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PREFACE

‘Qualitative apalysis is both an art and a science. Perhaps
no better approach to the advanced courses in chemistry can
be taken than via the qualitative laboratory. Here, the student
has an opportunity to develop. his technique in carrying out
not-too-complicated chemical operations and at the same time to
study at first hand many of the fundamental principles of chem-
istry. Such a cour=e should serve the dual purpose of reviewing
and expanding the student’s knowledge of genersal chemistry and
of preparing him for more advanced courses, especially physical
or theoretical chemistry. In other words, such a course should
serve as ‘‘a bridge to span the widening gap” between the first-
year course in chemistry and theoretical chemistry. The purpose
of this book is to serve as an adjunect to such a course. It may be
used with any of the numerous good laboratory manuals on
qualitative analysis.

The first four chapters are intended to furnish a brief review
of certain ideas and fundamental laws treated in general chem-
istry, and they were purposely made elementary and concise.
Very little classroom time should be devoted to these chapters;
if desired, they may be assigned for home work only, the regu-
lar course work starting with oxidation-reduction reactions in
Chapter V.

Chapters VI to X are devoted to gases, liquids, solids, solu-
tions, and electrolytes, followed by a study of chemical equilibrium
(homogeneous and heterogeneous) in Chapters X1 and XII.

Chapters XIV to XIX deal with applications of the law of
chemical equilibrium to the various types of equilibria encountered
in qualitative analysis. TIllustrative problems are solved for
each type of equilibrium, and many additional problems are given
(with answers) for home and class work, As it is necessary that
the student be thoroughly familiar with the units of weight,
volume, and concentration used in equilibria calculations, these
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vi PREFACE

terms are reviewed in Chapter XIII just before the latter are
taken up. It is & good plan to have the students record all their
problem work in a notebook which is submitted once a week for
inspection and grading.

On account of the importance of the hydrogen-ion concentra-
tion, not only in chemistry but also in the biological and medical
sciences, this subject is treated in considerable detail (Chapter
XVIII). Classroom demonstration of the colorimetric method of
pH determination should be made with several indicators suitable
for the acid, neutral, and alkaline range, respectively. The indi-
cator color chart (page 193) is given simply by way of illustration
and of course should never be used as a substitute for the actual
colored solutions.

Chapters XX to XXII serve as a brief introduction to a
number of topics which will be treated in more detail in physical
chemistry. Colloids form the subject for the concluding chapter
(XXIII). In view of the importance of this subject, not only to
students who are going on with chemistry but also to those who
plan to go into biology, medicine, and other sciences, Chapter
XXIII has been made relatively detailed. It is hoped that this
chapter will give the student a clear understanding and apprecia-
tion of matter in the colloid state and of the importance of colloid
chemistry, from both a theoretical and a practical standpoint.

Of special interest to the student in qualitative analysis is the
Appendix dealing with dry methods of analysis, which are so
useful to the mineralogist and the geologist. If time permits, two
or three laboratory periods may well be devoted to these simple,
rapid, and interesting methods for the detection and identifica~
tion of substances.

Permission to quote or to reproduce certain data and cuts
from the following works is gratefully acknowledged: Getman
and Daniels’ ‘“Outlines of Theoretical Chemistry,” fifth edition,
and Bass’ translation of Schwarz’s ‘‘Chemistry of the Inorganic
Complex Compounds,” both published by John Wiley, & Sons,
Inc.; Kendall's “Smith’s Inorganic Chemistry” and Fales’
“Inorganic Quantitative Analysis,” both published by D. Apple-
ton-Centwry Co.; Bancroft’s “Applied Colloid Chemistry,”
published by McGraw-Hill Book Co.; Taylor’s “Chemistry of
Colloids,” second edition, published by Longmans, Green & Co.;
Hatschek’s “Physics and Chemistry of Colloids” and Rice and
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Cortelyou’s “Popoff’s Quantitative Analysis,” third edition,
both published by P. Blakiston’s Son & Co., Inc.; and Taylor
and McCrumb's “ABC of pH Control,” sixth edition, published
by LaMotte Chemical Products Co. Also, several cuts were
furnished by the LaMotte Chemical Products Co. In addition to
these publications, many standard chemical works and periodicals
were consulted during the preparation of the manuscript, and
I gladly acknowledge these sources of aid.

To Mr. Hugh N. Dyer, Jr., is due thanks for checking all the
problems and answers and for reading the entire manuscript.
Professor Arthur ¥. Benton read certain portions of the manuseript
and made helpful criticisms, for which I desire to express my
appreciation. Frangoise Cheely Yoe, my wife, typed the manu-
script and assisted with reading the proof. I am very grateful
for this assistance.

Although much effort has been made to have the book free of
mistakes, it is recognized that some errors may be found. I shall
be obliged to any one who is kind enough to call such mistakes
to my attention. Also, criticisms and suggestions will be welcomed.

UNIVERSITY oF VIRGINIA JH Y,
October, 1956
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CHEMICAL PRINCIPLES

WITH PARTICULAR APPLICATION TO
QUALITATIVE ANALYSIS

CHAPTER 1
INTRODUCTION

The origin and meaning of the word chemistry are not known.
It is certainly very old, probably as old as civilization itself.
Some claim that it refers to the ancient land of Chemi (Egypt).
Others believe that it is derived from the Greek word xnuela,
which means a mingling or an infusion, and that it refers to the art
of extracting and mixing plant juices for use as medicines, prac-
ticed by the ancient priests. About the middle of the seventh
century the Arabians overran Egypt and learned something of
this art from the Egyptians. They prefixed the Arabie article al
to chemia, whence the word alchemy. The object of alchemy
was to transmute the baser metals into gold and silver and to
find a means of healing diseases and to prolong life.

Ancient records and objects found in excavations show that
ancient peoples knew how to work gold, silver, copper, and iron.
They were also acquainted with the art of making glass, pottery,
enamels, alloys, artificial gems, dyes, paints, and medicines.
Wine, salt, vinegar, and other products were known to the ancients.

During the fourteenth century alchemy spread over the civi-
lized world, and by the sixteenth century it began to be replaced
by another era known as the iatrochemical or medical chemistry
age, which lasted up to the end of the seventeenth century when
the philosopher, Robert Boyle (1627-1691), placed chemistry on
a truly scientific basis. In 1774, Priestley discovered oxygen,
and a few years later the brilliant French chemist, Lavoisier,
began his classical experiments to show the relation of oxygen
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to air. The discovery of oxygen and the researches of Lavoisier
mark 8 new era in chemistry. In fact, Lavoisier is often called
“the father of modern chemistry.”” With the introduction of the
chemieal balance, chemistry made great strides as an exact science.

We may define chemistry as the science which deals with the
nature of elements and compounds. As a matter of convenience,
chemistry has been divided into a number of fields, for example:
inorganic chemistry, organic chemistry, analytical chemistry,
physical chemistry, biochemistry, industrial chemistry, etc. In
the pages that follow, we shall be concerned chiefly with chemieal
principles and their application to the subdivision of analytical
chemistry known as qualitative analysis.

Physical Chemistry. This division of chemistry deals with
the general principles or laws which control chemical phenomena.
It summarizes and systematizes the established facts of chemistry
and tries to find out the reasons why, and the conditions under
which, transformations of matter take place. Hence, this branch
of chemistry is often called theoretical chemistry, and it is con-
cerned with matter, electricity, and radiation, the units of which
are the atom, the electron, and the quantum, respectively.

Hypothesis, Theory, and Law. An hypothesis is a supposition
advanced as a basis for reasoning and experimentation or pre-
sented as an explanation of certain observed facts. Often it is
& mere assumption or guess, which later may be proved erroneous.
A theory is a more or less verified or established explanation
accounting for known facts or phenomena. When an hypothesis
assumes a high degree of probability it becomes a theory. A
law is a condensed statement, or generalization, which sums up
all the known facts in a given case. When a law has been ex-
haustively and critically investigated and has been found valid
in every instance, then it may be regarded as fantamount to a
statement of fact.

THE NATURE OF MATTER

All science is based upon several fundamental coneepts: the
concepts of matter, of energy, of space, and of time. From these
concepts science derives all her descriptions, classifications,
hypotheses, theories, and laws. In the physical sciences we are
primarily concerned with the concepts of matter and energy.
Chemistry deals with matter in all forms, both simple and complex,
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whether natural or artificial, and with changes in matter. Physics
is primarily concerned with the study of energy, but since all
matter possesses emergy and all changes in matter are accom-
panied by energy changes, it is obvious that there can be no-sharp
line of distinction between chemistry and physics. There is much
physics in the study of chemistry and much chemistry in the
study of physics.

If we grant that matter is an ultimate reality, we can define
it only by describing its various forms in terms of those proper-
ties recognized by our five senses. The property possessed by all
forms of matter is mass, the quantity of matter. Owing to the
force of gravitation, any mass can be measured. Any two masses
in space tend to move towards each other as if impelled by a
force which is directly proportional to the product of their masses
and inversely proportional to the square of the distance between
them. When we weigh a sample of matter, we simply measure
the force between its mass and that of the earth. All matter has
weight, but not everything weighable is matter, as modern research
has shown that heat, light, and electricity possess some weight.
In fact, matter itself is electrical in nature, and we shall probably
soon have to revise our conceptions of matter and energy. The
Einstein theory of the equivalence of mass and energy was veri-
fied in 1935.

Although mass is probably the most important single attribute
of matter, it falls far short of deseribing matter even approxi-
mately, for matter also occupies space and may exist in any of
three states: solid, liquid, or gaseous. Moreover, since matter
may be colored or colorless, may or may not possess an odor,
and so on, many properties must be given in order to describe a
given sample of matter completely. The object of chemistry is
to describe as pearly completely as possible all the known forms
of matter and to study changes in the composition of matter.
One of the most fundamental laws of chemistry is the law of con-
servation of mass or the law of indestructibility of matter. This
law states that matter cannot be created nor can it be destroyed,
although its form may be changed. In other words, the total
mass of matter is constant. Many very careful experiments
have been made to prove or to disprove this law, but invariably
it has been found valid within the limits of experimental error.
Every chemical equation is based upon this law, whether dealing
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with elements or with compounds. We shall, therefore, discuss
it more fully in Chapter II, along with the other fundamental
laws of chemistry. '

THE CHEMICAL ELEMENTS"

The ancient conception of an element was quite different
from the modern one, although nine substanees, now recognized
as true elements, have been known and used since the dawn of
history; namely, the metals: gold, silver, copper, iron, lead, tin,
and mercury, and the non-metals: sulfur and ecarbon. Empedoecles
(about 440 B.c.) and Aristotle (384-322 B.c.) taught that matter
was of one kind and that the wide variety of matter was due to
the greater or less abundance of the four “elements” or “prin-
ciples,” earth, air, water, and fire.

Boyle, in 1661, was the first to define an element clearly.
According to him an element is “a substance incapable of decom-
position by any means with which we are at present acquainted.”
In 1789 Lavoisier made a clear distinction between an element
and a compound. At that time only twenty-three elements were
known. There are now ninety known elements. The last element
to be discovered has been named illinium, in honor of the State
of Illinois. It was discovered in 1926 by Professor Hopkins at
the University of Illinois and also, independently, the same year
by Professor Rolla at the Royal University of Florence.

Becquerel (1896) was the first to discover that the elements
of highest atomic weights (e.g., uranium) undergo spontaneous
disintegration. Man has no control over this process. It is
called radioactivity and will be treated as a special topic subse-
quently (see page 256). The radioactive elements decompose
into simpler elements; for example, radium spontaneously splits
up into a number of other elements such as helium, radon, and
lead. Recently some of the lighter elements have been disin-
tegrated artificially. For example, Rutherford and Chadwick
(1922) have succeeded in disintegrating nitrogen atoms.

Distribution of the Elements. Of the ninety known elements
less than one-fourth are abundant and about one-half are found
in substances commonly used in chemical laboratories. The others
are rare, and some are very scarce indeed. About twenty of the
elements occur in nature in the free state; all others are present
in compounds only and must be separated or isolated by. special
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means. Twenty elements constitute 99.5 per cent of the earth’s
crust; the remaining ones constitute only 0.5 per cent. Oxygen
is by far the most abundant of the elements and acecounts for
about 50 per cent of the earth’s erust. Silicon is next in abundance
(about 27 per cent), followed by aluminum (nearly 8 per cent)
the most abundant metal, and then iron (4.5 per cent). Calecium,
magnesium, sodium, and potassium are each present in amounts
varying from 2 to 3 per cent. The following are present to the
extent of a few tenths of a per cent or less: titanium, hydrogen,
carbon, phosphorus, sulfur, barium, manganese, fluorine, and
chlorine. Although about four-fifths of the air is nitrogen, this
element constitutes only 0.03 per cent of the total composition of
the earth, including the solid shell, the oceans and other waters,
and the atmosphera. The relative abundance of an element by
no means determines its importance or usefulness. Carbon com-
prises only about 0.2 per cent of the total composition of the
earth’s erust, yet were it not for this element no life, either plant
or animal, could have developed on the earth since carbon is the
most important element in all organic compounds. On the other
hand, titanium is more than twice as abundant as carbon and has
few uses; in fact, it is an objectionable impurity in certain iron
ores.



CHAPTER 11

FUNDAMENTAL LAWS. ATOMS AND MOLECULES,
ATOMIC AND MOLECULAR WEIGHTS. ELEC-
TRONS, PROTONS, AND QUANTA

FUNDAMENTAL LAWS

Law of the Conservation of Mass. In 1756 the Russian
chemist Lomonossov heated tin in the presence of air in a closed
vessel and found that there was no change in the weight of the
system, although the tin was oxidized. Since weight at a given
place is a measure of mass or quantity of matter, Lomonossov
definitely enunciated the law of the conservation of mass or the
law of the indestructibility of matter. In 1774, Lavoisier made a
similar experiment with tin, obtained the same result and arrived
at the same conclusion made by Lomonossov. The law of the
conservation of mass may be stated as follows: When a chemical
reaction takes place, the total mass of the substances reacting is
equal to the total mass of the reaction products, or otherwise
stated, the mass of a system is unaltered by any chemical change
that takes place within it. Sometimes this law is stated thus: The
total mass of the universe is a constant. The objection to this
form of statement is that we have no means of verification.

Landolt has subjected the law of the conservation of mass
to a very rigid series of experiments which was begun in 1893
and was not completed until 1908. After a careful examination
of fifteen different chemical reactions, he failed to detect any
variation in weight greater than the experimental error. Every
chemical equation is based upon the assumed validity of this law,
and hence it is a fundamental law of chemistry.

Law of Definite Proportions. Chemical analyses of many
thousands of compounds have shown that each compound is
always composed of the same elements united in the same pro-
portions by weight. This is the law of definite proportions. It

6
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is sometimes called the law of constant proportions or the law of
constant composition and was established by very careful researches
by Richter and by Proust about the beginning of the nineteenth
century.

Law of Multiple Proportions. John Dalton discovered that
elements may unite in more than one proportion by weight., For
example, he found by analysis that methane and ethylene contain
carbon and hydrogen in the ratios of 6 : 2 and 6 : 1 by weight,
respectively. In other words, for the same quantity of carbon,
there was twice as much hydrogen by weight in methane as in
ethylene. Similarly, he found for the same weight of carbon,
carbon dioxide contains twice as much oxygen as does carbon
monoxide. After investigating other pairs of substances, Dalton
formulated the law of multiple proportions about 1804. This
law was tested by Berzelius in 1810 and may be stated thus:
“If several compounds be formed, the fixed proportions in which
two elements combine are in simple integral ratios to one
another.”

Law of Combining Weights. Richter, in his researches from
1792 to 1799, found that it was possible to assign to each element
a fixed number, which in itself, or when multiplied by some whole
number, represents the weight of the element that combines with
other elements to form chemical compounds. This is called the
law of combining weights (formerly known as the law of reciprocal
proportions) and really includes the Jaws of definite and of multiple
proportions. The work of Richter was extended by Dalton,
Berzelius, Stas, and others.

By assigning oxygen a fixed weight value of 8 (grams) as a
standard for comparison, then the weight of each of the other
elements which combines with, or takes the place of, 8 parts by
weight of oxygen can be determined. These weights are called
equivalent weights. Originally hydrogen was taken as the stand-
ard, as it bas the smallest equivalent, and was assigned a value
of unity. In practice, the ratio metal : oxygen can usually be
determined with greater ease and accuracy than the ratio metal :
hydrogen, and therefore oxygen is now used as standard instead
of hydrogen. Of course, any arbitrary number could be assigned
to oxygen, but when 8 is employed, no element has an equivalent
weight less than unity. Hydrogen, on the basis of 8 for oxygen,
bas an equivalent weight of 1.0078.
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ATOMS AND MOLECULES

The structure of matter was an important topic of the ancient
philosophers. The Greeks were divided into two schools: the
school of Aristotle (384-322 m.c.) which faught that matter is
infinitely divisible, and the school of Democritus (470-360 B.c.)
which held that matter is finitely divisible; that is, composed of
atoms (Greek d&ropos, indivisible). This latter theory con-
tained the germ of the modern theory of the structure of matter.
Near the close of the seventeenth century Robert Boyle seems to
have believed that chemical compounds are formed by the union
of atoms. Sir Isaac Newton (1642-1727) believed that matter
is made up of solid, hard, impenetrable, movable particles. John
Dalton followed up these early speculations and at the beginning
of the nineteenth century (about 1803) advanced his atomic
theory. According to Dalton’s theory every element is composed
of minute, indivisible particles called atoms; atoms of the same
element have the same weight and those of different elements
have different weights; and compounds are formed by the union
of atoms of different kinds in simple numerical proportions. This
theory offered a rational explanation of the law of definite pro-
portions. A few years later the Italian physicist, Avogadro
(1811), made the distinction between atoms and molecules (Latin,
a litle mass). An atom, he said, is the smallest particle which
can enter into chemical union; a molecule is the smallest portion
of matter which ean exist in the free state. In order to explain
the uniform behavior of gases, Avogadro made the assumption
that under the same conditions of temperature and pressure,
equal volumes of all gases contain the same number of molecules.
This is known as Avogadro’s hypothesis. It has been tested
thoroughly, both experimentally and mathematically, and is now
one of the most useful laws of physics and of chemistry. There
is much independent proof that atoms and molecules really do
exist. In fact, much is now known about the structure of atoms
and of moleeules and so the atomic theory rests upon a firm foun-
dation, although it has been modified somewhat to conform with
newly discovered facts, such as the behavior of the radioactive
elements and the existence of isotopes (see pages 14 and 256).
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ATOMIC AND MOLECULAR WEIGHTS

Atomic Weights. Although equivalent weights are often
used by chemists, a set of relative weights is much more frequently
employed. These relative weights are called atomic weights, and
they are either identical with, or are simple multiples of, the
equivalent weights of the elements. A few equivalent weights
and the corresponding atomic weights are given in the following
table:

TABLE I

Equivalent Atomic

Element Weight Weight,

Oxygen (the standard)...... 8.0000 16 0000

Hydrogen. ......c.cccueu, 1.0078 1.0078
Chlorine..........couvvnnnn 35 457 35.457
Carbon .....vvivrninnnnnn. 300 12.00
Aluminum........cocvveun 8.99 26 97
Copper. ..o vvviinr i 31.785 63 57
Sodium.......oonvevevnnns 23.00 23.00

A complete table of the atomic weights of the elements will
be found on page 10. These values of the atomic weights were
published in 1936 by the International Committee on Atomic
Weights.

Molecular Weights. The molecular weight of a substance is
equal to the sum of the atomic weights of the elements which
compose it. TFor example, the molecular weight of water, H2O,
is (2 X 1.0078) + 16.000 = 18.0156; the molecular weight of
sodium chloride, NaCl, is 23.00 + 35.457 = 58.457; and so on.

It will be remembered that Avogadro’s hypothesis (1811)
states that, under the same conditions of temperature and pressure,
equal volumes of different gases contain the same number of mole-
cules. From this it follows that the molecular weights of gases
are proportional to their densities. By taking oxygen as standard
and assigning it a molecular weight of 32, as there are two atoms
of oxygen in its molecule, we have,

Density of any gas : Density of oxygen = M : 32

where M is the molecular weight of the gas in question. For ex-
ample, the densities of oxygen and of nitrogen under standard
conditions of temperature and pressure are 1.4290 and 1.2507,
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TABLE I
IntERNATIONAL ATOMIC WEIGHTS, 1936

Published by the Journal of the Amertcan Chemical Society

Sym- ‘?;::::f Atomic Sym-} Aéﬁ"f Atomic
bol ber Weight bol ber Weight

Aluminum....| Al 13 26 97 Molybdenum. |} Mo 42 96.0
Antimony....| Sb 51 4 121.76 Neodymium. | Nd 60 144 .27
Argon........ A 18 39.944 || Neon....... Ne 10 20.183
Arsenie... As 33 74.91 Nickel.. ... Ni 28 o8 69
Barum...... Ba 86 137.36 Nitrogen.... | N 7 14 008
Beryllium. . Be 4 g.02 Osmum. . .. Os 76 191 5
Bismuth...... Bi 83 209.00 Oxygen O 8 16.0000
Boron........ B 5 10 82 Palladium Pd 46 108 7
Bromine......| Br 35 79 916 || Phosphorus P 15 31.02
Cadmium Cd 48 112.41 Plutinum.... | Pt 78 195 23
Calaum...... Ca 20 40.08 Potagsium... | K 19 39 096
Carbon....... C 8 12.00 Praseodymium| Pr 59 140.92
Cerium..... Ce 58 140.13 Protactinium. | Pa 91 231
Ceaium. ...... Cs 85 132.91 Radium..... Ra 88 226.05
Chlorine. . ... Cl 17 35.457 || Radon...... Rn 56 222
Chromium. Cr 24 52.01 Rhenium Re 75 186 31
Cobalt. ...... Co 27 58.04 Rhodium Rh 45 102.91
Columbium Cb 41 92.91 Rubidium. . Rb 37 85.44
Copper....... Cu 29 63.57 Ruthenum. Ru 44 101.7
Dysprosium Dy 66 162 .46 Samanum. .. | Sm 62 150.43
Erbum. .... Er 68 167.64 Scandium.. . Se 21 45 10
Europium. . Eu 63 152.0 Selenium ....| Se 34 78.98
Fluorine. ... .. F 9 19 00 Silicon., .. ... Si 14 28.06
Gadolinium. ..{ Gd 64 157.3 Silver...... Ag 47 107.880
Galhum ..... Ga 31 69.72 Sodium. . ... Na 11 22,997
Germamum...| Ge 32 72.60 Strontium .| Sr 38 87.83
Gold......... Au 79 197.2 Sulfur....... ] 16 32.06
Hafnium..... Hf 72 178.6 Tantalum Ta 73 180.88
Helium ..... He 2 4 002 || Tellurium .| Te 52 127.61
Holmijum Ho 67 163.5 Terbium. . ... Th 65 159.2
Hydrogen. . H 1 1.0078)| Thallhum T 81 204.39
Indium....... In 49 114.76 Thorium Th 90 232.12
Iodine ...... I 53 126.92 Thulum. . ... Tm 69 169.4
Indium...... Ir 77 193.1 Twm.......... Sn 50 118.70
Iron.. ...... Fe 26 55 84 Titanium.. . | Ti 22 47.90
Krypton.... | Ir 38 83.7 Tungsten.,..., | W 74 184.0
Lanthsnum. .} Ta 57 138,92 Uranmum.... | U 92 238.14
Lead......... b 82 207 22 Vanadium. . v 23 50.95
Lithium...... Li 3 6.940 | Xenon...... Xe 54 131.3
Lutecium -...| Lu 71 175.0 Ytterbium.,..| Yb 70 173.04
Magnesium. .| Mg 12 24.32 Yttrium...... Y 39 88.92
Manganese . | Mn 25 54.93 Zme,...... Zn 30 685.38
Merecury..... He 80 200.61 Zirconium Zr 40 91.22
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respectively. Hence, the molecular weight of nitrogen ma be
calculated as follows: ; Y

1.2507 : 1.4200 = M : 32

1.2507
M=32X>——=
X 1.4290 %

Since the chemist uses the gram as unit of weight, 28 g. of
nitrogen and 32 g. of oxygen are the respective gram-molecular
weights of these gases. This weight is often called simply the
molar weight, or mol. The volume occupied by one mol of all
gases, at standard temperature (0° C.) and pressure (760 mm. of
mercury), is approximately 22.4 liters and is called the gram-
molecular volume or simply the G.M.V. The following table
gives the weight (in grams) of one liter and the G.M.V. of a
few of the more common gases at standard temperature and
pressure (S.T.P.).

TABLE III
Weight of

Gas 1 Liter G.MV.
Hydrogen................... 0.0899 22 42
AMmMODIA. . ...vvviuinrirnnnns 0.7708 22.09
Carbon monoxide............. 1.2500 22.40
Nitrogen. . ............couat 1.2507 22.40
Oxygen........coviinennnas 1 4200 22.39
Hydrogen chloride............ 1.6410 22.22
Carbon digxide........cevnenn 1.9766 22.26
Sulfur dioxide.........venen.s 2.9296 21.88
Chlorine.......oovviuarerians 3.2200 22.02

To find the molecular weight of a gas or vapor it is only neces-
sary to determine the weight of 22.4 liters of it, at S.T.P.; that
is, multiply the weight of one liter of the gas or vapor, at S.T.P.,
by the constant 22.4. Of course it is not necessary actually to
measure the gas at S T.P. Any convenient temperature and
pressure are chosen and then the volume is corrected to S.T.P.
Moreover, it is not necessary to deal with a single molecule of
each gas, since equal volumes of different gases contain the same
number of molecules. Therefore, dealing with equal volumes of
different gases is equivalent to dealing with an individual mole-
cule of each. However, the number of molecules in 22.4 liters,
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at 8.T.P., is known with a high degree of accuracy and is ealled
Avogadro’s number or Avogadro’s comstant. This number is
represented by N and has a value of 6.06 X 102® with an error
probably not exceeding 0.1 per cent. This is Millikan's value,
and it is in good agreement with values obtained by others using
entirely different methods. Perrin determined N from Brownian
movement observations, Planck from experimentally determined
radiation constants, Rutherford from a measurement of the
charge on the alpha particle from radium, and Rutherford and
Boltwood by a direct count of alpha particles and a measurement
of the resulting volume of helium,

The absolute weight of a single atom or molecule can be
obtained by dividing the respective atomic or molecular weight
by the Avogadro number. For example, the weight of an atom
of hydrogen is 1.0078 -+ 6.06 X 10?3 = 1.66 X 10-2*g,, and the
weight of a molecule of hydrogen is 2.0156 <+ 6.06 X 1023
= 3.32 X 10—t g, Similarly, we calculate the weight of a single
atom of oxygen to be 2.645 X 1023 g_ and the weight of a single
oxygen molecule to be 5.29 X 10~ g.

Cannizzaro’s Method of Determining Atomic Weights.
Although Avogadro enunciated his hypothesis in 1811, it was
almost a half century later before the Italian chemist, Cannizzaro
(1858), showed how it could be applied to the determination of
the atomic weights of non-volatile elements. By preparing a
large number of volatile compounds of each non-volatile element
and then determining their vapor densities and percentage com-
position, the molecular weights of the compounds and in turn
the atomic weights of the elements composing them can be deter-
mined. The smallest weight in grams of an element found in the
gram-molecular weight of any of its volatile compounds is taken
as the atomic weight of the element. In other words, we obtain
the atomic weight expressed in grams by simply selecting the
smallest weight of the element in the G.M.V., for an atom is
defined as the smallest particle in & molecule. The atomic weight
thus obtained is not an exact one, since Avogadro’s hypothesis is
only an approximation. However, the equivalent weight of an
element can be determined with a high degree of accuracy, and
hence the exact atomic weight can be obtained by multiplying
the equivalent weight by the valence. The valence of an element
is equal to the number of hydrogen or chlorine atoms which one
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of its atoms can hold in combination or displace in a reaction.
The approximate atomic weight obtained from vapor densities is
close enough to establish the correct valence of the element.

Dulong and Petit’s Method of Determining Atomic Weights.
In 1819 Dulong and Petit, French physicists, made the important
discovery that the product of the atomic weight of a solid element
and its specific heat is approximately constant. This constant is
called the atomic heat, and its present accepted value is 6.4. This
is known as the law of specific heats and may be written:

Atomic weight X Specific heat = 6.4

Hence,
6.4

Atomie weight = —————
¢ Specific heat

The specific and atomic heats of some of the solid elements
are given in the following table:

TABLE 1V

Atomic Specific Atomic

Element Weight Heat Heat
Lithium. ......... 6 940 0.9063 6.29
Sodium........... 22 997 0.2829 6 51
Potassium......... 30 10 0.1686 65
Calcium........... 40.08 0 170 68
Iron.......... ... 55.84 0 1189 6.64
Siver.......ov.uu 107 .880 0 0590 6 36
Tin, oo 118 70 (0.0551 6 55
Platinum., ....... 195.23 0 0323 6.31
Gold.... ........ 197.2 0.0330 6.51
Mereury.......... 200 61 0 032 6 4
Lead ............. 207 22 0 0310 6 42
Urgnium. ......... 238.14 0.0280 6.67

It is indeed remarkable that elements which differ so widely
in atomic weight and other properties as do lithium and mercury
should have almost identical atomic heats. The atomic heats at
ordinary temperatures of a few of the elements are too low; for
example, the atomic heats of beryllium (3.7), amorphous boron
(2.8), erystalline carbon (1.7), and crystalline silicon (4.5) are
much below 6.4. At higher temperatures the atomic heats of
these elements approach the value 6.4. Thus the atomie heat of
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carbon (diamond) at 985° C. is 5.5 amd that of silicon at 232° C.
is 5.63.

Determination of Atomic Weights by Applying Mitscherlich’s
Law of Isomorphism. Mitscherlich in 1819 discovered that
substances which are similar in crystalline form and in chemical
properties can usually be represented by similar formulas., This
is called the law of isomorphism, and it has been very useful in
the determination or rectification of atomic weights. Thus,
Mitscherlich observed that the phosphates and arsenates repre-
sented by the following pairs of formulas are isomorphous, and,
hence, one set of formulas can be changed into the other merely
by writing As instead of P:

NaH;POs-H20 KH-PO, NHsH2PO4
NaHAs04-H20  KHzAs04  NHsH:As04

In these compounds 31 parts by weight of phosphorus are
replaced by 75 parts by weight of arsenic. Hence, since 31 is
the atomic weight of phosphorus, it follows that 75 must be the
atomic weight of arseniec.

Isotopes. In 1815-18)6 Prout,an English physician, announced
an hypothesis that all the elements were made up of groups of
hydrogen atoms only and that the atomic weights of the elements
are exact multiplies of the atomic weight of hydrogen. This
hypothesis was apparently untenable, as Berzelius (1779-1848)
had made very careful atomic-weight determinations of most of
the elements then known and the atomic weights of some of
them were not even approximate multiples of that of hydrogen.
So Prout’s hypothesis fell into disrepute. In order to give the
hypothesis a very critical test, Stas and Marignac about the
middle of the nineteenth century each made many precise deter-
minations of atomic weights and found some with fractional
values. In fact the atomic weights of certain elements, for ex-
ample chlorine 35.5, were not even approximate whole numbers.
So Prout’s hypothesis was discarded as being untenable. Moseley’s
discovery of atomic numbers in 1913 (see page 20) made Prout’s
hypothesis seem more plausible,

About twenty years ago, T. W. Richards of Harvard Univer-
sity discovered that lead from uranium minerals has an atomic
weight only slightly above 206. About the same time, Soddy and
Hyman, British physicists, found that lead from thorium minerals
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has an atomic weight slightly above 208. Ordinary lead has an
atomic weight 207.22, Both Richards, and Soddy and Hyman
took the greatest pains to purify all their materials and in making
the atomic-weight determinations, so there is no doubt shout the
correctness of their results. Hence, it was definitely proved that
atoms of the same element may have different atomic weights.
Such atoms are called isotopes. The name was proposed by Soddy
and is derived from the Greek icos, equal, and rémos, place,
and means that these elements occupy the “same place” in the
periodic classification. Ordinary chlorine is made up of two iso-
topes having atomic weights of 35 and 37 and mixed in such pro-
portion to give ordinary chlorine an atomic weight of 35.46.
F. W. Aston, an English physicist, has determined the atomie
masses of a large number of isotopes of the elements by means
of his mass spectrograph. Isotopes of a given element have the
same chemical and physical properties but differ from each other
in weight. This makes it necessary to redefine an element as
a substance in which all the atoms have the same atomic number.
According to Aston, an element is “a substance with definite
chemical and spectrographic properties, which may or may not
be a mixture of isotopes.”

Many atomic weights are not exactly whole numbers because
they represent elements which are isotopic mixtures, The masses
of isotopes have been found by Aston to be almost exactly whole
numbers, within the limits of accuracy of his method. So Prout’s
hypothesis (1815) has some foundation after all. Indeed, exactly
one hundred years Iater (1915}, Harkins proposed a theory which
is very similar to Prout’s; namely, that the elements are made
up of hydrogen and helium atoms. A similar theory was advanced
by Rutherford about this same time. In fact, Rutherford (1922)
has succeeded in ejecting hydrogen ijons (protons, see page 16)
from nitrogen and several other light elements by bombarding
their atoms with alpha particles, i.e., positively charged helium
atoms (He*+). Now the weight (mass} of a hydrogen atom is
1.0078. The weight (mass) of a helium atom is 4.002. Hence, if
a helium atom is composed of four hydrogen atoms its weight
should be 1.0078 X 4 = 4.0312. So there is a loss in weight
(mass) equal to 0.0292. Rutherford and Harkins suggest -that
when 4 hydrogen atoms come together to form an atom of helium,
the excess matter or mass, namely, 0.0292, appears as energy.
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At present there is no real distinction between matter and energy.
Matter is potential energy, and energy is potential matter.

Transmutation of atoms has been accomplished with most of
the lighter elements. The disintegration of atoms is frequently also
synthesis. Thus, He* 4+ N4 = 0!'7 4 H! 4 Energy. Recently
“artificial’”’ or “induced” radio-sodium (atomic weight 24) has
been produced.

ELECTRONS, PROTONS, AND QUANTA

Electrons and Protons. Until the beginning of the twentieth
century atoms were believed to be the ultimate units of elements,
It was thought that atoms could not be resolved into smaller
particles. However, it has now been proved definitely that an
atom is composed of a dense nucleus of positive electricity sur-
rounded by particles of negative electricity. The unit of positive
electricity is the hydrogen nucleus and is called a proton, from
the Greek word mporor meaning first or primary substance.
The unit of negative electricity is called an electron. The mass
of a profon is 1845 times the mass of an electron, and its volume
is correspondingly smaller. Millikan’s value for the electronic
charge is 4.774 X 10710 electrostatic unit. The proton has the
same charge as the electron, but of opposite sign. The removal of
electrons from atoms produces positive ions, and the gaining of
extra electrons by atoms produces negative ions.

Quanta. When atoms absorb energy, electrons are displaced;
and when they return to their normal position, light is emitted.
Light, or any form of radiant energy, is composed of small units
of energy called quanta. The energy in & quantum varies with
the frequency according to the fundamental equation,

e=hy

where ¢ is the energy, » is the frequency of the radiation, and &
is Planck’s universal constant which has a value of 6.55 X 10-27
erg-second. This equation is the basis of the quantum theory,
which has been a powerful tool in the newer physics and theoretical
chemistry.
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PROBLEMS

1. What is the molecular weight of each of the following compounds:
{a) silver chloride, (b) lead chloride, {¢) mercuric sulfide, (¢) arsenic sulfide,
and {e) stannous sulfide?

2, Find the molecular weight of (g) aluminum hydroxide, () sodium
aluminate, {(c) tricalcium phosphate, (d) magnesium smmonium phosphate,
and (e} cupric sulfate pentahydrate.

3. The density of hydrogen is 0.0899 at 0° C. and 760 mm. of mercury
pressure. Under the same conditions, sulfur dioxide has a density of 2.9206.
Calculate the molecular weight of sulfur dioxide.

4. Calculate the density of pure, dry air at S.T.P. Air has the following
percentage composition by volume: nitrogen, 78.06; oxygen, 21.00; argon
{plus the other inert gases), 0.94.

5. (@) The G.M.V. of ammonia is 22.09 at S.T.P. What is its density?
(b} Calculate the density of hydrogen chloride.

6. (a) One hter of carbon dioxide weighs 1.9766 g. at 0° C. and 760 mm.
What is its molecular weight? (b) Calculate the weight of one liter of each
of the following gases: hydrogen sulfide, carbon monoxide, and helium.

7. Caleulate the weights of single atoms of nitrogen, fluorine, chlorine,
helium, neon, and argon, respectively.

8. Calculate the weights of single molecules of the following gases:
ammonia, hydrogen chloride, carbon monoxide, carbon dioxide, nitrogen, and
chlorine.

9. (¢) The specific heat of silver is 0.0590. Cazleulate the atomic heat of
alver. (b) The specific heat of platinum is 0.0323. What is the atomie
weight of platinum?

10. From specific heat dats on page 13, calculate the approximate atomic
weights of the following metals: sodium, caleium, iron, gold, mercury, and

lead.



CHAPTER III
ELEMENTS, COMPOUNDS, AND MIXTURES

CLASSIFICATION OF THE ELEMENTS

For a long time the elements have been classed as metals or
base-forming elements, and as non-metals or acid-forming ele-
ments. This is an arbitrary division, for it is not possible to
make a sharp distinction. Certain elements (e.g., arsenic and
antimony) possess both metallic and non-metallic properties, that
is, they are both basic and acidic in character. Such elements
are called metalloids, or amphoteric elements. Notwithstanding
the fact that elements cannot be grouped into two sharply defined
classes, the classification as metals and non-metals is & convenient
one. Metals have a “metallic” luster, they are malleable, due-
tile, and are good conductors of electricity. Non-metals, on the
other hand, do not as a rule have these characteristics,. Moreover,
they generally have lower dengities, lower melting-points, and
lower boiling-points than the metals. The metals may be divided
into light metals and heavy metals, the latter having densities
greater than five times that of water.

Dobereiner’s Triads. During the years 1816 to 1829
Dobereiner called attention to the fact that certain groups of
three elements each (e.g., Cl 35.5, Br 79.9, I 126.9) could be
selected such that the three elements were chemically similar and
the second element had an atomic weight approximately the arith-
metical megn of those of the first and third members of the group.
Furthermore, he observed that certain closely related elements
in groups of three have atomic weights which are almost the same
(e.g., Fe 55.8, Co 58.9, Ni 58.7). These groups of three elements
became known -as triads and were the forerunner of the periodic
law, which will be discussed subsequently.

