.S — 0.0001 0.00003

centration of H+ in solutions of four weak acids compared
with two strong acids, and indicates clearly the different
extent of the ionization. The degree of ionization is the
fraction, or per cent of the total electrolyte present, which
has broken down into ions. For example, the figures for
acetic acid show that if 0.1 mole of acetic acid is dissolved
in 1 liter, 0.0013 mole of H* is liberated; since every H+
produced requires one molecule of HC;HzO; to split up,
0.0013 moles of the acid have dissociated, which is 0.0013
<+ 0.1 or 1.3 per cent of the acid taken. It is to be noted that
as a weak acid is diluted the degree of ionization increases
although the concentration of H+ diminishes.

The most important weak base ordinarily encountered
is ammonium hydroxide, NH,OH. It is this weakness which
makes it useful in cleansing, for although it does not yield
enough free hydroxide ion to be injurious in washing, yet,
if the little it does yield is used up, more can dissociate, the
undissociated portion acting as a sort of reserve for hydroxide
ion.

15. Weak Salts. Most salts are highly ionized when in
solution, even though they be salts of weak acids or bases,
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like sodium acetate or ammonium chloride. There is, however,
a great range in the degree of ionization of salts, and some,
including lead acetate, Pb(C2H303)2, cadmium iodide, CdlIs,
mercuric chloride, HgCl;, and mercuric cyanide, Hg(CN),,
are very weak. These salts are poor electrolytes, and their
reactions in solution show the presence of relatively few ions.
For example, all ordinary soluble chlorides give a precipitate
of lead chloride, PbCl;, on the addition of lead ion to their
solutions. With mercuric chloride, however, no precipitate is
obtained, indicating that there is less chloride ion in a concen-
trated solution of mercuric chloride than in a saturated
solution of the rather insoluble lead chloride. If, however,
silver ion is taken, a precipitate is formed, for silver chloride,
AgCl, is much less soluble than lead chloride, and HgCl; yields
enough chloride ion to precipitate it.

16. Ionization of Weak Polybasic Acids in Steps. It is
found that the two or more hydrogen atoms in the molecule
of a polybasic acid, like H,CO;, H.S, or H:POy, tend to
dissociate with unequal readiness into ions. While the first
hydrogen atom of H,COj3 is but s'ightly ionized, it is possible
to neutralize it with OH ", forming water and HCO;~, before
the neutralization of the second hydrogen atom, in the
HCOj;™, begins. This explains the ease with which it is pos-
sible to form acid salts in such cases. The first atom of hydro-
gen in H3PO, ionizes readily, corresponding to a moderately
strong acid; the second ionizes from Hy,PO,~ with much less
ease, so that the ion Ho,PO, ™ is a rather weak acid, while the
third is hard to neutralize, HPC4 ~ being a very weak acid.
Conversely, when hydrogen ion, H+, is added to an ion like
PO, "7 itis taken up very completely at first until the latter
is converted into HPO4 7, then less completely until H,PO,~
is formed, and then only a little to form H3PO,. Similarly,
when H+ is added to CO3™ 7, the first step is the formation of
HCO;™, the second is the formation of HyCOjz, or CO,. Even
H,SO, forms some HSO,™ in more concentrated solutions.

17. Ionization in Other Solvents Than Water. Water is
the chief solvent in which we are interested, but there are
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others which can dissolve electrolytes with ionization. The
most important of these are liquid ammonia and the alcohols.
Ionization in all other solvents that have been investigated
is less than in water, and seems to be roughly proportional
to the dielectric constant of the liquid. The following values
for the dielectric constants for several liquids are of interest
in this connection:

Water 80 Ammonia 16
Methyl (wood) alcohol 31 Chloroform 5
Ethyl alcohol 26 Ether 4
Acetone 22

18. Ionization of Fused Salts. Fused salts appear to be highly
ionized, conducting the electric current very readily. This corre-
sponds to the fact that melting a salt like NaCl merely releases
the charged atoms, Na+ and CI7, already present, held in fixed
positions in the solid state, but free to move in the molten state
towards charged electrodes. On account of this high conductivity
many substances are obtained industrially by the electrolysis of
fused salts rather than of aqueous solutions. This is the case es-
pecially with metals such as sodium, calcium, and aluminum, where,
instead of the desired metal, the hydrogen from the water would be
deposited at the cathode. Sodium and calcium are obtained, along
with chlorine gas, by the electrolysis of their fused chlorides.
Aluminum is obtained by the electrolysis of AlO; dissolved in fused
cryolite, Nas;AlFs.

19. Ionization of Water. Water itself is very slightly
ionized. The purest water that can be prepared has a very
slight conductivity due to H* and OH™. Knowing the con-
ductivities of these ions in more concentrated solution, as
we do from measurements with acids and bases, it is possible
to calculate the concentration of these ions in water to be
approximately 10~ molar! at ordinary temperatures. This
corresponds to 0.1 milligram of H+* and 1.7 milligrams of
OH™ per ton of water. Other methods of measurement con-
firm these figures.

1

1'This number is equivalent to writing -i% oF 15°000.000 "
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20. The method of calculation from conductivity is illustrated
by the following scheme.

Solution
measured . Ions present Conductivity at 18° C.
0.001 M-HCI 0.001 M-H+ 4 0.001 M-CI™ 377 X 10~¢
0.001 M-KOH 0.001 M-K+ + 0.001 M-OH™ 234 X 10°¢
Sum 611 X 10~¢
0.001 M-KCl 0.001 M-K+ 4 0.001 M-CI™ 127 X 10~®
0.001 M-H+ + 0.001 M-OH™ 484 X 10¢
if they could exist together
Pure water % molal H+ + OH™ 0.042 X 10~

Conductivity is proportional to concentration, therefore

-3
%—i% = %—, orx =09 X 1077,

Exercises

See Appendix II for answers

1. How would you define acid, base, salt, in terms of the ionic
theory?

2. Summarize in writing the evidence in favor of the theory
of electrolytic dissociation.

3. State in writing all the evidence you have learned, showing
that a solution of acetic acid is much less ionized than one of hydro-
chloric acid of the same concentration.

4. Divide the following substances into two lists, one for those
slightly ionized in water, the other for those highly ionized: am-
monium hydroxide, ammonium chloride, hydrochloric acid, sodium
acetate, carbonic acid, sodium chloride, mercuric chloride.

5. Write the formulas of all the salts that can be formed from
the following ions: Cat+, Mg+, Fet++, Al++, SO, ~, CI",

6. What are the properties of Hy and H+? How might each
one be converted into the other?

7. What are the properties of the following substances: Cu,
Cutt, Ag, Agt, Cl,, CI7?

8. Describe some of the properties of the dilute aqueous solu-
‘(u;ons of the following: HCl, KNO;s, HsSO4 NasSO,4 KCl, CuCl,,

USO4.



144 PRINCIPLES OF CHEMISTRY Ch. viit

9. How does the evidence obtained from the heat of neutraliza-
tion support the ionic theory?

10. Write the principal reaction occurring when (a) NaCl
dissolves in water; (b) a solution of sodium sulfate is evaporated;
(¢) concentrated HCI solution is warmed.

11. In writing the following equations represent all substances
by formulas indicating that they are mainly ionized or un-ionized,
as the case may be: a solution of acetic acid is neutralized by one
of sodium hydroxide; silver nitrate and potassium chloride solu-
tions are mixed, giving a precipitate of silver chloride; dilute hydro-
chloric acid acts on a solution of sodium carbonate, giving CO,, gas,
water, and sodium chloride solution; zinc is put into a solution of
copper sulfate, giving a precipitate of metallic copper; concentrated
sulturic acid acts on solid sodium chloride, giving hydrogen chloride
gas and solid sodium sulfate; mercuric chloride solution is treated
with hydrogen sulfide gas, giving a precipitate of mercuric sulfide,
etc.

12. What is the concentration of OH~ in (¢) equivalents per
liter, and (b) grams per liter, when 0.37 g. of Ca(OH); is dissolved
in 400 cc.?

13. A solution of acetic acid is found to give the same color with
methyl violet as a certain solution of HCl. Which would neutralize
the larger proportion of base? Explain.

14. Define or explain the following terms: ion, electrolyte, degree
of ionization, faraday, electron.

15. What is the degrce of ionization of a weak monacid base if
the concentration of the OH~ in a 0.5 normal solution is 0.002
normal?

16. (a) What is the concentration of Ht in a 2 molar solution of
acetic acid if it is 0.006 ionized? (b) What is the concentration of
C:H;0,7? (¢) Of the un-ionized acetic acid?

17. How many (a) faradays, (b) coulombs are required to de-
posit 1 g. of each of the following ions at the appropriate electrode;
and (¢) how long will it take using a current of 1 ampere: (1) H+,
(2) Nitt, (3) CI-, (4) Al+++?

18. Arrange the following in order of their freezing points, starting
with the highest: (a) 1 N-HCI; (b) 0.1 N-HCI; (¢) 1 N-acetic acid;
(d) 0.1 M-sugar; (e) 0.1 M-H,SO,; (f) water.

19. 0.1-g. atom of Zn is added to 0.05 moles of HCI in 500 cc.
H.O. (a) What substances are present in the final solution? () What
is the quantity of each in moles? (c) What is the concentration of
each in moles per liter?
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20. State what electron changes occur when (1) an electric cur-
rent is passed through a copper wire; (2) metallic zinc dissolves in
acid; (3) chlorine gas acts upon metallic sodium.

21. Outline experiments to show whether glutaric acid is stronger
or weaker than succinic acid.

22. It has been found that solutions of CuSO,4, Nd(NOj);, and
K;MnQO, are magnetic, while solutions of K:S0,;, Ba(NO;), and
LaCl; are not. From this information, mark + any substance below
whose solution you expect to be magnetic, — for any which is not,
and ? for any which cannot be decided from the data. Magnetism
can be assumed to be an ionic, hence additive property.

KNO; CUC12 Laz(MnO4)3 Ndz(SO4)3 —_—
Laz(SO4) 3




CHAPTER IX

COMBINING PROPORTIONS

1. Ionic Charges. The proportions in which ions combine
to form neutral substances are readily derived from their
charges. Conversely, when the formula of an ionizing sub-
stance is known, together with that of one of its ions, the
formula of the other ion is readily obtained. Examples have
been given in Chapter VIII, paragraph 10.

The ionic charges, as explained in Chapter V, depend on
the number of electrons an atom gains or loses. The elements,
H, Li, Na, K, have but one outer electron to lose, hence, on
combining with other elements, take a charge of 4+ 1. The
elements, Be, Mg, Ca, Sr, Ba, have two outer electrons and
give the ions Bett, Mgtt, etc. The atoms, F, Cl, Br, I, with
seven outer electrons, add one to complete an octet, becoming
F-, ClIT, Br, I'.

2. Oxidation Number. A substance may be insoluble in
water and fail to give in that way a direct indication of the
number of electrons each atom has lost or gained; neverthe-
less, we may feel confidence in the conclusions from more
indirect evidence. For example, FeO and Fe;O; are insoluble
in water but they dissolve in H+ as follows: FeO + 2 H+ =
Fet+ 4+ H,0; Fe,03 + 6 H+ = 2 Fet++ + 3 HyO. They can
also be formed from Fet++ and Fe+++ as follows: Fet+ + 2 OH™
= Fe(OH); = FeO 4+ H;0; 2 Fet++ + 6 OH™ = 2 Fe(OH); =
Fe,O; + 3 H,O. Now H+ is a substance which becomes H,
when it acquires electrons at a cathode and OH™ becomes O,
and H;O when it loses electrons at an anode; hence we con-
clude that the iron in FeO and Fe,0;3, respectively, has the
same number of electrons as in Fet++ and Fet++, We shall
call the charge which an element appears to have its oxidation

146
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number or state. The reason for using the word oxidation
may be illustrated by comparing the following reactions:

Zn + 2H* = Zn*t 4+ H, Solution of zinc in acid
Zn = Zntt 4 2 ¢~ Solution at an electrode
Zn 4+ 1 0, = ZnO Oxidation by burning
Zn + Cl, = ZnCl, Chlorination
Zn + Cutt = Znt+ 4+ Cu Displacement of Cu by Zn.

Each of these processes involves essentially the removal of the
two electrons from each zinc atom. Although the third reaction
only is literally oxidation, the term is extended in a figurative
sense to include thefn all. Accordingly, the oxidation number
of zinc has been increased in each case from 0 to + 2.

3. The reverse process, a gain in electrons, or decrease in
oxidation number, is designated by an obviously general
term, reduction. In the above reactions involving Zn, the
H+, O, Cl;, and Cut+ have been reduced, the oxidation
numbers having changed as follows: hydrogen, + 1 to 0;
oxygen, 0 to — 2; chlorine, 0 to — 1; copper, + 2 to 0.

4. The oxidation number can be assigned with little
ambiguity to elements that always lose the same number of
electrons, such as H, Na, K, Mg, Ca, Al; however, there are
exceptions to ordinary behavior. Thus Li and H; react to
form LiH, which fuses to give a conducting melt from which
H, separates at the anode, or pole from which electrons are
being removed. The hydrogen apparently has the unusual
charge, or oxidation number — 1, and the reaction is evidently
H™ = } H, 4+ €. Again, the oxygen in most of its compounds
has an oxidation number of — 2, having gained 2 electrons
per atom to complete the octet, as we might expect. It is
otherwise, however, in a class of compounds called peroxides,
including H,0,, Ba0O,, Na,0,. Evidence for this is seen in
the following contrasting reactions:

BaO + 2 H+ = Ba+ + H,0,
Ba()2 + 2 H+ = Bat*+ + H202,
SnO + 2 H* = Sn++ + H,0,
SnO, + 4 H+ = Sn+++ 4 2 H,0.
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It is evident that the oxidation numbers of Ba and O
cannot be the same in both BaO and BaO,; however, both
give the ordinary Batt on reaction with acid, hence it is the
oxidation number of the oxygen which changes. In the case
of SnO and SnO;, on the other hand, it is the tin that changes.
Evidently in both BaO, and H,O, the oxidation number of
the two atoms of oxygen together is — 2. If there were any
evidence that the electrons were unequally distributed be-
tween the two oxygen atoms, one might assign different
oxidation numbers accordingly to the two atoms, for — 2
and 0, for example, would add up to — 2 just as do — 1
and — 1, but not only is such evidence lacking but since
the two atoms are quite alike it is improbable that any such
inequality could be more than instantaneous. The question
has no practical significance; it suffices to assign the oxidation
number — 1 to oxygen in peroxides.

5. Compounds whose atoms are held together by electron-
pair bonds range gradually from those in which the electron
pair is equally shared to those in which the pair is largely
displaced towards one of the atoms. Such gradations are
shown in Table 6, Chapter V. To assign the bonding electrons
entirely to the more negative atom is evidently rather
arbitrary except where the substance is ionic as with MgO,
but it is customary in such cases to assign the electrons to
the more negative element. Usually, though not always,
there is sufficient experimental evidence to reveal the direc-
tion of electron displacement, permitting useful classifications
of the compounds of an element according to the several
oxidation numbers it assumes, and the balancing of equations
for reactions in which the element changes its state of oxida-
tion by simple formal procedures (cf. Chapter XV).

6. Thus, SFs, SO3, SO, ~, and H,SO, are classed together
as compounds containing sulfur with an oxidation number
of 4+ 6; with SCl,, SO,, and SO;” " it is + 4; while in H,S,
SH™, and ZnS it is — 2. These oxidation numbers are assigned
by aid of the knowledge that oxygen has a very strong
tendency to add 2 electrons in all its compounds except the
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peroxides; chlorine is usually — 1, hydrogen is usually + 1,
and zinc + 2. Furthermore, the changes involving no change
in oxidation number are simpler than those which do.

Compounds of arsenic are readily classified according to
oxidation number in the accompanying table.