De Chancourtois’ Helix. In 1862 de Chancourtois arranged
the elements in the order of their atomic weights, on a right-
circular cylinder at a constant angle of 45°. One-sixteenth of

18
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a complete revolution of the cylinder was taken as & unit of
measure. He pointed out that elements with similar properties
fall on vertical lines parallel to the generatrix. A modern helical
arrangement of the elements was published by two American
chemists, Harkins and Hall, in 1916,

Newlands’ Law of Octaves. About 1864 Newlands, of Eng-
land, discovered that, when the elements are arranged in the
order of their atomic weights, the eighth element has properties
very similar to the first, ““a kind of repetition of the first, like
the eighth note of an octave in music.” He called this striking
relationship the law of octaves. This generalization was the
immediate forerunner of the periodic law.

The Periodic Law. When the elements are arranged according
to their atomic weights, they fall into eight periodie groups
according to their properties. This arrangement of the elements is
known as the periodic table or the periodic system and was devel-
oped independently and almost simultaneously by Mendeléeff
(1869), of Russia, and Lothar Meyer, of Germany. A few years
earlier (1863-1864), Newlands had published his classical papers
on his law of octaves. At the time Mendeléeff published his first
periodic table (1871) only about sixty-five elements were known,
but he boldly stated that other elements would be discovered to
fill in the vacant places in his table and even went so far as to
predict the properties of some of them. A few years later, when
several of these elements were discovered, their properties and
those of certain of their compounds were in striking agreement
with the predictions of Mendeleéff. The grouping of elements
according to their atomic weights is expressed by the periodic law:
The properties of the elements and their compounds are periodic
functions of the atomic weights of the elements. The periodic
system has greatly simplified the study of the elements and their
compounds, has enabled the prediction of new elements, has
aided in the estimation and correction of atomic weights, and has
suggested problems for investigation. This system, however, is
not perfect. For instance, hydrogen is without a place in the
groups of the elements, and there are three exceptlons to the
arrangement of the elements in the order of increasing atomic
weights; namely, argon (at. wt. 39.9) precedes potassium (at. wt.
39.1), cobalt (at. wt. 58.94) precedes nickel (at. wt. 58.69), and
tellurium (at. wt. 127.61) precedes iodine (at. wt. 126.92). Not-
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withstanding these imperfections and several others, undoubtedly
some fundamental relatiopship is represented in the periodic
arrangement of the elements. If the atomic weights of the ele-
ments are plotted as abscissas and various physical properties as
ordinates, wave-shaped curves are obtained that are quite similar.
For example, the following properties may be plotted: atomic
volumes, reciprocals of the absolute melting-points, coefficients of
expansion, and the compressibilities of the atoms.

Moseley’s Atomic Numbers. When cathode rays (streams of
electrons) emanating from the cathode of a vacuum tube are
suddenly stopped by striking a solid target placed at the anode,
radiation from the anode occurs; that is, X-rays are produced.
In 1913, using different elements, from aluminum to gold, as tar-
gets, Moseley, one of the most brilliant of the younger British
physicists, obtained X-rays of slightly different wave-lengths.
He observed that, the higher the atomic weight of the element,
the shorter the wave-length of the X-rays. He arranged the ele-
ments in the order of increasing frequency of the characteristic
X-rays which they emit and numbered them. These numbers he
called atomic numbers (see Table II). Other investigators have
confirmed and added to the work of Moseley. The elements thus
numbered, starting with hydrogen as 1, then helium 2, ete., to
uranium 92, are arranged in the same order as that of increasing
atomic weights, except in the three cases mentioned above where
the order is reversed. Thus at the age of twenty-seven, Moseley
had completed one of the most significant pieces of research of the
last half century. Unfortunately the World War cut short his
brilliant career, and while in the trenches at Gallipoli on August
10, 1915, young Moseley was instantly killed by a Turkish bullet.
His will, made while he was in active service, bequeathed all his
apparatus and much of his estate to the Royal Society.

New Elements. As previously mentioned there are ninety
known chemical elements. The arrangement by atomic weights and
by atomic numbers indicates that there should exist ninety-two
elements. An inspection of the periodic table shows that ele-
ments number 85 and number 87 are missing. Recently Allison!
and his co-workers have announced the discovery of elements 85
and 87. However, since his magneto-optic method of analysis

L Allison and Murphy, Phys. Rev., 35, 285 (1930); Allison, Murphy,
Bishop, and Sommer, ibid., 37, 1178-80 (1931).
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has not been completely verified, the discovery of the last two
elements is in doubt, and hence there are two gaps in the periodie
table.

The question naturally arises, is there reason to expect the
existence of elements with atomic weights higher than uranium,
element 92? All attempts to demonstrate the existence of an
element having an atomic weight greater than that of uranium
have been unsuccessful. The heavier elements are radioactive:
that is, they are undergoing spontaneous and constant disintegra-
tion, thus forming elements of lower atomic weights. It is reason-
able to assume that any elements having atomic weights greater
than that of uranium would be very radioactive, and hence it
seems probable that if any ever existed they have long since
disintegrated into lighter elements. If this hypothesis is true,
then we need not expect to discover any elements beyond uranium,
element 92.2

COMPOUNDS AND MIXTURES

Compounds are pure substances and may be decomposed into,
or formed from, simpler substances. They are homogeneous and
have a definite composition by weight. Mixtures are heterogene-
ous and are composed of two or more independent components
which are variable in amount. The components of 2 mixture may
often be separated by mechanical means. The term constituent
refers to the individual elements joined by chemical union in
compounds. More than 275,000 different compounds are known
(exclusive of simple derivatives), About 250,000 of these are
earbon compounds and 25,000 inorganic compounds. The major-
ity of the compounds have been synthesized in the laboratory;
only & comparatively small number exist in nature.

COMPOUNDS AND THEIR FORMULAS

Structural Formulas. If the valence of atoms be represented
by bonds or lines, then formulas for compounds may be written
50 as to represent the manner in which the atoms are joined in
the molecule. Such formulas are called structural formulas, also

214 has recently (1935) been announced that Dr. A. V. Grosse of the
University of Chicago has obtained the first defimite indication of the existence
of a super-heavy element beyond 92 in the periodic table.
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graphic or constitutional formulas. In such formulas each atom
has as many bonds or lines as it hes valences. The following are
examples:

A
H—Cl H—O0—H N—H H—C—H
Hydrogen Water \ |
chloride H H
Ammonia Methane
0] 0—H 0 O—-H
N/ / \ /
S O0=P—0—H
VRN / \ / N
(0] 0—H 0—H
Sulfuric acid Banum sulfa.te Phosphoric acid

Electronic Formulas. According to the electron theory of
valence, the electrons in the outer shell of an atom are the valence
electrons. If we represent the nucleus of an atom by its ordinary
symbol and the surrounding outer electrons by dots, then we
may write structural or graphic formulas in which the valence
bonds or lines are replaced by dots. Such formulas are called
electronic formulas. Thus we may write the electronic formulas
for HoS04 and H3zPO4:

H
10 :0:
Hza:g:B:H H:.C;:.I;:'(;:H
0 0

Polac, Non-Polar, and Coordinate Compounds. Three types
of linkages are recognized in molecules, namely: (1) polar or
ionizable, (2) non-polar or non-ionizable, and (3) coordinate or
secondary linkages.

Polar compounds are composed of oppositely charged ions
held together by electrostatic attraction. This type of linkage
or valence is called electrovalence. In the formation of polar
compounds, one or more electrons is considered as being trans-
ferred from one atom to another, for example, Na*Cl~, the
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electronic formula for which is Na: Cl:. Compounds of this

type are therefore potentially ionized, but the ions can be sep-
arated only by a medium which has a high dielectric constant
(e.g., water).

Non-polar compounds are formed when atoms unite without a
transfer of electrons. The union is said to be accomplished by
a sharing of electrons as, for example, in the chlorine molecule:

:Cl4-Cl:—:Cl: Cl:

This type of linkage is sometimes called covalent or non-
ionizable linkage and is especially common in carbon compounds,
for example, carbon tetrachloride, CCly:

:Cl:
:Cl:C : Cl:
:Cl:

It should be emphasized that there is no sharp distinetion
between polar and non-polar compounds; the difference is one
of degree and not of kind.

Coordinate compounds are those formed by “secondary” or
“residual” valences and are discussed in some detail on pages
169-183. In such compounds, Werner calls ordinary valence
“primary” and the residual attraction “secondary” wvalence.
The number of groups (atoms, molecules, ions, or radicals) joined
to the central stom, forming a non-ionizable or very slightly
ionizable “nuecleus,” is called the coordination number. *

According to Werner each element has a maximum coordination
number. For most metals this number is 6; for non-metals it is
4. In general, as the electrode potential of the elements decreases
(see page 226), their tendency to form complexes increases. Thus
gold, platinum, silver, copper, pickel, cobalt, iron, ete., form
many complex compounds readily. On the other hand, the alkali
elements show very little tendency to form eomplex compounds.
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The electronic formula for the cobalt ammonia complex ion,
[CoNHgs)e]t++, may be written thus:

- H Y4+
H H:N:H H
:N:H

H:E:\ e

2N

H H:N:H
H

H
:N:H
H




CHAPTER IV

THE CHANGES OF MATTER. MASS, WEIGHT,
AND DENSITY

Matter is continuously undergoing changes; for example, iron
rusts, coal burns, water freezes or boils; in fact all the many
processes of life itself are undergoing changes. Often the changes
which take place do not involve g transformation of matter into
new substances. Such changes are physical only, as in the boiling
of a liquid or the melting of a solid. When a change in composi-
tion takes place, it is a chemical change, as for example, the rusting
of iron or the burning of coal. The various ways in which chemi-
cal changes take place may be grouped under four types of reac-
tions as follows:

1. Combination. An example of this type of chemical change
is the combination of iron and sulfur to form ferrous sulfide when
an intimate mixture of them is heated to a red heat in a test tube.
The change is represented by the following equation:

Iron 4 Sulfur — Ferrous sulfide
1g. 057g. 1.57 &.

2. Decomposition. When mercuric oxide is heated in a test
tube it decomposes into its constituent elements, mercury and
oxygen. The change is expressed as follows:

Mercuric oxide — Mereury -+ Oxygen
1g. 0.93 g. 0.07 g.

Decomposition is the reverse of combination.

3. Displacement. A third type of chemical change i 1s known
as displacement. In this process one element displaces another
from its compounds. This is illustrated in the displacement of
copper from copper sulfate (blue vitriol) by iron. If an iron rod
is dipped into an aqueous solution of copper sulfate, copper
is plated out and an equivalent amount of iron dissolves:

Copper sulfate + Iron — Iron sulfate + Copper |
25
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4. Double Decomposition. This very common type of
chemical change is the result of the interaction of two compounds
to form two other compounds. For example, if aqueous solutions
of sodium chloride (common salt) and silver nitrate are ‘mixed,
the parts into which they split unite to form silver chloride
(insoluble) and sodium nitrate:

Sodium chloride + Silver nitrate —
Silver chloride | -}- Sodium nitrate

The precipitate of silver chloride may be filtered off and the
sodium nitrate obtained by evaporating the filtrate to dryness.

Any chemical change in matter is called a chemical reaction,
or action, or interaction. Such changes are always accompanied
either by the consumption or the production of energy, such as
heat, light, and electricity.

MASS, WEIGHT, AND DENSITY

Mass is a definite quantity of matter and is constant; that
is, it is independent of its position with respect to other bodies.
The weight of a substance depends upon its position in relation
to the center of the attracting body, the earth.

Weight = Mass X Acceleration due to gravity, or W =" Mg

Since mass and weight are always directly proportional to
each other, the two terms may be used interchangeably at any
particular place. The unit of mass is the gram, which is the
thousandth part of the standard mass of metal (platinum-iridium
alloy) called the kilogram. The international standard of mass
is kept at the International Bureau of Weights and Measures,
near Paris. The density of a substance is the ratio of its mass

Mass
Volume ’
where mass is expressed in grams and volume in cubic centimeters.
Water has its maximum density, 1, at 4° C.; i.e., one cubiec centi-
meter of water at 4° C. weighs one gram. The density of gold is
19.32; i.e., one cubic centimeter of gold weighs 19.32 g.

to its volume, that is, mass per unit volume. Density =
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THE CHEMICAL BALANCE

The chemical balance is an ipstrument for measuring the
relative weights or masses of substances. No other instrument
has contributed to the progress of chemistry as has the chemical
balance, more- commonly referred to as the analytical balance.
The classical work of Lavoisier during the latter part of the
eighteenth century was based upon the use of the balance.

With the introduction of the balance, chemistry became an
exact science, Lord Kelvin once said, * When you can measure
what you are speaking about and express it in numbers, you know
something about it, and when you cannot measure it, when you
cannot express it in numbers, your knowledge is of a meagre and
unsatisfactory kind. It may be the beginning of knowledge, but
you have scarcely in your thought advanced to the stage of a
science.”

PROBLEMS

1. {a) What weight of ferrous sulfide can be made by heating to a red
heat an intimate mixture of 10 g. of sulfur and an excess of iron powder?
() If 25 g. of iron were used, how much iron will remain uncombined?

Ans. () 274 g
@) 76g

2. (¢) How many grams of hydrogen sulfide can be obtained by the action
of an acid on 100 g. of ferrous sulfide? (b) What weight of cupric sulfide will
the hydrogen sulfide obtained in {a) precipitate when allowed to remect with
an aqueous solution of a2 eupne salt? (Assume that none of the hydrogen
sulfide escapes from the reaction vessel.)

Ans. (a) 388¢g,
(b) 108.8 g.

3. (2) What weights of ealeium oxide and carbon dioxide, respectively,
are produced by the ignition of 1 kg. of caleium carbonate? (b)) How much
caleium hydroxide can be prepared from the lime obtained in (a)?

Ans. (e) 0.56 kg., 0.44 kg,
(b) 0.74 kg.

4. A clean iron rod js dipped into a solution of copper sulfate. After five
minutes the rod is withdrawn and the solution analyzed at once (to prevent
oxidation) for ferrous sulfate. If 0.25 g. of ferrous sulfate was found, (a) how
much iron dissolved and (b) what weight of metallic copper was plated out?

Ans. (a) 0.092 g.
(b) 0.105 g.

5. {g) How much silver chloride is formed by the addition of 0.5 g. of
ammonium chloride to a solution contaimng 10 g. of silver nitrate? (b) How
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much ammonium nitrate was produced? (¢) What weight of silver nitrate
remained?
Ans. (a) 1.34¢g.
& 075 g
(c) 8.41g.

6. (o) How many milligrams of lead and of chlorine, respectively, are
contained in 0.100 g. of lead chloride? (b) How many milligrams of bismuth
in 0.010 g. of bismuth sulfide?

Ans. (a) 74.5 mg., 25.5 mg.
) 8.1 mg

7. (@) What weight of NH,, is required to precipitate 100 mg. of aluminum
as aluominum hydroxide? (b) What volume would this amount of ammonia
gas occupy at S.T.P.?

Ans. (2) 189 mg.
&) 0251

8. (a) How many cubic centimeters of carbon dioxide can be obtained at
S.T.P. by the action of an excess of an acid upon 1 g. of calcite {CaCOy)?
(b) What weight of barium would this amount of carbon dioxide precipitate?

Ans. (a) 224 ce.
) 137g

9. () A solution contasing 25 mg. of each of the following sulfates:
copper, bismuth, eadmium, and mercury {ic). Calculate the amounts of
each sulfide formed when the solution is saturated with hydrogen sulfide.
() What was the total amount of sulfunc acid produced in (a)?

Ans. (a) 15.0 mg., 18.2 mg., 17.3 mg., 19.6 mg.
&) 459 mg.

10. (¢) How many millizyams of ammonium carbonate are required to
precipitate 100 mg. of each of the following: calcium, strontium, and barium?
(b} An excess of sodium hydroxide is added to a solution contaming 1 g. of
ammonium sulfate and the solution boiled to expel the ammonia gas. What
was the weight (in milligrams) of the gas, and what volume (in cubic centi-
meters) would it occupy at N.T.P.?

Ans. (a) 240 mg., 110 mg., 70 mg.
{b) 258 mg., 340 ce.



CHAPTER V
OXIDATION-REDUCTION REACTIONS

Oxidation-reduction reactions involve valence changes; that
is to say, some atom or ion undergoes an increase in valence and
simultaneously some other atom or ion undergoes a decrease in
valence, This change in valence differentiates oxidation-reduction
reactions from all other types of reactions. ( Oxidation may be
defined as a chemical change in which electrons are lost by an atom
or ion} Reduction is the reverse process of oxidation; namely,
electrons are gained by an atom or ion. The two processes take
place simultaneously. In other words, in every oxidation-
reduction reaction there is a transfer of one or more electrons,
the reducing agent being oxidized and the oxidizing agent reduced.
In order for a substance to function as a reducing agent (reduc-
tant), it must be capable of giving up one or more electrons; and
in order to act as an oxidizing agent (oxidant), it must be able to
take up one or more electrons. Hence, an oxidizing agent is not
limited to substances containing oxygen, nor is a reducing agent
limited to substances containing hydrogen. Moreover, certain
substances, for example HNOz, may act either as an oxidizing
agent or as a reducing agent, depending upon whether it acts
under conditions which permit it to lose electrons or to gain
electrons.

BALANCING OXIDATION-REDUCTION EQUATIONS

There are two methods of balancing oxidation-reduction equa-
tions: (1) the ‘ valence change ”’ method and (2) the * ion-electron”
method. The former is older and is based upon valence changes;
the latter is based essentially upon electrochemical considera-
tions. An excellent presentation of these methods is given by
Jette and La Mer,! and the discussion which follows is based upon

1 Jette and La Mer, J. Chem. Education, 4, 1021-30 and 1158-67 (1927).
29
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their papers. These authors point out that “ due to the limita-
tions of our present knowledge, it is convenient to resolve this
large group of reactions into two smaller groups’: (1} nomn-
ionic reactions, i.e., those which take place in the dry state between
solids or between gases; and (2) ionic reactions, i.e., those which
take place in aqueous solution between dissolved substances.
That such a division is necessary, at least for the present, is
clearly shown in the following paragraph.”

There is a large mass of evidence to show that reactions taking
place in aqueous solution are the result of interactions between
substances in the ionized state and further, in the case of strong
electrolytes, modern theory teaches that the un-ionized form is
entirely absent or, if it exists at all, only in exceedingly small
concentrations, For the strong electrolytes the ions may be
treated as the only important factors. In the other group of
reactions, conclusive evidence that the interactions are only be-
tween ions is lacking, especially in reactions between gases. Molten
salts such as NaCl and KNO; possess high electrical conductivity
which indicates the presence of a considerable number of free ions.
Solid salts also have properties which demonstrate that they are
built up of ions rather than molecules. But for other solid sub-
stances as well as liquids and gases, the ionie nature of their inter-
actions has not been demonstrated in nearly so conclusive a fashion
as for the reactions taking place between dissolved salts. It is
usually preferable to consider the molecular substances as the
units in these cases. Any such classification of reactions is, of
course, entirely arbitrary but none the less useful.

The Valence-Change Method. This method of balancing
oxidation-reduction equations is here applied to non-ionic reactions
and is as follows:

1. Determine the numerical change in the valence of the ele-
ment undergoing reduction (the oxidizing agent). Do the same
for the element undergoing oxidation (the reducing agent).

2. Make the numerieal change of valence of each of these, the
numerical coefficient of the other. N

3. Since the principle underlying this method is, of course, that
every oxidation involves a loss of electrons (increase of positive
charge) and every reduction a gain of electrons, in the final equa-
tions the two changes in the number of electrons must exactly
counter-balance in order to preserve electrical neutrality. Take
the reaction between molten KNOsz and free carbon as an
example;
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KNOQ3 + C— KNOz 4 CO: (Skeleton equation)

2(N*5 - 2¢ — NH3) (Equation for oxidizing
agent)
C°—4e > CHe (Equation for reducing
agent)
ZN+*5 4 C° 4 4e — 4e > 2N+3 4 C+¢  (Valence-change equa-
tion)
2KNO3 + C = 2KNO; 4 COz (Final molecular equa-
tion)

Although this method often gives the correct equation when
applied to reactions taking place in aqueous solution, before it
can be used it must be possible to select the particular atoms
undergoing oxidation and reduction. This is not always a simple
matter, and, moreover, the influence of such important factors as
acidity and alkalinity, the presence of other ions, etc., is usually
obscured when the valence-change method is applied to reactions
in agueous solutions, These difficulties are avoided and a greater
insight into the nature of these reactions is gained by using the
ion-electron method which follows.

The Ion-Electron Method. This method of balancing oxida-
tion-reduction equations can be applied only to ionic reactions.
Such reactions are frequently so complex that it is impossible to
balance their equations “by inspection” or “by trial and error,”
But by following the rules proposed by Jette and La Mer, the
balancing of oxidation-reduction equations for reactions taking
place in solution is very much simplified. The interaction between
K2Crz07, Nal, and H.S04 will be taken as an illustration.

Rule 1. Ascertain the products of the reaction. Without this
knowledge it is impossible to balance the equation.

In the case of K2Cro07, Nal, and H2S804, the main products
are Cr+++ jon and I. The consumption or production of H+ ion
will be taken care of by & correct application of the rules.

Cr07=— Crtt+
Orange-red Green
2I- — I%
Colorless Brown
These changes are experimental facts and may actually be
observed.
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Rule 2. Set up a partial equation for the oxidizing agent.
To do this, it will be necessary to dispose of seven oxygen atoms.
Always when the oxidizing ion contains more atoms of oxygen than
its reduction produet, H2O is formed. Thus to balance this partial
equation chemically, we write

Crz07= + 14H+ — 2Cr+++ + TH,0 1)

The decrease in H+* ion concentration can be shown experi-
mentally.

Rule 3. Set up a partial equation for the reducing agent in the
same way. In the present case

oL~ — 1% @)

Rule 4. Balance each of the partial equations electrically.
In the first equation there are 14 positive and 2 negative charges
on the left, making a net of 12 positive; and on the right there
are 6 positives. In order to equalize the charges on the two
sides of the equation, 6 electrons (i.e., 6 negative charges) are
added on the left side. The second equation is electrically bal-
anced by subtracting 2 electrons from its left side. The two
electrically balanced partial equations are:

Cro07= + 14H+ + 6e — 2Crt++ 4+ TH20
2l- — 2e— I°2

Rule 6. Multiply each partial equation by a factor so that
when the two are added the electrons just compensate each other,
In this example, it is only necessary to multiply the second partial
equation by 3.

61— — 6e — 3I°%

Rule 6. Now add the fwo partials. The result is the final
ionic equation for the reaction,

Cr:0:= + 14H* + 61— =2Cr+++ 4 TH20 + 31%

In some cases it will be possible to simplify the equation by
canceling out certain substances which appear on both sides of
the equation.

If desired, the molecular form of the equation may easily
be written by adding the non-essential ions to the ionic equation,
Any positive ion may be used for forming salts of Cr207= ion and
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I~ ion, and any negative ion for forming the acid molecule, Since
in the above example K+, Na*, and SO=4 are the non-essential
ions, these will now be added to the ionic equation. The balanced
molecular equation is thus obtained.

KoCra07 4+ 7HoS04 + 6Nal
= Crz2(804)3 + K2804 4+ 3Na2804 + 7H20 -+ 31

PROBLEMS

OxmaTioN-REDUCTION EQUATIONS

1. What is the valence of the underscored element in each of the following
formulas? MnC,—, Cr:0;=, HNQO,, Pb0,;, Na,AsO, FeSQ, NaOCl, Br,,
KI, H.8. - - - =

2. State which ions and eompounds of question 1 are oxidizing agents
under usual conditions and whach are reducing agents,

3. State which of the following compounds are oxidizing agents and which
are reducing agents: H.S, SnCl,, FeS0,, HNO,, KiCr:0;, SoCl,, HgCl,,
KMDO;, FeCl;, and HzSOa.

4. Balance the following oxidation-reduction equations by the valence
change method.

(1) FeCl: + Cl: = FeCla
(2) CuSO, + KI = Cu,l; + K80, +I°
(3) HCI 4 HNQ; = H,0 + NOCl + CI°

Heat
4) (NH):Cr:0r == Cr,0s + N° + H:0
(5) HNO,=HNO; + NO + H;0

©) NHNO: X N0 + H,0

{7 Cu®+ HS0,=CuS0, + 80, + H;O

(8) Heg.,Cls + NH; = Hg(NH;)Cl 4 Hg + NH,Cl]
(9) Na8,0; + I°= Na,3:0¢ + Nal

I d
(10) FeSO, + Ce(SOL)s mm= Fea(S0.)s + Cex(S04)s
polution

5. Write the belanced ionic equations for the following oxidation-reduetion
reactions, using the ion-electron method:

(11) SbCl; + KI = 8bCl; 4 KCl + I°

(12) HyS +I=HI 4 8°

(13) CdS 4+ I 4+ HCI=CdC), + HI + 8°

(14) CaC:0(+ EMnO,+ Hi80, = CaS0, + K:S0, + MnS0, + H:0 + CO,
(15) N2:8:0y + I.= Na;8,0s + Nal

(16) CaOCl: -+ HCl = CaCl. + H,0 + CI°

(17) FeCl; + K.CrisOy 4+ HCl = FeCl;s 4+ KCl 4 CrCl; + H:O

(18) CuS0: + KI = Cusls + K80, +1°

(19) KIO; + KI + HCl=KCl + H,0 +1°
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(20)
(21)
(22)
(23)
{24)
(25)
(26)
(27)
(28)
(29)
(30

6.

OXIDATION-REDUCTION REACTIONS

K1 + KMHO‘ + HgSO4 = KzSO4 + MDSO4 + Hzo + I°
H.S + HNO;= NO + H,0 4 8°

¥eClz + Cl: = FeCla

Kl 4+ Cl:=KCl 4+ 1°

HNO; = HNO, + NO 4+ H,0

HNO; = NO: 4+ H.0 4+ 0°

HCl 4+ HNO; = CI° + NOCI + H.0

Bi(OH)s + Na.Sn0» = Na:Sn0O, + H.O + Bi®
Na;Oz + H:O = NROH + ()°

Bi-S; + HNO; (dil.) = Bi(NQ,); + NO + H.0 + 8°
FEClz + HgOz + HC]. —t FBClx + Hzo

Write the balanced molecular equations for the following oxidation-

reduetion reactions:

(31
(32)
(33)
(34)
(35)
(36)
(37
(38)
{39)
(40)
(41)
(42)
(43)
(44)
(45)

7.

Fey (S04} 4 Zn® = FeS0, 4 ZnS0,

FeCl; 4+ KI = FeCl; + KC1 +1°

HgCl: + 8nCly = Hg2012 + SnCl,

FeSO + KMnO, + HoS0, = Fes(S0,4): 4+ K:SC( 4+ MnSO, 4+ H:0
N8-20204 +KMDO¢ -+ H:SO;';' N&'_'SO4 +K2$0|. + Mnsod + HSO +CO:
K20r207 + K1 + HzSO| = K-_aSO. + Crz(S0¢)a + Hzo + I°

MnQ; 4+ H.CyOy + H.S0, = MnSO, + H;0 + CO,

SnCl. + I: 4+ HCl = 8nCl, + HI

Ti:(80)x + Fex(80);: = Ti(SO4)2 + FeSO,

V05 + KI + HCI = V0, + KCl 4+ H.0 +T°
Mn{(NOz),+{NH,}:8:0; + H.0=HMn0,+HNO;+H:S0,4 (NH,):S0,
Mn(NOQ;); + KI0O; + H:0 = HMnO, + HNO; 4 KIO,

FeCly 4 Ce(S0,)2 4+ HCI = FeCl: + Ce:(804): + H280,

MD.O: + F6S0.| + HnSO{, = MDSOg + FG:(SO;); -} Hzo

KMnO, 4+ H.8 + HCl = MnCl; 4 KCl + H;0 4 8°

Make a table of twelve common oxidizing agents which includes the

following: (a) element or radical involved, (b) valence of element, {c) reduced
form, (d) new valence, {¢) decrease in valence, and (f) gain 1 electrouns.

8.

Make a table of twelve common reducing agents similar to the one

prepared for oxidizing agents.



CHAPTER" VI
GASES

THE LAWS OF GASES

We have already learned that matter may exist in three
states: solid, liquid, or gaseous. A gas may be defined as matter
which fills completely and to a uniform density any available space.
Gases have no definite shape or volume, they are light in weight,
their viscosity is small, and they mix in all proportions.

The volume of solids and liquids may be easily and accurately
measured. This is because their volume is altered only very
slightly by changes in temperature and pressure. Except in the
most refined measurements, ordinary changes of temperature and
pressure are neglected in the measurement of volumes of solids
and liquids. But the temperature and pressure coefficients of
gases are very large and must always be taken into account.{In
measuring a given quantity of gas it is necessary to measure the
volume, temperature, and pressure a.ccurately) Then, if the
density be known, the weight may be accurately obtained. Ex-
amples will be given after a consideration of the gas laws. It
should be obvious from the above statement that gaseous volumes
may be compared only when they are all at the same temperature
and pressure. Also, gas densities vary with the temperature and
pressure, It is therefore necessary to adopt a standard temperature
and a standard pressure. The standard temperature is 0° C. and
the standard pressure is 760 mm. of mercury. These conditions
are frequently referred to as normal temperature and pressure
and abbreviated N.T.P., or if the word standard is used, the abbre-
vigtion becomes S.T.P.

The laws which express the behavior of gases are relatively
simple.

Boyle’s Law. In 1660 Robert Boyle discovered that, when
air was compressed or expanded at constant temperature, “The
pressures and expansions were in reciprocal proportion.” This

35
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observation was later found to apply to all gases and is now known
as Boyle’s law. It is stated as follows: When the temperature is
constant, the pressure of a gas varies inversely as its volume.
Or the law may be stated: At constant temperature, the volume
of a given mass of a gas is inversely proportional to the pressure
to which it is subjected. The law may be expressed mathemati-
cally as follows:
1

VOCI)'

To change the variation into an equation, a proportionality con-
stant, K, must be introduced:
1
V=K P
or
PV =K

The function of such a constant is to relate the magnitudes of
the two variables,*pressure and volume, to each other and also
the units in which they are expressed. Suppose that we have 100
liters of a certain gas at 750 mm. Applying Boyle’s law:

1
100 o %
1
100 =K 750
K = 75,000

If we know the value of the constant, K, then the volume of this
gas sample may be calculated at any pressure, and vice versa.

Boyle’s law is sometimes expressed in ancther way. If V,
is the volume of a given sample of gas at pressure P;, and V2 is
its volume at pressure Pg, then

i _Pe
Vs P
PV = PV,

An inspection of the equation shows that, if the pressure on
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the gas be doubled, the volume is halved, etc. Volume changes
due to changes in pressure may be readily calculated by this law.

Example. One hundred cubic centimeters of oxygen are collected under a
pressure of 750 mm. of mercury. What would the volume be under 770 mm.?
By inspection we note that the pressure is raised, therefore the volume will
become smaller; hence we must multiply the volume by a fraction less than
unity:
750

V=100 X —— 4 ce.

X 770 =974 ce
Temperature Scales. As stated above, temperature changes
produce large changes in gas volumes, but before discussing the
law governing these changes let us consider the several common

temperature scales:

1. The Fahrenheit Scale, ° F.
2. The Centigrade Seale, ° C.
3. The Absolute Scale, ° A,

The two common reference points on temperature scales are the
melting of ice (32° F. or 0° C.) and the boiling of water (212° F.
or 100° C.) under standard atmospheric ressure. On the Fahren-
heit scale there is a difference of 180° between the melting of
ice and the boiling of water, and on the Centigrade scale there is

100 5
100° difference between these points. Hence, 1°F, = — = —
of 1°C. 180 9

The formulas for converting one temperature to the other are:
°F. =9/5(°C.)+32, and °C.=5/9(°F. — 32)

It is interesting to note that —40° is the same on both scales.
Pr?his}.wourself by inserting —40° in the above formulas.
xperiment; has shown that a givef gas, at constant
pressure, will increase or decrease 1/273.1 of its volume at 0° C.
‘{g_r__ every degree through which it is heated or cooIe_c_l) The zero
point therefore would be —273.1°C. This is called the abso-
lute zero of temperature. To convert degrees Centigrade
to degrees Absolute, add 273.1 to the degrees Centigrade:
°A. = °C. +273.1. In making volume corrections for changes
in temperature, ° F. and ° C. must always be converted to ° A.

Theoretically, a gas would have no volume at the absolute zero,
but as a matter of fact all known gases become liquid or solid
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before this temperature is reached. Helium, the most difficult
gas to liquefy, boils at 4.5° A,, or —268.6° C. By rapid evapora-
tion of liquid helium, Kammerlingh Onnes, a Dutch physicist,
has succeeded in reaching a temperature of 0.82°A, In 1935
scientists at Leyden reached a temperature within 0.005° of
absolute zero.

The Law of Charles. This law was discovered by Charles in
1787 and later discovered independently by Dalton (1801) and by
Gay-Lussac (1802). It may be stated thus: At constant pressure,
the volume of a given mass of a gas is directly proportional to the
absolute temperature. Expressed mathematically,

VT,
V = KT,
v

=%

where V is the volume, T is the absolute temperature, and K is a
proportionality constant.
If the volumes of a given mass of a gas at two different tem-
peratures are to be compared, we have
Vi_ T

V: Ta
A corollary to the laws of Boyle and of Charles may be stated
as follows: At constant volume, the pressure of a given mass of a
gas varies directly with its absolute temperature. Stated mathe-

matically,
PxT

P = KT

If we are to compare the pressures of a given mass of a gas at
two different temperatures, the equation becomes:
P T

P; T,

Examples. 1. Twenty-five liters of nitrogen are collected at 22°C. What
volume would the gas occupy at 0° C.7
Converting the temperatures to the absolute scale, we have 205° A. and
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273° A. Since the gas is cooled, its new volume will be less than 25 liters;
hence, 26 must be multiplied by a fraction less than unity.

273
V = 25 X == = 23.1 lite
X 295 B

2. One hundred liters of hydrogen are measured at 750 mm. pressure and
at 15° C. What would be the pressure if the temperature should be raised
to 25° C., the volume remaining unchanged?

An increase in temperature would cause an increase in pressure, hence
750 must be multiplied by a fraction greater than unity.

25 4273
15 4+ 273

P=750X( )=776mm.

The General Gas Equation. There are three variables which
determine the state of any gas, namely, volume, pressure, and
temperature. In discussing the above gas laws, we considered
how one of these varied with another if the third was kept constant.
In practice, all three factors frequently vary. It is therefore
desirable to derive an expression to handle such changes. Suppose
that we have a volume V: of a gas at pressure P; and tempera-
ture (absolute) T;. Now suppose we change the conditions so
that the volume becomes V2, the pressure Py, and the temperature
T2. What will be the relationship between the first set of condi-
tions and the second set? It will simplify our problem if we carry
out the change in two steps. It makes no difference which step
is taken first, but suppose the temperature is kept constant at Th
and the pressure is raised to Pa. Let the new volume be designated
V1. Then,

Vi P2
Vi~ P (1)
Now suppose we raise the temperature to Tz, holding the pressure

at P;. Then,
Vi
=21 2
Vs T )

By combining equations (1) and (2) we obtain an expression known
as the general gas equation:

Vi Ti P

= 3
Vo T2 P, ®
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If we know any five of these variables, the sixth can readily be
calculated by substituting in the above equation (3). An exam-
ple will illustrate. Ten liters of hydrogen are measured at 20° C.
and 740 mm. pressure. If the temperature is lowered to 0° C,
and the pressure raised to 760 mm., what will be the volume occu-
pied by the gas?

V1 = 10 liters Py = 740 mm. T, = 203° A.

Ve=1 Py = 760 mm, Te = 273° A,
Substituting in the general gas equation (3):
1023 760
Va 2737 740
273 740 .
Vz-—lOXé@X,aj-—Q.lhters

The Fundamental Gas Equation. By combining the expres-
sions for the laws of Boyle and of Charles, we have

T
VOCF

and introducing & proportionality constant, K,

T
V=K5

or
PV = KT

If this equation is applied to one mol of gas (i.e., the molecular
weight of the gas taken in grams), R, the molar gas constant, may
be used in place of the constant K. By introducing the factor =,
which represents the number of gram-molecules of gas taken,
we obtain the general expression

PV = aRT
and when n=1
PV = RT

This is the fundamental gas equation. R, the molar gas constant,
may be expressed in several different energy umits: (1) liter-
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atmosphereg per degree, (2) cubic centimeter-atmospheres per
degree, (3) joules per degree, (4) calories per degree. It is sug-
gested that the student calculate the numerical values of R in
these four units. (Consult a textbook on physical chemistry.)

Since #, the pumber of gram-molecules, is obtained by dividing
the weight of gas taken by its molecular weight, the gas equation
may be written:

wRkT
V=—-
P M

where w is the weight of gas in grams and M is its molecular weight.
Deviations from the Gas Laws and van der Waals’ Equation.
Many carefully performed experiments by a number of investiga-
tors show that gases do not strictly obey the fundamental gas equa-
tion, PV = nRT, the deviations depending on the nature of the gas
and the conditions of temperature and pressure. The gas laws
are more nearly obeyed the higher the temperature, the lower the
pressure, and the further the gas is removed from its critical state.
(See page 55.) An ideal or perfect gas is one that obeys the funda-
mental gas equation, but all real gases deviate from the ideal
and for the same reason. Since in the above equation the product
PV is constant at a given temperature, by plotting pressures as
(abscissas and the corresponding PV values as ordinates, a perfect
gas would give a straight line parallel to the axis of abscissas.
Natterer pointed out that PV for hydrogen at room tempera-
ture is too high, and Budde suggested that the deviation was due
to the volume occupied by the molecules themselves, Denoting
the total volume occupied by the molecules by b, the corrected gas
equation becomes:

P(V — b) = RT

where b is a constant for each gas. This equation, though satis-
factory for hydrogen, fails when applied to many other gases.
All gases, under the proper conditions, show a@inimum_‘in their
PV vs. P curves. That is to say, at certain temperatures the
gases are more compressible than a perfect gas under low pressures,
and less compressible under high pressures. Hence, PV passes
through the value required by Boyle’s law. In 1879, van der
Waals showed that at high pressures the volume of a gas is less
than the calculated value and said that this effect was due to
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mutual attraction of the molecules. That is to say, the gas
behaves as if it were subjected to a pressure greater than that
actually applied. It was shown that this attraction is inversely
proportional to the square of the volume of the gas. If a is taken
as the attraction when the volume is one liter, than ¢/V? is the
attraction for any other volume. Since the attraction acts with
the external pressure, the total or corrected pressure is P + a/V2.
Correcting the gas equation for both volume and pressure, we have

(P +a/VH(V —b) = RT

This is called van der Waals’ equation, and it is applicable not
only to highly compressed gases, but also to liquids. It should
be pointed out that, when V is large, both ¢/V? and b become
negligible, and van der Waals’ equation reduces to the simple gas
equation, PV = RT. From this it follows that any influence
tending to increase V will cause a gas to approach more nearly the
ideal condition. Hence, an inerease in temperature at constant
pressure, or a diminution in pressure at constant temperature,
causes a gas more nearly to obey the simple gas laws. At the
pressures and temperatures generally used in the laboratory, the
deviations of gases from the gas laws are not greater than the
ordinary errorg of observation.