TABLE 1
Oxidation Numbers of Arsenic
-3 0 +3 +5
H;As ‘As AsCl AsF;
MgsAse AsyOs As;05
AsO;~ AsOs~

7. An interesting case is presented by the sulfur in sodium
thiosulfate, Na,S:0s, the ‘‘hyposulfite of soda’ of photography.
The thiosulfate ion probably has the structure,

:0:

e o0 oo

:0:S:S:

--:6:00

like that of SOy . This ion can decompose to give off the extra
sulfur as free sulfur, whose atoms are : S, or as sulfide ion, :S:,

depending upon the reagents used. We might accordingly say that
the inner and outer sulfur atoms are respectively either + 4 and
0, or + 6 and — 2, depending upon which behavior we are consider-
ing, or, neglecting these behaviors, we might assign + 2 as the
average for the two atoms. Deccision between these alternatives is
quite unnecessary for balancing an equation for the oxidation of
this ion, since a total of 8 electrons would be necessary to oxidize
8203_- to2 504—_.

8. There is another kind of combining value called coordination
number, that expresses the number of atoms, irrespective of charge,
that group themselves around the atom in question. In sulfate ion
and thiosulfate ion the coordination number of the central atom
is 4. In SF, it is 6. Silver, with a charge of + 1, has a coordination
number of 2 in the compounds, Ag(NHj3),+and Ag(CN).". Platinum,
in PtCl¢s™™, has a coordination number of 6, although it may be
regarded as containing Pt at the + 4 oxidation level.
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..-E2
Examples of Coordination and Oxidation Numbers of the Central Atom

Coordination Oxidation
number number
S04~ 4 6
SFs 6 6
K,SiFg 6 4
Fe(CN)s —~ 6 3
Fe(CN)g ™~ 6 2
Ag(NHs)q* 2 1
Ag(CN)~ 2 1
K3PO, 4 5
K2SO4 4 6
KClIO4 4 7
Cr(NHg)et++ 6 3
CrO4™ ~ 4 6

Table 2, which gives exampiles of coordination numbers and oxidation
numbers for a number of substances, should be of assistance in dis-
tinguishing them.

The coordination number seems to be partly determined by
geometrical considerations, depending on the relative sizes of the
central and surrounding atoms and upon the symmetry of the result-
ing structure, especially as packed into a crystal lattice. A larger
coordination number is favored by larger size of the central atom
and smaller size of the surrounding atoms, as shown by the existence
of SFg but not SCl;, OsFs but not FeFs, K;IOg but only KCIO,.

9. Covalence. There is still another term 1 use, covalence,
which signifies the number of electron-shared bonds con-
necting the element in question with surrounding elements
(cf. Chapter V, paragraph 10). This is particularly significant
in organic chemistry, where relatively nonpolar, covalent
bonds predominate. The element carbon gives no simple ions.
Oxidation numbers, if desired, have to be based upon the
direction of displacement of the electrons in bonds, often
small and uncertain. However, it is the covalence of carbon,
the number of electron-pair bonds it can form, which is of
far greater significance. This number never exceeds 4. (This
matter is set forth in detail in Chapter XVIII.)
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10. Writing Equations. In connection with chemical equa-
tions it isimportant to realize that the mere writing of the equa-
tion imposes no obligation upon the substance involved to be-
have as indicated by the equation. The burden is rather upon
the one who writes the equation to endeavor to make it cor-
respond to an actual or possible behavior. A complete justi-
fication of an equation would require the experimental
determination both of the substances produced, their formulas,
and their relative amounts. A knowledge of oxidation numbers
aids in writing the formulas of substances likely to be formed
and also in fixing the numbers of atoms and molecules neces-
sary to make an equation “balance,” a necessary feature of
an equation.

11. Union of ions. Equations involving the mere splitting of
molecules into ions or vice versa are easily balanced with
due regard to electric neutrality. For example, if a solution
of Al;(SO4)s, which contains Al*++ and SO, 7, is mixed
with one of BaCl;, which contains Ba++ and 2 CI7, the SO, ~
unites with the Ba*t to form a precipitate of BaSO,; hence
we write simply,

Bat++ 4 SO, ~ = BaSO,.

The Al++ and CI” which are present have not reacted, so
that they need not be put into the equation any more than
the water, the containing vessel, or other necessary feature
of the reaction.

12. Let us consider, next, the reaction between aluminum
and Fe;04 to form aluminum oxide and iron. To be abso-
lutely certain of the formula of the aluminum oxide produced
we would have to determine it by analysis. We do not, how-
ever, find aluminum compounds in which the oxidation
number of aluminum is other than 3, as we see it in AlCl;.
This would lead us to anticipate that the oxide formed
would be Al;O3;, which is correct. Accordingly, we have Al
and Fe;O, giving Al;O3 and Fe. We must next adjust the
number of molecules so that there will be the same number
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of atoms of each element on each side of the equation. It is
obvious that we must take 3 Fe;O4 to get an integral number,
4, of Al,O; molecules. Adjusting the number of atoms of
Al and Fe, we have as the equation

3 Fe304 + 8 Al = 9 Fe + 4-A1203

It is always desirable to check the equation written by
comparing the number of atoms of each element on each
side of the equation. They should, of course, be equal.

13. Oxidation and Reduction of Simple Ions. Equations
for simple reactions of this type are readily balanced by
balancing the total changes in oxidation numbers; the increase
for the substance oxidized must balance the decrease for the
substance reduced. Examples of this process may be seen
in the following equations:

Cutt 4+ Zn = Zn*tt+ 4+ Cu.
2 Agt + Zn = Zn*t 4 2 Ag.
Cl; +2Br =Br. +2CI.
Fet++ + 17 = Fet+ 4+ 1 I,.

2 Fet++ 4- Sp++ = Spt+++ 4- 2 Fett,

(The balancing of more complicated equations involving
oxidation and reduction is explained in detail in Chapter XV.)

Exercises

1. What is the probable oxidation number of each element
in each of the following compounds: CuSOy, Cu(NO3;),, Pb(NOjs),,
PbCO;, CrCl;, MgO, NH.CI, CuS, FeCO; KCIO; KiCrO,,
Fe(OH),?

2. Write the formulas of a number of other compounds that
might be formed from the constituent parts of the above compounds
(omitting the atoms within the ions).

3. Explain the terms: oxidation number, coordination number,
oxidation, reduction, covalence.

4. Complete and balance the following incomplete equations:
F 8203 + C = CO +
Mg(OH). + 2 H* =
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MgO + 2 H+ =
CrCl; + KOH =
Al + HgCl, = Hg + Al++ 4 CI”
NH+ + Ca(OH); = NH,OH +.
5. Classify according to the state of arsenic the following

arsenic compounds: AsCl;, As;O;, As:Os, As:Ss, NaAsS; (consider
the oxidation number of S to be — 2), H;As, H3As04, Ag;As.

6. In each of the following reactions determine what elements

are oxidized and what reduced:
2 HgCl; + Sn*t+ = Hg,Cl, + Snt+++ 4 2 CI7,
2Agt 4+ Zn = 2Ag + Zntt,
Zn + OH™ 4+ H,0 = HZnO, + H,.

7. Explain why both positive and negative oxidation numbers
are used.

8. Is As oxidized or reduced when it is changed from (1) AsCl,
to AS‘)O&, (2) HaAS to ASzOs, (3) A5205 to ASO4———?

9. Classify the following substances according to the state of
oxidation of the sulfur in them: H,S, SO,, HSO;", SH™, S, SO4 ~,
SOa, NazszO:;, SC14, ZHS.

10. Classify the following substances according to the state of
oxidation of the iron in them: Fey(SO,)s, FeS, Fe, FeSO,, FeCls,
Fe(CN)s 7, Fe;0s, Fe(OH),, KFe(SO,)s12 H;0, BaFeO,.



CHAPTER X

CHEMICAL NOMENCLATURE

1. The common names of most familiar substances, given
before the development of chemistry as a science, usually
give no clue to their composition. However, as the number
of known substances has increased it has become necessary
to use names which are based upon some system. The multi-
plication of terms such as ‘“oil of vitriol” (which is not an
oil), ‘‘copperas” (which contains no copper), ‘‘Glauber’s
salt,” ‘“‘cream of tartar,” ‘‘muriatic acid,” etc., would place
an almost impossible task upon the memory if it were ex-
tended to the hundred thousand or more known substances.
To avoid such a situation as is found in mineralogy, where
the terms give little clue to the composition of the substance,
chemists have evolved a nomenclature which is based upon
the elements composing the compound. This nomenclature
has the advantage of being almost international, so far as
the European languages are concerned.

2. Names of the Elements. The only generalization possible
in the nomenclature of the elements is in regard to the names
of the metals. The effort has been to give the Latin neuter
suffix, -um, to the names of metals, as illustrated by potas-
sium, magnesium, platinum. Where the clement was com-
monly known before the introduction of this systematic
nomenclature we may have still surviving the common name
without this suffix, as with iron, silver, copper, gold. In such
cases the Latin name, from which the symbol is derived, may,
however, often be used to designate compounds. For example,
instead of copper sulfate we may say cupric sulfate, from
the Latin cuprum. The reason for this use of the Latin name

will become apparent later.
154
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The group NH,, which gives compounds analogous ta
those of the metal potassium, is called ammonium.

3. The More Positive Element Named First. It is cus-
tomary to give the name of the metallic or positive element
first in naming the compound (corresponding to the order
used in writing the formula), as is seen in the names of
aluminum oxide, sodium chloride, copper sulfide, magnesium
sulfate, potassium nitrate, hydrogen fluoride, carbon dioxide,
etc.
4. Binary Compounds Designated by Suffix -ide. When
the compound consists of but two elements it is customary
to add the suffix -ide to the name of the second or less metallic
element in naming the compound. Thus all compounds of
oxygen with a single more positive element are called oxides,
those of chlorine are called chlorides, those of phosphorus,
phosphides, those of carbon, carbides, etc.

In a few cases this suffix is used where the compound
contains more than two elements because of the existence
of certain groups acting much like a single element. For
example, the cyanide group, CN, acts very much like the
halogens; hence KCN is called potassium cyanide, by analogy
with KCl, potassium chloride.

5. Designation of Compounds Where the Positive Element
May Show Different Oxidation Numbers. As was pointed
out in Chapter IX, there are many elements showing more
than one oxidation state in their compounds, so that the
simple naming of the constituents as above leaves an am-
biguity as to which of the possible compounds is meant.
There are, for example, two chlorides, oxides, etc., of mer-
cury, iron, tin, lead, copper, etc., so that it is not sufficient,
in these cases, to speak of mercury chloride, iron chloride,
tin oxide, copper sulfide, etc. In most cases the positive
elements exhibit but two oxidation states, and it is possible
to distinguish their two series of compounds by adding the
suffixes -ous and -ic to the name of the positive element,
signifying the lower and higher oxidation states respectively.
Accordingly, we designate Hg,Cl; as mercurous chloride and.
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HgCl; as mercuric chloride; As;O; as arsenous oxide, and
As;O5 as arsenic oxide. In many cases the common English
name of the element does not lend itself to this usage, as
with the elements iron, copper, tin, lead. In such instances
the Latin name of the element is used, so that we have
FeCl,, ferrous chloride, and FeCls, ferric chloride, Cu,0,
cuprous oxide, and CuO, cupric oxide, SnS, stannous sulfide,
and SnS,, stannic sulfide.

Another way of distinguishing between different compounds
of the same element is by the use of the Latin and Greek
numeral prefixes to the names of the elements. These prefixes,
up to eight, are as follows:

1 2 3 4 5 ¢ 7 8
Latin Uni-  Bi- Ter- Quadri- Quinque- Sexa- Septi- Octa-
Greek Mono- Di- Tri- Tetra-  Penta- Hexa- Hepta- Octo-

To these we may add the Latin kemi, meaning one half, and
sesqui-, meaning one and a half. By the use of these prefixes
we can often designate the compound with less ambiguity
than by means of the suffixes -ous and -ic, especially when
more than two compounds exist. As examples of the use of
these prefixes we may mention CO, carbon monoxide, and COs,
carbon dioxide; CS;, called both carbon bisulfide and carbon
disulfide; PCl3, phosphorus trichloride, and PCl;, phosphorus
pentachloride; Cr203;, chromium sesquioxide, and CrQOjs, chro-
mium trioxide; SbeSs, (di)antimony trisulfide (antimonous sul-
fide) and Sb,S;, (di)antimony pentasulfide (antimonic sulfide).

Roman numerals are used to indicate the state of oxidation
alone, without commitment as to the particular combination
in which it exists, e.g., plutonium IV or Pu".

6. Binary compounds containing oxygen in the same peculiar
form as in hydrogen peroxide are called peroxides, e.g., BaO.,
barium peroxide, Na;O;, sodium peroxide.

7. Binary Acids. Acids consisting of hydrogen and one other
element are designated by the prefix hydro- and the suffix -ic,
like HCl, hydrochloric acid; HNj3, hydrazoic acid ; HsS, hydro-
sulfuric acid.
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8. Oxyacids and Salts. Certain elements capable of assum-
ing more than one oxidation state form two or more acids
containing oxygen. In such cases the significance of -ous and
-ic in distinguishing higher and lower oxidation state is
similar to that used with binary compounds. We have H3SOs3,
sulfurous acid, and H2SO,, sulfuric acid; HCrO;, chromous
acid, and HsCrOy, chromic acid; H3AsOs, arsenous acid, and
H3AsQy, arsenic acid; and HNO,, nitrous acid, and HNO;,
nitric acid. When more than two oxygen acids of the same
elements exist, the prefixes hypo- and per- are used, as illus-
trated in the following table, which shows at the same time
the salt designations corresponding to the different types of
acid, using the acids of chlorine for illustration:

Acid Corresponding Salt
HCl Hydrochloric KCl1 Potassium chloride
HCIO Hypochlorous KCIO Potassium hypochlorite
HCIO; Chlorous KCIO, Potassium chlorite
HCIO; Chloric KClO; Potassium chlorate
HCIO, Perchloric KCIO,4 Potassium perchlorate

9. Peroxy-Acids and Salts. A few oxygen acids and salts
contain a pair of oxygen atoms joined together as in hydrogen
peroxide. These are designated by the prefix peroxy. An ex-
ample is H2SOs, peroxysulfuric acid, in which it is part of the
oxygen, not the sulfur. which has the unusual oxidation num-
ber (cf. Chapter 1X).

10. Sulfoacids and Salts. There are many cases where
sulfur replaces oxygen in salts, though the corresponding
acids are not capable of existing free. These are designated
in the same way as the oxysalts, using the prefix sulf(o)-, or
better, thio-. We have KSbO., potassium antimonite, and
KSbS;, potassium thioantimonite; KSbOs, potassium antimo-
nate and KSbS;3, potassium thioantimonate; KCNO, potassium
cyanate, and KCNS, potassium thiocyanate.

In the case of Na:S:03, which seems to be a sulfate with
one oxygen atom replaced by a sulfur atom, the name thio-
sulfate is given.
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11. Complex Halogen Acids and Salts. Similar to the
oxy- and sulfoacids we have others containing the halogens,
like H,PtCls, chloroplatinic acid, giving salts called chloro-
platinates; H;SiFs, fluosilicic acid (cf. H;SiO;, silicic acid);
HAuCl,, chloroaurous acid and HAuCly, chloroauric acid.

12. Acid and Basic Salts. Many acids have more than one
replaceable hydrogen atom in the molecule, and many bases
have more than one replaceable hydroxyl group in the mole-
cule. Sulfuric acid, from example, is called a dibasic acid on
account of its ability to neutralize two hydroxyl groups.
Similarly, H3PO,, phosphoric acid, is a tribasic acid. On
the other hand, Mg(OH);, magnesium hydroxide, is a diacid
base for similar reasons. In such cases it is usually possible
to have partial neutralization of either acid or base so as to
give either an acid salt or a basic salt. The following equations
represent the formation of such salts:

NaOH + H,SO, = NaHSO, + H;0,
KOH + H;PO, = KH,PO, + H,0,

2 KOH + H;PO, = K,HPO, + 2 H,0,

Mg (OH), + HCl = Mg(OH)CI + H,0.

The salts produced in these reactions would be called,
respectively, sodium acid (or hydrogen) sulfate, potassium
dihydrogen phosphate, dipotassium hydrogen phosphate
and magnesium hydroxy chloride or basic magnesium chloride.
The names monoprotic, diprotic, etc., are used by some
chemists in place of the preceding, signifying 1 proton (hydro-
gen ion), 2 protons, etc. ’

Sometimes a basic or hydroxy salt may lose water, be.
coming an oxysalt. With bismuth hydroxide, for example,
Bi(OH);, the progressive neutralization with HCl would
give first Bi(OH);Cl, then Bi(OH)CIl;, finally BiCl;. The
first of these loses water, becoming BiOCl, a well-known
substance called bismuth oxychloride. In naming these two
kinds of basic salts chemists are not always careful to dis-
tinguish between an oxysalt and a hydroxy salt, but there
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is some justification in this, on account of the uncertainty
existing in many cases as to whether the water present in
the precipitate is actually combined or not.