Mixtures of Gases: Dalton’s Law. Gases possess the property
of mixing freely in all proportions. In a mixture of gases, each
gas distributes itself throughout the containing vessel just as if no
other gas were present. The properties of a mixture of gases are
the sums of the corresponding properties of its components. In
1807, Dalton enunciated an important law. It is known as Dal-
ton’s law of partial pressures and may be stated thus: In a mixture
of gases, provided they do not combine chemically, the pressure is
equal to the sum of the pressures that would be exerted by each
gas if it were allowed to fill the containing vessel alone. In other
words, the pressure of each gas is independent of the pressures
exerted by the other gases. The pressure which each gas exerts is
called its partial pressure and is proportional to its concentration,
In brief, the total pressure of a gaseous mixture is equal to the sum
of the partial pressures,

Dry air is a mixture of one-fifth of oxygen and four-fifths of
nitrogen (including about one per cent of certain rare gases) by
volume. A better statement would be to say that a liter of dry
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air under one atmosphere of pressure (760 mm. of mercury)} con-
tains a liter of oxygen under a partial pressure of one-fifth of an
atmosphere and a liter of nitrogen under a partial pressure of
four-fifths of an atmosphere.

A gas collected over a liquid always contains some of the
vapor of the liquid. When the gas is collected over mercury, the
amount of mercury vapor is so minute that it is disregarded, but,
when, for example, a gas is collected over water, the water vapor
is appreciable. The partial pressure of the water vapor is
called aqueous tension, or the vapor pressure of water. The vol-
ume of-a gas measured over water is larger than it would be if the
gas were dry; hence, to reduce to the dry condition, the aqueous
tension is subtracted from the corrected barometric pressure. The
aqueous tension, of course, increases with the temperature. A
table of aqueous tensions over a wide range in temperature has
been prepared and may be found in any handbook on ¢hemistry or
physics.

Example. One hundred cubic centimeters of hydrogen are collected over

water at 25° C. and 750 mm. What volume would the hydrogen occupy
when dry and at S.T.P.? The aqueous tension at 25° C. is 23.7 mm.

L "]
278 (750 —~ 23.7)
7 = 2¢ S > . = 87
Varp =100 X 298 x 780 87.5 eo

Diffusion of Gases: Graham’s Law. Under ordinary condi-
tions gases diffuse into one another until the gaseous mixture is
uniform in composition. The law governing the rates of diffusion
of gases was discovered by Graham in 1833; it states that the
rate or speed of diffusion of a gas is inversely proportional to the
square root of its density, or, otherwise expressed, r = k 1/4/d,
where r is the rate of diffusion and d is the density of the gas.
For example, the density of hydrogen is approximately #% as
great as that of oxygen. Hence, hydrogen diffuses four times as
fast as does oxygen. The densities are in the proportion 1 : 16.
The inverse ratio of the square roots of the densities is V16 : 1,
or 4 : 1, which is the ratio for the rates of diffusion of hydrogen
and oxygen.

Graham’s law may be used to determine the molecular weight
of a gas or vapor. 1If the rates of diffusion of two gases be desig-
pated by r and #, and their densities by ¢ and d’, respectively,
then their relative speeds may be expressed as follows: T r
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=Vl1/d: \/1/d’ or, iy = V& : Vd. Since the molecular
weight of a gas is proportional to its density, the equation may
be written 7: +* = VM : VM , Where M and M’ are the molecu-
lar weights of the two gases. In practice, the time required for a
known volume of a gas to pass through a small opening is measured
instead of the actual diffusion rate. The time, ¢, is inversely
proportional to the rate and directly proportional to the square
root of the molecular weight of the gas. Hence, for any two gases
the equation may be written: {: ¢ = VM VM. If some
gas of known moélecular weight, M, for example oxygen, be taken
as standard and its time, £, of outflow and that of an equal volume
of another gas, ', be measured, then the molecular weight, M’, of
the second gas may be calculated by substitution in the equation:

ity =Vv32:vM

where M = 32, the molecular weight of oxygen. This equation
may be written

1'2-32
M = 2

Obviously in experiments of this kind the diffusions must be
compared at the same temperature.

Density of Gases. The absolute density D of a gas is deter~
mined by measuring the mass M of a certain volume V at a known
temperature T, and then dividing the mass by the volume:

M
D=3
In scientific work the absolute density of a gas is usually expressed
in grams per milliliter (or cubic centimeter) or in grams per liter
at standard conditions of temperature and pressure: i.e., 0°C.
and 760 mm. of mercury. The relative density or specific gravity
of a gas is the ratio of the weight of a given volume to the weight
of an equal volume of another gas taken as standard and con-
sidered as unity. Both gases must be measured at the same
temperature and pressure. Oxygen, hydrogen, and air are the
gases generally taken as standards.

Example. One liter of ammonia, NH,, weighs 0.771 g. at S.T.P. What is
the specific gravity (relative density) of ammonia referred (a) to air, (b) to
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oxygen, and (c) to hydrogen? At S.T.P., one liter of these gases weighs
1.203 g., 1.429 g., and 0.08987 g., respectively.

Referred to air: Sp.gr. NHy; = — = (0.597.
p- gr * = 1203 0.597

0.771
Referred to oxygen: Sp. gr. NH, = Taze = 0.540,

0.771

0.0s087 — %8

Referred to hydrogen: Sp. gr. NH, =

’

VY Gas Density and Molecular Weight. In determining the
atomic weights of the elements, oxygen is taken as the standard
and given an arbitrary value of 16 as its atomic weight (see page
9). Likewise, in determining molecular weights, oxygen is taken
as standurd and is given a molecular weight of 32 as it is a digtomic
ges. Now it has been shown by experiment that 32 g. of oxygen
occupies a volume of 22.412 liters at 0° and 760 mm. pressure
after correcting for deviations from the perfect gas laws. Hence,
to determine the molecular weight of any gas it is necessary only
to find the weight of 22.412 liters of the gas at 0° and 760 mm.
pressure. This is an application of Avogadro’s law which states
that equal volumes of all gases, under the same conditions of
temperature and pressure, contain the same number of molecules.
In practice, any convenient volume of gas or vapor is weighed at
any temperature and under any pressure. The weight of 22.412
liters under standard conditions is then calculated. An alterna-
tive method is to determine the volume of a known weight of the
gas or vapor under definite conditions of temperature and pres-
sure, and then calculate the weight of 22.412 liters at S.T.P.

Some vapors undergo dissociation upon being heated. The
extent or degree of dissociation at any one temperature can be

determined easily by measuring the vapor density, which in a
dissociating vapor decreases with increase in temperature.

THE KINETIC THEORY OF GASES

We have already learned that matter may exist in any one of
three states: solid, liquid, gaseous. We have also learned that
masses of matter are composed of extremely minute particles called
molecules, each one of which has properties identical with those
of the whole mass. Furthermore, we have learned that the mole-
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cules consist of atoms of elements combined in definite numbers.
There is a vast amount of experimental evidence that the mole-
cules of matter are in continuous motion, The energy of motion of
molecules is called kinetic energy. The word kinetie is derived
from the Greek word kumricos, which means ‘‘of motion” or
“pertaining to motion,” hence the kinetic-molecular theory.

It is believed that all matter has a discontinuous structure;
that is, it is made up of separate or distinct particles. All matter
is compressible. Solids may be converted into liquids and liquids
may be evaporated into gases or vapors. Solids will absorb both
liquids and gases. The kinetic-molecular theory is applied to
matter in all three of its states, but in a study of the theory it
is best to begin with gases, since they are characterized by very
simple and uniform behavior with respect to temperature and
pressure, As a result of certain observed facts and the application
of the kinetie theory, the following deductions may be made:

1. A gas is composed of submicroscopie particles, called mole-
cules, which are all alike.

2. Gas molecules are moving rapidly and continuously in a
random fashion, and are relatively far apart except at very high
pressures. L

3. The speed at which gas molecules move is inversely pro-
portional to the square root of their mass.

4. The pressure exerted by a gas is due to the incessant bom-
bardment of the walls of the containing vessel by the molecules
and is proportional to the concentration of the gas.

5. The collisions of gas molecules may be regarded as per-
fectly elastic; i.e., they lose none of their kinetic energy upon
impact with other molecules or with the walls of the container,
at the same temperature.

6. The average kinetic energy of gas molecules is directly
proportional to the absolute temperature. In other words, a
rise in temperature increases the speed of the molecules and
hence increases their kinetic energy. When a gas expands against
an external force it does work at the expense of the kinetic energy
of its molecules, and hence it loses heat.

All the above deductions are confirmed by experiment. Gases
are homogeneous as shown by analysis. They are highly com-
pressible, diffuse rapidly, exert a pressure on the walls of the con-
taining vessel, do not settle, and obey (except at high pressures
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and at low temperatures) Boyle's law, Charles’ law, and Graham’s
law,

Starting with the above assumptions, it is possible to derive
an equation from which the gas laws may be deduced. From
lack of space, we simply state the fundamental equation of the
kinetic theory of gases. It is PV = inmu?, where n is the num-
ber of molecules, each havifig a mass m, and » is their mean
velocity. From this equation the laws of Boyle, Charles or Gay-
Lussac, Avogadro, and Graham can be deduced. It is suggested
that the student consult a textbook on physical chemistry and
deduce these laws after he has derived the kinetic equation.

Specific Heat of Gases. As we have just seen, the kinetic
theory assumes that gas molecules are simple units and that they
can absorb only energy which is used in changing their velocities.
In actuality this assumption is seldom frue, and a study of the
specific heats of gases gives us a greater insight into their behavior,
The heat capacity of a substance is the ratio of the amount of
heat supplied to the temperature ri:seg The specific heat is the
heat capacity per gram of the substance. More heat will be
required to raise a given mass of gas one degree when the gas is
heated at constant pressure than when it is heated at constant
volume. The reason for this is that, when heated at constant
pressure, the gas expands and hence does work against the atmos-
phere. The cause of this difference between the two specific heats
of a gas was discovered by Mayer in 1841 and led him to caleu-
late the mechanical equivalent of heat and to formulate clearly
the first law of thermodynamics (1842), or thé principle of the
conservation of energy; i.e., energy cannot be created or de-
stroyed.

The difference between the specifie heat at constant pressure,
C,, and the specific heat at constant volume, C,, may be calcu-

.lated from the gas law
PV, = RT,,

where V; is the volume of 1 mol of gas at temperature T, and E is
the molar gas constant. Upon heating the gas at constant pressure
to temperature T2, the volume expands to V2 and the work thus
performed is equal to the product of the pressure and the increase

.in volume, or
P(Ve— Vi) = R(T: — Th)
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If T2 — T1 = 1°, the equation becomes
PVa—-Vy) =R

The molar heat capacity of a gas is equal to its specific heat
multiplied by its molecular weight. The difference between the
molar heat at constant pressure, C,, and the molar heat at con-
stant volume, C,, is equivalent to the external work performed
when the temperature of 1 mol of gas is raised 1°. Hence,

C,—C,=Mc¢, — Mc, = P(vz — v1) = R = 1.987 cal,

That is to say, the difference between the two molar heat capac-
ities, €, and C,, of any gas is equal to the gas constant R, i.e.,
approximately 2 cal. per degree.

By means of the fundamental kinetic equation, the molar heat
capacity, C,, for monatomic gases is calculated to be 3 cal. per
degree. Hence, C, = C, + 2 = b cal. per degree. The ratio

is in excellent agreement with experimental facts. For polyatomic
gases the ratio becomes less than 1.66 and approaches the limiting
value 1 as the complexity of the molecule increases. This is be-
cause in the polyatomic gases the heat energy supplied is used not
only in increasing the tranpslational kinetic energy of the molecules
(as in monatomic gases) but also in increasing the energy of rota-
tion and of vibration of the atoms within the molecule.

Avogadro’s Hypothesis. In 1811, Avogadro, professor of
physics at the University of Turin, in an attempt to explain the
uniform behavior of gases, made the assumption that equal
volumes of all gases under the same conditions of temperature
and pressure contain ‘the same .number of molecules. The
hypothesis was based mainly on Gay-Lusac’s law of combining
volumes, which was enunciated in 1808: When gases enter or
Jeave chemical combination, the volumes absorbed, or liberated,
are in simple ratios to one another. All volumes must, of course,
be measured at the same temperature and pressure. When carbon
monoxide is burned (oxidized) fo carbon dioxide the reaction is
expressed as follows:
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2C0 + 0: — 2C0.

Carbon  Oxygen Carbon

monoxide 1 volume  dioxide
2 volumes 2 volumes

It is seen that, when the above reaction takes place, the volumes
of the gases are related to one another in the proportion 2: 1: 2.
Similarly, when hydrogen and oxygen unite to form water (steam),
the volume ratio is 2: 1: 2, and the reaction is expressed thus:

2Hz + 02 — 2H20 g100m)

Critical Temperature and Critical Pressure. If a gas is cooled
and the pressure on it is increased, a temperature may finally be
reached at which the gas suddenly changes to a liquid. This
temperature, above which it is impossible to liquefy -the gas, is
called its critical teinperature (C.T.), and the pressure required to
liquefy the gas at its C.T. is called the critical pressure (C.P.).*”

Some Interesting Gas Data. By application of the gas laws
and the kinetic theory it has been possible to compute some inter-
esting data concerning molecules.

1. Size of Molecules. As might be expected, the molecules of
different gases vary considerably in size, yet not as much as
might be expected when it is remembered that they must be
regarded as complex systems and not at all like smooth balls. As
a matter of faet, the size of molecules is probably not a very
definite thing, for we do not know how far the sphere of influence
extends. However, some calculations have been made, and a
few are given here: :

VoLoMe IN
Cusic
MOLECULE CENTIMETRERS
Hydrogen. .....covvvevnnrnasnes 4 8 X101
Carbon dioxide. ......oovveeeannnn 6 X110
WALEr. vt iinre teriinaaeana 3 xI10™

2. Number of Molecules. The number of molecules of gas per
liter at S.T.P. has been determined by several reliable methods
and found to be 2.7 X 1022, with a probable error of less than one
per cent.

3. Average Spacing of Molecules. Since the number of mole-
cules in 1 ce. of 2 gas is 2.7 X 1019, by taking the cube root of this
we obtain the number in one linear centimeter, i.e.,, 3 X 108, The
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average distance apart, from center to center, is therefore 3.3
X 10-7 em. The actual distance apart of any two molecules
varies widely and is constantly changing.

4. Mean Free Path in Gases. In a study of the theory of
gases one of the most important points to be considered is the
average distance molecules travel between collisions. This dis-
tance is called the mean free path. It must not be confused with
the average spacing of molecules. A molecule may travel several
times the average spacing distance before coiliding with another
molecule. The mean free path for any gas under S.T.P. was first
caleculated by James Clerk Maxwell (1860) and is not far from
1 X 1075 em. Several different methods give values in close
agreement with Maxwell’s calculation. Since the average spacing
of molecules is 3.3 X 107 em., it follows that a molecule will
pass about thirty of its neighbors before finally colliding with one.
In other words, the mean free path of molecules is about thirty
times their average spacing. Yet a hydrogen molecule collides,
at room temperature, with other hydrogen molecules about
10,000,000,000 times per second!

5. Velocily of Molecules. Hydrogen is the lightest molecule
and has the greatest velocity. The average velocities are given
for several gases at 0° C.:

VELOCITY
Gas (meters per second)
Hydrogen.........ooovivninnnnnns 1,859
Nitrogen. . .covvvnerennncansnnnss 492
OXFEEN. . o it e ianinanennanns 465
Carbon dioxide. ............. .... 396
Chloring. ..oovvveernvnnnr conunns 310

PROBLEMS

1. If the pressure on 10 liters of hydrogen is lowered from 755 mm. to
740 mm., what will be the new volume of the gas?
Ans. 1021

2. Five hundred cubic centimeters of nitrogen are collected under a pres-
sure of 752 mm. of mereury. What would the volume be under 775 mm.?
Ans. 485 ce.

3. (g) What volume (S.T.P.) of hydrogen sulfide can be obtained by the
action of hydrochloric acid on 2.5 g. of ferrous sulfide? (b) What would be
the volume at 748 mm. of pressure?

Ane. (a) 0.64].
(b) 0.651



PROBLEMS 51

4. Two hundred liters of oxygen are measured at S.T.P. If the tempera-
ture be raised to 25° C., what would be the new volume?

Ans. 2181

5. How many liters of carbon dioxide can be obtained, at 20° C. and
771 mm., by the action of a strong acid on 25 g. of marble?
Ans. 591

6. One hundred cubic centimeters of chlorine are measured at 75° F. and
1.2 atmosphere of pressure. Caleulate the volume at standard conditions.
Ans. 110 cc.

7. What volume of oxygen, measured at 70° F. and 1.1 atmosphere, is
available in 10 hiters of pure, dry air measured at 80° F. and 0.9 atmosphere?
Ans, 1.691

8. Ten liters of ammonia are measured at 30° C. and 765 mm. of pressure.
What would be the pressure if the temperature be lowered to 20° C., the volume
remamning unchanged?

Ans. 740 mm.

9. A certain quantity of a gas is measured at 25° C. and 748 mm. of pres-
sure. Upon being heated at constant volume, the pressure was found to
inerease to 810 mm. What was the temperature rise?

Ans. 25°

10. Fifty liters of nitrogen are collected over water at 20° C. and 780 mm.

of pressure. Calculate the volume of dry gas at S.T.P.
Ans. 471

11. What volume of carbon dioxide can be obtained by igniting at a high
temperature 5 g. of marble, the gas being collected over mercury at 100° F.

and 1.1 atmosphere?
Ans. 1161

12. Five grams of marble are heated at a high temperature and the ecarbon
dioxide collected over water. The temperature is 100° F. and the pressure
1.1 atmosphere. Calculate the volume occupied by the gas. Neglect the solu-
bility of CO;, in water. Compare this velume with that in problem 11.

Ans. 1231

13. Caleulate the pressure at which 5.0 g. of chlorine occupy 30 liters at
25° C. Use the equation PV = wRT/M. R in liter-atmospheres per degree
is 0.082.

Ans.  0.057 atmos.

14, What weight of carbon tetrachloride is required to yield sufficient
vapor to fill a space of 10 liters at 100° C. and 740 mm ? Solve by two

methods.
Ans. 49g.
15. A liter of ammonia weighs 0.7708 g. at S.T.P. What is its density at

20° C. and 770 rom.?
Ans. 0.728 g. per L.
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16. What volume of hydrogen sulfide at 25° C. and 753 mm. will be
required to precipitate as sulfides 50 mg. of lead and 100 mg. of tin (ous) from
a solution of salts of these metals? (Assume no loss of H,;S.)

Ans. 27 ce.

17. How many liters of ammonia gas at 22° C. and 768 mm. can be
obtained from I0 g. of ammonium sulfate?
Ans. 361
18. If 100 cc. of hydrogen diffuses through a small opening in 5.32 minutes,
what would be the time required for an equal volume of ammoma to pass
through under the same conditions?
Ans. 15.5 min.
19. Compare the diffusion rates of the following gases with that of air:
(a) helium, (b) nitrogen, (¢) chiorine, (d) hydrogen chloride, and () sulfur
dioxide.

20. Caleulate the specific gravity of each of the following gases referred to
air: (@) carbon monoxide, (b} carbon dioxide, (¢) hydrogen sulfide, (d) ammonis,
and (e) chlorine. At S.T.P., one liter of these gases weighs: air, 1.293 g.;
CO, 1.2500 g.; CO,, 1.9766 g.; H,S, 1.539 g.; NH,, 0.7708 g.; Cl, 3.2200 g.

Ans.  (a) 0.965. {d) 0.595.
() 1.53. (e) 2.49.
(c) 119,



CHAPTER VII
LIQUIDS

The Kinetic Theory of Liquids. Matter in the liquid state
oceupies an intermediate position between gases on the one hand
and solids on the other. A given mass of gas is capable of indefinite
expansion and will therefore fill completely all available free
space; & liquid, on the other hand, can occupy only a definite
volume (at a given temperature). It does, however, take the
shape of the containing vessel, & property which is not shared by
solids. Liquids then are fairly loose aggregates of molecules which
probably glide over each other in curved courses. Fundamen—
tally there is no difference between the liquid and the gaseous state
and they become identical at the critical temperature, i.e., the
teniperature above which the gas cannot be liquefied no matter
how much pressure is exerted upon it. The pressure required to
liquefy & gas at its critical temperature is called the critical pres-
sure, and the volume occupied by o mol_of the gas or liquid at
the critical temperature and pressure is the critical volume,

Cohesion is greater in liquids than in gases, and they have
greater densities than gases since their molecules are closer to-
gether. From this it follows that liquids diffuse more slowly
than gases. But liquids do diffuse, as can be strikingly demon-
strated by embedding one end of a crystal of potassium perman-
ganate in & little paraffin wax on the under side of a watch-glass
and then sllowing the exposed end of the crystal to dip into
water contained in s tall glass cylinder. The crystal slowly
dissolves and forms a bright purple solution which gradually
diffuses down through the water thereby coloring it. Diffusion
proceeds fairly slowly until finally a homogeneous solution is
obtained as indicated by the uniform pink ecolor. This will
probably require several days or longer. If samples of the solution
were carefully withdrawn from the cylinder at different heights
and the amount of potassium permanganate per umnit volume
of solution determined by evaporating off the water and weighing

53
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the residue, it would be found that the permanganate had uni-
formly distributed itself throughout the liquid. The fact that
the water can be driven off by evaporation also proves that the
molecules in a liquid are in motion, This motion is due to kinetic
energy of the molecules. Some liquids evaporate faster than
others. Liquids with low boiling-points evaporate (at a given
temperature) faster than those with high boiling-points. In a
given liquid, not all molecules possess the same amount of kinetie
energy, but the molecules as a whole have a mean value. Some of
the molecules that come to the surface of the liquid will have so
much kinetic energy that they leave the liquid never to return;
that is, they pass beyond the sphere of molecular attraction.
Since the warmest molecules possess the greatest amount of
kinetic energy, the temperature of a liquid becomes less as evapora-
tion proceeds. Those molecules leaving the surface of the liquid
with less kinetic energy, or in other words with less speed, than
that required to carry them beyond the range of molecular attrac-
tion would be pulled back into the liquid. Therefore, when a liquid
evaporates, two opposite processes are in operation—evapora-
tion and condensation. In an open vessel, the evaporation process
is the more rapid and becomes still more rapid in a draft or when
suction is applied. In a closed vessel at a constant temperature
the rate of evaporation, or the number of molecules leaving the
liquid per unit time, will be constant, and the rate of condensation,
or the number of molecules returning to the liquid per unit time,
will steadily increase until the two processes exactly balance one
another. Such a condition of balanced activities is known as a
kinetic equilibrium. Note that such an equilibrium is not static,
for both operations (evaporation and condensa.tlon) are still going
on, the one just balancing the other. "The vapor which is in equi-
librium with the liquid phase is said to be saturated, and the pres-
sure exerted by it is known as the vapor pressure. This equilib-
rium is dependent upon the temperature. The temperature at
which liquid and vapor are in equilibrium under 760 mm. of
pressure is called the boiling-point of the liquid. The absolute
boiling temperature of a liquid is approximately two-thirds of its
critical temperature: This interesting empirical relation was
pointed out by Guldberg and Guye (1890).

To sum up, there are three things characteristic of a state of
equilibrium:
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1. There are always two opposing processes which, when equi-
librium is reached, exactly balance each other. In the above
illustration one of these processes is the hail of molecules leaving the
liquid, which is constant throughout. It represents the vapor
tension of the liquid. The other process is the hail of returning
molecules, which increases in rate steadily as the concentration
of vapor increases. It is called the vapor pressure of the vapor,
and when it equals the vapor tension of the liquid, equilibrium is
established. With water, the equilibrium may be represented by
the following equation:

H2Owquay = H20 vapor)

2. At equilibrium, both processes are still in full operation.
Equilibrium is a state of balanced activities and not a state of rest.

3. For every small change in the conditions, there is always
instantly a corresponding change in the state of the system.

Isothermals. If gases be
subjected to various pres-
sures at constant temperature
and the resulting volumes be
plotted as abscissas and the
corresponding pressures as
ordinates, the curves thus
obtained are ‘called isother-
mals. For gases such as ni-
trogen, the inert gases, ete.,
which obey Boyle’s law, the
isothermals at different tem-
peratures will be a series of
right-angled hyperbolas. But
for easily liquefied gases, for
example, carbon dioxide (see
Fig. 1!), the isothermals are
hyperbolic or nearly hyper- Volume
bolic at higher temperatures Fia.l.—Isothermals for Carbon Dioxide
and then deviate more and
more as the temperature becomes lower. At the critical tempera-
ture 30.92°, the isothermal curve is almost horizontal for a short

Pressure

1! Andrews, Trans. Roy. Sec., 1569, 583 (1869).
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distance owing to an enormous shrinkage in volume caused by a
small increase in pressure. At lower temperatures, the horizontal
portions of the curves are much lower, indicating no pressure
change during liquefaction. When all the gas has liquefied, the
curves rise abruptly since there is only a small change in the
volume of liquid for a large increase in pressure. At any point
within the parabolic area A BC both vapor and liquid are coexis-
tent; outside this area, only one form of matter, either vapor or
liquid is present. Below the critical point there is a sharp transi-
tion from gas to liquid, but in reality the process may be a eon-
tinuous one. We have already stated in our study of gases that
van der Waals’ equation applies to liquids as well as to gases,
even at high pressures. This equation permits the construction
of theoretical pressure-volume curves, and these eurves have no
sharp or sudden breaks such as appear in the actual discontinuous
passage from the gaseous to the liquid state, thus indicating the
continuity of the gaseous and liquid states. )

If the values V, P, and T in van der Waals' equation be
expressed as fractions of the corresponding critical values, and the
values of the constants @, b, and R be substituted, we obtain an
expression known as van der Waals’ reduced equation of state:

(a+%)(3ﬁ—1)=87

where a, i, and v represept fractions of the critical values of
P, V, and T, respectively. - In,this equation the individual nature
of the substance does not appear and hence it mmay be applied to
both gases and liquids, just as the fundamental gas equation
can be applied to all gases regardless of their specific nature.}
However, it must be remembered that the reduced equation of
state is only a rough approximation. It does, nevertheless,
emphasize the fact that, unlike gases, liquids must be compared
at their eritical temperatures or at equal fractions of their critical
temperatures, that is, in corresponding states. Many modifica-
tions of van der Waals’ equation have been proposed from time
to time, one of the more important being that of Berthelot (1899),
in which a and b are expressed in terms of the critical constants.
The most important application of the latter equation is in the
precise determination of molecular weights by the vapor-density
method, permitting calculating exact atomic weights.
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Liquefaction of Gases. Faraday (1823) was one of the first
workers to liquefy gases. He liquefied almost all the gases which
condense under moderate pressures and at only moderately low
temperatures. In 1895, machines for the liquefaction ‘of large
quantities of air were developed, independently, in Germany by
Linde and in England by Hampson. Improvements on these
machines were made by Dewar and Hampson. Claude has devel-
oped the most efficient apparatus for the liquefaction of air and
other gases. It is based upon the regenerative principle, i.e.,
the energy of compression is conserved by passage of the expand-
ing gases through an engine., In the Linde process the cooling is
due entirely to the free expansion of the compressed gas. By
means of the Claude apparatus all known gases have now been
liquefied, the last and most difficult one being helium which was
liquefied in 1908 by Kammerlingh Onnes in the cryogenic labora-~
tory at Leyden.

The liquefaction of gases has become of great industrial impor-
tance. The fractional distitlation of liquid air is the chief source
of commercial oxygen and nitrogen. Solid carbon dioxide (“dry
ice”) is & new and important refrigerant. @mmonia., sulfur
dioxide, and methyl chloride are extensively used in refrigeration
machines, JThe separation of helium from natural gas on a com-
mercial scale, by liquefaction, is one of the most brilliant achieve-
ments in American industry.
v~ Heat of Vaporization. When a liquid is transformed into a
vapor at the boiling-point much energy is required to overcome
intermolecular sttraction and some additional energy is used up
in increasing the volume against the pressure of the atmosphere.
This heat energy is not registered on the thermometer and is
known as the heat of vaporization of the liquid. @ls the heat
required to convert one gram of a liquid, at its boiling-point, into
vapor at the same temperature.) The vaporization of one gram of
water &t 100° C. and under one atmosphere of pressure requires the
expenditure of 538.7 cal. of heat energy. This value is called the
heat of vaporization of water.

Trouton’s Rule. In 1884 Trouton pointed out that the ratio
of the molar heat of vaporization to the absolute boiling tempera-
ture of a liquid is constant, the numerical value of the ratio being
21 (approximately). Expressed as an equation,

Mi,

T =2
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where M is the molecular weight of the liquid, I, the heat of
vaporization of one gram, and T the absolute boiling-point. Nernst
called attention to the fact that the constant varies with the
temperature, and proposed two modified forms of the Troufon
equation. Bingham has simplified the Nernst equations to the
following form:

—% = 17 4- 0.011T

Surface Tension. Liquids, like gases, are fluids and alter
their shape to conform with that of the containing vessel. Unlike
gases, they have a definite volume and need not completely fill
the containing vessel. They offer great resistance to pressure and
show a diminution in volume only at very high pressures. When
the pressure is released they expand to their original volume but
not beyond, exeept by passing into the vapor state. Therefore a
liquid which does not fill the containing vessel exposes a ‘‘free
surface” to its vapor, whereas the surface of a gas always coincides
with that of the vessel containing it. At the surface of a liquid
the molecules are pulled inward by the molecules below the surface,
thus tending to reduce the surface area to a minimum. Thismakes
the surface layer dense and hard to penetrate as if an elastic
skin were drawn all about the liquid. The expansion of this
surface layer or “skin” is resisted by a force which is known as
surface tension. Surface tension explains many common phe-
nomens: the toughness of soap bubbles, the spherical shape of
raindrops, the way in which water insects are supported on the
surface of water, the rise of water in a capillary tube, the movement
of water in the soil or in blotting paper, ete.

Surface tension may be determined by several methods.
A convenient method consists in measuring the height to which
the liquid rises in a capillary tube. The equation employed is

where v is the surface tension, r the radius of the capillary tube,
d the density of the liquid, ~ the height the liquid rises in the
capillary tube, g the acceleration due to gravity, and 6 the angle
of contact of the liquid surface with the walls of the tube. 6 for
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water and many other liquids is so small that it may be taken as
zero, and thus cos § = 1. The equation then becomes

hdgr

Hence, if the density and height to which a liquid rises in a previ-
ously calibrated capillary tube are known, the surface tension is
readily calculated. When % and r are expressed in centimeters,
the surface tension, v, will be in dynes per centimeter or ergs per
uare centimeter. YR P &P

Viscosity. Viscosity may be defined as the resistance offered
or encountered by one portion of a liquid in moving over another
portion. The law governing the flow of liquids through capillary
tubes was discovered by Poiseuille in 1843. Liquids vary widely
in viscosity; for example, ether is very mobile and tar is extremely
viscous. In practice, the “relative viscosity” is usually deter-
mined, that is, the viscosity compared to that of a liquid of known
viscosity taken as standard. Water is generally tzken as the
standard of reference and given a value of 1. The equation is

-

7=

m_dity
1 dute

in which 7;, d1, and ¢ represent the viscosity, density, and time
of flow through a capillary, respectively, of the liquid, and 4.
and ¢, the density and time of flow of water. To convert relative
viscosities into absolute viscosities, it is necessary only to multiply
their values by the absolute viscosity of water at the same tempera-
ture at which the relative viscosities were measured. It should
be mentioned that fluidity, ¢, is the reciprocal of viscosity, that is,
¢ = 1/9. Obviously, fluidity is & measure of the tendency of 2
liquid to flow, whereas viscosity is a measure of the resistance to
flow.

The measurement of viscosity or relative viscosity has many
applications to various problems in both theoretical and applied
chemistry, in biology, in physiology, and in many industries,
including textile, paint, glue, rubber, ete.

Plasticity. According to Bancroft, ‘2 material is plastic when
permanent deformation involves no rupture and a break is self-
healing.”” Bingham differentiates two types of flow: viscous flow,
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such as, for example, is exhibited by particles of clay suspended in
water when the concentration is low. At higher concentrations
the elay particles stick together and require a definite minimum
pressure to cause them to slip by each other. A flow of this type is
called plastic flow and is exhibited by plastic solids. In other
words, plastic flow requires an initial pressure to start it, whereas
viseous flow requires no such initial impulse.



CHAPTER VIII
SOLIDS

The Kinetic Theory of Solids. Matter in the-solid state differs
from matter in the liquid and gaseous states chiefly in the fact that
a solid has a definite form. A solid is rigid in structure, and its
form cannot be altered greatly without fracture. This charac-
teristic, however, is not universal, for some solids, for
example, make ideal lubricants, and others,for example,
may be formed into clothlike material. on the other hand,
is very rigid, more so than many solids, and yet it is a liquid!
Tar, pitch, waxes, and the like must be classified as liquids. Sub-
stances like these flow slowly, even at room temperature. When
they are heated, they gradually become softer and softer and their
rate of flow increases. They possess no true or sharp melting-
point. True solids have a crystalline structure and show definite
elea.vage "The atoms are joined together in a regular geometric
form called a crystal lattice. Moreover, when a pure erystalline
solid is heated it remains rigid in structure until a certain tempera-
ture is reached, and then it passes rapidly into the liquid state
with no further rise in temperature until all the solid has melted.
This temperature is called the melting-point of the solid and is one
of its distinguishing properties. In .fact, determination of the
melting-point of a solid is one of the most convenient ways of
identification and is a determination frequently made by the
organic chemist. In passing, it should be mentioned that some
solids undergo a decomposition before a melting-point is reached.

Substances may be divided into two classes: crystalline and
amorphous. Liquids, glassy solids, and the like are amorphous;
that is, their constituent atoms are not arranged according to a
definite pattern but are in a chaotic or haphazard arrangement.
Certain substances owe their amorphous nature to a random
arrangement of molecules or micelles; their atoms, however,
show definite erystalline configurations.

61
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According to the kinetic theory, the particles (atoms and groups
of atoms) that compose solid substances are vibrating or rotating
about centers of rest and do not glide over each other as they do in
liquids or move independently and haphazardly as do gas particles.
But undoubtedly some motion takes place in solids, as demon-
strated by the diffusion of one metal into another. For example,
a piece of tin after being in contact with lead for a long time
(several years) will show the presence of a minute amount of lead.

' Furthermore, some solids (iodine, camphor, ice, etc.) continuously
give off particles of vapor just as liquids do. This is known as
spontaneous evaporation and is proof that the kinetic theory applies
to solids as well as to liquids and gases. The particular state
matter happens to be in is_dependent upon the conditions of
temperature and pressure. Eleven of the ninety known elements
are@a's_@ : hydrogen, nitrogf?n, OXygen, fluorine, fﬂilorine, and the
six rare gases of the helium family. Bromine (non-metal),
mercury (metal), cesium (metal, m.p. 28.5°C.), and gallium
(metal, m.p. 29.75° C.) are liquids. All the other elements are
solids. -

"~ Crystal Forms. The crystal form of a solid is a very important
means of identification. There are a large number of crystalline
forms, but all crystals may be classified into six systems based
upon fundamental axes or degree of symmetry of the crystals.
The six crystal systems are as follows:

1. Regular (Isometric) System. Crystals in this system are
the most symmetrical figures of all. Some common forms are
the octahedron (shown by alum), the cube (rock salt, for example),
and the dodecahedron (frequently assumed by the garnet).

2. Square Prismatic (Tetragonal) System. This system in-
cludes crystals that are less symmetrical than those in the pre-
ceding system. In this system the crystals are lengthened in one
direction. = Examples: ordinary hydrated nickel sulfate,
NiSO4-6H20, and the mineral zircon, ZrSiO4.

3. Hexagonal System. Like the preceding system, this system
frequently exhibits crystals that are elongated, but their section
is & hexagon, Examples: caleite, CdCOs, and quartz, SiO;.

4, Rhombic (Orthorhombic) System. Crystals in this system
have three unequal axes, all at right angles, and exhibit a good
deal of symmetry. However, their section is always rhombie.
Examples: topaz, sulfur, and potassium permanganate, KMnQj,.
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5. Monosymmetric (Monoclinic) System. Crystals in this
system have but one plane of symmetry. Examples: gypsum,
CaS04-2H0, feldspar, rock candy, tartaric acid, and potassium
chlorate, KCIOs,

6. Asymmetric (Triclinic) System. This system includes crys-
tals which have no plane of symmetry whatever. They have three
axes, all unequal and inclined. Copper sulfate (blue vitriol),
CuB04-5H20, is a familiar example of the triclinic system.

The shapes of ornamental stones and “erystal” glass must
not be confused with crystalline form. These are cut so as to cause
them to reflect more light.

By dissolving impure crystals in a liquid and then allowing
the dissolved substance to crystallize out on cooling the solution,
or allowing it to evaporate, cerystals of a higher degree of purity
than the original ones are obtained. By repeating this process
severgl times pure crystals are usually obtained. This process,
called _recrystallization, is the method most generally employed
to purify solids. Crystallization slso takes place when melted
crystalline solids are allowed to cool to their respective melting-
points or freezing-points. Crystals may be composed of elemen-
tary substances or of compounds.

Crystal Form and Chemical Composition. Although crystal
form is an important means of identifying solid substances, there
are many substances which may occur in several different crystal
forms. This phenomenon is called polymorphism. Calcium
carbonafe crystallizes in two forms: as Iceland spar or calcite (in
the hexagonal system) and as aragonite (in the rhombic syster).
Substances which erystallize in two forms are said to be dimor-
phous. The most important controlling factor in polymorphism
is the temperature. The temperature at which one form changes
into another is called the tragsition temperature; for example,
sulfur erystallizes in the monoclinic system above 96.5° and in the
rhombic form below this temperature.