Sometimes this oxy group plays the part of a radical,
existing throughout various metathetical reactions. The
radical is then usually designated by the suffix -yI, as in
BiOCl, bismuthyl chloride, CrO.Cl,, chromyl chloride, UO,Cl,
uranyl chloride.

Acid salts may likewise lose water, but the possible types
of compounds can best be understood in connection with
the various types of partially dehydrated acids.

13. Partially Dehydrated Acids and Their Salts. If an
acid salt like KHSO,, potassium acid sulfate, is heated, it
loses water according to the equation

2 KHSO4 = H20 + KzSzO'].

The same result is obtained by adding SO; to K,;SO,. With
reference to its mode of formation this salt is called potassium
pyrosulfate (from the Greek pyr, meaning fire). It may also
be called potassium bisulfate on account of the extra SOj;
present. This is more evident if the formulas of both the
sulfate and the bisulfate are expressed as compounds of acid
and basic anhydrides, as was done in Chapter V for many
salts, giving K70 - SOj, and K,0 - 2 SO;, respectively. There
are other examples of this type. When acid is added to a
chromate, as K;CrQy, instead of getting an acid salt, KHCrO,,
there results a bichromate, as represented by the equation

K,CrO4 + HCI = (KCI + KHCrO,)
= KC(Cl + %Hgo + % K2Cr207.

There is no great distinction between a bisalt and an
acid salt (in solution it is generally impossible to distinguish
them), so that the former name is applied somewhat indis-
criminately. Thus NaHCOj;, sodium acid carbonate, is often
called sodium bicarbonate, though the real bicarbonate, which
would be Na,C,0s, does not exist. Similarly KHSO, may
be called potassium bisulfate. Sometimes it is possible to.
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have still more of the acid anhydride present, as with K;Crz0,,
and K,;Cr,O,3, called potassium trichromate and tetrachrom-
ate, respectively, or in general, polychromate (from the Greek
poly, meaning many). This again becomes most obvious
when the formulas are written in terms of the acid and basic
anhydrides, giving K70 - 3 CrO3 and K30 - 4 CrO;. It might
be desirable to be more precise, reserving the name potassium
acid sulfate for KHSO,4 and potassium bisulfate for K,S,0;,
but it is unlikely that the familiar name for NaHCOj3, sodium
bicarbonate, would give way in the interest of a finer distinc-
tion.

With a tribasic acid like phosphoric acid, H3PQOy,, there
exist several partial anhydrides, like HPO; and H,P,O,.
The relations between these acids is best brought out by
the equations,

3 Hzo + P205 = 2 H3PO4,
Hzo + PgOs = 2 HP03 = 2 H3PO4 - 2 Hgo,
2 Hgo + P205 = H4P207 = 2 H3PO4 - Hzo.

In the first, H3PO,, we have the maximum amount of water,
and it is called orthophosphoric acid (from the Greek ortho,
meaning straight, direct). The second, metaphosphoric acid
(from the Greek meta, meaning after), may be derived by
the simple abstraction of water from the orthoacid. The third
is called pyrophosphoric acid. The application of these terms
to several other acids, as in the following table, will make
them clearer:

Acids Boric Silicic Phosphorous Stannic
Ortho H;3;BO; H,SiO, H;POy H;SnO,
Meta HBO: H:SiO; (HPOy) H:SnO;
Pyro H:B,0, (Many poly-  H,P.Qs
(also called silicic acids.
tetra-) H30 : #Si0y)

It is evident that there is no distinction between a pyroacid
and its salts and a polyacid, and where there are several it
is not customary to use the prefix pyro- with its ambiguous
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significance, for although there is but one pyrophosphoric
acid there are a number of polysilicic acids, which require
such distinguishing terms as dimetasilicic acid for H,Si;Os;
trimetasilicic acid for H;Si307; diorthosilicic acid for H,SiyOe,
etc. The salts are, of course, designated as for the simpler
acids; thus Nap,H.P.O; is disodium-dihydrogen pyrophos-
phate, Na;B4O; (borax) is sodium tetra- (or pyro-) borate,
K;SnO; is potassium metastannate.

Exercises

1. How should each of the following substances be named:
CaH,, H,S, PbS, Ni(OH),, Ni(OH);, Hg:SO4, HgSO4, PbO, Pb;O,,
CuCO;, H,CO; Hg(NOj)., Hg(OH)NO,;, NH,CI, NH.OH,
NHHSO,, KHNH,PO,, SbCls;, SbCl;, SbOCl, NaCl, NaClO,
AICl;, Al(OH);, NaH;AlO3;, NaAlO;, SO, H,SO; (cf. HsSO,,
sulfuric acid), NaHSO3, NayS;07, SO, SbyO3?

2. Give the names of the following substances: (1) ClO;;
(2) NaClO; (3) HBr; (4) HCIO,; (5) KIO,.

3. What facts about the following substances can be concluded
from their names: thallium; silver arsenide; thallous chloride;
carbon bisulfide; phosphorus pentabromide; nitrogen iodide;
cerium; ceric chloride; lead dioxide?

4. Give the formulas of the following substances: (2) oxygen
gas; (b) carbonate radical; (¢) ammonium hydroxide; (d) cuprous
sulfide; (e) aluminum sesquioxide; (f) nitrogen trichloride.

5. If H;AsQ, is called arsenic acid, what should each of the
following be called: HAsO3s, H3AsOs, HsAs:07, PbHAsO,, KAsS;?

6. If K:MnO, is called potassium manganate, what should
KMnO; be called?

7. If H,SnOy is called orthostannic acid, what would you call
each of the following: HySnO,, NaHSnO;, NaHSnO,, Na,SnS;?



CHAPTER XI

THE SPEED OF CHEMICAL REACTIONS

1. The Problem. The previous chapters have been taken
up with various aspects of the nature and composition of
substances, and with the representation of substances and
their reactions by means of formulas and equations. We
are now ready to inquire into the means of controlling chemi-
cal reactions so as to realize desirable possibilities or prevent
undesirable ones. There are two factors involved in this
control, the direction and the speed. For example, at high
temperatures the following reaction takes place readily:

2NH3=N2+3H2.

The theory to be developed in Chapter XV shows that it
should be possible to reverse this reaction at low tempera-
tures and make ammonia from its elements. We find by
experiment, however, that the reaction proceeds so slowly
at low temperatures as to be utterly useless as a means of
making ammonia, and that we must seek some means for
its acceleration in order to make it of any practical use. The
means of altering the direction of a reaction will be discussed
in the following chapters, this one being devoted to the
question of speed in reactions where the direction is already
assured. Sometimes we may wish to increase the speed of
a reaction, as in the cooking of food, and sometinies we may
wish to retard an undesirable reaction, such as the rusting
of iron or the decay of wood. How may this be done?

2. Application of the Kinetic Theory. In order that reaction
may take place between different substances, their molecules
must come together, or collide. However, when we calculate

from kinetic theory the number of collisions, and compare our
162
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calculation with the observed number of molecules reacting,
we discover that by no means every collision leads to reaction.
In a typical reaction, only one-millionth or less of the collisions
lead to reaction; most colliding molecules merely bounce off.
To increase the speed of a chemical process, we can either
increase the number of collisions, or increase their effectiveness
by making them more violent. The first is achieved by a
greater concentration, the second by a higher temperature.

3. Effect of Concentration. Kinetic theory tells us that the
number of collisions is proportional to the concentration of
molecules. In agreement with expectation, we do find all reac-
tions to be faster at higher concentrations of their reactants.
For example, combustion is much more rapid in pure oxygen
than in air, which is only one-fifth oxygen; carbon dioxide gas
is evolved rapidly when sodium bicarbonate is treated with
dilute hydrochloric acid, but at a much more moderate speed
with the weak acid, sodium dihydrogen phosphate.

Chemists constantly make use of this effect of concentration
to control the speed of reactions. Thus, high pressures of nitro-
gen and hydrogen will increase the speed of the ammonia
synthesis. A reaction which at ordinary concentrations is too
fast to study (such as, for example, the reaction of iodine with
thiosulfate ion in solution) can be slowed down by the use of
extremely dilute solutions.

4. If two molecules have to collide in order to bring about a
certain reaction, then doubling the concentration of either should
double the speed of the reaction; doubling the concentration of both
should quadruple the speed. Of course, as the reacting substances
are used up the speed diminishes.

The quantitative relation between reaction velocity and con-
centration is expressed by an equation of the general type,

v = kcicacs . . .

where v is the velocity of reaction, as measured by the rate of dis-
appearance of one of the substances, or of the formation of another;
and ¢, ¢g, ¢3, etc., denote the concentrations of one or more kinds of
reacting molecules. This sort of expression is called a rate law.
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As an example, take the reaction of iodate with iodide,
I0;-+ 51~ 4+ 6 H* = 31, + 3 H,O.
The rate law for this reaction is found to be
v = k(1057)(I7)*(H)™

As may be seen from this example, the exponents in the rate law do
not necessarily correspond to the coefficients of the balanced equa-
tion for the reaction. For this reason, the rate law for a reaction can-
not be inferred from the balanced equation, but has to be determined
experimentally.

5. Surface Reactions. If a reaction is taking place at a sur-
face, its speed is proportional to the surface area. For this
reason, finely powdered sugar will dissolve faster than lump
sugar; a spray of droplets will evaporate faster than a still
body of liquid; and a combustible dust will burn in air with
explosive rapidity. For the same reason, solids used as catalysts
are usually prepared in a colloidal state of subdivision, or are
deposited on other solids of very great surface area.

» The condensation of vapor on a droplet, or the growth of a
crystal from a liquid, likewise proceeds at a rate proportional
to the surface area. At the beginning of the process, when the
area is zero, the rate is also zero. Consequently, it is necessary
to add “‘seeds” or ‘“nuclei” to start the condensation or crys-
tallization. In the complete absence of nuclei, it is quite easy
to cool a vapor well below its condensation temperature, a
liquid below its freezing point, or a salt solution below its
saturation temperature, thus forming ‘‘supercooled” and
“supersaturated” systems. An organic chemist frequently
finds that a compound he has prepared will not crystallize
until a “seed crystal” of the same substance has been added.
Another application of nucleation is the cloud chamber, in
which the path of an ionizing particle appears as a fog track
formed by the condensation of droplets upon the ions, which
act as nuclei. Another is the initiation of rainfall by the nu-
cleation of clouds. The photographic process makes use of
nucleation: when light strikes a grain of silver bromide, it
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produces a tiny nucleus of metallic silver, at whose surface
chemical development later takes place preferentially.

6. Effect of Temperature. We find that the effect of increas-
ing the temperature is always to increase the reaction velocity.
An increase of 10° C. in temperature will generally double or
triple the speed of the reaction. This is merely a rule of thumb;
the temperature coefficient varies a good deal from reaction
to reaction. For example, the rate at which sugar dissolves in
water may increase some 259, upon a 10° rise in temperature,
while the rate of a protein reaction, such as the coagulation of
egg white, may increase 30-fold upon the same temperature rise.

7. Chemists make use of the accelerating effect of higher
temperature in chemical reactions, and we see it constantly
in everyday life. The reactions responsible for the growth of
plants, for the decay of dead animal and plant substances, for
the souring of milk, are all greatly influenced by the tem-
perature, so that the importance of warmth for growth and
of cold storage for preservation is well known to all. The
housewife sets her bread to rise in a warm place to hasten the
fermentation which produces the carbon dioxide. Those whe
have lived or camped at high altitudes know of the difficulty
of cooking certain foods at the lower temperature at which
water boils under such conditions. The difficulty is sometimes
solved by means of “‘pressure cookers,” which hold the steam
under pressure, allowing a higher temperature to be reached.
Such an apparatus may also be used at ordinary altitudes,
resulting in a great saving of fuel when cooking such things as
beans or the tougher cuts of meat, for it requires scarcely any
more fuel to maintain a temperature of 120° C. than it does to
maintain one of 100° C., although a reaction that requires 5
hours at the latter temperature might be completed in less
than 1 hour at the former. In such processes as extracting glue,
gelatin, and fats, ‘“‘superheated steam’ is used with similar
effect. The speed of cooking such a thing as a potato is also.
increased by cutting it into small pieces, so that all parts of it
are quickly brought to the temperature of the boiling water
in which it is immersed.
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8. The process of hardening steel is an interesting case
of retarding a reaction by lowering the temperature. Above
766° C. a steel containing 0.9 per cent carbon consists of a
hard, tough variety of iron holding the carbon in solid solu-
tion, but below that temperature it tends to changc into a
heterogeneous mixture, shown in Fig. 3, Chapter I, of soft
iron (like wrought iron) and a hard, brittle iron carbide,
FesC, known as cementite. However, this transition requires
an appreciable time, and if the steel, heated above 725°C.,
is suddenly cooled by quenching in water, so that low tem-
peratures arc quickly reached, the tough solid solution may
be obtained at ordinary temperatures, where the velocity
of the change is practically negligible. This is shown in Fig. 4,
page 9. A solution which required 10 seconds for transition
at 766° C. to the variety stable at ordinary temperatures
would require 300,000 billion years at 20° C. if the reaction
velocity were halved for every 10°C. fall in temperature.
Hardened steel is thus an unstable substance at ordinary
temperatures but we can keep it almost indefinitely by reason
of the extreme slowness of its change into the stable variety.
If we cool the steel slowly, i.e., anneal it, or if we allow the
hardened steel to get too warm for a while, as by too rapid
grinding or cutting with a tool, it changes into the stable
soft mixture, losing its “‘temper.”

9. Many chemical substances are similarly unstable at
ordinary temperatures, existing only because the speed at
which they decompose is small. In this class are included
ozone, Os; hydrogen peroxide, H:O;; all explosives; and most
of the compounds of carbon. Nitric oxide, NO, is stable in
the true sense only at the temperature of a very hot electric
arc and it can be obtained at ordinary temperatures by a
process of rapid cooling similar in principle to the hardening of
steel.

10. Combustion and Detonation. Spontaneous combustion
is the result of the preliminary slow oxidation which many
combustible substances undergo in contact with air. Ordinarily
the heat of these reactions is liberated so slowly that it has time
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to be conducted away, so that no perceptible rise in temper-
ature of the oxidizing material takes place. When, however,
the material is a poor conductor of heat, like oil-soaked cotton
waste, and is in large quantities, so that the heat produced is
partly retained, then the rise in temperature causes an increase
in the rate of oxidation, with a further gradual rise in tem-
perature, until the temperature of ordinary rapid combustion
is attained, and the material bursts into flames.

The temperature in a combustion zone is so high that most
chemical reactions there are very fast. The rate of propagation
of combustion is limited by the rate at which heat can be
transferred, or by the rate of diffusion of hot molecules.

A detonation is a very rapid decomposition, in which the
temperature and pressure are extremely high, and which
spreads through its medium with the velocity of sound. A
high explosive, such as nitroglycerine, detonates; so does a
hydrogen-oxygen mixture, or the fuel in a ‘“knocking” engine.
The decomposition of gunpowder, of rocket propellants, or of
fuel in a properly operating internal combustion engine, is not
detonation, but only a fairly rapid reaction.

11. Activation. The fact that only a small proportion of
collisions lead to reaction can be related to the stability of the
reacting molecules, indicating that they must first be “opened
up”’ in some way before their atoms can rearrange themselves
into new molecules. Suppose, for example, that hydrogen or
nitrogen can react only if they first split into atoms: the disso-
ciation into atoms requires, for hydrogen, 103 kcal. per mole,
and for nitrogen, 226 kcal. per mole. For most reactions, it is
not necessary to split molecules into atoms in order for them
to react. However, virtually all reactions do require some
“activation energy.”