In 1819, Mitscherlich discovered that when two substances
crystallize in the same form with nearly identical angles, and
can replace each other, they can usually be represented by similar
chemical formulas. Such substances are said to be isomorphous,
and the phenomenon was very useful in early atomic-weight deter-
minations. It is known as Mitscherlich’s law of isomorphism
(see page 14).
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X-Rays and Crystal Structure. X-rays are light waves of
extremely short wave-length, approximately 1 X 10-% ¢m. Since
this is of the same order of magnitude as the distance between
adjacent atoms in erystals, Laue (1912) suggested that the regu-
larly arranged atoms of a erystal should act as a three-dimensional
diffraction grating towards X-rays. Hence, by passing a pencil
of X-rays through a crystal (thin section) and exposing a photo-
graphie plate behind the erystal and perpendicular to the path of
the rays, the crystal pattern should be revealed on development.
Friedrich and Knipping (1913) verified experimentally Laue’s
prediction. Two other methods of X-ray analysis have been
developed and are of great value in studying crystalline substances.
One is the method of Bragg and Bragg (father and son), who use
the crystal as a reflection grating, rather than as a transmission
grating, as in the Laue method. This method is much simpler than
Laue’s. A year or two after the Braggs announced their method,
a modified method was devised almost simultaneously by Debye
and Scherrer (1916) and by Hull (1917). Instead of rotating one
large crystal as in the method of the Braggs, these investigators
obtained the same results by using many small crystals orientated
in all directions. This is called the “powder method.”

The exact struetures of many crystalline substances have been
determined by X-ray analysis. Thus in inorganic compounds the
individuality of molecules appears to have vanished and the jon
seems to be the unit of structure. But in most organic compounds,
the unit of structure is the molecule. In addition to its use in
determining crystal structure, X-ray analysis has many practical
applications in different fields, for example, in the examination of
teeth, in the location of abnormal growths in the body, in the
setting of bones, in many metallurgical operations, and in the
examination of a great variety of materials, including substances
not ordinarily classed as crystalline (e.g., asbestos, rubber, shellac,
fibers, cellulose compounds, ete.).

Liquid Crystals. In 1888 Reinitzer discovered that cholesteryl
acetate and cholesteryl benzoate when heated melt to turbid
liquids at definite temperatures and on further heating they become
clear at definite temperatures. On cooling these clear liquids,
the reverse changes take place. An examination of these turbid
liquids showed that they resembled ordinary liquids in their general
behavior, but Lehmann discovered that they had optical properties
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which had hitherto been observed only with crystalline solids.
Hence, he proposed that such liquids be called liquid crystals, the
expression implying that the crystalline forces in these substances
are so weak that the crystals easily undergo deformation and
actually flow like liquids. Microscopic examination of these
turbid liquids proved that they are not emulsions, the turbidity
being due to the aggregation of a vast indefinite number of dif-
ferently oriented transparent crystals. A fairly large number of
examples of liquid erystals are now known.



CHAPTER IX
SOLUTIONS

So far we have been considering the behavior and properties of
substances in the pure condition, i.e., pure gases, liquids, and solids.
Let us now discuss mixtures of two or more pure substances.
A solution may be defined as a chemically and physically homeo-
geneous mixture of two or more pure substances. For example, if
we add a few crystals of salt or sugar to water and stir thoroughly,
we obtain a homogeneous mixture, or an aqueous solution of salt
or sugar. If we mix alcohol and water or hydrogen sulfide gas
and water, we obtain solutions of these substances. The salt,
sugar, aleohol, and hydrogen sulfide are called solutes and the
water is called the solvent, but these are purely relative terms used
as a matter of convenience. The solute may be solid, liquid, or
gaseous substances, and likewise, the solvent may be a solid,
liquid, or a gas. Hence, there are nine kinds or classes of solutions,
depending upon the state of the solute and solvent, respectively.
They are as follows:

1. Solution of gas in gas.

. Solution of liquid in gas.
Solution of solid in gas.
Solution of gas in liquid.
Solution of liquid in liquid.
Solution of sold in liquid.
Solution of gas in solid.
Solution of liquid in solid.
. Solution of solid in solid.

© NS ;P 0w

Many examples of each of these different types of solutions are
known. A sold dissolved in a liquid is the most common, but
solutions of liquids in liquids and gases in liquids are also very
common. Solutions of a gas in & gas are spoken of as gaseous mix-
tures, and solutions of a solid in a solid are called solid solutions, as

66
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for example, many of the alloys. When two liquids are miseible in
all proportion, e.g., ethyl aleohol and water, they are said to be
consolute, as either one may be regarded as the solvent (or solute).

Although & solution is homogeneous, its composition may be
changed within certain limits, and this is the chief mark of distine-
tion between a solution and a.compound. ﬁ_‘he composition of a
compound is also homogeneous, but it remains constant irrespective
of changes in temperature and pressure, | T o
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The Extent of Solubility. All substances dissolve more or
less, but if the amount that dissolves is very small in comparison to
the solvent, the substance is said to be “insoluble.” Barium
sulfate, for example, is classed as an insoluble compound since a
liter of water at 18° dissolves only 2.3 mg. On the other hand,
many substances are highly soluble. One liter of water at 20° will
dissolve 710 grams of magnesium sulfate, MgS0O4-7H0, and cer-
tain solutes and solvents mix in all proportions. As a general rule,
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solid and liquid substances are more soluble at higher temperatures
than at lower temperatures, but the reverse is true in some in-
stances. The influence of temperature on the solubility of certain
salts in water is shown in Fig. 2. The solubilities of some common
salts and bases in water at 18° C. are given in the Table V.

TABLE V

SOLUBILITIES OF BASES AND SaLTs N WATER aT 18°*

ATY
K Na | Li Ag Tl Ba Sr Ca Mg Zn |- Pb

Cl 32.95] 35.86) 77.79| 0.0;13| 03 {3724 | 5100 | 7310 | 5581 (2039 1.49
39 | 542{ 133 | 009 | 0013 17 3.0 5.4 51 92 0.05

Br 85.86| 83.76 [168.7 | 00,1 | 0.042 {103.6 9652 1433 103.1 H78.2 0.598
46 | 69 | 12.6 | 008 | 00151 2.9 3.4 5.2 46 98 0.02

I 137.5 177.9 11615 | 0.035 | 0.006 [201.4 169.2 12000 |148.2 {4108.0 0.08
80 | &1 8.5 | 0071 | G.017| 3.8 39 4.8 4.1 6.8 0.0:2

F 92.56| 44| 02771054 (72.05 016 0012 | 0.0016} 0.0087( 0005 | 0.08
124 106 0.11] 13.5 3.0 00292] 0001 | 0.0s2 | 0.0z14| 00,5 | 0.002

NO; | 3034) 83.97| 71.43 2134 891 B74 | @627 [121.8 7431 1178 51.66
26| 74| 7.3 | B4 033 033 2.7 5.2 4.0 4.7 14

ClO; 66 1971613134 1 1225 [ 3.69 | 3542 |1749 {1793 1264 |183.9 1508
052 64 1153 | 06 013 1.1 46 5.3 4.7 53 316

BrO; | 638| 3667|1525 | 050 | 030 0.8 30,0 8517 | 4286 | 5843 1.3
038 22 | s20{ 0025 | 0.0090 | 002 | 09 23 15 1.8 0.02

104 7.62| 8.33| 8043| 0.004 | 005¢ | 005 025 0,25 6.87 0.83 0.002
0.35{ 04 | 3.84( 0.0514( 0.0:16| 0001 0.0,57  0.007 | 0.26 0.02 0.043

OH 1429 |L164 11204 001 [4004 37 o 017 0001 | 0035 | OOL
186 | 210 | 50 | 0.001 | .76 0.22 0063 | 0.02 0052 00,5 | 0.044

504 1111} 1683| 30.641 055 | 4.H 0.0,23 | 0.011 026 |3543 | 53.12 00041
0.62| L1565} 28 | 0020 | 0.00 0.040 | 0.0;6 0015 | 28 3.1 00,13

CrQy | 832 161211116 | Q0025|0006 | 00;35| 0.12 04 730 e 0.0.2
27 | 3.36| 65 | 0.0;16| 0.051 0014 0.0086 | 003 4.3 . 0045

Cs0, | 3027| 3.34| 722 00034} 148 0.0085| 0.0046| 00555 0.03 00:84| 00;18
16 | 024] 069] 00517] 0030 | 00338 | 00526 0.0,43| 0.0027. 0.044 0.055¢

CO; [1080 | 10.30| 13 | 0.003 | 495 0.0023| ©6.0011) 0.0013] 0.1 0.0047| 0.0;1
59 { 1.8 | 017] 00s1 | 010 00z11 | 0047 | 0.0513| 008 0037 | 0.03

The upper number in each square gives the number of grams of the anhydrous zalt held in solution by
100 c.¢c. of water, The lotser number is the molar solubility, i ¢, the number of moles contained in one liter of
the saturated solytion. The numbers for small solubilities have been abbreviated. Thus 0.0s4 = 0.0000004

* Taken with permssion from Smith's ' Inorganioc Chemistry,” by Kendall. The
Century Co., 1927.

Gases are usually less soluble at higher temperatures, and
moreover, their solubility, unlike that of solids and liquids, is
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greatly influenced by pressure. (I:Iegg_v s law gtates that the weight
of a gas dissolved by a given volume of a liquid is directly propor-
tional to the e pressure of the gas, In other words, the solubility of
a gas is directly proportional to the concentration of gas molecules
in the “free space” above the hquld In a mixture of gases, each
gas dissolves independently of the others (provided there is no
chemical reaction) and in proportion to its partial pressure. -
Can the Extent of Solubility Be Predicted? There is no gen-
eral principle that will enable us to prediet the extent of solubility
of one substance in another, although it is true that solubility is to a
large degree dependent upon similarity in character between sol-
vent and solute. For example, a large number of organic com-
pounds (e.g., solid hydrocarbons, fats, etc.) which are insoluble
in water dissolve in ether or benzene with ease. Benzene is
immiscible with water, but dissolves in its homologue, toluene, in
all proportions. On the other hand, numerous inorganic com-
pounds have a high solubility in water, notwithstanding the fact
that they have little or no resemblance to it. In fact, inorganic
compounds are usually more scluble in water than they are in
organic solvents, such as alcohol, ether, benzene, etc. We stated
in the preceding paragraph that no substance is absolutely insolu-
ble. There is a wide difference in the extent of solubility of the
numerous compounds, ranging from scarcely perceptible amounts
up to very large ones. As yet these differences in solubility are
unexplained. Sometimes we can predict qualitatively the solu-
bility of compounds based upon a knowledge of the solubility of
chemically related substances. For example, most salts of the
alkali metals are very soluble in water. But similar chemical
constitution is not the sole criterion; in fact, it is sometimes very
misleading. For example, cellulose nitrate (guncotton) is soluble
in & mixture of alecohol and ether, but not in these liquids sepa-
rately. On the other hand, cellulose acetate, 8 similar compound,
is soluble in these liquids separately, but not in the mixture!
Again, caleium fluoride is “insoluble” in water, but the chloride,
bromide, and iodide of caleium are quite soluble. Conversely,
silver fluoride is extremely soluble in water, whereas the allied
chloride, bromide, and iodide have very low solubilities.
Saturated Solutions and Supersaturated Sclutions. When a
solvent has dissolved all the solute it can at a given temperature
and still be in equilibrium with an excess of the solute, the solution
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is said to be saturated. Under certain special conditions, a solu-
tion may be prepared which contains more solute than is present
in a saturated solution. Such solutions are in a metastable
condition and are called supersaturated solutions. See Fig, 3.
By adding a small erystal of the solute to a supersaturated solu-
tion, crystallization begins at once and continues until equilibrium
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is attained, i.e., a saturated solution. This process is called
“seeding.” There are other ways of breaking up a supersatu-
rated condition; for example, & sudden cooling of the solution, or
vigorous shaking or stirring will generally start crystallization.
Effect of Particle Size on Solubility. It has been shown by
solubility determinations that the solubility of a slightly soluble
substance increases as the size of the particles decreases. For
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example, Hulett ! found that a saturated solution of gypsum at
25° C. contained 2.080 g. of CaSO4 per liter. Upon adding very
finely divided gypsum to this solution and shaking, the solubility
increased to 2.542 g. of CaS0y4 per liter. Barium sulfate particles
with an gverage diameter of 1.8 u? have a solubility of 2.29 mg,
per liter at 25° C. When this compound is ground in an agate
mortar to a diameter of 0.1y, the solubility increases to 4.5 mg.
per liter, which is almost double the solubility of the coarser par-
ticles. Similar results in a greater or lesser degree have been
obtained with strontium sulfate, calcium fluoride, lead fluoride,
lead iodide, silver chromate, and mercuric oxide. Upon allowing
a solution saturated with an excess of very fine particles (super-
saturated with respect to the coarser particles) to stand for a long
time, the fine particles all disappear and the concentration of the
solution decreases until it reaches the saturation value with respect
to the coarser particles.

It seems very likely that this solubility phenomenon is a char-
acteristic of all slightly soluble substances when they are in an
extremely finely divided. state. An explanation of the abnor-
mally large solubility of very finely divided particles is to be found
in the surface tension existing at the boundary surface between
solids and liquids. “This force tends to reduce the surface to its
smallest possible value, and hence the smaller particles are con-
verted into larger OIE?} Stated differently, the greater solubility
of—the Very small particles may be due to the existence of more
isolated atoms or groups of molecules which can break away from
the solid surface more easily.> This explanation seems plausible,
since it is a fact that, when a mixture of large crystals and very
small ones is allowed to stand, the small erystals become smaller
and the large ones grow larger, until finally all the small erystals
disappear. In other words, the large crystals grow at the expense
of the smaller ones. This process is called “ digesting,” and it is
commonly utilized in the analytical laboratory, since coarser
particles are easier to filter and to wash. Moreover, if the particles
of a precipitate are too finely divided they will pass through an
ordinary paper filter. When a precipitate of a slightly soluble

1 Hulett, Z. physik. Chem., 87, 385 (1901); J. Am. Chem. Soc., 27, 49 (1905);
gee, also, Dundon and Mack, J. Am. Chem. Soc., 46, 2479 (1923}; Dundon,
ibid., 46, 2658 (1923).

2 One mieron (1 u) = 0.001 mm,
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substance, for example barium sulfate, is first formed, a mixture
of different sizes of crystals is obtained—many extremely small,
others relatively large. Hence, the solution is saturated with
respect to the smaller crystals but supersaturated with respect
to the larger ones. Therefore, in order for the solutiop to reach
equilibrium with respect to the larger crystals, the smaller ones
gradually disappear; that is, the solution becomes saturated
with respect to the coarser crystals. The rate of digesting
a precipitate can be increased by stirring and heating the
mixture. Heating increases the solubility of the fine particles, and
stirring brings fresh portions of the solution into contact with
them, thus increasing the rate of diffusion whereby the dissolved
particles are brought into contact with the surfaces of the coarse
particles where deposition takes place.

Filtration and Washing of Precipitates. Beginners in ana-

lytical chemistry often ask the questions: How many washings
of a precipitate are réquired? And how large a filter should be
used? ’
" In answer to the first question, it may be said that a precipitate
should be washed until free from all soluble, non-volatile impurities.
However, this point can never be reached because a portion of the
solution always remains on the filter. Buf washing may be
continued until the amount of dissolved substance remaining
on the filter is so small that it may be disregarded, that is to say, it
is so small that it cannot be detected by the analytical balance.
This freeing the precipitate of soluble substances should be attained
with as small a volume of wash liquid as possible. Since no precipi-
tate is totally insoluble, it is obvious that the use of an excessively
large volume of wash water may dissolve an appreciable amount of
the precipitate. [The volume of wash water or wash solution re-
quired depends largely upon the nature of the precipitate. Gelat-
inous or amorphous precipitates always require more washing
than granular, crystalline prec?itates, owing to the greater degree
of adsorption by the_former. {( In genera], washing should be con-
tinued until foreign substances have been removed, as indicated by
negative qualitative tests made on fresh, small portions of the
filtrate. It is generally satisfactory to test frequently a fresh
portion of the filtrate for some foreign ion known to be present in
the original solution,”

The most effective way to wash a precipitate is to use a number
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of small portions of the wash liquid, instead of the same total
volume of liquid in fewer and larger portions.® The ideal relations
follow a distribution law which may be expressed by the follow-

ing equation;
a n
N
m-- a X

where X, is the original concentration of impurity, X, is the final
concentration of impurity, » is the number of washings, m the
number of milliliters used per washing, and a is the number of
milliliters of liquid which remains with the precipitate after drain-
ing. In practice, the washing is never as effective as indicated by
the theoretical equation.

The wash solution should be added. in such a manner as to
mix thoroughly with the precipitate and should be allowed to
drain nearly completely before the next portion is added. Wash
liquid is removed from precipitates much more efficiently by means
of a centrifuge than by ordinary draining on a filter.

Often four or five washings (with ordinary drainage) are suf-
ficient but sometimes from ten to twenty are required. Never
wash & precipitate longer than is required to free it of impurities.
To avoid excessive washing, make frequent tests on small, fresh
portions of the filtrate.

As to the size of filter, it should always be selected with refer-
ence to the bulk of precipitate and never with respect to the
volume of liquid to be filtered. The filter should not be so small
that the precipitate occupies more than half its volume, and the
wash liquid should never be added to a point higher than 5 or
6 mm. from the upper edge of the filter paper.

Problem. Suppose that the concentration of impurity in a solution in
contact with a precipitate is 0.05)f, and that, upon filtering, one milliliter of
liquid remains with the precipitate after each successive washing. Calculate
the concentration of impurity remaining with the precipitate after washing
with 50 ml. of liquid, when (1) two 25-ml. portions are used and (2) when
five 10-ml. portions are employed. What is the theoretical ratio of impurities
in the two cases?

Purifying Compounds by Recry-rstalﬁzaﬁon. Differences in
solubilities are utilized in purifying solid compounds by the process

3Qstwald, “Foundations of Analytical Chemistry” (translated by
MecGowan), third edition, p. 17, The Macmillan Co., New York, 1808.
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of recrystallization. Usually three or four reerystallizations suffice
to yield & compound of a high degree of purity. However, the
recrystallized compound should always be tested to make certain
that all impurities are absent, or at least alI that would interfere
with its use.

Solutions and the Kinetic Theory. The kinetic-molecular
theory may be applied both to the process of solution and to the
state of solution. For example, when a solid is placed in a liquid,
the molecules leave the surface of the solid and produce the effect of
a kind of pressure called the solution pressurg. After leaving the
solid, the molecules {or ions “of el electrolytes) move in all directions,
and some return to the solid and attach themselves. The presence
of the particles (molecules or ions) in the liquid produce what is
called diffusion or osmotic pressure" When the number of parti-
cles returning to the solid is équal to the number leaving the solid
in a given unit of time, the solution is in a state of equilibrium,
ie., it is saturated. In other words, equilibrium will have been
reached when the diffusion (osmotic) pressure is equal to the solu~
tion pressure:

Diffusion {(osmotic) P = Solution P

Relation of Vapor Pressure and Boiling-Point. As the tem-
perature of a liquid is raised, the average kinetic energy of the
molecules beecomes greater, and consequently there is & more rapid
escape of molecules from the surface. In other words, the pressure
of the vapor phase becomes higher as the temperature of a liquid is
increased. When the vapor pressure of a liquid equals the pressure
of the atmosphere above, bubbles of vapor form throughout the
liquid dnd escape, i.e., the liquid boils. The true boiling-point
of a liquid is the temperature at which its vapor pressure is equal to
one atmosphere (760 mm. of mercury).

“Vapor Pressure and Distillation. The vapor given off upon
distilling a pure liquid has the same composition as the liquid.
The vapor from mixed liquids usually contains the same compo-
nents as the mixture, but not always in the same ratio,) The vapor
will be richer in the component having the higher vapor pressure,
and the residue will boil at successively higher temperatures. For
the sake of simplicity, only mixtures of two liquids (liquid pairs or
binary mixtures) will be discussed. These may be divided into
three general classes:
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1. Completely immiscible liquids, i.e., insoluble.
2. Partially miscible liquids.
3. Completely miscible liquids.

1. With immiscible liquids, each exerts its own vapor pressure
independent of the other, and the mixture boils when the sum of the
two vapor pressures equals the atmospheric pressure. The vapor
will contain the two components in the ratio of their vapor pres-
sures, and hence the distillate will have a “constant~composition
50 Iong as both are present in the residue. Since the vapor pressure
is constant, its curve is a horizontal line, as shown in Curve 1, Fig,
4. The well-known process of “steam distillation” is based upon
this principle,

2. When two partially miscible liquids are mixed, each dissolves
in the other to the respective saturation concentration and then
any excess will eause the formation of two layers. Upon distilla-
tion, the mixture acts just like the immiseible liquids so long as two
layers are present. The composition of the vapor is constant and
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depends upon the relatlve JYolatility of the two liquids. Just as
soon as one layer 15 exhausted the vapor pressure falls off. See
Curve 2, Fig. 4. An example of this class is a mixture of water and
ethyl acetate.

“ 3. The third class of liquid pairs, the completely miscible,
includes three types. (@) When the vapor of either liquid is readily
soluble in the other liquid, the vapor-pressure curve has a minimum
and the boiling-point curve has a maximum. An example is a
water solution of hydrogen chloride. See Curve (a), Fig. 5.
(b) When the vapor of either liquid is only slightly soluble in the
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other liquid, the vapor-pressure curve has a maximum and the
boiling-point curve has a minimum. A mixture of water and ethyl
alcohol is an example of this type of solution. See Curve (b),
Fig. 5. (c) If the vapor of liquid A is readily soluble in liquid B,
but the vapor of B is only slightly soluble in A4, the vapor-pressure
curve is a straight line as shown in Curve (¢), Fig. 5. As the
mixture distils, the liquid having the higher vapor pressure (lower
boiling-point) comes over first, with gradually increasing amounts
of the second liquid, until finally the less volatile (higher boiling-
point) liquid is left. A mixture of water and methyl alecohol
belongs to this type of solution.

Dilute Solutions and Osmotic Pressure. When a non-volatile
solute is dissolved, the vapor pressure of the solvent is lowered.
Hence, the boiling-point of the solvent is raised and the freezing-
point is lowered. The dissolved molecules (or ions) of the solute
diffuse about in solution very much in the same manner that gases
diffuse. If this process of diffusion is hindered by 2 suitable par-
tition (semi-permeable membrane}, a pressure is developed. This
pressure is called osmotic pressure, and the process by which it is
developed is known as osmosis. The phenomenon of osmosis, like
the freezing-point lowering and boiling-point elevation, is explained
as involving the lowered vapor pressure of the solution. These
phenomena are interrelated and form the basis for the determina-
tion of molecular weights and for the study of the properties of
dissolved substances.

The lowering of the vapor pressure by a non-volatile solute
may be explained by the kinetic theory applied to liquids, according
to which vapor pressure is determined by an equilibrium between
the evaporation of the liquid and the condensation of its vapor.
The solute molecules will not prevent the return of the vapor
molecules to the liquid, but may prevent molecules from escaping
the liquid by occupying a portion of the free surface. Hence,
equilibrium will be reached at a lower concentration of the vapor
than with a pure solvent. This effect has been found to depend
on the number of solute molecules and not on their nature.

In 1887, Raoult, & French chemist, discovered the fundamental
law governing the vapor pressure of dilute solutions. This law
states that the ratio of the lowering of the vapor pressure to that
of the pure solvent is equal to the ratio of the number of mols of
solute to the total number of mols.
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Abbé Nollet (1748) discovered that certain animal membranes
are permeable to water but not to sugar. Traube (1867) was the
first to prepare artificial membranes, but Pfeffer (1877), a botanist,
originated the idea of depositing the membrane in the walls of a
porous cup and made the first quantitative measurements of
osmotic pressure. He treated porous cups with potassium ferro-
cyanide and a cupric salt in such a way as partially to fill their
pores with cupric ferrocyanide. In order to make an osmotic-
pressure measurement, a mercury manometer is attached to the
porous cup having the ferrocyanide membrane within its walls;
the cup is then completely filled with the solution and sealed off.
The apparatus is immersed in a bath of pure water kept at con-
stant temperature, and after equilibrium has been established,
the osmotic pressure is read off on the manometer. Make a
sketch of an osmotic-pressure apparatus.

According to the kinetic theory, both osmotic pressure and
gas pressure are due to molecular motion. Hence it would seem
that the process of osmosis is very similar to the passage of hydro-
gen through palladium. In osmosis the solution is on one side
of the semi-permeable membrane and the pure solvent on the
other. Sinee the coneentration of the solvent molecules is greater
on the side where there is no solute, the solvent molecules will
pass through the membrane, just as hydrogen passes through
palladium, until their tendency to pass through the membrane
is the same on both sides. The partial pressure of the solute will
then be shown by the rise of the manometer.

Since Avogadro’s law can be applied to dilute solutions as well
as to gases, it is evident that osmotic-pressure measurements can
be used as & means of determining molecular weights. (One mol
of a substance is the weight in grams which when dissolved in 22.4
liters of water at 0° exerts an osmotic pressure of one a.tmospherg;)
I practice, to avoid excessive deviations, much more dilute solu-
tions are employed and the data calculated to one mol per 22.4
liters. Also, the direct measurement of osmotic pressure is not a
practical method of molecular-weight determination, but there are
simpler methods based upon osmotic-pressure relationships, for
example, the boiling-point and freezing-point methods. A solute
lowers the vapor pressure of a solvent and hence elevates its boiling-
point and lowers its freezing-point. With nopn-ionizing organic
compounds, such as sugar, glycerin, alcohol, ures, etc., each gram-
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mol of solute per 1000 g. of water elevates the boiling-point 0.52°
(approximately) and lowers the freezing-point 1.86° (approxi-
mately), provided there is no reaction between the solute and the
solvent. The 0.52° and 1.86° are called the elevation constant
and the depression constant, respectively. Other solvents have
different constants. Salts, acids, and bases produce similar effects
but not by a constant amount and always to a greater extent than
non-ionizing organic compounds. This abnormal elevation of the
boiling-point and abnormal lowering of the freezing-point is due to
dissociation (ionization) of the compounds.

As the principle of the above methods is the same, both are
expressed mathematically by the following equation:

W x 1000
MXyg

where A is the boiling-point elevation (or the freezing-point depres-
sion), & the elevation (or depression) constant, W the weight of
substance taken, M its molecular weight, and g the weight of
solvent in grams. Rearranged, the equation is:

A=4§X

771000
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1. If 4.82 g. of cane sugar, C1:H:0,), are dissolved in 100 g. of water,
(a) at what temperature will the solution freeze; (b) what is its boiling-point?
Ans. (a) —0262° C.
() +100.073° C.

2. Calculate the freezing-point and the beiling-point of an aqueous solution

containing 50 g. of glucose, C¢H,.0¢, per kilogram of water.
Ans. —0.516° C.,, +100.144° C,

3. If 460 g. of a certain organic compound are dissolved in 1000 g. of
water and the temperature of the solution lowered to the freezing-point, which

is observed to be —0.186° C., what is the molecular weight of the compound?
Ans. 48,

4. Calculate the molecular weight of & sugar, 17.1 g. of which dissolved

in a kilogram of water depresses the freezing-point of the water 0.093° C.
Ang. 342,

5. What is the molecular weight of urea, if 6.01 g. of it dissolved in

500 g. of water form a solution which freezes at —~0,373° C.?
Ans. 60.1.
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6. What volume of ethanol (ethyl alcohol) must be added to 18 quarts
of water in the radiator of an automobile in order to obtain an aqueous soly-

tion which freezes at 20° F.? The specific gravity of ethanol is 0.7893 %t
Ans. 3.7 qt.
7. A solution of 1.86 g. of glycerol in 100 g. of water boils at +100.105° C.
under 1 atmosphere of pressure. Calculate the molecular weight of glycerol.
Ang. 92,
8. The solution resulting from dissolving 4.00 g. of a certain alcohol in
250 g. of water was found to boil at 4100.26° C. (1 atmosphere). What is
the molecular weight of the aleohol?
Ans. 32.



CHAPTER X
SOLUTIONS OF ELECTROLYTES

In the preceding chapter we dealt with solutions of all types of
substances and regardless of whether solvent or solute was in the
solid, liquid, or gaseous state. Experiment has shown that all
chemical ¢compounds may be divided into two classes depending
upon their behavior in aqueous solution. For example, solutions
of acids, bases, and salts conduect the electric current, while solu-
tions of substances such as sugar, alecohol, glycerin, urea, etc., are
non-conductors. Hence, the former type of compounds (in solu-
tion) are called electrolytes and the latter are called non-electro-
lytes. The line of distinetion is not a sharp one, as some electro-
lytes form solutions that are poor conductors. Such substances
are called weak electrolytes; the good conductors are called strong
electrolytes. Note that the term electrolyte, strictly speaking,
refers to the solution of an ionized substance. However, it is fre-
quently applied to acids, bases, and salts because they form
eleetrolytes when dissolved. :

The acceptance of Avogadro’s hypothesis was greatly retarded
because experiment showed that certain substances have abnormal
vapor densities. For example, ammonium chloride has a vapor
density only about half that required for the formula NH4Cl. On
the other hand, the vapor density of acetic acid corresponds to a
formula of higher molecular weight than that caleulated from the
formula C2H402. The anomalous behavior of substances such as
ammonjum chloride has been shown to be due fo a process called
dissociation, and the abnormally high molecular weights found
for compounds such as acetic acid have been aseribed to a process
of aggregation of molecules known as association. Similar phe-
nomens have been encountered upon extending the gas laws to
dilute solutions, that is to say, the processes of association and
dissociation may take place in solutions as well as in gases.

The Electrolytic Dissociation Theory. In 1887, Van’t Hoff,
a Dutch chemist, published in the first volume of the Zeitschrift

80
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Jir physikalische Chemte his great work on the analogy between
solutions and gases. While engaged upon this work he discovered
that solutions of most salts, those of all strong acids, and those
of all strong bases seemed to act as exceptions to the general rule,
For instance, their osmotic pressure was much greater for all
concentrations than the gas pressure would be for corresponding
concentrations and also was much greater than would be expected
from the osmotic pressures of solutions of substances like sugar
or urea at corresponding concentrations. These substances also
caused too great a depression of the freezing-point and too great
an elevation of the boiling-point of solutions. Van't Hoff saw
the discrepancy and pointed it out clearly in his published paper.
He then went on to say, “It may then have appeared daring to
give Avogadro’s law for solutions such a prominent place, and I
should not have done so had not Arrhenius pointed out to me by
letter the probability that salts and analogous substances when in
solution are split into ions.” Jn this quotation we have the con-
necting link between the fundamental work of Van’t Hoff and
the theory of electrolytic dissociation which was enunciated by the
Swedish chemist, Svante Arrhenius, in 1887, As a matter of fact,
Arrhenius’ paper! on his new theory of solutions of electrolytes
appeared in the same volume of the Zeitschrift fur physikalische
Chemie as Van’t Hoff’s famous paper. Quoting from Arrhenius’
paper: “ If a gas shows such a deviation (referring to Van't Hoff’s
work) from the law of Avogadro it is explained by assuming that
the gas is in a state of dissociation. The conduct of chlorine,
bromine and iodine at higher temperatures is a very well-known
example. The same expedient may, of course, be made use of to
explain the exceptions to Van’'t Hoff’s law; but it has not been put
forward up to the present probably on account of the newness of
the subject, the many exceptions known, and the vigorous objec-
tions which would be raised from the chemical side of such an
explanation.” Arrhenius then states his theory that only electro-
lytes are capable of undergoing ionic dissociation and shows how
this explains all the exceptions to Van’t Hoff’'s law. That is to
say, osmotic pressure, freezing-point lowering, and boiling-point
elevation are all proportional to the number of particles presentin a
given volume of solution. If a substance exerts an abnormally
high osmotic pressure, causes an abnormally great freezing-point
1 Z. physik. Chem., 1, 631 (1887).
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depression, and an sbnormally high boiling-point elevation, then
there must be more particles present than we would expect from
the concentration. In other words, such substances must undergo
a dissociation upon being dissolved, i.e., some of the molecules
must break up into two or more particles. Arrhenius also pointed
out that all substances which exhibit abnormal effects (acids, bases,
and salts), when dissolved in water, yield solutions which conduet
the electric current, whereas aqueous solutions which behave nor-
mally (e.g., sugar, aleohol, urea, ete.) do not conduet electricity any
better thall the pure solvent. He therefore divided substances
(i.e., their solutions) into electrolytes and non-electrolytes, and
called his hypothesis the “electrolytic dissociation theory,” since
only electrolytes ean undergo ionic dissociation. The degree or
per cent of ionization can be calculated from conductivity, freezing-
point, and boiling-point measurements, and the values obtained
By the thrée different methods are in very good agreement except
for strong electrolytes) The anomaly of strong electrolytes is
discussed on page 84. Table VI gives the percentage ionization of
0.1 normal solutions of some acids, bases, and salts at 18°.
Properties of Ionized Solutes. The chemical properties of an
ion differ greatly from those of the corresponding atom or radieal.
For example, the potassium ion is present in an aqueous solution of
potassium chloride, but there is no visible eyidence that it reacts
with the solvent; metallic potassium, on the other hand, reacts
violently with water, liberating hydrogen and forming a solution of
potassium hydroxide. In fact, the reaction is so vigorous that suf-
ficient heat is generated to ignite the escaping hydrogen gas, which
then burns with a beautiful violet-colored flame due to the presence
of potassium vapor. Again, chlorine is a greenish-yellow gas, pos-
sessing a disagreeable odor, and is extremely irritating to the
membranes of the nose and throat, producing coughing, inflamma-
tion, suffocation, and even death. But chloride ion is colorless,
odorless, and harmless. Aqueous solutions of all chlorides react
with solutions of all silver salts to yield insoluble silver chloride.
This shows that in the process of solution chlorine and silver split
off, or away, from the parent molecules and behave independently
of all other particles present in the solution. On the other hand,
chlorine in such ecompounds as chloroform (CHCI3), carbon tetra-
chloride (CCly), ete., are not precipitated by silver nitrate, since
they are not dissociated by water. Some chlorine compounds
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TABLE VI
PeRCENTAGE ToN1ZATION OF SomB Acms, BASES AND Savts
{0.1 N solutions at 18° C.)
Per- Per-
Compound Tons centage Il ompound Tons centage
Toniza- Toniza~
tion tion
Acids Salts
HCI H+ Cl- 92.0 KCl1 K+ Cl- 86.0
HNOQ; H* NO,~ 920 NaCl Nat, Cl- 85 2
H,80, 2H+ 80,~ 61.0 NH.Cl NH,* Cl- 85 3
HngO‘ H+, 0204- 50 0 NECHOz NE+, CHOz— 85 4
HaPO{ -H+, H2P04_ 27.0 KC;H;O: K+, CaHst_ 83 0
HCHO.* |H*, CHO,~ 45 NaC,H,0; | Nat, C.H40. | 77 9
HC:H,0O: H+, C.H,0:~ 1.3 K2804 2K +, L 72.0
H,CO, H+ HCO,~ 0.17 ZnS0, Int+, 80,~ |40 0
HS H* HS- 007 HeCl. Hg++ 2Cl1- 1.0
HCN H* CN- ¢ 01
Bases Waler
KOH - X+ 0H- 91.0 H.0 H*, OH- 0.0.14
NaOH Na+, OH™ 91.0
Ba(OH): [Bat, 20H- | 770
NHOH |NH.+ OH- 1.3
*At 25° C.

which are dissociated by water do not exhibit reactions charaeter-
istic of the chioride ion, for example, potassium chlorate (KCIQ;3),
which dissociates into potassium ions (K*) and chlorate ions
(ClO03-). In such compounds the chlorine is present in a complex
ion. The above illustrations bring out the point that reactions
between electrolytes in aqueous solution are between ions, not
molecules, and is further proof that such substances undergo
dissociation upon dissolving in water. Qualitative analysis is
largely based upon the fact here illustrated.

The distinguishing properties of solutions of electrolytes may

be summarized briefly as follows:
1. They conduet the electric current.

2. They exhibit abnormally high osmotic pressures.
3. They have abnormally low vapor pressures.
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4, They have abnormally high boiling-points.
5. They have abnormally low freezing-points.
6. They exhibit characteristic chemical behavior.

All these properties may be accounted for, qualitatively at least,
on the basis of the electrolytic dissociation (ionization) theory.
In other words, the physical and the chemical properties of elec-
trolytes are largely dependent upon the nature and concentration
of the ions, thus distinguishing them from non-electrolytes, which
do not ionize.

Interionic Attraction Theory. Although the electrolytic disso-
ciation theory as originally stated was of great value in the study
of solutions of electrolytes, it failed to aceount for the anomalous
behavior of strong electrolytes. Experimental results on weak
electrolytes in dilute solutions were in fairly good agreement with
the theory. That is to say, the degree of dissociation, or per cent
ionization, calculated from conductivity measurements appeared to
be in agreement with the values obtained from osmotic phenomena.
However, as improvement in experimental technique progressed
and more exact data were accumulated, it became apparent that
the Arrhenius theory was inadequate, especially when applied to
strong electrolytes which have a high conductance. With the
advent of X-ray analysis, it was revealed that crystals of such
electrolytes as, for example, sodium chloride, are not built up of
NaCl molecules but are composed of Nat ions and Cl— ions
arranged in a perfectly ordered fashion in what is termed a space
lattice or ionic lattice. Hence, it appeared logical to assume that
dilute solutions of such compounds contain no molecules, since
there are none in their crystals. From this it follows that salts,
and strong acids and bases, may be considered as completely
ionized in solution, and hence the degree of dissociation as calcu-
lated according to the Arrhenius theory loses its significance for
electrolytes of this type. Moreover, the molal freezing-point
depressions should be exact multiples of the constant —1.86° from
infinite dilution up to moderate concentrations. For example,
KCl should give exactly twice the normal depression. Freezing-
point experiments show that KCl gives less than twice the normal
depression and that the molal depression decreases as the concen-
tration increases! The Debye and Hiickel (1923) interionic
attraction theory offers an explanation. According to this theory,
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the oppositely charged ions attract each other and cause deviations
from the ideal solution, just as the attraction between gas molecules
(represented by ¢ in the van der Waals’ equation) causes deviations
from the ideal gas. At low concentrations the electrolytes
approach the ideal solution since their ions are so far apart that
interionic atiraction is negligible. Similarly, imperfect gases at
low pressures approach the ideal gas in their behavior. The
'Debye and Hickel theory is very satisfactory from a theoretieal
standpoint and agrees well with the experimental faets of electrical
conductance and osmotic properties of dilute solutions of strong
electrolytes. No satisfactory theory has been developed for con-
centrated solutions of strong electrolytes.

In passing, it should be mentioned that other factors besides the
attraction of oppositely charged ions eause deviations from the laws
of ideal solutions, such as the hydration of molecules and of ions,
etc. Moreover, pending the determination of true ionic con-
centrations by methods yet to be discovered, we make use of the
approximate ionic concentrations obtained from measurements of
conductance, freezing-point lowering, ete.



CHAPTER XI
HOMOGENEOUS EQUILIBRIUM

The Law of Mass Action. Guldberg and Waage, two Norwe-
gian chemists, showed experimentally in 1867 that the rate, or
speed, of a chemical reaction is proportional to the active masses
of each of the reacting substances. This is known as the law of
mass action. By “active masses’ is meant the molecular concen-
trations of the substances reacting.

Suppose we consider a reversible reaction in which substances
A and B react to form substances C and D:

A+B=C+D

Let the molar concentrations of the substances be represented by
C4, Cs, C¢, and Cp. By experiment it has been shown that S;,
the speed at which A and B react to form C and D, is directly
proportional to the concentration of A and also to the concentra-
tion of B. Hence, S; is also proportional to the product of the
concentrations of 4 and B, thus

S1=CaXCa Xk 1

where %k; is the proportionality constant. Equation (1) is an
algebraic statement of the law of mass action. When more than
one mol of a given substance takes part in a reaction, then its
concentration must be raised to a power equal to the number of
mols reacting. For example, if there are m mols of 4 and n» mols
of B, then the mass law equation becomes:

SI=C:’;XC§X]C1.

Similarly, Sz, the speed at which C and D react to form A4
and B, is proportional to the concentrations of € and D and
therefore is proportional to their product. Hence,

Sz = Cc X Cp Xk (2)
86
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where k2 is the proportionality constant for the reverse reaction.
If p mols of C are formed and ¢ mols of D, then the mass law
equation for the reverse reaction is written:

Sz = C% X C% X ke.

At the beginning of the reaction A and B will have their highest
concentrations and hence S; will be at its maximum value. But
as A and B react to form C and D their concentrations diminish and
hence S; diminishes. On the other hand, S; at the start will be
zero but it will increase as the concentrations of C'-and D become
greater. Inother words, 81 decreases progressively as Sz increases.
Finally, the two velocities become equal. This is called the
equilibrium point.

S; =82 (3)
Substituting (1) and (2)
CaXCeXk=CcXCpXke 4)
or
Cc X Co kl
=—=K 5
CaXCs T2 ©)

K is ealled the equilibrium constant. Its magnitude changes with
changes in temperature, but it is a constant value at any given
temperature and is a measure of chemical affinity, that is, a mea-

sure of the extent to which the reactants react to give the products. -
If fwo substances react reversibly to form three other sub-

stances, for example,
A4+ B=C+D+E

the equilibrium equation is

Ce X Cp X Ce
Ca X Cs

Or suppose that two or more mols of some or each of the sub-
stances enter into the reaction, as for example,

A+2B=3C+D
Then the equilibrium equation is

C3XCD
C. X C&

=K (6)

=K @
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As stated above, in such reactions each concentratior must be
raised to a power equal to the number of mols entering into the
reaction. In general,

mA + nB=pC 4 gD
and the equation for the equilibrium is written

Hd q
CEXCh_ .
CiXCh

Equation (8) is a general expression of the law of chemical
equilibrium, one of the most important chemieal principles. This
law states that at a given temperature, equilibrium js reached in a
reversibie reaction, when the product of the concentrations of the
substances formed, divided by the product of the concentrations of
the substances reacting (each concentration raised to a power
equal to the number of mols reacting), is a constant. It should be
mentioned that it is purely a matter of convention that the product
of the concentrations of the substances formed is divided by the
produet of the concentrations of the reacting substances. The
reciprocal ratio would also be constant, but of course its value for K
would be the reciprocal of the former value.

The law of chemical equilibrium holds only approximately with
ordinary substances when concentrations or pressures are used.
In order to employ this law with precision, G. N. Lewis introduced
corrected terms which he called activities and fugacities. Activi-
ties have the dimensions of ¢oncentrations and are really the
“effective ™ concentrations, involving ‘the behavior of both solute
and solvent. Fugacity has the dimensions of pressure and is in
fact a corrected which the real gas would have if it could
be converted into an ideal, or perfect, gas. Activities and fugaci-
ties are determined by experiment, and for exact calculations these
must be employed instead of concentrations and pressures.

Equilibria in Solutions of Electrolytes. The mass law, or
law of chemical equilibrium, has a wide application to all reversible
reactions or systems: for example, the distribution of a solute
between two immiscible solvents; reactions between molecules of
organic compounds; molecular gas reactions; and ionic reactions,
including simple ionization equilibria, complex ion equilibria,
hydrolysis, equilibria of ions of precipitates, and oxidation-
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reduction equilibria. Only its application to certain types of ionic
equilibria will be dealt with here.

Since the ionization of electrolytes in solution is a reversible
process, we would expect that their equilibria could be expressed
quantitatively by the mass law. However, this is true only of
dilute solutions of weak electrolytes such as ammonium hydroxide
and acetic acid, for example. The law of mass action eannot be
applied to solutions of strong electrolytes like sodium hydroxide,
hydrochloric acid, and sodium chloride, as experiment shows that
the value for K does not remain constant, but inereases with
increasing concentration of the solution, This means that, as the
concentration increases, the percentage ionization decreases too
slowly to obey the law of mass action. Various explanations of
this abnormality of strong electrolytes have been proposed. For
example, all ions are probably hydrated in solution and hence the
speed of the ions would not remain constant.

In 1923, Debye and Hiickel developed 2 mass law equation that
has proved very satisfactory for dilute solutions of strong electro-
lytes but it will not hold for their concentrated solutions. This
equation is based upon forces of attraction between the ions (see
page 84). In weak electrolytes the electrical forces between the
ions are negligible because the ions are comparatively few in
number and hence are far apart. But in strong electrolytes which
are completely ionized, the concentration of the ions is so great
that the interionic attraction becomes very pronounced and thus
the velocity of the ions is reduced. Hence, the equivalent con-
ductance of the solution is less than it would be if the ionic velocity
had not been reduced. In other words, the attractive force
between the ions has the same effect upon the conductance as
incomplete ionization.

Ostwald’s Dilution Law. In the preceding paragraphs it was
pointed out that the mass law is applicable not only to chemical
equilibria in both liquid and gaseous systems but also to electro-
Iytic equilibria, i.e., solutions of weak acids and bases. For exam-
ple, when acetic acid is dissolved in water it dissociates into hydro- .
gen ions and acetate ions as represented by the following equation:

CH3COOH = H+ + CH3CO0~

Suppose that one mol of acetic acid is dissolved in water and
diluted to » liters. Let a equal the degree of dissociation. The
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concentration of each ion is then a/v, and that of the un-ionized
acid is (1 — a)/v. The equilibrium or ionization comstant, K,
may then be written as follows:

Cuxt X Ceneoo _ a/v X afv _ a?
Ccrycoon l1—a  (1—a
v

K =

This equation, which expresses the relation between the degree of
ionization and dilution, was first developed by Ostwald and is
called the Ostwald dilution law.

The Common-Ion Effect. Upon adding to}a solution of 8 weak
electrolyte some strong electrolyte having one ion in common, the
ionization of the weak electrolyte is repressed unt:l equilibrium is
Te-established. This is called the common-ion effect, and it is

frequently employed in analytical procedures inregulating hydro-
gen- or hydroxyl-ion concentration, or to decrease tﬁe solubility of a
Sifghtly soluble substance. For example , if ammonium acetate be
atded TG an acetic acid solution, the net effect will be a lowering
of the hydrogen-ion concentration. Similarly, if ammonium
chloride be #dded to = solution of ammonium hydroxide, the
hydroxyl-ion concentration will be lowered.

Buffer Solutions. Pure water has a hydrogen-ion (also
hydroxyl-ion) concentration of 1 X 107 equivalent per liter. A
single drop of a normal acid added fo a liter of pure water will
greatly increase the hydrogen-ion concentration. Likewise a
single drop of a normal base will greatly increase the hydroxyl-ion
concentration of the water. Hence, pure water has no reserve
neutralizing power to prevent the change of its H*/OH- ratio.s
“However, experiment has shown that any solution containing a
weak acid and one of its salts, or a weak base and one of its salts,
can neutralize both acids and bases, within certain limits; i.e., it
can keep its H+/OH~ ratio constant (or approximately constant).
Such solutions are called buffer solutions, and their resistance to
hydrogen-ion change is known as buffer action. The common-ion
effect is the basjg of buffer action. } Buffer solutions are extensively
used in determining pH by the colorimetric method, and buffer
action plays an important réle in mANtaining the faﬁper H+/OH-
ratio in many chemical processes. A more detailed discussion of
this subject is given on pages 197-201.




CHAPTER XII
HETEROGENEOUS EQUILIBRIUM

In the preceding pages we discussed equilibria between sub-
stances mixed in a homogeneous fashion, such as a mixture of gases
or substances dissolved in g liquid. 'When substances are separated
from one another by distinet boundary lines, as for example, a
liquid and its vapor, & solid and a liquid, or a solid and a gas, the
mixtures are heterogeneous. Equilibria in such systems are called
heterogeneous equilibria, but the factors governing them are the
same a3 those which govern homogeneous equilibria, namely,
concentration, temperature, and pressure.

The following are some examples of heterogeneous equilibria:
(a) a liquid in equilibrium with its vapor: e.g., H2O(l) = H20(g);
(b) = solid in equilibrium with its produects of dissociation: e.g.,
CaCO3z(s) = CaO(s) + CO2(g); (c) a solid in equilibrium with its
saturated solution, and vapor: e.g., NaCl(s) = NaCl 4 Hz0(g).

Sat. aq. soln.

The Law of Partition. When a solute is added to & mixture of
two immiscible solvents at a constant temperature, the ratio in
which it distributes itself between the solvents is constant, provided
the molecular weight of the solute is the same in both solvents.
This is known as Nernst’s distribution law. The ratio in which a
solute distributes itself between two non-miscible solvents is
called the partition coefficient or distribution coefficient. This
principle of partition is extensively used in the organic laboratory in
extraction processes.

The Phase Rule. After studying many cases of heterogeneous
equilibria, Willard Gibbs (1876), a mathematical physicist at
Yale University, developed & system of classification which is
now commonly known as the phase rule. As his principle was
stated in terms of abstract mathematics, it was not until 1887,

when Roozeboom simplified the mathematics, that the phase rule
91
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was made available to the general worker in the solution of chem-
ical problems. A simple statement of the phase rule is:

F=C—-P+2

P is the number of phases, i.e., the number of separate physical
states which can exist in a system at equilibrium. The physical
states are solid, liquid, and gas. C is the number of components,
i.e., the number of independent chemical substances which are
required to build up the system. F is the number of degrees of
freedom, i.e., the number of independent variables (concentrations,
temperature, and pressure) which may be altered at once without
destroying any phase. Two illustrations are as follows:

1. A mixture of ice, water, and vapor. This system has one
component (HyO) and three phases. .. F = 0. The system is
non-variant.

2. The dissociation of calcium earbonate.

CaCOz(s) = CaO(s) + CO2(g)

There are two components (CaQ and CO2) and three phases (two
solid and one gas). .. F = 1. The system is monovariant.

The phase rule has proved very valuable in determining she
presence or absence of allotropic forms of compounds, in deter-
mining whether a compound or a solution is formed, in the study
of alloys, and in many other practical problems such as the extrac-
tion of certain salts from salt deposits.

. The Solubility-Product Principle. Originally the solubility-
product principle was based upon the application of the law of
mass action to two equilibria. In the first place, it was assumed
that the concentration of undissociated molecules in a solution
of a slightly soluble salt is proportional to the “active mass” of
the solid; i.e., that the undissociated molecules have a definite
solubility. Secondly, the law of mass action was applied to the
equilibrium between the undissociated molecules and their ions.
For example, consider a slightly soluble salt BA in equilibrium
with its saturated solution:

BA(s)=BA=B++ A~
Denoting concentrations by C, we have
Ca = k1Chaw ¥
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CB+ X CA_ = kz (2)
Cpra
Therefore,
Ca* X Cs~=K (3)

where K is the solubility-product constant.

Both the above applications are now known to be incorrect.
A. A. Noyes and others ! proved that the concentration of undis-
sociated salt (as determined by conductivity measurements) is
not constant. And almost from the first it was realized that the
law of mass action cannot be applied to the equilibrium between
a salt and its ions. More recently Butler 2 has presented a simple
deduction of the solubility-product equation based upon his more
elaborate statistical treatment published in the Journal of Physical
Chemisiry, 28, 438448 (1924):

It assumes that the ions of a simple salt, take part independently
in the process of solution at the crystal surface. Modern knowl-
edge makes this conception inevitable. If the salt is almost or
entirely dissociated into ions in solution, and if the solid crystal is
rightly regarded as a lattice structure built up of positive and
negative ions, there is no reason to postulate the appearance of
the molecule at any stage in the process of solution.

An ion leaves the surface and passes into solution when it has
acquired by thermal agitation sufficient energy to carry it out
of the range of the attractive forces at the crystal surface. An
ion becomes deposited when it reaches the surface from solution
at a place at which it can become permanently attached. In the
simplest case of a cubic lattice a positive ion must be deposited
above a negative one and wvice versa, in order to contfinue the
crystal lattice. It follows that the rate at which an ion leaves
the surface is proportional in the first place to the number in the
surface layer, whilst the rate of deposition of an ion is proportional
t0 its concentration in solution and to the number of places at
the surface at which it can become attached. Equilibrium is
attained when equal numbers of both kinds of ions are dissolved
and deposited in the same time.

Now consider the state of the crystal surface in contact with
the solution. Take the case of a crystal normally containing equal
numbers of positive and negative ions in its surface layer. In
contdct with solution there may be a greater tendency for the one
ion to leave or to become deposited at the surface than the other.

1.J. Am. Chem. Soc., 1911, et seq.
2 J, Soc. Chem. Ind., 43, 634-635 (1924).
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The facility with which precipitates of insoluble salts adsorb a
common ion is well known. Fajans and Frankenburger (Z. physik.
Chem., 105, 255 (1923)] have recently determined the amount of
silver ion adsorbed by silver bromide erystals and found for one
particular dilute solution an adsorption of one silver ion for every
four to ten bromide ions of the exposed surface.

The result may be roughly illustrated as follows: I shows a
cross-section of the two layers next to the surface of a complete
crystal; II the same for a crystal with an incomplete surface
layer which has lost more positive than negative ions.

I
-+-+-+-4+ -+
+ -4+ -4 -+ -4 -

Exposed, 5 4+, 5 —.

II

-+ - - -+ -+
e e

Exposed, 3 4, 7 —.

It is evident that the loss of a positive ion exposes a negative ion
and vice versa.

Suppose that at equilibrium Nz positive ions and N(1 — z)
negative ions are exposed at the surface. Then we can write the
following proportionalities:

Rate of solution of positive ions = kiNz

Rate of deposition of positive ions = k2N(1 — z)Cy
Rate of solution of negative ions = kaN(1 — z)
Rate of deposition of negative ions = k4NzC2

where () and C: are the concentrations of the positive and nega-
tive ions in solution.

For equilibrium
kiNz = kN(1 — x)Ci
and
EsN( — z) = kaNzC2
whence
C1 XCp = %;;2 =K

which is the law of the solubility product.
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This equation states that, in a solution containing ions which by
their union form a slightly soluble compound, the ions will be in
equilibrium when the product of their gram-ion concentrations
attains a certain definite value, each concentration being raised
to a power equal to the relative number of gram-ions derived from
the ionization of one mol of the original compound. The numerical
value of this product is called the solubility-product constant, K,
often written K,,. This is a special equilibrium constant which
expresses the relation between ions in equilibrium with a saturated
solution of their salt. It is evident that if the addition of elec-
trolytes, whether they contain a common ion or not, causes any
change in the conditions of solution (e.g., by affecting the attrac-
tion of either the solvent or the solid solute for the ions), the values
of ki, ko, ete., will not remain constant, i.e., Kyp, will not be con-
stant., At best the solubility-product equation is merely an
approximation and holds rigorously only for solutions of very
slightly soluble electrolytes and in solutions of the pure salt. The
numerical value of K. is different for each compound and varies
slightly with the temperature for the same compound. For
temperatures between 15° and 35° the variation is so small that
for most slightly soluble compounds the value for Ksp may be
regarded as independent of the temperature.

Let us apply the solubility-product principle, as above deduced,
to a slightly soluble salt of the BA type. Silver chloride may be
taken as an example. In its saturated solution containing an
excess of the solid phase an equilibrium exists between the speed
at which the solid dissolves and that at which solid forms:

AgCl= Ag+ + CI-
Solid

Consider the solid surface as a lattice, and let

z = the portion containing Agt ions;
1 — z = the remaining surface which contains Cl ~ ions;
k1z = the speed at which Ag+* ions leave the surface,
ky being a proportionality factor (a speed con-
stant);
ke(1—z)Cag* = the speed at which Ag* ions deposit on the sur-
face.
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At equilibrium,
kiz = k(1 — 2)Cag* (1)
Likewise,
k3(1 — z) = the speed at which Cl~ ions pass into solution.
ksxXCo1— = the speed at which Cl- ions deposit on the

surface.
At equilibrium,
E3(l — z) = kyzXCar— @)
From equation (1)
_ Ic;:z:
CAE+ - kz(l - 33)
and from (2)
Cor = ka(l - .‘.E)
kyx

Combining (1) and (2) we have for the combined action of the Ag+
and Cl~ ions,
kiks

Cagt X Cor = % = Kap

This expression states that, when the product of the gram-ion con-
centrations of Ag+ and Cl— ions attains the value for K, the
solution is saturated with respect to these ions. Note that the
equation contains no numerical or other factor representing the
amount of solid AgCl which may be present. This is as it should
be, since the excess solid, however large or small, has no influence
on the concentration of the ions in its saturated solution. In other
words, the solubility of a pure compound in a pure solvent
has a definite and constant wvalue at a given temperature.
Such a condition seldom, if ever, exists in analytical procedures,
and hence the solubility-product equation is only an approxi-
mafion.

Each compound of the types BA2 and B24 yields on ionization
two similar ions and one dissimilar ion. Their solubility-produect
expressions are:
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Cs+ X C%- = Kep(BAs)
and
C% X Ca- = Ky (B24)

Examples of slightly soluble compounds of the BA: type are:
PbCl, Mg(OH)z2, and CaFz. The B24 type is illustrated by
Ag2SO4 and Agzs.

For compounds of the types Bd; and BsA the solubility-
product equations are:

CB+ X Ci— = Ks.p (BAY
and
C%* X CA" = KEDCBIA)

Examples are AI{OH)3, Fe(OH);, and AgzPOa,
For a mixed salt like MgINH4 PO, the solubility product equa-
tion is
Cumet X Cxmt X Cro = Kap.omgnaros

In general, for a slightly soluble salt Bn4,, we would have,
as the relative number of ions which it would yield upon ionizing,
m cations and n anions according to the scheme:

BmAn;lmB-l-... + m_-..
(solid)

The solubility-product equation would be
Coeve . XCh-'.. = Kipitman

in which Cpt--- is the total concentration of the B¥""* ions,
whose value must be raised to the mth power, and C4—-- is the
total concentration of the A~ """ ions, whose value must be
raised to the nth power.

Problems involving applications of the solubility-product
principle will be treated in Chapter XV. The values of the
solubility-product constants of the slightly soluble compounds
frequently encountered in qualitative analysis are given in Table
VIIL
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TABLE VII

SoLuBILITY PrRODUCTS

Compound Ions Kop*

Acid tartrate

Potassium ............ Ce*t X CacHEOd ™ 3.8 X 104
Bichromate

Silver......coovvnnnn. Ctagt X Cor07™ 2 X107
Bromates

Silver. ... Cag™ X Cpro;~ b X 107*

Thallous............. Cnit X Corog~ 85x10°%
Bromides

Cuprous.............. Cout X CBr~ 4.1 X 10~-®

Tead.........covin.. Ceot+ X Cpr— 7.9 X 105

Merourous............ Cagtt X Clar— 13 xX1™

Silver. ....covenvnenn. Cagt X Cor— 4.0 X 1012

Thallous. ............ Cn* X Cee— 2.9 X 10°¢
Carbonates

Barium.............. Ceatt X Ccoy™ 8.1 X 10—

Caleium.............. Ccatt X Ccoy™ 1.2 X108

Lead........coneuonn. Cent+ X Ccoy~ 3.3 xX10™

Magnesium. .. ........ Cuat+ X Cooy~ 2 X104

Silver........coucnnn. Clagt X Ccoz™ 61 X101

Strontwm............ Cart+ X Ccoz™ 16x10-?
Chlorides

Cuprous........... Ceat X Car~ 10 X 10-8

Lead .....ovvinnnen.. Cppt+ X Cic1— 2 410

Mereurous............ CHet+ X Cla1~ 2.1 X 1018

Silver................ Cagt X Ca~ 1.1 x 10710

Thallous. .. ..oveeee.. cnt X Ca- 2.0 X 10~
Chloroplatinate

Potassium. ....coavuv.. Cx* X Crpicig) ™ 49 %107
Chromates

Barium.,............. Ceatt X Corog™ 23 X100

Calcium. ..... e Cca** X Cero™ 23 %1072

Lead......covvvvvnnen Cev++ X Corog™ 1810

Silver....covevivennnn Ciagt X Coro = 1.7 X 1012




THE SOLUBILITY-PRODUCT PRINCIPLE

TABLE VII—Continued
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Compound Ions Ksp®
Cyanide
Sdver.......... hevees Cag* X Clagicmg™ 2.2 x 1012
Fluorides
Barium.............. Cpatt X %~ 1.7 x 10~
Caleium.............. Ceatt X C2p- 3.5 x 10U
Lead..........couennn. Ceott X Cp~ 3.5 x 10"
Magnesium........... Cumg¥+ X Cp— 7 Xx10—
Strontium. .. ......... Cor+t X O~ 2.6 X 10
Hydroxides
Aluminum............ Cut X Caos™ 3.7 X 10—
Ferric......oovvvevnns Crett+ X Clor— 1.1 X 103
Ferrous. .......cc... Crett X Clor~ 1.6 x 10—
Meagnesium. ... ....... Cug™+ X Clor~ 34x10™
Manganous........... Caunt+ X Clor™— 4 X110~
Silver.....ooninennenn Cagt X Cor™ 2 X103
/1L Czu+t X Clor— 1.0 x 1018
Iodates
Cupric. ....coovveeen Ceoutt X Chog™ 1.4 %1077
Silver...ooviaeeeenan. Cag® X Cro3™ 2 X10-%
Todhides
Cuprous..........ovt.s Cout X C1— 5 x1lo-=
Lead........covvennn Cpptt X CHa— 1.4 X 108
Mereurous. .....ovevn. CHg Pt X O~ 1.2 X 10—
Silver......oovneeenns Cagt X Cr~ 1.5 x 1010
Thallous. . . coveevnen. On+ X Cr~ 2.8 X 108
Oxalates
Barium, ..ocvevrecans Ceatt X Coo,~ 2.2 X 107
Cadmium. .........-. Ccatt X Coz0.” 1.3 X 10~*
Caleium......ccovven. Ceatt X Coyoy™ 2.6 ¢ 10—
Cuprie.......covueen. Ccut*t X Coy04™ 2.9 x10°®
Ferrous. . ....coavvn. Crott X Co30,~ 2.1 %107
Lead......oocveevennn Ceott X Cos04™ 3.4 x10™1
Magnesium. . ......... Cngtt X Co0,™ 8.6 X 10"
Siver...... veeveenes Clag™ X Ccs04™ 5 x1o-1
Strontium,........... Cartt X Ccao™ 5.6 X 10°¢
Zine......ociinnnn . Cazn*+ X 00304- 1.4 xX10®
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Compound Ions Kep*
Phosphates
Tead................. Cpp++ X Cpo™ 1.5 X10~%
Magnesium ammoniym Cmgt+X Cnmryt X Croy™} 2.5 X107
Silver......ovvvennnn. Cisgt X Croy™ 1.8 X 1018
Sulfates
Barium.....co00eee-. Cpat+ X Cs0,~ 1.2 X 10710
Caleium.............. Ceat+ X Cso,~ 6.1 X105
Lead.......oovevnnn.. Cep*+ X Cs0,~ 1.1 X108
Siver. .......ccouunn.. C2agt X Csoy™ 7.0 X 105
Strontium............ Csrt+ X Cso,~ 28107
Sulfides
Arsenous ............. Clagt++ X O~ 4 X 10~
Bistouth. ............. Crpi+++ X O 1.6 X 10-7 (7)
Cadrsjum f........... Cca*+ X Cs= 3.8 X 102 (av.)
Cobalt............... Ceot*+ X Ca~ 3 X 10—
Cuprie fovovevvervennn- Coutt X (s~ 2.5 X 104 (av.)
Cuprous.............- Clcut X 5= 2 X109
Ferrous.............. Crett X (s~ 3.7X 10
Yead t..oovninnnnn.. Cep++ X Cs~ 3.4 X107
Manganous (pink?) t Cvnt+ X Cs™ 7.0 X 1018
Manganous {(green) § 6.2 X 10—
Mereuric ..o cvernn. Crg*t X Ca~ 3 X110
Mercurous t.......... Clrgt X Cs~ 1 X100~
Nickel............... Camtt X (s~ 1.4 X 1024
Silvert.............. Ctagt X s~ 1 X 107% (av.)
Thallous. ............ Cint+ X Cs~ 7.0 X 10~
b 7« O Cont+ X Cg~ 1 X 10-2
Zme(@t.....000--. Czntt+ X (s~ 6.6 X 102¢ (av.)
Thiocyanates
Cuprous.............- Ccat X Ccns— 1.7 X 10—1
Silver................ Cagt X Ccxns— 1.2 x 1012
Thallows. . ........... Cnt+ X Cons ™ 1.4 X 10—

* The temperature in most cases is either 18° or 25°

Qrdinarily the Kap, may be

considered ns being indepondent of the temperature over the range of 15° to 35°,

1 Kolthoff, J. Phye. Chem., 86, 2711 (1831).
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Solubility Product and Speed of Equilibrium Attainment.
Although the solubility-product equation defines a state of equi-
librium, it makes no mention of the speed at which equilibrium
is reached. It simply states that precipitation cannot take place
until the value of the Ka,. is exceeded by the ion concentration
product, but it is no guarantee that precipitation will occur at
once when the K, is exceeded. As a matter of fact, small amounts
(i.e., up to about 5 mg.) of many slightly soluble salts (e.g., CuS,
SnS, BaS0;, MgNH4POy,, ete.) require from 14 to 48 hours before
precipitation is complete and equilibrium is attained.® For small
amounts of these salts a certain time must elapse before a precipi-
tate appears, and then a further, and often much longer, period
must elapse before precipitation is complete. Vigorous shaking
or stirring or the use of a centrifuge will often greatly speed up
the precipitation.

Total Precipitation Impossible. It must be remembered that
fotal precipitation of & compound is impossible, that is, no com-
pound is totally insoluble. No matter how greatly the concentra-
tion of one ion is increased, the conecentration of the other cannot be
reduced to zero. This follows from the solubility-product law
and may be illustrated graphically, using the respective ionie con-
centrations as coordinates. With salts of the BA type the
graph will be an equilateral hyperbola
(see Fig. 6). Similar curves are ob-
tained for salts of the BAdz, BoA,
BAj, B3A, Ba:ds, ete., types. The
hyperbola never intersects the co- Ce+
ordinate axes but approaches them
and finally becomes sensibly parallel
to them. The graph also empha- T
sizes the fact that, after & certain
point, further excess of the precipi-
tating reagent (i.e., ion) accomplishes
very little, In other words, only a moderate excess of a common
ion need be added in precipitation reactions. As a matter of fact,
a large excess of reagent is frequently to be avoided, as secondary
reactions would take place. For example, in precipitating the
Silver Group with bydrochloric acid, only & small excess of the

' Fales, “Inorganic Quantitative Analysis,”” p. 170, the Century Co.,
New York, 1925,
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acid is added, as a high chloride-ion concentration would dissolve
the AgCl, PbCls, and HgzCls, owing to the formation of complex
anions of the type [AgCls]=, [PbCls]=, and [HgoCls]=. Again, with
aluminum and chromic hydroxides, a large excess of ammonium hy-
droxide would redissolve some of the precipitate, owing to the for-
mation of soluble NH3AlO: and a soluble red complex, respectively.

Fractional Precipitation. Fractional precipitation is discussed
in Chapter XV in connection with problems involving applications
of the solubility-product principle.

Co-Precipitation.* It has been known for & long time that crys-
talline precipitates separating from a solution are not, as a rule, quite
pure but usually contain imperfections of mother liquor with
foreign copstituents. A vast number of empirical facts pertaining
to the presence of various impurities in crystalline precipitates
may be found in the analytical literature. Unfortunately, these
data are of not much use in the interpretation of the so-called
“eo-precipitation” or “carrying down,” mainly for the reason of
poor description of experimental conditions, ... which are of
primary influence as regards the kind and amount of co-precipita-
tion. Moreover, it has been a general custom in analytical chem-
istry to use the words, co-precipitation, carrying down [dragging
down], occlusion, inclusion and adsorption as collective names,
meaning nothing else but the establishment of the faet that impur-
ities are carried down with or in a precipitate. In a systematie
treatment of the problem, it should be emphasized, however, that
three different phenomena mainly account for the presence of impur-
ities in the precipitate and in a study of the problem, it is necessary
first to find out the kind of co-precipitation with which we are
dealing,

Kolthoff distinguishes four cases:

1. The formation of mized crystals. In this case the impurities
are incorporated in the crystal laitice and they do not change the
regular structure of the latter. The amount of mixed erystal
formation depends (as in case III) upon adsorption phenomena
during the growth of the precipitate.

II. Occlusion (Real Co-precipitation). In this case the impur-
ities are not incorporated in the crystal lattice, but they are adsorbed
during the growth of the crystals and give rise to the formation of
imperfections in the crystal. (‘ Hohlriume or Lockerstellen ”
[Smekal]; or centra of activity—[H. S. Taylor].) Here adsorption
phenomena during the growth of the crystals are mainly responsi-
ble for the amount of occlusion. . . .

4 Kolthoff, J. Phys. Chem., 86, 860 (1932).
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II1. Surface adsorption by the precipitate after it has been formed
or separated. This kind of co-precipitation is only of practical
importance when the precipitate has a large surface, i.e., when it
behaves like a flocculated colloid. If the precipitate has a defi-
nitely micro-erystalline character (as observed under the micro-
scope) the amount of co-precipitation caused by surface adsorption
is, as a rule, of no practical significance. Confusion is caused in
the analytical literature by the fact that certain phenomena have
been attributed to co-precipitation (an expression often used to
indicate that a precipitate is not quite pure), but which have
nothing to do with it. This may be illustrated by two examples.
In most text books of analytical chemistry, it is mentioned that
magnesium is co-precipitated with caleium oxalate. Although
there is actually a slight co-precipitation of this element, the
presence of magnesium in calcium oxalate, if the Jatter is precipi-
tated from solutions containing much magnesium salt, is mainly
due to the slight solubility of magnesium oxalate. If relatively
much magnesium is present and an excess of oxalate is added, the
golution becomes supersaturated with respect to magnesium
oxalate. First of all, caleium oxalate precipitates and then on
standing magnesium oxalate crystallizes out slowly. Therefore,
we are not dealing here with a case of co-precipitation, but of
post-precipitation, the crystals of calcium oxalate being not at all
or only slightly contaminated by magnesiumm. The magnesium
oxalate crystallizes out as a separate phase. . .. Another example
of post-precipitation is the so-called “co-precipitation of zine
with copper sulfide.” . ..

IV. A case which rarely occurs is that co-precipitation actually
has to be attributed to the formation of a definite chemical com-
pound. The so-called co-precipitation of alkali oxalate with lan-
thanum oxalate is caused by the formation of a double oxalate
as has been shown by I. M. Kolthoff and R. Elmquist.® From
experiments of Z. Karaoglanov and R. Sargotschev,® it appears
that co-precipitation of lead bromide and lead chloride with lead
oxalate is due to the formation of a double salt (PbX):0z. How-
ever, the formation of such definite chemical compounds is very
seldom encountered in analytical work, although it should not be
overlooked as a possible interpretation of the presence of much
“impurity” in the precipitate.

Kolthoff has made an attempt to formulate a general theory
of co-precipitation, especially of the kind referred to as occlusion,
“The hope is expressed that such a theory will not only contribute
to the understanding of the formation of impurities in precipitates
formed under analytical conditions and thereby the improvement

3 Kolthoff and Elmquist, J. Am. Chem. Soc., 53, 1232 (1931).
¢ Karaoglanov and Sargotschev, Z. anorg. aligem. Chem., 199, 7 (1931).
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of the exact precipitation procedures, but will also have a wider
bearing on the problems of mineralogical formations and the
properties of slightly soluble micro-crystalline precipitates.”

The outstanding facts about the phenomenon of co-precipita-
tion, so far as our present-day knowledge goes, are these:

1. The action is specific.

2. Co-precipitation occurs at the time of the formation of
the precipitate. Or, according to Kolthoff, “in the case of
real co-precipitation, the adsorption of foreign ions during the
growth of the partieles is of primary importance,”

3. The amount of co-precipitation is a function of the con-
centration of the salt carried down.

4. Up to a certain limit, co-precipitation with a slightly
soluble compound increases with crystal size.

For a more detailed study of the theory of co-precipitation
the student is referred to Kolthoff’s paper in the Journal of
Physical Chemistry, 36, 860 (1932). See also, Fales’ “Inorganic
Quantitative Analysis,” page 175.

The Le Chatelier-Braun Principle. The Le Chatelier-Braun
principle is one of the most useful generalizations in chemistry, as it
is applicable to all systems at equilibrium, regardless of whether
they are homogeneous or heterogeneous. It may be stated thus:
If to a system at equilibrium some force or stress is applied, the
system will shift in a way which tends to relieve or to diminish the
effect of the force or stress. This theorem really follows from the
second law of thermodynamies which may be stated in a general
form as follows: All systems tend to approach a state of equi-
librium. The term “force’” or “stress” refers to temperature,
pressure, and concentration, which are the chief factors condition-
ing the equilibrium of a system. By means of the Le Chatelier-
Braun theorem, it is possible to predict qualitatively the direction
in which a change in a system may be expected. The solubility-
product principle is an application of this theorem. All ionic
double decomposition equilibria shift in the direction toward
which there is a decrease in ion concentration. We may summarize
the various ways in which the concentration of any given ion can
be decreased:

1. By the formation of a very slightly soluble compound.
2. By means of the common-ion effect.
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3. By the formation of a weakly ionized compound, e.g.,
hydrolysis, formation of an amphoteric substance, displacement
of a weak acid from its salts by a stronger acid, etc.

4, By the formation of a complex ion.

5. By a change in the valence of the ion, i.e., oxidation
or reduction.

Other examples of the application of the Le Chatelier-Braun
principle are: the melting of ice under pressure, the influence of
temperature on solubility, the influence of pressure on the
solubility of gases, and the influence of pressure on the synthesis
of ammonia from nitrogen and hydrogen in the presence of a
catalyst.

In the next seven chapters we will discuss some of the more
common types of equilibria, both homogeneous and heterogeneous,
and will give illustrative problems with particular reference to
their applications in analytical chemistry,



CHAPTER XIII

UNITS OF WEIGHT, VOLUME, AND CONCENTRATION
USED IN EQUILIBRIA CALCULATIONS

Calculation of Gram~Atom, Gram-Mol, and Gram-Ion Quan-
tities. In all stoichiometric caleculations based upon the law of
combining weights, the gram is taken as the unit of mass or weight,
Problems involving an application of the law of chemical equilib-
rium employ different units of mass or weight designated by the
terms gram-atom, gram-mol, and gram-ion. When an element is
in the atomic state, its unit mass is called a gram-atom; for
compounds or uncharged radicals, the unit mass is the gram-mol;
and when an atom or radical is ionized, the unit mass is called a
gram-ion. Hence, the use of the terms gram-atom, gram-mol, and
gram-ion is simply a convenient way to express the unit mass when
applied to matter in the atomic, molecular, or ionic state. It is
important that the student thoroughly understand these terms and
use them correctly.

A gram-atom, also called a gram-atomic weight, is the atomic
weight of an element expressed in grams. Thus, a gram-atom of
hydrogen is 1.008 g. of hydrogen; a gram-atom of oxygen is
16.000 g. of oxygen; a gram-atom of lead is 207.22 g. of lead; ete.

A gram-mol, also called a gram-molecular weight or simply a
mol, is the molecular weight of a substance expressed in grams.
For example, a gram-mol of hydrogen gas is 2.016 g. of hydrogen;
a gram-mol of oxygen gas is 32.000 g. of oxygen; a gram-mol of
lead ehloride is 278.12 g. of lead chloride; a gram-mol of ammonia
is 17.032 g. of ammonia; ete.

A gram-ion is the atomic or molecular weight of an ion expressed
in grams. If the ion is a simple one, consisting only of a charged
atom, the atomic weight in grams is 1 gram-ion. Thus, & gram-ion
of H+ionsis 1.008 g. of H* ijons; a gram-ion of Pb++ ions is 207.22
g. of Pb++ ions; ete. If the ion consists of a charged group of
atoms, for example the ammonium ion, NHy*, the carbonate ion,
COj3=, the phosphate ion, POs=, then a gram-ion is the molecular

106
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weight of the charged radical expressed in grams. When 1 gram
mol of NH4Cl is dissolved in water, and if the dilution is such that
complete ionization may be assumed, then there are present in the
solution 1 gram-ion of NH,+ ions and 1 gram-ion of Cl- jons.
Similarly, 1 gram-mol of (NH;)sPOs in dilute aqueous solution
yields 3 gram-ions of NH4* ions and 1 gram-ion of PO4™ ions.

Case 1. Given the weight in grams of a compound. Caleulate
the gram-mol quantity.

Hcilliixample. Caleulate the gram-mol quantity represented by 18.233 g. of
Weight in grams

Molecular weight = Gram-mols
Hence,
18.233
36 465 0.5 gram-mol

Case 2. Given the weight in grams of a compound. Caleulate
the gram-atom quantities of each element.

Example. Calculate the gram-atom quantities of hydrogen and of chlorine
in 18.233 g. of HCIL
1, Calculate the gram-mol quantity.

Weight ingrams 18 233
Molecular weight  36.465

= (.5 gram-mol

2. Write the equation representing the number of gram-atoms of each
element contained in 1 gram-mol of the compound.

HCl=H 4 Cl

Hence, 1 gram-mol of HCI contains 1 gram-atom of H and 1
gram-atom of Cl. Therefore, 0.5 gram-mol of HCI contains 0.5
gram-atom of H and 0.5 gram-atom of Cl.

Case 3. Given the weight in grams of an electrolyte. Calcu-
late the gram-ion quantities of each ion which can be obtained
when the compound is completely ionized.

Example 1. Caleulate the gram-ion quantities of H* jons and of Cl~ jons

which can be obtained from 18.233 g. of HCL
1. Calculate the gram-mol quantity. In the preceding examople, this was

found to be 0.5 gram-mol. )
2. Write the equation representing the ionization of 1 gram-mol of HCL

HQl=8"'+ Ci-
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Since 1 gram-mol of HCl yields, upon complete ionization, 1 gram-ion
of H* ions and 1 gram-ion of Cl- ions, it follows that 0.5 gram-mol of HCl
will yield 0.5 gram-ion of H* jons and 0.5 gram-ion of Cl- ions.