We may use a mechanical analogy to assist in understanding
activation. Let us imagine a weight resting on a shelf provided
with a rim, as in Fig. 1. It will be possible to let the weight
do work while falling to the floor by attaching it by means
of cord and pulley to a dynamo or other means of absorbing
energy. If the rim were absent and the weight standing on
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a smooth, oiled shelf, very little energy would have to be
expended to push the weight over the edge and start the

|

Energy of
activation

Energy of
reaction

. |

Fig. 1. Illustration of differ-
ence between energy of activa-
tion and energy of reaction.

process, but in the arrangement
shown, it is necessary to do work
on the weight to lift it over the
rim in order to start the process.
This extra energy is then re-
covered by reason of the extra
height through which the weight
falls. We might call the energy re-
quired to lift the weight over the
shelf, from a to b, the energy of
activation, while the energy ob-
tained from a to the floor, ¢, is the
net energy of the reaction. These
two amounts of energy evidently
have no necessary connection.

12. The necessary activation en-
ergy must be derived from molecular
collisions. This is possible because the
molecules of a gas have velocities
both lower and higher than the mean
velocity discussed in Chapter III.

The velocities are distributed among the molecules according to
curves shown in Fig. 2. At room temperature, 109, of the collisions

are between molecules with a total
energy of 1365 calories or greater;
19, 2730 calories or greater; 1 in
1000, 4095 calories or greater, and
so on. One collision in 10? involves
an energy of 12.3 kcal. or greater,
and one collision in 10 20.5 kcal.
or greater.

The number of high-energy col-
lisions depends markedly on tem-
perature. A 10° increase in tem-
perature will double the number
of collisions of 12.3 kcal. or greater

Number of molecules

'
1
N

Velocity 8

-
~

Fig. 2. Distribution of molecular
velocities at lower temperature, T,
and higher temperature, T,.
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energy, and will triple the number of collisions with energy exceed-
ing 20.5 kcal. Consequently, if a certain reaction requires an acti-
vation energy of 12.3 kcal., a ten-degree température increase will
double its rate; for an activation energy of 20.5 kcal., the same
temperature increase will triple the reaction rate.

The quantitative relation of the reaction rate constant, &, to
temperature is

4.57logiok = A — %
where A and E are quantities characteristic of the reaction
in question; E is the activation energy for the reaction, in
calories per mole. A graph of the logarithm of & against the
reciprocal of T will give a straight line.

13. Effect of Catalysts. Many reactions can be accelerated
by the presence of substances which are not themselves perma-
nently used up by the reaction. Such substances are called
catalysts. The role of a catalyst is to provide an additional
pathway or mechanism for the reaction; in many cases, the
detailed mechanism of the catalyzed reaction is known.

As one example, we can take the old “lead chamber’ process
for the manufacture of sulfuric acid. In the absence of a
catalyst, the reaction of SO; with O; is very slow; but in the
presence of oxides of nitrogen, the reaction proceeds readily,
by the following steps:

SO; 4+ 2 H;0 + 2 ONOSO:H = 3 H,SO4 + 2 NO,
NO + 1 0z = NO,
NO: + NO + 2 H,SO4 = 2 ONOSOgH.

Here the reagent which actually oxidizes the SO; is nitrosyl
bisulfate, ONOSO3H. Part of the NO produced by the reaction
is allowed to react with O., and the resulting mixture of NO
and NO:; is used to prepare the nitrosyl bisulfate once more.

An example of catalysis in solution is provided by the re-
action of iodate with sulfite,

105~ 4+ 3HsSO; = I 4+ 3SO4~— 4+ 6 HT.
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This reaction can take place without a catalyst, but it can
also be catalyzed by iodide ion, the steps of the catalyzed re-
action being:

105+ 51—+ 6 H*
I, 4+ H.SOs 4+ H:0

31: + 3H:0,
214 SO+ + 4 H.

]

In the catalyzed reaction, I; is an intermediate, which is pro-
duced by the first step and rapidly consumed by the second.
Since this reaction is catalyzed by one of its own products, it
is called ‘‘autocatalytic.”

A great many reactions in solution are catalyzed by hydro-
gen ion. One of these is the conversion of the 12-carbon sugar,
sucrose, into equal amounts of the two 6-carbon sugars, glu-
cose and fructose. The reaction, called “inversion of sugar,”
bears the distinction of being the first reaction whose speed
was systematically studied (1850). A small amount of acid is
sometimes added to sugar in making candy, since the resulting
mixture of sugars does not so readily crystallize. It is inter-
esting to note that honey is invert sugar.

Naturally, a reaction which is catalyzed becomes slower if
the catalyst is removed or destroyed, and some reactions can
be “inhibited” in this fashion. »

14. Contact Catalysis. The ‘‘heterogeneous”’ or ‘‘contact”
catalysts are solids upon whose surfaces molecules become
adsorbed and there react. They are extensively used, both in
the laboratory and in industrial processes. A familiar labora-
tory example is the addition of manganese dioxide, MnOs,,
to potassium chlorate which is heated to prepare oxygen.

Platinum will initiate the combination of hydrogen with
oxygen on its surface. Some gas lighters and cigarette lighters
have been constructed on this principle. Platinum is also
used as the catalyst in the oxidation of ammonia to NO, and
platinum (or vanadium pentoxide) is the catalyst in the
“contact” process for the synthesis of SO;3. In the union of
nitrogen with hydrogen to give ammonia (the Haber process)
an iron catalyst is used.
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The detailed mechanism of contact catalytic reactions is
not known in most cases. There is evidence that the adsorp-
tion of hydrogen, oxygen, or nitrogen yields some dissociated
atoms of these elements on the surfaces of metals like platinum
or iron.

15. Enzymes. An important class of catalysts, known as
enzymes, are produced by living organisms and catalyze
many reactions. The ptyalin of saliva, whose function is, to
convert starch into sugar, the diastase of malt, which has
a similar action, and the zymase of the yeast plant, which
converts certain sugars into alcohol and carbon dioxide, are
examples of important enzymes. Similar bodies are thought
to play fundamental roles in the processes of growth and
nutrition of plants and animals.

Enzymes are proteins, and accordingly are destroyed by
high temperatures, as well as by many chemical reagents. A
number of enzymes have been isolated in pure, crystalline
form.

Exercises

1. Define catalyst.

2. Divide the catalysts mentioned in the text into surface cata-
lysts and dissolved catalysts.

3. What effect may the use of a double boiler have on the speed
of cooking food?

4. What means could you employ for rapidly washing photo-
graphic prints free from the “hypo’’ of the fixing bath?

5. How might you alter the time required for developing a
photographic negative?

6. How might you endeavor to increase the speed of the reaction:
BrO;-+ 61—+ 6 Ht = 3H;0 + Br— + 31:?
What effect would acetic acid have upon the speed as compared
with hydrochloric acid of the same concentration?

7. The arganism existing in ‘“‘mother of vinegar’ converts alco-
hol into acetic acid by the reaction

C.H:OH + O, = C:H,0; + H.O0.

By what means could the manufacture of vinegar be hastened?



CHAPTER XII

CHEMICAL EQUILIBRIUM. THE EFFECT
OF CONCENTRATION

1. Reversibility of Chemical Reactions. The problem of
the control of chemical reactions involves not only the speed,
as discussed in Chapter XI, but also the fact that most re-
actions are reversible. We have, therefore, two problems as
distinct from each other as are the speed and destination
of a train. To reach a desired destination quickly it is not
sufficient to get on a fast train; the train must also go in
the right direction. With chemical reactions, similarly, the
conditions accelerating the reaction often reverse the direc-
tion at the same time. For example, the velocity of formation
of SO; from SO, and O, increases with the temperature, but
the velocity of decomposition of SO; back into SO, and O,
is likewise increased thereby, and more rapidly than the
velocity of its formation, so that SO; becomes increasingly
unstable at higher temperatures. Therefore, assuming that
all the time necessary for them to take place is allowed, we
+vill turn our attention to the problem of the direction of
chemical reactions. Finally, in Chapter X1V, we will consider
both effects together.