Example 2. Calculate the gram-ion quantities of each ion which can be
obtained from 1 gram-mol of PbCl,.

Lead chloride ionizes aceording to the following equation:

PbCl; = Pb** + 201

Therefore, 1 gram-mol of PbCl, will yield 1 gram-ion of Pb++ ions and 2 gram-
ions of Cl— ions.

Example 3. Calculate the gram-ion quantities of each ion which can be
obtained from 1 gram-mol of K,CrQ,.

Potassium chromate ionizes according to the following equation:

K:Cr0, = 2K+ + CrO4=

Hence, 1 gram-mol of K.CrO, will yield 2 gram-ions of K+ ions and 1 gram-ion
Of CrO‘- iOD.S.

Case 4. Given the quantity of a substance in terms of gram-
mols. Calculate its weight in grams. This is the reverse of
Case 1.

Example. How many grams of silver chloride are contained iv 0.1 gram-
mol of AgCI?

Gram-mols X Molecular weight = Weight in grams
0.1 X 143.337 = 14.3337 g. of AgCl

Case 5. Given the quantity of a compound in terms of gram-
mols. Calculate the weight in grams of each atom or ion.

Example 1. How many grams of Fe and of S are contained in 0.1 gram-
mol of FeS3?
Ferrous sulfide is formed according to the following equation:

Fe + S — FeS

Hence, 1 gram-atom of Fe and 1 gram-atom of S are required to form 1 gram-
mol of FeS. Therefore, 0.1 gram-atom of Fe and 0.1 gram-atom of S are
contained in 0.1 gram-mol of FeS.

Atomic weight of Fe = 55.84
Atomic weight of 8 = 32.06
Gram-atom X Atomic weight = Weight in grams
0.1 X 55.84 = 5.584 g. of Fe
0.1 % 32.06 = 3.206g. of S

Example 2. Calculate the grams of Ag*+ ions and PO, " ions formed upon
complete ionization of 0.01 gram-mol of AgsPO..
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Silver phosphate ionizes as follows:
Ag: PO, = 3Agt + PO™

Therefore, for each mol of Ag,PO, there are formed 3 gram-ions of Ag* ions
and 1 gram-ion of PO,™ ions.
Atomic weight of Ag* = 107.88
Molecular weight, of PO,™ = 95.02
0.03 X 107.88 = 3.2364 g. of Ag* ion
0.01 X 95.02 = 0.9502 g. of PO™ ion

In the above problems dealing with solutions of electrolytes
it was assumed that ionization is complete. This assumption may
be made for dilute solutions of strong electrolytes and for extremely
dilute solutions of weak electrolytes. Otherwise, it is necessary
to know the degree of ionization, i.e., percentage of ionization, in
order to calculate the weight of ions and of non-ionized molecules
obtained upon dissolving a given amount of electrolyte. The
weight of the ions and of the non-ionized molecules may be
expressed either in gram-ion and gram-mol quantities, respectively,
or in gram quantities.

Case 6. Given the quantity of an electrolyte present in solution
and its percentage ionization. Calculate the amounts of each
ion and of non-ionized solute.

Example 1. Caleulate the gram-ion amounts of Na * ion and C,H.0:~jon
and of non-ionized NaC,H,0, in a liter of 0.1 M solution of sodium acetate
which is 80 per cent ionized.

Sodium acetate ionizes as follows:

Nﬂ-CQHSOJ = Na+ + CgHaO:-
1 gram-mol 1 gram-ion 1 gram-ion
0.1 gram-mol 0.1 gram-ion 0.1 gram-ion
Fraction non-ionized Fraction ionized
0.20 0.80

Hence, the solution contains:

0.1 X 0.80 = 0.080 gram-ion of Na* ion
0.1 X 0.80 = 0.080 gram-ion of C,H,0,™ ion
0.1 ¥ 0.20 = 0.020 gram-mol of non-ionized NaC.H,0,

Example 2. Express the gram-ion and gram-mol quantities in example 1
in terms of gram weight.

Atomic weight of Na* = 23.0
Molecular weight of C;H,0,~ = 59.0
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Molecular weight of NaC.H,0, = 82.0

0.080 X 23.0 = 1.84 g. of Na*+ ions

0.080 X 50.0 = 4.72 g. of C;H,0,~ ions

0.020 X 82.0 = 1.64 g. of non-ionized NaC,H,0,

8.20 g. of total solute, which iz the amount
required to prepare a liter of 0.1 M solution of sodium acetate.

PROBLEMS

1. How many gram-atoms are represented by each of the following:
{a) 20.72 g. of lead (Pb)?
{b) 0.6357 g. of copper (Cu)?
{c¢) 26.97 g. of aluminum (Al)?
2. Calculate the gram-atoms represented by:
(a) 3.9 X 1075 g. of potassium (K).
(B) 2.3 X 10? g. of sodium (Na).
{¢) 6.9 X 1078 g. of Lithium (Li).

3. How many gram-atoms of each element are contained in 53.50 g. of
NH,CI? In 260.02 g. of Bi(OH),? In 310.28 g. of Cas(PO,):?

4. Convert the following gram-atom quantities into grams of the respec-
tive metals:
(a) 3.521 gram-atoms of iron (Fe).
() 0.789 gram-atom of chromum (Cr).
(c) 0.066 gram-atom of zinc {(Zn).

5. How many gram-atoms of each element are contained in 1 gram-mol
of BaS0,? In 1 gram-mol of CaCO,? In 1 gram-mol of MgNHPO,?

6. How many grams in 1 gram-mol of each of the following compounds:
(a) Hg,Cl,?
(b) As.Ss?
(c) AI(OH),?
7. Convert the following gram quantities info gram-mols:
(a) 15.24 g. of K,CrO,.

(b) 0.581 g. of N..
(c) 0.034 g. of HSS.
8. Express the following gram amounts in terms of gram-mols:
(@) 4.4 X 107 g. of CO,.
(») 3.81 X 107 g. of Cu,l,.
(¢) 4.19 X 10~% g. of Ag;PO,.
9. Calculate to gram weight the following:
(a) 8.35 X 10~ gram-mol of HCI.

(&) 2.91 X 107 gram-mol of H,S0..
{¢) 5.46 X 10 gram-mol of H,PO,.
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10. Calculate the gram weight of each element in the molar quantities of
the following substances:
{(a) 0.5 gram-mol of Cu.Br:.
(b) 2.7 X 10° gram-mols of CuBr,.
(c) 6.4 X 10~ gram-mol of SnCl,.

11. Express the following gram quantities in terms of the gram-ion:
(a) 1124 g. of Cd++ ions.
®) 549 g. of Mn*++ jons,
{¢) 58.7 g. of N1** ions.
12. How many gram-ions are present in each of the following:
(a) 35.5 g. of Cl~ ions?
(b) 60.0 g. of CO;~ ions?
{c) 95.0 g. of PO,™ ions?
13. Convert the following milligram weights into millimols:
{a) 2.7 X 105 mg. of Q..
{d) 6.5 X 102 mg. of Cl,.
{c) 1.2 X 10'* mg, of Ha.
14. How many milligrams of each compound are represented by the
following quantities:
{¢) 3.4 X 10~° millimol of CoS?
(d) 7.2 X 10~1 mllimol of BaC,0,?
(¢) 2.8 X 10~ milhmol of SrS0,?
15. How many milligrams of each of the following substances are required
to make 1 gram-mol, respectively:

(z) CuS0,-5H,O? Ans. (a) 2.50 X 10° mg.
(0) MgCO;- (NH,),CO,-4H:0? (B) 2.52 X 10* mg.
(¢) K.Fe(CN),-3H.,0? (¢) 4.22 X 10° mg.

16. A 0.1 M solution of hydrochloric acid is 92.0 per cent ionized at 18° C.
Caleulate the gram-ion quantity of H+ ion and Cl- ion and the gram-mol

amount of undissociated HCI per liter of the solution
Ans.  0.092, 0.008.

17. Calculate the gram-ion quantities of H* ion and C;Hy0,~ ion in a
liter of 0.1 M HC,H,O,, which is 1.34 per cent ionized at 18° C.
Ans. 1.34 X 1073,

18. (@) What is the weight of un-icnized NH,OH in a 0.1 M NH,0H
solution which is 1.31 per cent jonized at 18° C.? (b) What are the gram-ion
amounts of NH,* ion and OH - ion?

Ans. {(a) 3.45g. perl.
&) 1.31 X 1073

19. A 0.01 M solution of MgS0, is 59.6 per cent ionized at 18° C. Cal-
culate the gram-ion quantity of Mg** ion in 1 liter of the solution.
Ans. 596 X 10~
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20. Calculate the gram-ion quantities of OH~ ion in 1 liter of NH,OH
solutions of the following strengths:
(a) 1M (0.4 per cent ionized at 18° C.).
Ans, (a) 4.0 X 103
) 0.01 M (4.07 per cent ionized at 18° C.).
Ans, (b) 4.1 x 1074,
{¢) 0.001 M (11.7 per cent ionized at 18° C.).
Anz. (&) 1.17 X 104,
21. What are the gram-ion quantities of X* ion in 1 liter of K80, solu-
tions of the following concentrations:
(a) 8.1 M (67.3 per cent ionized at 18° C.)?
Ans. (a) 0.135.
(b) 0.01 M (83.2 per cent ionized at 18° C.)?
Ans. (b) 1.66 x 10~
{c) 0.001 M (93.7 per cent ionized at 18° C.)?
Ans. (c) 1.87 X 10~
22. Hydrofluoric acid is 8.5 per cent ionized in 0.1 M solution. What is
the gram-ion quantity of H* jon in 1 liter?
Ans. 8.5 x 107
23. Sodium acetate is 89.4 per cent ionized in 0.01 M solution at 18° C.
What are the gram-ion quantities of Na* jon and C;H,0,~ ion in 1 hter?
Ans. 8.94 X 103
24. Compare the gram-ion quantities of H* jon in 1 liter of each of the
following acids:
() 0.1 M HNQ; (92 per cent ionized at 18° C.)
Ans. (@) 9.2 X 1072
(&) 0.1 M HNO; (8 per cent ionized at 18° C.}.
Ans. (b) 8.0 X 10—
{c} 0.1 M HCN (0.01 per cent ionized at 18° C.}.
Ans. (¢) 1.0 X 10-5,
25. Solutions, 0.1 M, of NH,OH, Ba(OH).;, and NaOH are 1.3, 77, and
91 per cent ionized, respectively, at 18° C. Compare their gram-ion OH - ion
strengths.
Ans. (a) 1.3 X103,
@) 0.154.
(c) 9.1 x 102

Calculation of Molar and Gram-Ion Concentrations. It was
stated on page 106 that problems involving an application of the
law of chemical equilibrium employ the gram-mol and gram-ion
unit of weight instead of the gram unit used in all stoichiometric
calculations based upon the law of combining weights. In a study
of equilibrium relationships in solutions it is necessary to state the



MOLAR AND GRAM-ION CONCENTRATIONS 113

concentration of the solufe molecules and ions in terms of gram-mol
and gram-ion quantities, respectively, per given volume of solution
involved in the equilibrium.

The molar solution and molar concentration are used in the
equilibrium problems which follow. A molar solution is one which
contains a gram-molecular weight of solute per liter of solution.
This solution must not be corfused with a molal solution which is
one containing a gram-molecular weight of solute per 1000 grams
of solvent. Note that the term “molal” refers to & weight concen-
tration, whereas the term ‘‘molar” refers to a volume concentra-
tion. When the density of the solution is known, a molal solution
may be converted into a molar solution, and vice versa.

Unit of Volume. For the sake of uniformity, scientific labora-
tories have adopted, as the unit of volume, the liter, as established
by the International Commission of Weights and Measures! in
1880. Originally the Commission worded the definition of the liter
as follows: ‘ The liter is the volume of a kilogram of pure water
at its maximum density.”” Later, in 1901, the Commission ampli-
fied the definition to read: * The liter is the volume occupied
by the mass of one kilogram of pure water at its maximum density
and under normal atmospherie pressure.”” The definition used by
the United States National Bureau of Standards?is: ¢ The liter
is the volume occupied by a quantity of pure water at 4° C,,
having s mass of one kilogram in vacuo.” These definitions are
all substantially equivalent.

Since the liter is derived with the aid of the unit of mass (the
kilogram) rather than with the unit of length (the meter), its sub-
divisions are, strictly speaking, called milliliters instead of cubic
centimeters. However, the difference between 1 liter and 1000 cc.
is so small that it has no practical significance in analytical chem-
istry. Actually 1 liter equals 1000.027 cc. In the problems
which follow we will use the term ¢ milliliter *’ instead of the cubic
centimeter. 'The abbreviation for the milliliter is ml., often written
mil.

Case 7. Given the quantity of a substance contained in a
certain volume of solution. Calculate the molar concentration of

the solution.

! Procés-Verbaux, Comité International Poids et Mesures, 30 (1880). -
2 Bureau of Standards, Reprint 92. Osborne and Veazey, “‘The Testing
of Glass Volumetric Apparatus,” p. 565. Washington, D. C. (1908).
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Example 1. What is the molar (M) concentration of an ammonium
chloride solution which contsains 16.049 g. of NHCl per 100 ml. of solution?

16.049 X 10 = 160.49 g. of NH/Cl per liter
1 mol of NH,Cl = 53.496 g.
oo 160.49 + 53.496 = 3 mols

Hence, the solution of NH,Cl is 3 M.

Exampte 2. Calculate the molarity of an ammonium hydroxide solution
which contains 28.33 per cent of NH, (by weight) and has a specific gravity
of 0.900.

1000 X 0.2833 X 0.900 = 255 g. of NH, in 1 liter

1 mol of NH,; = 17 g.
& 255 <+ 17 = 15 mols NH,.

Hence, the solution of NH,OH(NH, + H,0) is 15 M.

Case 8. Given the quantity of an electrolyte contained in a
certain volume of solution: Calculate the gram-ion concentra-
tions of each kind of ion present in the solution and the gram-
mol congentration of the non-ionized solute.

Example 1. Calculate the gram-ion concentrations of NH,* jons and
OH - ions and the gram-mol concentration of non-ionized NH,OH in a liter
of 1 M NH.OH solution which is 0.4 per cent, ionized.

NHq,OH = NH4+ + OH-
(Fraction nop-ionized)  0.996 0.004 0.004 (Fraction ionized)

-~ NH,* concentration is 0.004 gram-ion per liter
OH ~ concentration is 0.004 gram-ion per liter
NHOH (non-ionized) conc. is 0.996 gram-mol per liter

Example 2. What are the Ba** ion and the Cl~ ion concentrations in a
solution made by dissolving 2.083 g. of BaCl; in water and diluting to 100 ml.?
Assume 100 per cent ionization.

2.083 X 10 = 20.83 g. BaCl; per liter
Mol. wt. BaCl, = 208.3
S 20.83 <+ 208.3 = 0.1 M BaCl. solution
BaCl: = Batt 4 2CI-
0.1 mol 0.1 gram-ion 0.2 gram-ion

Hence, the solution containg (.1 gram-ion of Ba*+ ions and 0.2 gram-ion of
Cl- ions per liter.

Case 9. Given the molarity of an electrolyte and its degree
of ionization. Calculate the gram-ion concentration of its ions
and the molar concentration of the non-ionized solute,
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Example. 1. A 0.01 M solution of acetic acid is 4.2 per cent ionized at
25° C. Calculate the gram-ion concentrations of the H+ ions and C.H,0,.~
ions and the molar concentration of non-ionized HC,H,O,.

Acetic acid ionizes aceording to the following reaction:

HC.H 0, =H+ + C.H,0,—

When the 0.01 M HC;H,0, reaches equilibrium at 25° C., 4.2 per cent will be
ionized. Hence 0.01 X 0.042 = 0.00042 mol per liter is completely ionized,
while 0.01 — 0.00042 = 0.00958 mol per liter remains un-ionized. Each mol
of HC,H,O: on complete ionization yields 1 gram-ion of H+ ions and 1 gram-ion
of C,Ha05~ ions. Hence 0.00042 mol of HC,H 04 per hiter will yield 0.00042
gram-ion of H* ions and 0.00042 gram-ion of C,H:0,~ ions per liter.

Example 2. A 0.01 M solution of potassium sulfste is 83.2 per cent
wmzed at 18° C. Calculate the gram-ion concentrations of K+ jons and
S0,~ ions and the molar concentration of non-ionized K,SOQ,.

Potassium sulfate jonizes as follows:

K80,= 2K+ 4 80~

When the 0.01 M K.S0, reaches equilibrium at 18° C., 83.2 per cent will be
ionized. Hence 0.01 X 0.832 = 0.00832 mol per liter is completely ionized,
while 0.01 — 0.00832 = 0.00168 mol per liter remains un-ionized. Each
mol of K,80, on complete ionization yields 2 gram-1ons of K+ ions and 1 gram-
ion of 8O,~ions. Hence 0.00832 mol of K.SO, per liter will yield 2 X 0.00832
=0.01664 gram-ion of K+ jons and 0.00832 gram-ion of 8O~ ions per liter.

The different types of electrolytes may be represented by the
following formulas: B4 -, BetA=, B*+4s~, B**++43~, Ba*t4A™=,
Bot+tAz=, BzttAz=, ete.

In computing the gram-ion concentrations:

1. Calculate the gram-mol quantity of substa,nce present

in 1 liter of solution.
2, Write the equation representing the ionization of the

substance.

Eg, B4+ = BY¥ 4 A~
1 mol 1 gram-ion 1 gram-ion

BytA= = 2Bt 4+ A~
1 mol 2 gram-ions 1 gram-ion

Bt+tA;—= B+++ 4+ 34-
1 mol 1 gram-ion 3 gram-ions

Byt++dy== 2B+++ 4 34-

1 mol 2 gram-ions 3 gram-ions
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3. If ionization is 100 per cent, then the gram-ion concen-
trations may be obtained directly from 2. If ionization is not
complete, then multiply the gram-ion values in 2 by the frac-
tion of the electrolyte which is ionized.

4. When the molarity is 1, the concentration of non-ionized
solute is obtained by subtracting the fraction ionized from the
total molar concentration. Thus in Case 8, Example 1, the con-
centration of non-ionized NH4OH is 1 — 0.004 = 0.996 mol
per liter. When the molarity is not 1, then the coneentration
of the non-ionized solute is obtained by multiplying the non-
ionized fraction by the total molar concentration.

PROBLEMS

1. How many grams of each of the following acids are required to make
1 liter of molar solutions: HCI, H.80,, and H.PO.?

2. Calculate the grams of each of the following bases that must be taken
to make 1 liter of 0.1 M solutions: NaOH, KOH, and Ba(OH)..

3. A liter of each of the following solutions is known to contain the amount
of the salt indicated. What are their molar strengths?

(a) 16.99 g. of AgNO,.
(6) 160.5 g. of NH,CL
{c) 41.65 g. of BaCl..

4. From the following gram concentrations per liter, calculate the molar
strengths:
(a) 68.14 g. of (NH,):S.
(b) 3423 £ of (NHJ)zCOa'Hzo.
{c) 368.2 g. of Na.HPO,-12H.0.

5. How many grams of each of the following salts are required to prepare
0.1 M solutions of each: K.CrO,, NaC,H;0s, and K, Fe(CN),?

6. Caleulate the gram-ion concentrations of the respective ions in the fol-
lowing solutions, assuming complete ionization:

{(z) Solution containing 5.845 g. of NaCl per liter.
(5) Solution containing 10.42 g. of Pb(NO,), per liter.
(¢} Solution containing 132.1 g. of (NH)aSO, per liter.

7. Caleculate the gram-ion concentrations of the respective jons in the
following 0.1 M golutions: AgNO,; CaCl,, and Na,PO, (Assume 100 per
cent ionization.)

8. (@) A 0.1 M solution of acetic acid iz 1.34 per cent ionized at 18° C,
What are the H+ ion and C,H:O.~ ion concentrations? (b) What is the gram-
mol concentration of un-ionized acetic acid?

9. Caleulate the OH~ ion concentration in 0.1 M NH,OH solution which
is 1.31 per cent ionized at 18° C.
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10. What is the H* jon concentration of each of the following hydrochloric
acid solutions;

(@) 1 M HCI, 80 per cent ionized at 18° C.?
(5 0.1 M HCI, 92 per cent ionized at 18° C.7
(¢) 0.01 M HCI, 97 per cent ionized at 18° C.?

11. Caleulate the molar concentration of each of the following saturated
solutions;
() 0,021 g. of AgCl per liter at 100° C.
(b) 0.0023 g. of BaSO, per liter at 18° C.
(e} 0.0044 g. of BaCrO, per liter at 28° C.

12. What is the gram-metallic-ion concentration of each solution in
problem 11?7 {Assume 100 per cent ionization.)

13. Suppose that "test solutions” contain 10 mg. of the “test ion” per
milliliter of solution. Caleulate the gram-ion concentration of each of the
following ions in the "“test solutions,” assuming complete ionization: Ag¥,
Cd++, Bit*+, Cl-, and SO~

14. A molar solution of NaC.H0: is 52.6 per cent.ionized at 18°, What
is the gram-ion concentration of the C,H, 0, ion?

15, Calculate the gram-ion concentration of Mg*+ ion in & 0.1 M MzgR0,
solution, which is 40,3 per cent jonized at 18° C.

Ans, 4.0 X 1072,

16. From the following data calculate the molar strengths of the following
golutions;
(@) Concentrated HCI, sp. gr. 1.19, containing 37.23 per cent HCl
(by weight).
Ans. (a) 121 M.
(b) Concentrated HNO,, sp. gr. 1.42, containing 69.77 per cent

HNO, (by weight).
Ans. (b)) 15.7 M.

(¢) Concentrated H.SO,, sp: gz 1.84, containing 95.60 per cent

H.S0, (by weight).
Ans. (c) 18.0 M,

17. (@) Concentrated ammonium hydroxide solution has a specific gravity
of 0.900 and contains 28.33 per cent NH, by weight. Calculate its molar
concentration. (b) If concentrated ammonjum hydroxide solution is diluted

1 : 2 with water, what would be the molarity of the diluted solution?
Ans. (a) 150 M.

® b6.0M.
18. Calculate the gram-ion amount of Cl— ion required to react with 10 ml,
of a lead nitrate solution containing 10 mg. of Ph*+ per ml.
Ans. 9.6 X 10~4

10, What volume of 6 M NH H would be required to precipitate the -
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aluminum as Al(OH), in 28 ml. of a “test solution” containing 10 mg.
Al+*+ jon per ml?
Ans, 4.6 ml

20. How many milliliters of concentrated hydrochloric acid solution are
required to prepare 100 ml. of 0.3 M HCI? Concentrated HC] has a specifie
gravity of 1.19 and contains 37.23 per cent HC] by weight.

Ans., 2.5 ml



CHAPTER XIV
EQUILIBRIA CALCULATIONS

The calculations in Chapters XIV-XIX are based upon
applications of the law of chemical equilibrium to various types of
equilibria. As previously stated this law has a wide application
to a great variety of reversible systems, for example, the distribu-
tion of a solute between two immiseible solvents, reactions between
molecules of organic compounds, reactions between gas molecules,
equilibria between dissolved molecules and their ions, complex ion
equilibria, hydrolysis, equilibria between precipitates and their
saturated solutions, equilibria between oxidizing and reducing
agents, etc, The law of chemical equilibrium is one of the most
important chemical principles. In qualitative analysis it is
applied to a number of important ionic equilibria. The caleula-
tions involved in a study of these various types of equilibria are
simple and are similar, but as a matter of convenience, problems
illustrative of each type will be treated separately in the following
pages. The equilibria discussed are:

1. Ionization equilibria, in which K is called the ionization
constant and may be written X qon).

1I. Equilibria between ions of saturated solutions of slightly
soluble compounds, in which K is called the solubility-preduct
constant and may be written Kap.

III. Complex-ion equilibria, in which K is called an
instability constant, or a complex dissociation constant, and
may be written K gnstav).

IV. Hydrolysis equilibria, in which K is called an hydrolysis
constant and may be written Kamyay.

V. Oxidation-reduction equilibria, in which K is called an
oxidation-reduction constant and may be written K ox-rea)-

119
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IONIZATION EQUILIBRIA

Acids and Bases. According to the éelectrolytic dissociation
theory, an acid is a substance which dissociates in aqueous solu-
tion into hydrogen ions and anions, whereas & base yields bydroxyl
ions and cations:

HA=H*+ A~ (Acid) (1)

BOB=B*+ 0H- (Base) (2)

According to this definition, a solution of an acid contains
free hydrogen ions, hydrogen nuclei, or protons. But these ele-
mentary positive charges cannot exist as such in a solution and
will combine with the solvent, e.g., water:

H+ + H;0 = H;0+ @)

Hence, by combining equations (1) and (3) it will be seen that
the dissociation of an acid in water should be represented as

follows:
HA + H:0 2O+ + A- @

However, so long as we are dealing with aqueous solutions it is
immaterial whether the dissociation of an acid is represented by
equation (1) or (4), provided we remember that all hydrogen ions
are present in the hydrated form as Oxonium ions, OHa* (also
called hydronium ion, or hydroxonium ion).

Brgnsted ! has pointed out that the classical definition of acids
and bases is not rational and that any substance which can split
off protons should be called an acid, whereas one which has the
property of combining with protons to form an acid should be
called a base. Hence, an acid always forms a conjugated system
with a base, as indicated by the following equation:

A=B4+H*
Acid Base
It will be noted that water behaves both as an acid and as 2
base. Water is a base because it can add a hydrogen ion to form

1 Brgnsted, Chem. Rev., 5, 231 (1928); see also, Kolthoff, “ The Colorimetric
and Potentiometric Determination of pH,” p. 5, John Wiley & Sons, New
York, 1931.
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oxonium jon (equation 3); it is an acid because it can lose a
hydrogen ion to form hydroxyl ion:

2H>0 = H;0+ 4 OH-
Acid Bose

Brgnsted’s conceptions are of invaluable importance in a
general treatment of acid-base properties. However, since only
systems in water are discussed in this elementary treatise, we will
use the classical expressions with which the student is already
familiar,

Case 10. Given the molarity of & weak acid or base and its
degree of ionization: Calculate the ionization constant.

Ezample 1. A 0.1 M solution of ammonium hydroxide is 1.33 per cent
ionized at 25° C. Calculate the ionization constant of NH,QH.
Ammorium hydroxide ionizes according to the following reaction:

NH,0H = NH,* 4 OH~

When equilibrium is reached at 25° C., 1.33 per cent of the 0.1 M NH,0H
has ionized. Therefore, in 1 liter of the solution the concentrations are:
NH,*ion = 0.1 X 0.0133 = 0.00133 gram-ion.
OH-jon = 0.1 X 0.0133 = 0.00133 gram-ion.
Non-ionized NH,OH = 0.1_X 0.9867 = 0.09867 gram-mol.

The equilibrium equation is

Cnat X Com™

= Kqon
CnH,0H

Substituting the concentration values, we have,

(0.1 X 0.0133) X (0.1 X 0.0133)
(0.1 X 0.9867)

Hence, the jonization constant for NH,OH is 1.8 % 10~5 The value of
Kgow is independent of the concentration of the ammenium hydroxide
and is & numerical expression of the tendency of ammonium hydroxide to
ionize. The Kgem is 2 characteristic physical property of ammonium
hydroxide just as is its specific gravity or its boiling-point.

= Kqomy = 0.0,18 or 1.8 X 10~

In a similar manner the law of chemical equilibrium can be
applied to all weak acids and bases and their respective ionization
constants obtained. Should the values for K, as calculated for
different concentrations, not be the same or very nearly the
same, then the mass-action law is not applicable to that particular
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acid or base. - Of course, a definite numerical value for X can be
obtained for all electrolytes by simply substituting in the equilib-
rium ratio the values for the concentrations of the ions and the
un-ionized molecules (each ion concentration raised to a power
equal to the number of the respective ions formed by the ionization
of one molecule of the compound). But the fact that a definite
numerical value can thus be calculated for K does not make it s
constant. Only when this value remains sensibly the same for all
concentrations can it be a real ionization constant.

The numerical values of the ionization constants of a number
of weak acids and bases are given in Table VIII. By an inspection

TABLE VIII

TontzaTion Constants oF SoME WEAE AcIps AND Bases

s Tonization
Compeund Ionization Constant *
Acid
Aceticacid.............. HCH;0,—=H++ C;H 0, | 1.8 X 10-¢
Arsenious acid. .......... HAs0. = H+ + AsQ,— 6 ¥ 1010
Arsenic acid, primary..... H:AsOy=H+ + HAs0,— | 5 X 102
gecondary............. H.AsC,—=H*+ HAsO~ | 4 X 10t
tertiary. . ............. HAsO-=H* 4 As0,.™ 6 X 1010
Borie acid, primary....... H.BO; = H+ + H.BO,~ | 6.6 X 10~10
Carbonic acid, primary.... H.CO,=H* 4+ HCO,~ |3 X107
secondary............. HCO;-=H+ 4 COs~ 4 x 10—1
Formie acid.............. HCHO,=H* 4 CHO,~ 2 X 10—+
Hydrocyanic acid......... HCN=H"* + CN~- 7 X101
Hydrogen sulfide, primary. H.5=H*+ HS~ 9 X 10-®
secondary............. HS-—=H™* 4+ 5" 1.2 x10-1
Nitrousacid............ HNO,=H* + NC,~ 4 X104
Oxalic acid, primary. ..... H.C.O.—=H*+HC.0,- | 38 X107
secondary. ... ........ HC.O,—=H* + C.0,~ 6.1 X 10-¢
Phosphoric acid, primary. . H,PO,=H*+H,PO,~ | 1.1 X102
gecondary............. H.,PO~=H* 4+ HPO,~ 75 X10-8
tertiary. .............. HPO,~=H* + PO~ 5 x 1012
Sulfuric acid, secondary. .. HS0,~=H* + 80,4~ 3 X102
Sulfurous acid, primary. . . H:80,=H* + HSO,~ 1.7 X102
secondary............. HSO,-=H* -+ 80,~ 1 X 107
Base
Ammonium hydroxide. . .. NH, OH = NH,* 4+ OH~ 1.75 X 1078
Silver hydroxide.......... AgOH = Ag+t + OH™ 1.1 X 10—

* Room temperature.
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of the equilibrium equation it will be evident that, for equivalent
solutions of all weak mono-basic acids and mono-acidic bases, the
numerical vglue for K will be greater, the greater the degree of
ionization. / Hence the ionization constant is a measure of the
strength of an acid or base.

The equilibrium equation of all weak electrolytes which upon
ionization yield only one cation and one anion for each molecule
dissociated can be simplified by factoring out the molarity (see
example 1 above). If the degree of ionization (expressed as a
decimal fraction) be represented by «, the fraction of un-ionized
solute by 1 — «, and the molarity of the solute by M, the equa-
tion becomes

(MXa) X (M Xa)
M1 - a)

Ma2
l—a

= K (lon}

= Kom

or
M( =K(!on)
l—pn

The equilibrium equation expressed in this form is called the
Ostwald dilution law or the Ostwald dilution formula (see page
90). By using this equation the calculation of ionization con-
stants is simplified. It is obvious that, if the values of any two
of the three quantities in the equation are known, the third can

be calculated.

Example 2. Calculate the ionization constant of ammonium hydroxide
by use of the Ostwald dilution formula. Given the molarity and degree of
ionization of ammonium hydroxide. By experiment 0.1 M NH,OH is found
to be 1.33 per cent jonized at 25° C.

- M=01 and « = 00133
Substituting thesa values in the Ostwald dilution formula and solving, we have

(0.0133)* )
0.1 (1 —oo133) = Koew

Kgomy =18 X 10-%

Case 11. Given the degree of ionization and the ionization
constant of a weak acid or base. Calculate the molarity..
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Example. What is the molarity of an acetic acid solution which is 1.34
per cent ionized, the Kgony of HC;H,0; being 1.8 X 1037
Substituting in the Ostwald dilution formula and solving,

{0.0134)?
M ( =1, =6
1 —-0.0134 18 X 10

M=01

Hence, the acetic acid solution is 0.1 M.

Case 12. Given the molarity and the ionization constant of a
weak acid or base. Calculate the degree of ionization and the
ion concentration.

Example. What is the degree of ionization of a 0.1 M solution of formic
acid, the Kqop of HCHO, being 2 X 10— What is the H+ jon concentra-
tion of the solution?

Substituting in the Ostwald equation and solving,

2
OJ(“ )=2xmﬂ
l—«

Since @ in the denominator is so small compared with 1, it can be dropped
without introducing an apprecm.ble error. Thus we avoid a quadratic
equsation.

0.1a2 = 2 X 104
=2 X 10
at = 20 X 104
a = 4.5 X 102 or 4.5 per cent

The 0.1 M formic acid is 4.5 per cent fonized. Hence the H+ ion concentra-
tion is 0.1 X 0.045 = 0.0045 gram-ion per liter.

This problem may also be solved as follows:

1et z = the concentration of H* ion. In a pure solution of formic acid
the Cat = Ceros, and hence £ will also equal the CHO:™ ion concentration.
Since z gram-ions of H+* and z gram-ions of CHO,~ came from the complete
ionization of z mols of HCHO,, the concentration of un-ionized HCHO: in a
0.1 M eolution is 0.1 — 2. Substituting these values in the equilibrium
equation we get

z Xz

0l -2z

=2 X 10~

In this equation, z in the denominator is so small compared with 0.1 that it
can be dropped without introducing an appreciable error and thus avoid
solving a quadratic equation.

;]

z
= = -4
o1 2xX10

z2 =2 X 10
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22 =20 X 10-*
z =45 X107

Hence the H* jon concentration is 4.5 X 10~ or 0.0045 gram-ion per liter.
Solving the equilibrium equation as a quadratic? we have

x?
01 -2 2 X1 W
Cross multiplying and rearranging,
224+2 X107z -2 X105 =0 2)
Solving for z in the general quadratic equation, az® + bz + ¢ = 0, we obtain
R P ©

Substituting in (3) the terms in (2), we get

—2 X 10~ & V(2 X 10~42 — 4(—2 X 107
2

T =

—2 %10~ V(4 X109 4 (8 >k 10~%)
2

—2 X104 £ V3004 X 10—*
2

—2 X 1074 390 X 10
2

=—=1X10"1+45 X 10~¢
=44 X 10-¢ or —46 X 10—t

Mathematically, either answer is correct, but as the H* ion concentration
cannot have a negative value, the negative result is discarded and 44 x 10—4
or 4.4 X 107% gram-ion per liter 15 taken as the concentration of the H* jon.
Note that this value differs very little from 4.5 X 10~ which was the con-
centration obtained by the approximation equation.

Polybasic Acids. Acids which contain two or more ionizable
hydrogen atoms are called polybasic acids. Such acids ionize in
stages. Thus H2S and HoCO; are dibasic acids and ionize in
two stages. Tribasic acids, e.g., H3AsOs and H3POy, ionize in
three stages. The ionization stages of these acids are shown by
the following reactions:

1 If the student is not familiar with the solution of a quadratic equation,
he should consult s textbook on algebra.
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H,S=H+ 4 HS- (primary)
HS-=H++4 8- (secondary)

H,CO3 =H+ 4+ HCO3— (primary)
HCO3;—=H+ + CO3~ (secondary)

H3AsO04 = H+ + H2As04~ (primary)
HzAsOs—=H* 4 HAsOs~ (secondary)
HAsOs==H+* +4 AsO4®  (tertiary)

HsPOs = H+ 4+ HzPOs~  (primary)
HPOs~=H+ -+ HPOs4=  (secondary)
HPOy~=H* 4 POs= (tertiary)

In polybasic acids, the second stage ionization takes place to
a very much less extent than the first; the third stage very much
less than the second; and so on, See Table VIII for a comparison
of the ionization constants for the different stages of ionization.
These constants are obtained by applying the law of chemical
equilibrium to each ionization stage. For the above-mentioned
polybasic acids we write the following equations:

HoS

First stage: w—cif—ﬂf =K, (1)
Second stage: % = Kz 2
Firslfi(tjaogiz %—uf:‘“" 4 )
Second stage: %@:ﬁ = K> 2
Firet stags: Gt X Coveor _ ®
Second stage: Cat X Camo _ K. 2)

CH,AAO4_
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Cat+ X Cao™

Third stage: Cooe K; 3

Fim?asfac;e: C%:ﬁ? - K )
)

Second stage: Cf%(:w- = Kp @)

Third stage: C—’i;(Tffo‘- =K; (3)

The Hydrogen Sulfide Equilibrium. The solubility of hydro-
gen sulfide gas in water has been found to be 3.38 g. per liter at
25°C. and 760 mm. pressure. This corresponds to & molar
concentration of about 0.1. By experiment, the concentration of
H+ ion and of HS— ion in a liter of water saturated with HoS at
25° C. has been found to be 9.5 X 10-5 gram-ion each, and the 8=
jon concentration 1.2 X 1015 gram-ion. Substituting these val-
ues in the equilibrium ratios for the primary and secondary
ionizations of hydrogen sulfide, we get

(9.5 X 10-5) X (8.5 X 10-9%)
0.1

=K; =00X10"38

(9.5 X 10-5) X (1.2 X 10-15)
9.5 X 10-5

=K =12 X 1015

Note that Cs~ is numerically equal to Ka. This is true since
the values of Cu+ and Cus- as derived from the primary ionization
are practically equal and at equilibrium they must each have a
value which will satisfy both equilibrium constants. Of course
the values of Cw* and of Crs— will be different for different con-
centrations of He2S, but as they are practically equal they will
cancel out when substituted in the equilibrium ratio for the sec-
ondary ionization. This relationship holds true for all weak
dibasic acids, namely: the concentration of the divalent ion
resulting from the secondary ionization is numerically equal to
the secondary ionization constant.
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Combining the equations for the primary and secondary ioni-
zation constants, we obtain

Ce* X Crs- v Ca+ X Cs-

CH,S Cus - Kl X K2
Cﬁg\»CX Cs‘ - K(lon)
H3S

Substituting the concentration values in this equation, we get

(9.5 X 10-5)2 X (1.2 X 10-15)
0.1

=11 X 10722 = Kyony

Since in a saturated solution of HoS the ionization is so
extremely small, we may consider the concentration of undissoci-
ated Hz2S to be 0.1 M. Hence, we may obtain a modified equation
which will simplify calculations involving the H2S equilibrium.

Ci X Ce-=11X10"22 X 0.1 = 1.1 X 102 = Km,g

An inspection of this modified equation shows that the S-
ion concentration is inversely proportional to the square of the
H+ ion concentration. For example, if we should double the H+
ion concentration (by adding any acid, say HNO3), we would
simultaneously reduce the S~ concentration to one-fourth of its
original value, This equation used in conjunction with solubility-
product equations for the metallic sulfides enables us to make
many useful analytical calculations as will be shown in the exam-
ples which follow.

It was stated above that Cs= is numerically equal to the
secondary ionization constant 1.2 X 10713, Substituting this
value in the modified or ion-product H2S equation, we get

1.1 X 10-23
Cas = 1.2 X 10-15

Car = VOL7 X 10710 = 9,5 X 10~°

Hence a liter of water saturated with HzS at 25° C. and 760 mm.
pressure contains 9.5 X 105 gram-ion of H* ion and 1.2 X 10-15
gram-ion of S= ion. If the equation H2S = 2H* + 8= correctly
expressed the ionization of H2S in pure water, then the concen-

= 0.917 X 108
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tration of H+ ion should be twice that of the S=ion. Obviously

this is not true. The primary ionization of H2S is so very much

greater than the secondary ionization that obviously the equation

H2S = 2H+ 4 8= does not express the H2S ionization correctly.
Case 18. Calculations involving polybasic acids.

Example 1. What is the approximate H* ion concentration of a
0.05M H,S solution?

Smce the secondary ionization is so extremely small as compared with the
primary, the H* jon concentration of weak dibasic acids is derived almest
entirely from the primary ionization. In other words, ag far as the H™ ion
is concerned, the weak dibasic acids may be considered as monohasic acids.

In example 1, et z = H* ion concentration. x will also equal the HS~ ion
concentration. Substituting in the equilibrium equation for the primary
ionization, we get

T Xz

0.05
z? = 0.45 X 1078 = 45 X 10~»
z = 6.7 X 107 mol per liter

=900 X108

Example 2, The secondary ijonization constant, K of oxalic acid is
6.1 X 10-5. What is the C;0,~ ion concentration?

Oxalic acid ionizes in two stages as follows:
H,C.0,=H* + HC.0,~ (1)
HC,0,~=H* 4 C,0,~ @
The equilibrium ratios for the two equilibria are
Cu* X Crci04—

=K 1
CHszO‘ ! ( )
+ -
.gE.._?_(CL’O‘_ = K,=61X10"% @)
CRrC04™

Since Ce* and Cuc.0,~ are practically equal, they cancel out in equation

(2). Hence,
Ccy0,~ = 6.1 X 107° mol per liter

PROBLEMS

1. A 0.1 M solution of HC.H0, is 1.34 per cent ionized at 18° C. Calcu-
late the ionization constant, Ka, of HC,H;0:.
Ans. 1.82 X 1075
2. What is the K, of HCHO, which is 13.4 per cent jonized at 25° C. in

0.01 M solution?
Ans. 21 X104
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3. Calculate the value of the ionization constant, I3, of NH.OH, knowing
that it is 1.31 per cent 1onized at 18° C. in 0.1 M solution.
Ans. 1.74 X 105,
4. By caleulating the value of K, at the following different concenirations
at 25° show that HC.H;0, has a true ionization constant:
{a) 1.0 M HC.H,0; is 0.4 per cent ionized.
Ans, (a) 1.6 X 107,
(b} 0.01 M HC.H,Q, is 4.2 per cent ionized.
Ans. (b) 1.8 X 10~
(c) 0.001 M HC.H,0, is 12.8 per cent ionized.
Ans. (¢) 1.9 X 10-5.
5. Compare the values of Kp for NH,OH at 25° and at the following
dilutions:
(a) 1.0 M NH,OH is 0.42 per cent ionized.
: Ans. (a) 1.77 X 105,
) 0.01 M NH,OH is 4.2 per cent ionized.
Ans. (b)) 1.84 X 105

{c) 0.001 M NH,OH is 12.5 per cent ionized.
Ans, (¢} 1.79 X 105,

6. Strong electrolytes are not characterized by an ionization constant.
To illustrate this, calculate the value for K at 18° for NaOH 2t the following
concentrations:

{a) 0.1 M (90.5 per cent ionized). Ans. (a) 0.86.
{6) 0.01 M (93.3 per cent ionized). () 0.13.
{c) 0.001 M (97.1 per cent ionized). (¢} 0.033.

7. Show that HNO; has no true ionization constant. At 18° C., the
percentage jonization of 0.1 A, 0.01 M, and 0.001 M HNO, is 92.0, 96.9, and
99.0, respectively.

8. The percentage ionization of K,80, at 18° C. is 67.3, 83.2, and 93.7 m
concentrations of 0.1 M, 0.01 M, and 0.001 M, respectively. Does K.SO,
have an jonization constant?

9, Calculate the molar strength of a solution of HC,H ;0. which is 5.0 per
cent ionized. The K, for HC:HyO, is 1.85 X 1075 at 25° C.

Ans. 0.007 M.

10. 'What is the concentration of a solution of NHOH which is 5 per cent
ionized? 10 per cent ionized? K for NHOH is 1.75 X 10,
Ans. 0.0067 M, 0.0016 M.
11. The K, for HCN is 7.2 X 10719 Calculate the molarity of an HCN
solution which is 0.01 per cent ionized.
Ans. 0.072 M.
12. Caleulate the strength of a solution of HNO; which is 3.0 per cent

ionized. XK, for HNO;is 4 X 1074
Ans. 043 M.
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13. What is the degree of ionization of a 0.15 M solution of HC,H;0,,
the K, being 1.85 X 10~5? What is the concentration of the non-ioruzed
HC;H;O;?

Ans. 1.1 X 10~ 0.148 M.

14. The K for NH,OH is 1.75 X 10~%. Calculate the percentage ioniza-
tion in a 0.2 M solution of NH,OH.

Ans. 0.93,

15. Calculate the concentration of H+ in a liter of 0.1 3 HC,H,0.,.
K, for HC:H;O; is 1.85 X 10-5,
Ans. 1.4 X 1073 gram-ion per L.

Common-Ion Effect. The effect, on the ionization equilibrium
of a weak electrolyte, of adding a common ion has many applica-
tions in apalytical chemistry. Use is made of it (1) in controlling
the H+ ion and OH — ion concentrations of solutions in which pre-
cipitation reactions are carried out, (2) in decreasing the solubility
of a slightly soluble compound, and (3) in preventing the precipi-
tation of certain substances.

Case 14. Caleulations involving the addition of a common-ion.

Example 1. Calculate the H+ ion coneentration in 1 liter of 0.1 0f
HC,H;0; solution to which have been added 7.7 g. of NH.C:H,0: which
ionizes to the extent of 84 per cent; 0.1 M HC.H,O, is 1.34 per cent ionized
and its Kgony = 1.82 X 1075,

Acetic acid ionizes as follows:

HC.HyO. = H* + C.H;0,~
Before NHC:H,,0, is added:

Cua* = 0.1 X 0.0134 = 0.00134 gram-ion per liter
C'cgso,— = 0.1 X 0.0134 = 0.00134 gram-ion per liter
Cucm0; = 0.1 — 0.00134 = 0.09866 gram-mol per liter

After NH,C.H,0: is added:

Mol. wt. NH.C.H,0, = 77
SO TT 2. NH‘CzHaOS = (0.1 mol
0.1 M NH,C:H;0; is 84 per cent ionized.
Therefgre it yields
0.1 X 0.84 = 0.084 gram-ion of C,H;0:™ ion
Total Coymsos— = 0.00134 + 0.084 = 0.08534 gram-ion per liter

The increase in the C;H;0,~ ion concentration means that more collisions
per second of H* ions with CsH,0:~ ions will occur. This results in the

formation of more HC.H,;0; molecules per second and hence maintains a
higher concentration of non-ionized HC;H,0; than was present before the
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NHC:H,0; was added. But the non-ionized HC:H;0, can increase only to
0.1 M asa maximum. The addition of NH,C.H,0; increases the C;H;0,~ ion

0.08534 .

0.00132 °F 64 times its original value. Therefore the number
of collisions per second hetween H+ jons and C.;H,0,~ ions will be 64 times as
great. As a first approximation of the inecrease in non-ionized HC,H,0, we
have 3% X 0.00134 = 0.00132 mol per liter. The total Crc,m;0, will now be
0.09866 + 0.00132 = 0.09998 mol per liter. Substituting the values for
Ccyny0,~ and CHCyH0, in the equilibrium equation, we get

concentration to

Ca+ X 0.08534
- T 182 0-5
0.09998 82 x1
0.09998 X 1.82 X 10—%
t o= = 2. =5 <1 i
Cr 0.08532 2.1 X 1078 gram-jon per liter

Hence, the addition of 7.7 g. (0.1 mol) of NH,C.H,0, to a liter of 0.1 M
HC.H,0: caused a lowering of the H+ ion concentration from 1.34 X 103
gram-ion per liter to 2.1 X 10~* gram-fon per liter, ie., a lowering to

21 10 1
—————or — ofi iginal .
132 X 10 or640f its original value

Ezample 2, Caleulate the H* jon concentration in example 1 by
quadratics.

Let z = the decrease in H* ion and C.H,0,™ ion concentrations due to
formation of non-ionized HC,H,0,. The increase in non-ionized HC,H,0;
concentration will also equal z.

From example 1,

Originel Ca+ = 0.00134 gram-ion per liter
Total Cc,H,0,~ = 0.08534 gram-ion per liter
Original CacsH;0:. = (.09866 gram-mol per liter

The final or equilibrium concentrations will be:

Ca*+ =0.00134 — 2
Ceymz0,~ = 0.08534 — =
Cucsm0, = 0.09866 + 2
Substituting these values in the equilibrium equation,

(0.00134 — z) X (0.08534 — z)
0.09866 4 =

(114.3 X 10-%) — 0.08668z 4 z* = (1.7956 X 10~%) 4+ (1.82 X 107 %)z
Rearranging

= 1.82 X 10~¢

z? — 0.086698z 4 (1.1256 X 10~ =0
Substituting in the general quadratie formula,

0.086698 = "V (0.086698)2 — 4(1.125 X 10—9)
z =
2
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_ 0.086698 + V(75168 X 10~ — (4.500 X 10-%)
2
_ 0.086698 = V/0.0070668
- 2
_ 0.086698 = 0.08406
2

= 0.085379 or 0.001319

If 0.085379 be taken as the value for x, then 0.08534 — z will have a negative
value. Hence, the value to be used is 0.001310. This is the amount by
which the H+ ion and C:H,0,~ ion concentrations are decreased and the
HC:H,0: concentration is increased. Therefore at equilibrium, the con-
centrations will be:

Ca+ = 0.00134 — 0.001319 = 2.1 X 10~* gram-jon per liter
Com0,~ = 0.08534 — 0.001319 = 0.08402 gram-ion per liter
Crc,Hy04 = 0.09866 + 0.001319 = 0.09998 gram-mol per liter

Hence, the addition of 0.1 mol of NH.C.H,0: to 1 liter of 0.1 M HCH 0,
iowered the H* ion concentration from an initial value of 1.34 X 10~*gram-ion
per liter to 2.1 X 1078 gram-fon per liter.

Example 8. Calculate the H* concentration in example 1 by the method
of approximation.

The use of a quadratic equation in calculating the common-ion effect is
very tedious, and except for work requiring precise values, it is possible to
simplify the calculation greatly by making two approximations. First, the
initial C:,H:0,~ ion concentration (0.08534 g. ion per liter) and the final con-
centration (0.08402 g. ion per liter) differ so little that we may take as an ap-
proximation the C;H,0.~ ion concentration furnished by the NH,C.Hi0s, i.e.,
0.084 g. ion per liter. Second, the concentration of non-ionized HC,;HO; after
the addition of the NH ,C,H,0, is 0.09998 mol per liter, which is very nearly
that of the original molarity. Hence, the concentration of non-ionized acid
may be taken as equal to the molarity of the acid, i.e., 0.1 M.

Let z = Ca+ at equilibrium after 0.1 mol of NH,C:H04 has been added.
Substituting in the equilibrium equation and solving for z,

z X 0.084
0.1
0.084r = 1.82 X 10¢

z =217 X 1078
= 2.2 X 10-* gram-ion per liter

= 1.82 X 10~¢

Example 4. Calculate the S~ ion concentration in a 0.3 M HNO; solution
saturated with H:S at room temperature and under atmospheric pressure.
Pure 0.3 M HNO; is about 90 per cent ionized at room temperature.

Che X C3m =11 X 107%
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A pure aqueous solution of H,S saturated at room temperature and under
atmospheric pressure contains 9.5 X 1073 gram-ion of H+ ion and 1.2 X 10-15
gram-jon of 8= jon (see page 127). But in 0.3 M solution of 2 strong acid,
such as HNQ, or HCJ, the H* ion concentration and simultaneously the 8= ion
concentration are very greatly decreased. Since the H* ion concentration
derived from the dissociation of the H.S is so small as compared to that frem
the ionization of the 0.3 M HNO;, it may be disregarded without introducing
an appreciable error in the following calculation.

Crtin 0.3 M HNO; = 0.3 X 0.90 = 0.27 gram-ion per liter
Cs- 1.1 X107 1.1 X 10®
8= = =

Ca (0277
1.1 X 10~%
= W = 1.5 X 10?2 gram-jon per liter

Buffer Action. Buffer action is an example of the common-ion
effect applied to solutions of weak acids and bases. Thus it is
possible to maintain a fairly constant and known H+ ion or OH~
ion concentration, a condition which is frequently required in
analytical procedures. This is aceomplished by employing either
a mixture of a weak acid and one of its salts (usually the sodium,
potassium, or ammonium salt) or a mixture of a weak base and
one of its salts. Such mixtures are called buffer mixtures, buffer
solutions, or simply buffers. The maintaining of an approximately
constant H+ ion or OH— ion concentration in a solution contain-
ing a weak acid or base is known as buffer action (see page 197).
Some ecommonly used buffer mixtures are: HCHO;—NaCHO.;
HC2H302—N3.02H302 ) HCsz 02—NH4 CszOz ; NH40H—
NH4Cl; and NH4OH—NH4N03.

Example 6. In a liter of 0.1 M NH,OH solution 0.25 mol of solid NH,Cl
is dissolved. Calculate the approximate OH - ion concentration of the buffer
golution; 0.25 M NH,CI is about 80 per cent ionized.

NH.lCI —_ NH4+ + Cl-
20% 80%
Hence in a 0.25 M NH,CI solution ?
CrnE,+ = 0.25 X 0.80 = 0.2 mol per liter
In 0.1 M NH,OH,
Cnaor = 0.1 M (approximated)
0.2 X Com™
0.1
3 The small amount of NH,* ion coming from the dissociation of 0.1 M

NH,OH is disregarded mn calculating the approximate OH~ ion concentration
of the buffer solution.

= 1.75 X 10~8
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_ 0.1 X 1.75 X 10-5

B 0.2

175 x 10—¢

T 02

= 8.8 X 10~

= 0 X 10-% gram-ion per liter 4

Com~

PROBLEMS

1. What is the H* ion concentration in a hter of 0.1 M HC.H,0. after
encugh NH,C,H,0. has been added to raise the total C.H,0.~ ion concen-
tration to 0.5 M? K, of HC.H:0, is 1.85 x 105,

Ans. 3.7 X 10~¢ gram-ion per L.

2. One-tenth gram-mol of NaC.H 0 is added to 2 liter of 0.05 M HC,H,0,.
Calculate the approximate H* ion concentration of the solution, assuming the
NaC;H;0: to be 77 per cent ionized.

N Ans. 1.2 X 1075 gram-ion per I,

3. Enough NH,NO, is dissolved in & 0.1 A NH,OH solution to raise the
total NH,* ion concentration to 0.5 M. Caleulate the approximate OH~ ion
concentration of the solution. X3 for NH,OH is 1.75 X 1075,

Ans. 3.5 X 10~¢ gram-ion per 1.

4. A gram-mol of NH/Cl is dissolved in a liter of 0.01 & NH,0H. Cal.
culate the approximate OH™ 10n concentration of the solution, assuming the
NH,CI to be 74 per cent ionized.

Ans. 2.4 X 1077 gram-ion per 1.

5. To a liter of 0.01 M HC.H,0; solution 8.2 grams of NaC.H;0O. are
added. To what extent is the H* jon concentration lowered? Assume that
the NaC:H\0: is 77 per cent ionized.

Ans. 999,

6. How many grams of NH,CI must be dissolved in a liter of 1 ¥ NH,OH
in order to reduce the OH — ion concentration to 0.0001 M? Assume that the
NH,CI is 75 per cent ionized.

Ans. 125 g

7. Equal volumes of 0.1 M HC.:H;0: and 0.1 M NaC,H,0: are mixed.
What is the H+ ion concentration of the resulting solution, assuming the
NaC:H,0, to be 84 per cent ionized?

Ans. 2.2 X 105 gram-ion per L.

8. Calculate the grams of NH,C:H;0, that must be dissolved in a liter of
0.01 M HC.H;0. to reduce its H* ion concentration to 1 X 10~* M. Assume

that the NH,C,H,0; is 75 per cent ionized.
Ans. 19g.

t Tt is suggested that the student repest the above ealculation, using the
total NH,.* ion concentration, i.e., NH* furnished by both 0.25 M NH.C]
and 0.1 M NH,OH. Compare this result with that obtained in the above
calculation. One-tenth M NH,OH is 1.3 per cent ionized.
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9. Compare the buffering effect of adding 0.1 gram-mel of the correspond-
ing ammonium salt to a liter of 1 M solution of each of the following acids:
HCN, HNO,, and HCHO;. Assume complete ionization of the ammonium
salts.

Ans. (a) 7 X 107° gram-ion H* per L.
() 4 X 107* gram-ion H* per L.
(c) 2 X 107 gram-ion H* per L.

10. How many grams of (INH(}.S0, must be added to 100 ml. of 0.1 M
NH,OH to lower its OH ~ ion concentration to 0.0005 M?
Ans. 23 X 102 g

11. Calculate the S~ ion concentration in an acid solution saturated with
H.S and containing a total H* ion concentration of 0.3 M. Ci+X Cs~ =
1.1 X 1073,

Ans. 1.2 X 10~ gram-ion per l.

12. If 1.0 ml. of 12 M HCI is diluted to 100 ml. with water and saturated
with H,S, what would be the sulfide ion concentration? Assume that the
diluted HCI is 929, ionized.

Ans. 9.2 X 1072 gram-ion per L.

13. Calculate the H* ion and OH~ ion concentration, respectively, in a
0.1 M HNO; solution which is 96.0 per cent ionized at 25° C. The ion-
product constant of water, K., is Ca+ X Cor— = 1.0 X 10~ at 25° C

Ans. 9.6 X 10~2 gram-ion per L
1.04 X 1072 gram-ion per L.

14. A 0.1 M NaOH solution is 92.9 per cent ionized at 25° C. What are
the H+ jon and OH~ ion concentrations, respectively?
Ans. 1.08 X 1013 gram-ion per 1.
9.3 X 10~? gram-ion per L.
15. One hundred milliliters of 0.1 M NaC,H,0, are added to 100 ml. of
0.2 M HC.;H,0,. Calculate the approximate H+* ion concentration of the

solution, assuming the NaC,H,0; to be 84 per cent ionized.
Ans. 4.4 X 107" gram-ion per 1.



CHAPTER XV
SOLUBILITY-PRODUCT CALCULATIONS

The solubility-product principle has already been discussed
(page 92). In this chapter it will be applied to problems in
analytical chemistry. The separation and identification of ions
are based very largely upon applications of the solubility-product
principle, which, in turn, is based upon experimental studies of the
behavior of saturated solutions of slightly soluble electrolytes.
For reasons not entirely known, the principle cannot be applied
to even moderately soluble electrolytes such as sodium chloride
or potassium chlorate. Moreover, it does not hold rigorously for
slightly soluble salts in the presence of large amounts of foreign
salts. However, for saturated solutions of slightly soluble elec-
trolytes the law holds very satisfactorily, provided the total foreign
salt concentration does not exceed 0.3 M.!

The following problems will serve to illustrate the various
applications of the solubility-produet principle in qualitative
analysis. In making solubility-product calculations it must be
remembered that the concentrations of the ions are expressed in
gram-ions 2 per liter. Hence, if the concentration is given in grams
or milligrams per liter or some other volume, the first step in a
calculation is to compute the concentration in terms of gram-ions
per liter. If the electrolyte is completely dissociated, then the
concentrations of its ions are obtained directly from the molar
solubility of the solute. When the electrolyte is not completely
ionized, its molar solubility is multiplied by the percentage ioniza-
tion expressed as a decimal. Remember that each gram-ion con-
centration must be raised to the proper power before obtaining
the ion-product. Before solving the following problems, the stu-

1 Stieglitz, J. Am. Chem. Soc., 80, 9460 (1908).
2 Some authors use the term gram-mol, or simply mol, to express the con-
centration of ions, ag well as the concentration of molecules. This is a matter

of choice as the numerical values are the same.
137
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dent should review the discussion of the solubility-product prinei-
ple on pages 92-100.

Case 15. Given the molarity of a slightly soluble electrolyte.
Calculate its solubility product constant. Assume complete
ionization.

Ezample 1. The solubility of AgClis 1.06 > 10-° mol per liter at 20° C.

Calculate the K, D. of AgCl.
Silver chloride ionizes as indicated by the ionie equation:

ApCl= Ag*+ + C1-

Hence, each mol of AgCl yields 1 gram-ion of Ag+ jon and 1 gram-ion of
Cl—ion. Therefore in 1 liter of AgCl solution saturated at 20° C., the Agt ion
and Cl— ion concentrations are each 1.06 X 107% gram-ion.

The solubility-product equation is

Cag* X Oci— = Kap. of AgCl

Substituting the gram-ion concentrations in the solubility-product equation,
{1.06 X 1075 X (1.06 X 1075 = 1.1 x 10—
Esp. of AgCl = 1.1 X 1010

Example 2. The molar solubility of MgNH,/PO4is6.3 X 105 Calculate

the Kap, of MgNH, PO,
Magnesium ammonium phosphate ionizes as follows:

MgNH. PO, = Mg*+ 4+ NH,* + PO,™
Since 1 mol of MgNH,PO; yields, upon complete ionization, 1 gram-jon each
of Mg*+ion, NH,* ion, and PO,™ ion, the concentration of each of these ions
is equal to the molar solubility of the solute. Cwmgtt = Cngt = Cro™ =
6.3 X 10-5 gram-ion per liter.
The golubility-product equation is

Cumett X Onagt X Croy™ = Kap. of MgNH PO,
Substituting the gram-ion concentrations for the respective ions, we get
(6.3 X 1075) X (6.3 X 107%} X (6.3 X 107%) = Kap.
&  Ksp of MgNH,PO, = 2.5 X 10—1?

Example 3. The solubility of Pba(PO.): in water at 20° C. is 1.7 X 107
mol per iter. Caleulate its Kgp,
Lead phosphate ionizes according to the equation

Pby (PO = 3Pbt+ - 2P0~

Hence, 1 mol of Pby(PO,)}: yields, on complete dissociation, 3 gram-ions of
Pb++ jon and 2 gram-ions of PO,™ ion.

Cep*t =17 X 1077 X3 =581 x 107

Cro™ =17X10"7" X2 =34 X107
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The solubility-product equation is
Chr++ X Cho= = Kap. of Pba(POy);
Substituting the respective gram-ion concentrations, each raised to the
Proper power, we get
G1X 10778 X (3.4 X 10772 = Ky,
Ksp. of Pbs(PO,): = 1.5 x 100

Case 16. Given the solubility of a slightly soluble electrolyte
in terms of grams per unit volume of solution. Caleulate its
solubility-product constant.

Example. The solubility of Ag:CrO, in water at room temperature is
2.5 X 1073 g. per 100 ml. Caleulate the Ksp. of AgCrO,. Assume 100 per
cent, ionization.

Mol. wt. Ag.CrQ, = 332

25 X103 X 10
—_— = -5 i
332 7.5 X 105 mol per liter
The jonization of Ag.CrO, is expressed by the following equation:
Angl‘O; = 2Ag+ + C]'O(-

Hence, each mol of Ag:CrQq yields, on complete ionization, 2 gram-ions of
Ag*ion and 1 gram-ion of Cr0," ion.
Cagt= 7.5 X 107% X 2 = 1.5 X 10~¢ gram-ion per liter
Ccro~ = 7.5 X 1078 gram-ion per liter.
The solubility-product equation is
C};gwﬁ X Coro~ = Ksp.

Substituting the gram-ion concentrations in the solubility-product equa-
tion and raising each to the proper power, we have

(1.5 X 1079)% X (7.5 X 10-5) = Kap.
Kap, of AgiOr0, = 1.7 X 1012

Case 17. Given the solubility of a slightly soluble electrolyte
which is not completely ionized. Calculate its Kqp

Example. The solubility of AgC.H:0; in water at 16° C. is 0.060 mol
per liter. Conductivity measurements indicate the salt is 71 per cent ionized

in its saturated solution at 16° C. Calculate its Kap.
The ionuzation is expressed as follows:

AgCgH;O, f=— Ag"‘ + C-.'Hao:l -

Cag* = 0.080 X 0.71 = 0.0426 gram-ion per liter
Ccoma0,~ = 0.060 X 0.71 = 0.0426 gram-ion per liter
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Substituting in the solubility-product equation,

0.0426 x 0.0428 = Kap.
s Kap of AgC:H.Oa = 1.8 X 102

Case 18. Given the concentration of one of the ions in a
saturated solution of a slightly soluble electrolyte. Calculate the
Ka.p.

Example. The concentration of Ag* ion in a saturated Ag,PO, solution
is 4.8 X 1075 gram-ion per liter. What is the Kep of Ag,PO Assume
100 per cent ionization.

Ag, PO, ionizes as follows:

Ag, PO, = 3Ag* 4 PO~

Hence 3 gram-ions of Ag* ion are equivalent to 1 gram-ion of PO,™ ion and
4.8 X 10—
—5— -
1.6 X 10~* molar with respect to Ag,PO, and contains 1.6 X 10~% gram-ion
of PO™ per liter.

Substituting the gram-ion concentrations in the solubility-product equa-~
tion and raising each to its proper power, we obtain

1 gram-mol of Ag:PO,. Therefore the saturated solution is

(4.8 X 10753 X (1.6 X 1075) = Kap.
“ Kap of AgsPO, = 1.8 X 10728

Case 19. Given the solubility-product constant of a compound
which is completely ionized in its saturated solution. Calculate
the solubility of the eompound.

Ezample 1. The Kap. of Agl is 1.5 X 1078, What is the solubility of
Agl (a) in mols per liter and (b) in grame per liter?
Agl ionizes as follows:
Agl=Agt 41—

Since 1.22 X 10~% is the gram-ion concentration of both Ag* ion and I~ jon,
it is also the molar solubility of Agl. To convert molar solubility into grams
per liter, multiply by the molecular weight.

Hence, 1.22 X 1078 X 234.8 = 2.86 X 10~% g. per liter.

Exzample 2. The Kap of Mg(OH): is 3.4 X 10-1t at 25° C. Calculate
the molar solubility of Mg(OH);.

Mg(OH), dissociates according to the equation

Mg(OH)s == Mg+* 4 20H~
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Since concentration (OH"™) = 2(Mg**), we can state the solubility product as

Mg++ x [2(Mg++)]2 = 4(Mg++)3 — Ks.p.
4Mg*")’ =34 x 101

Mg+ = 3f34 X 10-1
4

= V385 X 10-12

= 2.0 X 10~¢ gram-ion per liter

Since each gram-ion of Mg*+ represents 1 mol of Mg(OH)s, it follows that the
solubility of Mg(OH); is 2.0 X 10~* mol per liter.
We mey solve the above problem in & slightly different manner.

Let
z = Cmett; 2z = Com™

z X (22)* = Ksp. = 3.4 X 1071
42 =34 X 1012

3.4 X 10—1
I alala Nl
4

= 2.0 X 1074 gram-ion per liter
= Solubility of Mg(QH); is 2.0 X 10~¢ mol per liter

Case 20. Given the solubility-product constent of a com-
pound which is not completely ionized. Caleculate its solubility.
This is the reverse of Case 17.

Example. The Kup. of AgC:H,0:i5 1.8 X 1073 at 16° C,, and the salt is
71 per cent ionized. Calculate its solubility.

Let z = molar solubility. If ionizaticn were 100 per cent, then Cagt = 2
and Cc,m,0,~ = z. But the salt is only 71 per cent ionized. Hence Cagt=

0.71 and CCgE;Oz— = 0-71
Substituting in the solubility-product equation
0.71z X 0.71z = 1.8 X 103
0.50z* = 1.8 X 1078
1.8 X 10~2
= —
0.50
z¥ = 3.6 X 10~ = 36 x 10—
z = 6 X 10~* mol per liter

The molecular weight of AgC:H,0; = 167. Therefore, 0.08 X 167 = 10.0 g
per liter.
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PROBLEMS ?

1. The solubility of AgCl in water at 20° C. is 0.0015 g. per liter. What
is its golubility in mols per liter?
Ans. 1.05 X 10~* mol per L.
2. From the dats in problem 1, calculate the solubility-product constant
Kap., for AgCL
Ans. 1.1 X 107,
3. The solubility of BaSO, at 15°, 20° and 100° C. is 0.00021, 0.00024,
and 0.00039 gram per 100 ml., respectively. Caleulate its molar solubility
at these temperatures.
Ans. 9 X 107% mol perl.
1 X 10-%mol perl.
1.7 X 10~% mol per L.
4. Calculate the Ksp. value for BaS0, at 15°, 20°, and 100° C., respectively,
using the data in problem 3. In general, what may be said regarding the
effect of temperature upon the solubility-product constant?
Ans. 8.1 X 101,
1.0 X 10710,
2.9 X 1010,
5. Compare the Kap. of CaC.0, at 13° C. with its value at 95° C. The
solubility of CaC:0, in water at 13° C. is 0.0067 g. per liter. At 95° C. the
solubility is 0.014 g. per liter.
Ans. 2.7 %1079, 1.2 X 1078,
6. The solubility of PbCrO, in water 2t room temperature is 4.3 X 10~% g,
per 100 ml. Calculate the Kap. of PbCrO..
Ans. 1.8 X 107X,
7. The solubility of PbCl; in water at room temperature is about 10 g.
per liter. Calculate the (approximate) Kap of PbCla.
Ans. 1.9 X 1074,
8. What is the solubility-product constant of Ag.CrO,, if the solubility
of the salt in water at room temperature is 2.5 X 103 g. per 100 mL.?
Ans. L7 x 10719,
9. The solubility of Hg,Cl; in water at room temperature is 3.8 X 10~ g.
per 100 ml. Calculate the Ksp. of Hg:Cls. Express the equilibrium
as follows: Hg:Clagongy = Hge*+ + 2C1.

Ans. 2.1 X 1071,
10. Calculate the Ksp of AgiAsQ,, its solubility in water at 20° C. being
8.5 X 10—¢ g. per 100 ml.
Ans. 3.1 X 10718,
11. What is the Ksp. of Cag(PO)s? The solubility of Cas(POy): in water

at room temperature is 2 X 10-3 g. per 100 ml.
Ans. 1.2 X 1074,

2 Unless otherwise stated, assume complete ionization in making the cal-
culations involving the solubility produet.
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. 12. Caleulate the Kap. of MgNH,PO;. The solubility of this compound
In water at room temperature is 8.6 X 10~? g. per liter.
Arns. 2.5 10713,
13. The solubility of CdS is 2 X 10~ mol per liter. What is its Kap?
Ans. 4 X 10~

14. Compare the Ksp of the silver halides, Their molar solubilities per
liter in water at room temperature are as follows: AgCl, 1.06 X 10%; AgBr,

5.9 x 1077 Agl, 1.3 x 10°%
Ans. (a) 1.1 x 101,

® 3.5 x 1071
(e) 1.7 x 10,
15. Calculate the Ksp of the following sulfides, their solubilities in mols
per liter being as follows: () CuS, 5 X 10-%; (b) HgS, 1.8 X 10~%;
(c) SnS, 1 X 10713 (d) FeS, 6 X 10719; (¢} NiS, 1.2 x 1012,
Ans. (@) 2.5 X 104, (d) 3.6 X} 10-1,
(b) 3.2 X 1075, (e) 1.4 x 10—
(c) 1 X102
16. Calculate the Kap, of the following hydroxides, their solubilities in
mols per liter being as follows: (a) Zn(OH)., 6.3 X 1077; (b) Mg(OH),,
2.0 X 1074 (c) Fe(OH},, 1.6 X 107%; (d) Fe{OH},, 4.5 X 102,
Ans. (2) 1.0 X 10715, (c) 1.6 X 101,
() 3.4 X 10, (d) 1.1 X 10~
17. Calculate the solubilities of the following compounds, being given their
solubility-product constants at room temperature: (@) Ksp of CaCO,, 1.2 X
10-8; (b) Kayp, of SrCQO;, 1.6 X 107%; (¢) Kap of BaCO,, 8.1 X 10~%, Report
the solubilities both in terms of mols per liter and grams per hier.
Ans. (a) 1.1 X 10~*mol perl, 1.1 X 10~ g, perl.
(b) 4 x10~*molperl, 59 X 10~ g per L
{¢) 9X10°molperl, 18 X10™2g perl.
18. From the values of Ksp, calculate the solubilities (mols per liter) of
the following salts: (a) BaFs, Ksp. = 1.7 X 107%; (b) PbBr;, Kep = 7.9 X

—E» = -5
1075 () AgaSOy Kep =70 X107 0 4y 7.5 X 10~ mod per L

{b) 2.7 X 10~* mol per l.
{¢) 2.6 X 102 mol per L.

19. How many milligrams of each of the following compounds are present
in a liter of its saturated aqueous solution: {@) Ksp. of Hg.l:; 1.2 X 10~%;
(8) Ksp. of MgNHPO,, 2.5 X 1073 (¢) Kep. of AgPO,, 1.8 X 10157

Ans. (@) 2.0 X 104 mg.
(b) 8.7 mg.
(c) 67 mg.

20. Calculate the solubilities {grams per liter) of the following salts,
being given their Ksp. values: {(8) Ag:CriOs, Kap = 2 X 1077 (b) K.PtCle
Kap. = 4.9 X 10~% (c) Pby(PO.)2, Kap. = 1.5 X 107,

Ans. (a) 16g perl
() 11 g perl
(¢) 14 X 10™tg. perl
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21. The Kuap. of CaCi0, is 2.6 X 10—*. How many milligrams of Ca++
ion and of C10,~ ion are present in 10 ml. of a saturated CaC,0, solution?
Ans. 2.0 X 10t mg. Catt,
4.5 X 10~ mg. C,0,".
22. Calculate the Zn++ and OH- ion concentrations in a liter of saturated
Zn({OH). solution, the Kap. of Zn(OH): being 1.0 X 1078,
Ans. 41 X 10~%g. perl.
22 X 107% g perl.
23. Calculate from Kap. values the PO,™ ion concentration in a liter of the
following saturated solutions: (a) MgNH[PO,, Kap. = 2.5 X 10-13;
() AgyPOy, Kap. = 1.8 X 10718; (¢} Pbe(PO,)s, Kep. = 1.5 X 1032,
Ans. (a) 6.0 X 10~ g. per L
(v) 1.5 X 10~* g. per 1.
(¢} 3.2 X 10~ %g. perl.
24, Compare the solubilities of the alkaline earth sulfates, being given
their Kap, values: {(a) Ksp. of CaS0, = 6.1 X 107%; (b) Kap. of Sr80, = 2.8 x
107 (¢) Kup. of BaSO, = 1.2 X 10712,
Ans. (a) 7.8 X 1073 gram-mol per 1.
(b)) 5.3 X 10—+ gram-mol per 1,
{c) 1.1 X 10~* gram-mol per 1.
25. Given the Kup. of each of the following compounds, compare their
solubilities: (g) CuS, Kap. = 2.5 X 1074; () CusS, EKap =2 X 10-47;
(¢) T8, Kap. = 7.0 X 10-%; (d) Fe(OH)s, Kup. = 1.6 X 10~4; (b) Fe(OH),,
Kap. = 1.1 X 10-%,
Ans. (a) 5} 1072 (d) 1.6 X 1075,
(&) 1.7 X 10718, (g) 4.5 X 100,
(c) 2.6 X 10%
26. When is it possible to obtain a comparison of the relative solubilities
of two or more compounds by a direct comparison of their respective solubility-
product constants?

SOME APPLICATIONS OF THE SOLUBILITY-PRODUCT PRINCIPLE
TO PRECIPITATION

Before solving examples of this type let us summarize briefly
the applications of the solubility-product principle:

1. Before precipitation of a slightly soluble electrolyte can
take place, the product of its ion concentrations must exceed the
K,p. (at the given temperature).

2. When the ion concentration product just equals the Ky,
the solution is saturated.

3. When the ion concentration product exceeds the K.,
precipitation will take place provided sufficient time is allowed for
the precipitate to form. Note that the solubility-produet principle
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makes no mention of the time factor. Many precipitates form
very slowly, especially at the low concentrations often dealt with
in qualitative and quantitative analyses (see page 101).

4. Conversely to 1, in order to dissolve a precipitate, the
produet of the ion concentrations must be kept below the Ky, of
the precipitate (see page 158).

5. It follows from 4 that, in order to prevent precipitation of a
slightly soluble electrolyte, a reagent must be present which will
maintain the concentration of one of the ions so low that the Kep,
cannot be reached.

Case 21. Given the concentration of one of the ions of a
slightly soluble electrolyte and its Kasp. Calculate the concen-
tration which the other ion must attain before a precipitate can
form.

Example 1. A test solution of a barium salt contains 10 mg. of Ba++ jon
per ml., and the Kap of BaCO, is 8.1 X 10" Calculate the concentration
of CO,* ion which must be exceeded before BaCO; can precipitate.

First, convert milligrams per milliliter to gram-ions per liter.

At. wt. Ba = 137.36 or 137 (approximately)
10 mg. Ba** per ml. = 10,000 mg. per liter
! = 10 g. per liter
5 P gram-ion Ba ¥+ per liter = 0.073 gram-ion per liter
Substituting in the solubility-produet equation for BaCOy,
0.073 X Cco;~ = 8.1 X 10-?
8.1 X107

0.073

=111 x10"¢ =1.1 X 107

Hence a (O, concentration of 1.1 X 10~ gram-ion per liter must be exceeded
before BaCO, can precipitate. To convert this into grams per liter multiply
by the molecular weight of CO,~, which is 60.