2. Most reactions are reversible, that is, the products of
a reaction may usually be made to react with each other by
suitable choice of conditions to produce the original sub-
stances. Many examples of this may be given. A liquid may
be made to evaporate by raising the temperature or by re-
ducing the pressure, and its vapor, conversely, may be re-
condensed to liquid by lowering the temperature or increas-
ing the pressure. Solids may be liquefied by increasing the
temperature, and liquids may be solidified by lowering the

172
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temperature. Gases may either be dissolved in liquids or
driven out of solution by suitable changes in pressure or
temperature. The naturally occurring mineral, gypsum,
CaSO, - 2 H;0, may be deprived of part of its water by
moderate heating, giving plaster of Paris, which is approxi-
mately CaSO, - 3 H;O. When this is mixed with water the
original dihydrate is re-formed, which causes the plaster to
“set,” due to the interlocking of the growing crystals of
CaSO0, - 2 H,0. Nitric oxide, NO, is decomposed by gentle
heating into nitrogen and oxygen, and yet, at the high tem-
perature of the electric arc a considerable amount of nitric
oxide may be formed from the nitrogen and oxygen of air.
Oxygen, O,, is changed into ozone, Os, by the silent electric
discharge, and then gradually reverts to oxygen. When a
lead storage battery is discharged, the lead dioxide of the
positive plate, the lead of the negative plate and the sulfuric
acid in the solution react as follows:

PbO; + Pb 4+ 4 H* 4 2SO, ~ = 2 PbSC, + 2 H;0,

and when the battery is recharged the reverse reaction takes
place, corresponding to the equation as read from right to
left. When water charged with carbon dioxide passes over
limestone rock, the following reaction occurs:

CaCO; + Hy0 + CO, = Cat+ 4+ 2 HCO5™.

The calcium ion dissolved in the water produces what is
called “hard water,” and interferes with the cleansing power
of soap by precipitating insoluble calcium soap. When this
water is boiled, however, the CO, is driven off, and the
calcium carbonate is reprecipitated, corresponding to the
equation as rcad from right to left. When steam is passed
through a tube containing iron filings or nails heated to
dull redness, the following reaction occurs:

3 Fe + 4 H20 = F6304 + 4H2.

When an excess of hydrogen is passed over the iron oxide,
FezOy, under similar conditions, some of it is changed to steam
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with the reduction of the oxide to iron, exactly the reverse
of the above. Illustrations of reversibility might be multiplied
ad libitum.

3. The experimental proof of reversibility consists simply
in mixing each set of substances, as indicated by the two
sides of the equation, and seeking conditions under which
the other set will be formed. The disappearance of any of
the substances taken, or the appearance of any of the products,
is usually sufficient proof that a reaction has taken place.
Which particular substance to test for is determined by the
ease and decisiveness of the available tests. Thus the oxida-
vion of mercury, represented by the equation

could be proved if conditions could be found under which
mercury in contact with oxygen would increase in weight.
A change in appearance corresponding to the red color of
the oxide, or a decrease in the amount of the gaseous oxygen
would suffice equally well. The reverse reaction, the dissocia-
tion of mercuric oxide into mercury and oxygen, could be
proved by taking the red mercuric oxide and discovering
conditions of pressure and temperature under which there
could be detected either the appearance of mercury or
oxygen, or else a loss in weight.

4. It is frequently desirable to express in the equation
for a reaction the fact that the reaction is reversible. This
is done by substituting a double arrow, &, for the equality
sign. Written in this way, an equation such as the one above
would appear as follows:

2 Hg + 0, = 2 HgO.

It must be remembered that the double arrow sign retains
the full significance of the usual equality sign, merely adding
further information, so that we would do well to regard it
as an abbreviation for a fuller representation such as the
following:

—

2Hg+02‘:2Hg0.

<
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Since nearly all reactions are reversible, however, the double
arrow sign is somewhat superfluous. Its absence must never be
construed as indicating irreversibility. The double arrow can
well be used where it is desired to emphasize that a reaction
has been observed to be reversible.

A reaction which proceeds practically to completion is often
called irreversible and is frequently indicated by a single
arrow, as illustrated by Ce¢H;206 — 2 C;H;OH + 2 CO, for
the fermentation of one of the sugars, but the obligation to
write a balanced equation often disappears when only a
single arrow is used instead of the more explicit =.

5. It is Possible to Have All of the Substances Involved
in Reversible Reactions Present Together in Chemical
Equilibrium with Each Other. Instead of passing steam over
heated iron in a tube, as in the experiment described above,
we might simply heat them together in a closed vessel. We
would expect, as before, the formation of some hydrogen
and iron oxide, corresponding to the equation as read from
left to right. Likewise, if we heat hydrogen and iron oxide
together at the same temperature and in a similar vessel,
we would expect the formation of iron and steam, corre-
sponding to the equation as read from right to left. If we
allow sufficient time for reaction in both cases, how will the
final state of affairs in one vessel compare with that in the
other? It is obviously absurd to expect either reaction to
go to completion, just as it would be absurd to expect a ball
placed on a certain table to roll all the way from a to b when
we have previously found that, when placed at b, it rolls
towards a. Obviously there must be some intermediate posi-
tion on the table at which it tends to come to rest no matter
at which end it is started. Again, if it is found that one body
becomes cooler when brought into a certain room, and
another becomes warmer when brought into the same
room, it is evident that each body will come eventually to
the same temperature, that of the room, which must lie
somewhere between the initial temperatures of the twc
bodies.
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6. By the same kind of reasoning, it should make no
difference whether we start with 3 Fe + 4 H;0, or with
Fe3O4 + 4 H,, if we heat them to a temperature at which
they are able to react, in identical vessels, we will eventually
get a mixture of all four substances in chemical equilibrium.
The term signifies that the concentrations of the substances
involved in the opposing reactions have become so adjusted
or balanced as to equalize their rates, making the rate at
which each substance is produced equal to the rate at which
it is used up, so that there is no further net change in the
quantity. It is important to bear in mind that the constancy
of these net quantities present does not mean that nothing
is happening. The fact that the pressure of water vapor in
a closed vessel containing some pure liquid is constant at
any fixed temperature does not mean that the same mole-
cules remain always in the vapor phase; individual molecules
are continually escaping from the liquid and an equal number
being recaptured by the liquid in the same time. When we
start with iron and steam, at a sufficiently high temperature,
they react with a velocity depending on the concentration
of steam molecules and on the surface of the iron. As these
are used up the reaction gradually becomes slower. At the
same time, as more hydrogen and iron oxide are produced,
they begin to react with each other to regenerate the iron
and steam, with an increasing velocity, until the rate of
one reaction just equals that of the other. This conception
of equilibrium was used in connection with simpler phenomena
in Chapter III, and has an important bearing on what is
here to follow.

7. The Effect on Chemical Equilibrium of Changing the
Concentration of the Reacting Substances. When chemical
equilibrium has been attained, it is possible to disturb it
by any means which changes the relative speeds of the two
opposing reactions. These rates may be affected by clianging
the temperature, or the total pressure on the reacting system,
or the concentration of the substances involved. The effect
of changing the temperature or total pressure will be dis-
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cussed in Chapter XIV, and we will turn our attention first
to changes in concentration.

8. If we increase the concentration of one of the reacting
substances, there are then more molecules of that substance
present in a given space, so that their ability to find and
react with other molecules is increased. This will cause a
temporary gain in the rate of the reaction using up this kind
of molecule, until more of the products of this reaction, repre-
sented on the other side of the equation, are produced, so as
to equalize again the rates of the two reactions. The net
result is that the reaction proceeds to some extent in the
direction which will use up the substance whose concentration
is thus increased.

9. For illustration let us consider a closed vessel containing
SO;, SO,, and O, in chemical equilibrium, to attain which
requires a sufficiently high temperature and perhaps a cat-
alyst. When equilibrium is attained we must imagine that
the two reactions, represented by the equation

2502 + 02 = 2 SOa,

read in both directions, are taking place with equal velocities,
with a net result of no change in the relative amounts of
the three gases present. Suppose, now, that more oxygen
is introduced into the vessel. The increased number of oxygen
molecules will render it easier for them to collide with sulfur
dioxide molecules, resulting in a more rapid formation of
sulfur trioxide molecules. As the number of the latter increase
their own speed of decomposition will increase until the
two reactions again take place at equal rates. The net effect
of this increase in the amount of oxygen is to cause more
of it to be used up, with a decrease in the amount of sulfur
dioxide and an increase in the amount of sulfur trioxide.
The effect of adding or removing any of the three substances
present can be predicted on the above basis.

From a technical point of view, in making sulfur trioxide,
the important thing is to use up the sulfur dioxide as com-
pletely as possible, since the latter costs money, whereas
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