1.1 X 10—7 X 60 = 66 X 10~7 = 6.6 X 10~¢ g. per liter

Ccoy™ =

Note that the concentrations of Ba*++ jon and CQ,~ ion are not equal.
It is only in a saturated pure water solution of BaCO, that the Ba*+and CO;=
jons are in equal concentration. To check our calculation, substitute the
gram-ion concentrations of Ba*++ and CO,~ in the solubility-produet equation

and solve for Ksp.
0.073 X 1.1 X 10~7 = Kap. of BaCO,

Kop. of BaCO; = 8.1 X 10-%, which is in agreement with the value of
Kap given in the example. This 18 the first time the suggestion has been
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made to check a caleulation. The student will do well to get into the habit
of checking lus calculations by reversing his computations when the process is
not too involved,

Example 2. What OH~ ion concentration must be just exceeded before
Fe(OH), can precipitate from s 0.1 M FeCl; solution which is 65 per cent
ionized? Kap, of Fe(OH), = 1.1 X 1038,

The ionization of Fe(OH), is expressed as follows:

Fe(CH)y = Fe+++ + 30H-

Hence in a saturated pure aqueous solution of Fe(OH)s, Cret++ = 3Com~
or Com— = 3Cre*++. In the 0.1 M FeCl, solution to which OH~ ions are
to be added:

Let z = Cor~ which must be exceeded before Fe(OH); can precipitate.

Obviously 3z is not the concentration of Fe*++ in the solution. This is
0.1 X% 0.65 = 0.065 mol per liter.

Substituting in the solubility-product equation,

0.065 X z° = 1.1 X 10-%
,_ 11 x10-%
0.065

z = V17 X 10~% = 2.6 X 10-12 gram-ion per liter

= 17 X 10~

Example 3. How many milligrams of CrO,~ ion must be added to 10 ml.
of a solution containing 0.01 mg. of Pb** ion, in order to start precipitation
of PbCrO,? Ka,p, of PhCrO, = 1.8 X} 1011,

10 ml. contain 0.01 mg Pht+
1000 ml. contain 1.0 mg. Pb++
1000 ml. contain 0.001 g. Pbt++
At. wt. Ph_ = 207 (approximately)
0001

207 = 4.8 X 10~ gram-ion Pb+* per liter

Substituting in the Kep. equation for PbCrO,,

48 X 107* X Ccroy~ = 1.8 X 10~u
_ 18 x10-u
048 X 10~
= 3.8 X 10~° gram-ion per liter

CC!Oq-

To convert into grams per liter, multiply by the mplecular weight of CrO,™ ion
which is 116 (approximately).
3.8 X 10~° X 116 = 4.4 X 1077 g. per liter
= 4.4 X 10—4 mg. per liter

A little more than 4.4 X 10—® mg. Cr0O," ion must be added to 10 ml. of
the Pb++ ion solution in order to start precipitation of PbCrO;.
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E-)xt_amgle 4. How many milligrams of NH,Cl are required to just start
precipitation of AgCl m 10 ml. of a solution containing 1 mg. of Ag* ion?
Kap. of AgCl = 1.1 X 10—, Assume the NH,CI to be 100 per cent ionized.

10 ml. contain 1 mg. Ag*ion
1000 ml. contain 100 mg. Agt ion
1000 ml. contain 0.1 g. Agtion
At. wt. Ag = 108 {approximately)
0.1
108 0.00093
= 9.3 X 10~¢ gram-ion Ag*ion

Substituting in the solubility-product equation of AgCl, we have

93 X104 X Ca~ =11 x 10~
1.1 % 1010
T 9.3 x 10-
= 1.2 X 107 gram-ion Cl— per liter

Ca~

To convert into grams per liter, multiply by the atomie weight of chiorine:
1.2 X 1077 X 35.5 = 4.3 X 10™% g, Cl~ per liter

Calculating the Cl— to its equivalent of NH,Cl,

3.5
4.3 X 108 X % = 6.5 X 10~% g. NH,Cl per liter

= 6.5 X 10~3 mg. NH,(l per liter

» A little more than 6.5 X 10~ mg. of NH,Cl must be added to 10 ml. of
the Ag+ ion solution in order to start precipitation of AgCl.

Example 6. If 5 ml. of solution containing 4 X 104 gram-ion of Sr++* ion
per liter is mixed with 5 ml. of solution contammng 4 X 10~¢ gram-ion of
CzO( = jon per Iiter, will SI‘CQO‘ precipltate? Ky P. of Sl‘CnO4, is 5.6 > 10-8,

Note that upon mixing the two solutions the concentration of both the
Sr++ and C;0,~ ions is reduced to one-half the original concentration;
i.e., the concentration of each ion after mixing equal volumes is 2 X 10—+
gram-ion per liter. Substituting the latter concentration in the solubility-
product equation of SrC;0,,

(2 X 104 X (2 X 10~4) = 4 X 10~

Sinee the value of the ion concentration product (4 X 1078) is less than that

of the Kap. of 8rC.0, (5.6 X 1078%), precipitation cannot take place.
Example 6. Suppose that in example 5 the C.0,= ion solution had con-

tained 8 X 10— gram-ion per hiter. Would 8rCy0, precipitate on mixing

two 5-ml. portions of the solutions?
After mixing, the Sr*+ ion concentration will be 2 X 10~¢ gram-ion per
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liter and the C:0;~ ion concentration will be 4 X 10— gram-ion per liter.
Substifuting in the solubility-product equation for SrC,0,, we get

(2 X107%) X (4 X107 =8 X 108

Therefore, SrC,0, should precipitate; the ion concentration product (8 X 10-%)
being greater than the Kap. for SrC.0.. In other words, immediately upon
mixing the two solutions, the resulting solution is supersaturated with respect
to 8rC:0;. In order to attain equilibrium, some solid SrC.0, must separate
out of solution.

Ezample 7. In example 6, how much SrC.0, must precipitate in order for
the 10 ml. solution to reach equilibrium, or to become saturated?

Let x equal the amount by which the concentration of each fon must be
reduced in order for their product to equal the solubility product. Then

(2 X 10~ — z)(4 X 10~4 — z) = 5.6 X 10—%
(8 X 10-9) — (6 X 104z + 2* = 5.6 X 10~8
2t — (6 X 10~9z + (24 X 1078 = 0

Applying the quadratic formula:

g Bxi0t V(36 X 1078 — (9.6 X 10-%)

2
_ 6. X 10~ 4 V264 X 1078
- 2

=3 X 1074 2,57 X 10—

= (.43 X 104 gram-ion per liter, the other mathematically
possible value being excluded because it would leave
negative ionic concentrations when subtracted from the
original values.

Since the concentration of each ion is reduced by this value, the same
number of mols of SrC.0, would have to precipitate out of 1 liter of the super-
saturated solution in order fo restore equlibrium. Since only 10 ml. of the
solution was actuslly used, the amount of SrC.0; precipitated would be
4.3 X 10~7 mol. Multiplying by the molecular weight of SrCi0; (176
approximately) we obtain the gram quantity:

4.3 %X 1077 X 176 = 7.6 X 10~% g. of 5rC,0,

The above examples illustrate the important funetion of the
concentration in precipitation reactions. The same quantities
of two different ions may be present in two sets of solutions, and
yet, upon mixing the solutions of one set a precipitate may be
obtained, while upon mixing the other set no precipitate may
appear. In order to obtain a precipitate with the latter set (with-
out adding any more ions to either solution), it will be necessary
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to concentrate either by evaporating one or both solutions before
mixing, or by evaporating the mixed solution.

PROBLEMS

1. What, gram-ion concentration of Cl— jon is required to form sufficient
AgCl to saturate & liter of solution containing 0.005 gram-ion of Ag*?
Keap. of AgCl = 1.1 x 1019,

Ans. 2.2 X 108 gram-ion per L

2. Calculate the gram-ion quantity of OH~ ion that must be added to
100 ml. of a solutior containing 10 mg. of Fe**+ jon m order to just exceed
the saturation point of Fe(OH);. Kap. of Fe(OH)y = 1.1 X 10-%,

Ans. 8.5 X 10~ gram-ion.

3. If 10 ml of solution contain 25 mg. of Pb+* jon, how many milligrams
of Cl~ fon must be added to just start precipitation of PbCl,? Kap. of
PbCly = 2.4 X 104,

Ans. 50 mg.

4. Suppose that 0.01 mol of SO,~ ion is added to 100 ml. of a solution
which contains 8.5 X 1077 gram-ion of Ba++ion. Should BaSO, precipitate?
Kap. of BaSO, = 1.2 X 10-1°,

Ans. Yes

5. How many milliliters of a 1 M solution of (NH,):C:0, must be added
to 50 ml. of a 0.05 M Ca(NO,), solution to just start precipitation of CaC,0.?
Kyp. of CaCo0y = 2.6 X 1079,

Ans. 2.6 X 10~¢ ml.

6. (2) A certain solution contains 10 mg. of Ag™* ion per milliliter. How
many milligrams of PO,™ ion must be added to 10 ml. of the solution to just
start precipitation of Ag,PO,? (b) How many milligrams of PO,= would be
required to complete the precipitation? Kap. for Ag,PO, = 1.8 X 10718,

Ans. (a) 2.1 X 1071 mg.
(b) 29.3 mg.

7. {a) Suppose 5 mg. of Br~ ion to be added to 100 ml. of a solution
which contains 0.1 mg. of Hg,*+ ion. Will Hg:Br, precipitate? () How
many milligrams of Br— jon will be required to completely precipitate the
mercury as Hg:Br:? Kap. of Hg:Br; = 1.3 X 10~%,

Ans. (a) Yes.
(b) 0.04 mg.

8. How much chloroplatinate ion, (PtCle] =, must be added to just saturate
with X,PtCls, 50 ml. of a solution which contains 10 mg. of K+ ion? Ksp.
of K;PtClg = 4.9 X 1075

Ans. 38.8¢.

9. To 100 ml. of a 0.001 M AgNO, solution is added 1 ml. of a 0.001 M

80,= solutivn. Will Ag:S0, precipitate? (Disregard the slight increase in

the volume of the AgNO, solution.) Ksp. of AgsS0, = 7.0 X 1075
Ans. No.
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10. Calculate the milligrams of (INH,);CO; which must be added to just
start precipitation of SrCQ, in 50 ml. of a solution containing 10 mg. of Sr++
ion. Ksp. of SrCQO,; = 1.6 x 105,

Ans. 3.4 X 1073 mg.

11. How many milligrams of NH,Cl must be added to obtain a precipitate
of TICl in 10 ml. of a solution containing 0.1 mg. of T1+ion? Kyup. of TICI =
2.0 X 10—+

Ans. 2180 mg.

12. A hter of H.S solution saturated at 25° C. containg 1.2 X 10-15
gram-ion of S= ion. What quantity (milligrams) of each of the following ions
must be present in 100 ml. to just saturate the solution with the corresponding
sulfide: (@) Hg*+, (b) Pb*+, (¢) Bit++, (d) Cu**, and (¢) Cd+t+? See page
98 for solubility-product values.

Anz. (@) 5.0 X 107 mg. (d) 1.3 X 10— mg.
d) 58 X107 mg. (e) 3.6 X 10~ mg.
(c) 6.5 X 10-1° mg,

13. To 10 ml. of a solution containing 5 mg. of Pb++ jon are added 10 ml.
of a 1 M NH,.C] solution. (a) Will a precipitate of PbCl; form™ (b} How
many milligrams of Pb++ ion must be present to just saturate the solution
with PbClys? Kap. of PbCl: = 2.4 XX 104

Ans. {a) Yes.
(®) 4.0 mg.

14. Ten grams of Na,CrO, are added to 100 ml. of a saturated BaCrO,
solution. What is the concentration of Ba** jon after equlibrium is reached?
Kap. of BaCrQ; = 2.3 x 1010,

Ans. 3.7 X 1071 gram-~jon per L.

15. Ten grams of MgCl; and 20 g. of NH.Cl are added to 100 ml. of a
saturated MgNH,PO; solution. Caleulate the PO™ fon concentration that
will be present when the solution is in equilibrium. Ksp of MgNH,PO, =
2.5 X 10713,

Ans. 6.4 X 107 gram-ion per L.

Case 22. - Precipitations involving an ionization constant as
well as a solubility-produet constant.

Important applications of Case 22 in qualitative analysis are
the precipitation of the copper and tin group sulfides with HzS
and the precipitation of the trivalent metals of the iron and
aluminum groups by means of NH;OH.

Example 1. What quantity of Cd++ ion remains unprecipitated when
100 ml. of a 0.3 M HNO, solution containing Cd*+ jons are saturated with
H.S at room temperature? Kap. of CdS = 3.8 X 10~%; Chs X Cs~ =
1.1 X 10~%%; 0.3 M HNO, is 90 per cent ionized.

According to the solubility-product principle, the amount of Cd** ion
remaining unprecipitated will depend upon the S= ion concentration, which
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in turn will depend upon the H* ion concentration of the solution. To
precipitate CdS, its Kup, must be

Coatt X Cs~ = 3.8 X 10—

On page 134 the S~ ion concentration in a 0.3 M HNO, solution saturated
with H,S at room temperature and under atmospheric pressure was caleulated
to be 1.5 X 10722 gram-ion per liter. Substituting this value in the above
Kap. equation, we obtain

3.8 X 10~
R - Mk § — = .
Cea 15 % 10— 5 X 10~* gram-ion per liter
At. wt. Cd = 1124

Hence,
Coat+ = 2.5 X 10~¢ X 112.4 = 2.8 X 10~ g, per liter

or 2.8 X 10~ mg. per mi.

Therefore only 0.028 mg. (approximately 0.03 mg.) of Cd** remains unpre-
cipitated upon saturating with H,S, 100 ml. of a 0.3 M HNO: solution of
Cd+*+ions.

A second method of calculating the amount of Cd+* remaining unpre-
cipitated is as follows: The precipitation of CdS is controlled simultaneously
by two equlibria: (1) the equilibrium between Cd*+ jons and 8* jons, and
(2) the equilibrivmn between H* ions and S- jons. These relationships are
expressed by the following equations:

Coatt X Cs= = 3.8 X 1028 (1)
Ca+ X Cs= =11 X 10—= )

Dividing (1) by (2) we get
Cca*t 3.3 x 1078
Ci+ 1.1 X 10-2
38 x 10—

Coatt = 1—-—-.1 X 10-% x O (3)

Hence, the concentration of Cd++ remaining in the solution is directly pro-
portional to the square of the H* ion concentration. In 0.3 M HNO, which

is 90 per cent ionized,
Cat = 0.3 X 0.90 = 0.27 mol per liter

Substituting this value in equation (3},
3.8 x 10~

11 x 10-%

= 3.45 x 10~% x 0.073

= 2.5 X 10~* gram-ion per liter

Ccatt X (0.27)2

Converting to gram concentration, we get
9.5 x 10~¢ % 112.4 = 2.8 X 10~ g. per liter

or .028 mg. per 100 ml.
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It should be pointed out that equation (1) varies with the valence of the
metal being precipitated and hence the form of equation (3) will also vary.
For example, the solubility-product equation of Bi,S, is:

Chir+ X C8= = Kmtsp @)
Cir X Cs= = K@) 2

Cubing (2) and then dividing it into (4),

Chr+  Kmnsy
Ch Kims

Cat++ = fK(mzs;) X O
K3as

By applying the above principle it is possible to caleulate the H+ ion con-
centration which must be maintained in a solution in order to prevent the
precipitation of a given quantity of a metallic ion as sulfide.

Example 2. What quantity of Ma** ion remains unprecipitated when
100 ml. of a 0.3 M HNO; solution is saturated with H,S? Assume that the
green variety of MnS is formed. The Kesp. of MnS (green) is 6.2 X 1022,

Cuntt X Cs= = 6.2 X 10-22

From example 1, Cs~ = 1.5 X 1072, Substituting this value in the
solubility-preduct equation for MnS, we get
_62x 1072
T 1.5 X 1072

CmMn = 4.1 gram-ion per liter

Converting to gram concentration,
Cunt+ = 4.1 X 55 = 226 g. per liter

Hence 22.6 g. of Mo+t ion remain in solution upon saturating with H.S,
100 ml. of a 0.3 M HNO,; solution contsining Mn++ ions,

Example 3. What H* ion concentration is required to preveut any
NiS from precipitating when a solution contaicing 0.5 g. of Ni*+ jon per
100 ml. is saturated with H,S? Kois) = 1.4 X 1072 and K@E,s = 1.1 X 10723,

The solution containg 5 g. Nit+ jon per liter. At. wt. Ni = 58.7.

Cnrtt = 5 = (.085 gram-ion per liter

"~ 58.7
Catt X Os= = 1.4 X 10 4 }]
Ch+ X Os= = 1.1 X 102 (2)

Dividing (1) by (2), we get
Ottt 1.4 X 10~
Ci+ 1.1 X 10—
. 1.1 X 102 X Cnitt
Cat = — 7 < 1on

@
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_ LI X 10-% X 0.085
- 1.4 X 10—
935 X 10~
T 14 X107
= 67 X 10~
Cat = V67 X 10~* = 0.82 gram-ion per liter

PROBLEMS

1. At 25° C. and under 1 atmosphere of pressure, H.S dissolves in water to
the extent of about 0.1 gram-mol per liter. By experiment the S~ 10n con-
centration wag found to be 1.2 X 10~ gram-ion. What would be the
S~ ion concentration in a 0.3 3/ H* ion solution? O+ X Os = 1.1 X 10-%.

Ans. 1.2 X 10~ gram-ion per L

2. A 3 M HY ion solution is saturated with H.S. Caleulate the 8- ion
concentration.
Ans. 1.2 X 10~ gram-jon per 1.

3. H,S is passed into a solution containing 1 X 10~ gram-ion of Cd*+* ion
and 0.3 gram-ion of H* jon per liter. Will CdS be precipitated when the
solution becomes saturated with Hi,S? Ksp. of CdS is 3.8 X 10~ and
Chr X Cg-- = 11 X 107,

Ans. No.

4. Substitute in problem 3 a Cd** ion concentration of 1 X 10-7 gram-icn
per liter and show by calculation whetber or not CdS will precipitate.

5. Caleulate the minimum concentration of Cd++ ion which will satisfy
the solubility product of CdS in a liter of solution containing a S— jon con-
centration of 1.2 X 1032

Ans. 3.2 X 10~* gram-ion per 1.

6. It is desired to separate the copper and tin group metals from a solution
containing zmme. What is the maximum Zn** jon concentration that may
be present in the solution without causing precipitation of some ZnS, when
HS is passed in until the saturation point is reached, the final acidity of the
solution being 0.3 M with respect to H+ ion?

Ans. 54 X 10—+ gram-ion per l.

7. In problem 6, suppose that the initial acidity of the solution had been
0.3 M and that in the course of precipitating the copper and tin group suifides
the acidity inecreased to 0.9 M upon reaching the H,S saturation point.
{a) Explain why the acidity increased. () Calculate the milligrams of Cd++
ion that would remain in 100 ml. of solution at a final acidity of 0.9 M.
(¢) How many milligrams of Zn*+ jon may be present without danger of ZnS
precipitating?

Ans. (b) 0.31 mg.
(¢) 32mg.

8. A liter solution containing 0.05 gram-ion qusantities of Cutt, Hgf*,
Bit++, Co+t, and Ni*+ ions is saturated with H.S, the final acidity being
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0.3 M. Which Ksp. values are exceeded? See sclubility-product tables on
pages 98-100.

9. One hundred milliliters of a dilute acid solution containa 25 mg. of each
of the following ions; Ph++, Ag+++ 8n++ Mn+tt, and Fett. The solution
is saturated with H,S, the final acidity being 0.3 M. Which Kap. values are
exceeded? See solubility-product tables on pages 98-100.

10. A solution containing 0.01 gram-ion of Mg++ per liter is made alkaline
with NH,OH. What is the maximum OH ™~ ion concentration which can be
present without Mg(OH). precipitating? Kap. of Mg(OH); is 3.4 X 10—,

Ans. 5.8 X 1075 gram-ion per 1.

11. If the solution in problem 1¢ is made 0.2 M in NH,0H, how much
NH.* ion must be added so as to maintain the OH~ ion concentration just
below the point at which Mg(OH), will precipitate? The 0.2 M NH,COH is
1.2 per cent ionized.

Ans. 5.8 X 10-2 gram-ion per L.

12. “Magnesia mixture” is an ammoniacal solution of either magnesium
and ammonium chlorides, or magnesium and ammonium nitrates. Calculate
the grams of NHNO, which must be added to prevent Mg{OH): precipitating
when a solution of magnesia mixture is prepared from 130 g. Mg(NOQ,).-6H:0
and 35 ml. of 6 M NH,OH, plus enough water to make 1 liter. Assume com-
plete ionization of the salts. Kgp. of Mg(OH): is 3.4 X 101,

Ans. 36 g

13. One hundred milliliters of a solution containing § ml. of 6 M HNO,,
10 mg. of Cu** ion, and 10 mg. of Fet++ is saturated with H,S. Will CuS
precipitate? Will FeS precipitate? Ci+ X Cs= = 1.1 X 10-2,

14. A solution contains 100 mg. of Zn** jons per liter and is 0.01 M in
HC:;H,0. which is 4.2 per cent ionized. Will ZnS precipitate when the solu-
tion is saturated with H:8? Ksp of ZnS = 6.6 X 1028,

15. A 1 M solution of HC,H 0. (0.4 per cent 1onized) contains 100 meg.
of Mn** jon per liter. How many grams of NH,C,H:0: may be added to a
liter of the solution before MnS will precipitate when the solution is saturated
with HysS? Kap, of MnS = 7.0 X 10718,

Ans. 270 g.

Case 23. Precipitations involving two solubility produet con-
stants: Fractional precipitation.

In the preceding discussion of the solubility-produet principle
we considered the precipitation of only a single compound. For
example, AgCl is precipitated by adding a solution of Cl— ions to
one containing Agt ions, and wvice versa. In the separation of
jons into groups several different kinds of ions are caused to form
slightly soluble compounds by the addition of a group reagent,
i.e., some ion which will combine with certain other ions to form
slightly soluble compounds. Thus Ag+, Hgs*+, and Pb** jons
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are precipitated as the respective chlorides by the addition of an
excess of Cl~ jons. The copper and tin groups are precipitated
from 0.3 N H+ ion solution by the addition of an excess of S— ions.
The iron and aluminum groups are precipitated as sulfides (and
hydroxides) in alkaline solution. The alkaline earth metals are
separated as carbonates, leaving the alkali metals in solution.
The simultaneous precipitation of two or more compounds by
adding a reagent is called fractional precipitation. If the salts
precipitated independently of each other, just as they do in pure
water, then fractional precipitation calculations would be very
simple. Unfortunately, only a relatively few precipitates are
formed independently of other precipitates. Common examples
are: (1) the silver halides, AgCl, AgBr, and AgI; (2) silver chloride
and silver chromate; and (3) the sulfides of antimony and tin.
Most of the slightly soluble salts do not behave independently,
and hence the solubility-product principle can be applied only
approximately to most fractional precipitations. Such phenomena
are complex, and at present our knowledge of the mechanism is
but slight. Precipitations of this type were discussed in Chapter
XII under the heading of ‘‘ Co-precipitation’ (page 102).

Let us now consider an example of fractional precipitation
where two slightly soluble salts behave independently of each
other. If we add dropwise, and with continuous stirring, a dilute
solution of silver nitrate to a solution containing equivalent quan-
tities of a soluble chloride and a soluble bromide, AgBr will
precipitate first, as its value of Ksp. is smaller than that of AgCl.
Silver bromide will continue to precipitate until the Kap of AgCl
is just exceeded and then AgCl will begin to precipitate along
with AgBr. From this point on, both AgBr and AgCl precipitate
together. When equilibrium is established in the saturated solu-
tion, the solubility-product relations of AgBr and AgCl must hold

simultaneously.
Ciagt X O~ = Koagen = 4 X 10718 (1)
Cagt X Ca- = Kugen = 1.1 X 10710 (2)
The concentration of the silver ions, Cag+, will have the same value

in both equations, since it is the total silver ion concentration of
the solution saturated with respect to both AgBr and AgCl
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Hence, dividing (1) by (2) we obtain the equilibrium ratio of
the Br—ion and Cl— ion concentrations:

Car _ 4 X 10138
Co- 1.1 X 10710

Therefore the Br— ion concentration is 3.6 X 10—3 times that of
the Cl~ ion when the two salts are precipitating simultaneously.
Otherwise stated, the Cl— ion concentration is about 300 times
the Br~ ion concentration.

When Cac > L , the value of the fraction must be lowered

Co- = 300

in order to reach the equilibrium ratio. Henee, upon adding Ag+
ions to such a solution, AgBr precipitates until the Br— ion con-

= 3.6 X 103

1
centration is 300 that of the Cl— ion concentration,

CBr‘ 1
< —

Co- 300’

upon adding Ag* ions, until the concentration of Cl— ions is 300

times that of the Br— ions.

Cor = L , then upon adding Ag¥ ions both Br— and Cl-
Ce~ 300

ions precipitate simultaneously in the ratio of one gram-ion of
Br- to about 300 gram-ions of Cl—.

‘When Cl- ions will precipitate first as AgCl,

PROBLEMS

1. K;CrQ, solution is added drop by drop to a solution containing 10 mg.
of Pb** ion and 10 mg. of Ba+* ijon. Which chromate will precipitate first?
Kg.p, Df Pbcl'0| =18 x 1014, Ku.p. of Bn.CrO; = 2.3 x 10_10.

Ans. PbCr0,.

2. In a solution containing 1 mg. of Ph++* ion and 500 mg. of Ba++ jon,
which chromate will precipitate first when K.CrQ; solytion is added dropwise?
Ans. PbCrO,.
o . Ceatt . .
3. Calculate the equilibrium ratio of Cartt in a solution saturated with

both BaSO, and 8rS0, Kap, of BaS0; = 1.2 X 107%, Ksp of S5r80, =
2.8 X 107
Ans. 4.3 X 104
4. (a) Explain what will happen when H:80, 15 added to a solution con-
Cpa*++

taining Ba++ and Sr++ iops in relative concentration equal to the
Cart+



PROBLEMS 157

ratio calculated in problem 4. (b) What would happen upon adding H.S0,,
if the relative concentration of these ions is greater than the equilibrium ratio?
(c) Explain what would happen upon adding H.SO, to a solution having a
relative concentration of Ba++ ions to Sr++ ions less than the equilibrium
ratio.

5. (@) In a solution saturated with both AgBr and AgCl, what is the ratio
of Br~ion to Cl—ion? (b) What is the ratio of I~ ion to Br~10n in a solution

saturated with both Agl and AgBr? (c) Calculate the equilibrium ratio -3-;-—-

in a golution saturated with both Agl and AgCl. Kep of AgCl = 1.1 X 109,
Kap. of AgBr = 4.0 X 10713, Ky, of Agl = 1.5 X 1018,
Ans. (a) 3.6 X 1072,
(B) 3.7 X 1074
(c) 1.4 X 10—



CHAPTER XVI
DISSOLVING OF PRECIPITATES

The process of dissolving precipitates is just the reverse of
that in the several preceding cases involving the condition required
for a precipitate to form; namely, the value of the produect of the
gram-ion concentrations (each raised to the proper power) must
exceed the value of the Ks,. for the compound in question. Con-
versely, if by the addition of a reagent the concentration of one
or both ions derived from the precipitate is lowered below the
saturation value, then the equilibrium will be disturbed, and in
order for equilibrium to be re-established, some of the precipitate
will dissolve. If a sufficient excess of reagent is added, all the
precipitate will go into solution. There are six different ways by
which ions can be removed from saturated solutions of compounds
by the addition of certain reagents. These may be listed as
follows:

1. By the formation of & less ionized product.
2. By the formation of a weakly ionized and slightly solu-
ble gas.
3. By the formation of a complex ion.
4. By converting an amphoteric compound info a soluble
salt by adding an excess of either a strong acid or a strong base.
5. By oxidizing or reducing one of the ions.
6. By the formation of a complex ion and simultaneously
oxidizing another ion.
Any one of these reactions will disturb the equilibrium in & satu-
rated solution in contact with the solid of a slightly soluble elec-
trolyte and hence will cause more solid to go into solution. Since
compounds differ widely in their chemical nature, certain of them
will require one solution process while others will require different
methods.

All the above solution processes involve ionic equilibria in
aqueous solutions. Although water is the most common solvent,
it must be remembered that there are other solvents, for example,
alcohol, ether, chioroform, carbon tetrachloride, carbon bisulfide,
and glacial acetic acid. The ionization relationships must be
determined for each solvent. In'general, an inorganic substance

158



DISSOLVING OF PRECIPITATES 159

is more soluble in water than in an organic solvent, but there are
exceptions. For example, sulfur is insoluble in water but highly
soluble in carbon bisulfide. Again, bromine and iodine are only
slightly soluble in water but have high solubilities in organic liquids
such as aleohol and carbon tetrachloride. As a rule, organie sub-
stances are more soluble in organic liquids than they are in water.
Often mixed solvents are more effective than the pure liquids.

1. Dissolving a precipitate by forming a less ionized product.
Example: Dissolving calcium oxalate in hydrochlorie acid.

Calcium oxalate in equilibrium with its ions in a saturated
solution is expressed by the equation:

CaC204 = Cat+ 4 Ca04=
(Sold)

The K,p. of CaC04 is
Cea+ X Ccypo, = 2.6 X 1079

Upon adding HCI, a highly ionized acid, to the saturated cal-
cium oxalate solution the H+ ion concentration is greatly increased
and hence HzC;04 is formed since this acid is very much less ion-
ized than HCl. Thus C204" ions are removed from the solution
and more solid CaCy0s must dissolve in order to maintain the
C204*~ ion concentration required by the K,p of CaC204. By
adding sufficient HCI all the CaC204 will dissolve. The Ca++
ions and Cl— ions will not combine to any great extent as CaCls
is a highly ionized salt. The equilibria involved may be expressed
in the following way:

CaC204 = Cat+ + i C20,4 §|
(Sohd) i
HOl=Cl- +{ H* |
T

HC204—5 (Very weakly

HCl=Cl- +4: H*
(Highly ionized) U — a

Ko of HoC204 = 3.8 X 102
K gom of HC204— = 5 X 1075
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The ionization of HCI is too high to yield an ionization con-
stant.

Will caleium oxalate dissolve in acetic acid? The ionization
constant of acetic acid is 1.8 X 10—5, Therefore this acid is too
weakly ionized to yield sufficient H+ ion to cause the formation
of the weaker ionized HC204™ ion. Hence, caleium oxalate will
not dissolve in acetic acid.

2. Dissolving a precipitate by forming 2 weakly ionized and
slightly soluble gas. Example: dissolving manganese sulfide in
hydrocehloric acid.

A saturated aqueous solution of MnS in equilibrium with solid
MnusS is represented in the following way:

MnS = Mnt+t 4 8-
(Solid)

In this solution the following econdition is maintained:
CMn'H' X CS' = KB p. of MIIS

In order to dissolve MnS it will be necessary to lower the
product of the gram-ion concentrations of Mn++ ions and 8= jons
until it is pumerically less than the solubility-product constant
for MnS. This may be accomplished by lowering the concentra-
tion of either or both of the ions. Upon adding HCI to MuS, the
following equilibria are set up:

MnS = Mn+++! 8-

(Solid) ;
HCl= Cl- H+
e
B

HCOl=Cl- +| Ht | = HS=H.S 1

. ' {Dissolved) (Gas}

Mn++ jons and Cl- jons do not combine to any great extent as
MnCle is a highly ionized salt. The H* ions and S ions, on the
other hand, combine to form successively HS— and H2S. HaS is
a slightly soluble gas, and a saturated aqueous solution of it con-
tains only about 0.1 mol per liter. Moreover, HsS is a very weak
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dibasic acid. Instead of considering each ionization of HsS sep-
arately, it will simplify the discussion to use the combined equa-
tions for the two ionization constants, K; and K3, and to modify
the latter to €%+ X Cs- = Ku.e. Some of the H+ iops from the
dissociation of HCl combine with 8= ions from the MnS to form
the slightly soluble HsS gas and weakly dissociated HoS and HS -
Thus the 8- ion concentration is lowered to an exceedingly small
value, a value very much less than that given by MnS in its
saturated aqueous solution. The removal of some of the S= ions
from the solution will lower the product of Cya*t and Cs=to a value
less than that of the K.p of MnS, and consequently more MnS
must dissolve until the K, for MnS is again reached. But this
8= ion concentration is greater than that required to satisfy the
condition Che X Cs~ = K@, and hence more HaS is formed,
thus again lowering the product of Cuqt+ and Cs- below the Ky,
for MnS, and more MnS must dissolve. As the MnS dissolves,
the concentration of Mn*+ jon increases. Since the solubility
of MnS in a solution of Mn** jons is less than it is in pure water
{common-ion effect), it is evident that, as the MnS dissolves, the
S= ion concentration progressively diminishes. If only H+ ions
from the HoS were present in the solution, the S= ion concentra-
tion required fo satisfy its equilibrium value would soon be reached
and the dissolving of MnS would then stop. However, by main-
taining a high concentration of H+ ion by using an excess of a
strong acid such as HC], the concentration of the S~ ion in the
solution is kept below the value required to satisfy the Kap of
MnS, and consequently the reaction proceeds until all the MnS is
dissolved. . Or we may say that MnS dissolves in HC] because
the 8= ion concentration in a saturated agqueous solution of MnS
is greater than the S= ion concentration required fo satisfy the
equilibrium expression Ch+ X Cs= = Kms. In an excess of a
strong acid such as HC, the equilibrium Cs- value is very low.
Hence, in the presence of MnS, which has 2 relatively large solu-
bility in water, the low value of Cs~ is always exceeded and conse-
quently the reaction proceeds in the presence of an excess acid
until all the MnS is dissolved. The same explanation applies to
the solubility of the other sulfides of the aluminum and iron groups
(FeS, CoS, NiS, and ZnS) in strong acids. The sulfides of alum-
jnum and chromium hydrolize in aqueous solution, forming very
slightly soluble bydrous oxides, Al203-zH20 and Cr20;3-3H20,
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the degree of hydration depending upon various conditions under
which they are formed. Upon adding an excess of a strong acid,
these hydrous oxides dissolve, owing to the formation of scluble
salts.

The solubilities of the sulfides of the copper and tin groups
are so small that in their saturated aqueous solutions the 8= ion
concentration is either less than, or only slightly greater than, the
value required to satisfy the equilibrium condition C%. X Cs~
= Ku,s. In the presence of an excess of a highly ionized acid,
the value of Cs-is of course greatly lowered. Consequently, when
only & very small amount of a sulfide such as CuS has dissolved,
the equilibrium value of Cs- is reached and further solution ceases.
The very slight solubility of CuS in HCI may be expressed by the
following ionic equilibria:

CuS = Cut++

HCl=Cl- +

________

HCl=Cl~- + H+Hs— ::‘_st H.S T
--------------- ' (Dissolved) (Gas)

To sum up, the solution of a sulfide in an acid depends on two
factors: (1) the solubility of the sulfide in water, and (2) the con-
centration and degree of ionization of the acid. The latter deter-
mines the H* ion concentration, which in turn fixes the S= ion
concentration that can exist with it. This relationship is expressed
by the equation Ch+ X Cs~ = Km,s. The value of Cy~ is the
equilibrium S= ion concentration, and this of course varies with
the acid concentration. - Hence, for a given H+ ion concentration,
the solution of a sulfide will depend upon its solubility in water.
Sulfides such as FeS, MnS, and ZnS dissolve readily and com-
pletely in an excess of HCl, since the 8= ion concentration in
their saturated aqueous solutions is greater than the equilibrium
value of Cs required by the equation Cis X Cs = Kaps.
Sulfides like CuS dissolve only to a slight extent in HCI, since
they yield 8= ion concentrations only slightly greater than the
equilibrium value Cs=. The 8= jon concentration in the saturated
aqueous solutions of sulfides such as HgS is less than the equi-
librium value Cs~, and therefore these sulfides will not dissolve
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at all in HCl. The solvent action of HNOs, an oxidizing agent as
well as an acid, will be discussed subsequently (see page 164).

3. Dissolving a precipitate by forming a complex ion. Exam-
ples of this process of solution will be given subsequently in the
discussion of complex-ion equilibria (see page 182).

4, Dissolving a precipitate of an amphoteric substance by an
excess of either a strong acid or a strong base. Example: dis-
solving aluminum hydroxide in hydrochloric acid or sodium
hydroxide. The equilibria are represented graphically as follows:

Béisic Typz or IoNizaTiON Aco TyeE orF JoNization!
| 30H- |4 Al+++= AI(OH)s={ 3H*+ |+ AlOs
; ; elid) | g
P aH* [43CI- =3HCI | 30H- |+ 3Na*=3NaOH
il i)
3H-0 3H:0
(Extremely weakly ionized) (Extremely weakly jonized)

Note that in both types the solvent action is due to the forma-
tion of the extremely weakly ionized compound water. The HCI
lowers the OH— concentration resuiting from the basic type of
ionization of the amphoteric AI{OH)3z, and NaOH lowers the H+
ion concentration due to the acid type of ionization, The two types
of ionization are represented by the following equilibrium constants:

Carrre X, ga-

K(Ion) = (1)
{As base) Caomy

Koo = 22 X Cioi @
(As asid) Cao,

It must be pointed out that the numerical values of K, and
K, are not the same, as that would mean that aluminum hydroxide
ionizes to the same extent both as an acid and as a base. As a
matter of fact, the basic ionization of this compound is more pro-
nounced than the acid. With other amphoteric hydroxides the
reverse is sometimes true. The solvent action of weak acids and

1 H,AlO; loses some of its water and its ionization may be written thus:
H,AlQ; = H,0 + HAIO: = H+ 4 Al0;~. For the sake of simplicity, only
H;AlQ; will be considered.
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bases upon amphoteric hydroxides is very slight, since they yield
H+* jon and OH- ion concentrations not far greater than those
furnished by the ionization of water.

Amphoterism and also the degree of acidie and basie ionization
of amphoteric hydroxides are related to the position of their metal-
lic elements in the periodic table. If a line be drawn obliquely from
Be through Sb in the periodic table, it will be noted that those
elements on or pear the line form amphoterie hydroxides. If the
OH~ ion predominates in the amphoteric ionization the compound
is called an hydroxide (e.g., aluminum hydroxide and not aluminic
acid). When the H* ion predominates the compound is called an
acid (e.g., arsenious acid and not arsenious hydroxide). The
important point to remember is that an amphoteric compound
always ionizes simultaneously both as an acid and as a base. Hence,
amphoteric compounds are both hydroxides and acids. The name
amphoteric comes from the Greek word amphoteros, which means
both. It is a common misconception among beginners in chemistry
that such a compound ionizes only as a base in the presence of an
acid and only as an acid in the presence of a base,

5. Dissolving a precipitate by oxidizing or reducing one of the
ioms.
On page 162 it was pointed out that CuS does not dissolve in
HCl because the S~ ion concentration in its saturated agueous
solution is only slightly greater than the S= ion concentration
which can exist in equilibrium with the H+* ion concentration of a
strong acid such as HCl. Consequently, after a very small amount
of CuS has dissolved, the 8= ion concentration reaches a value
which satisfies the constant Km,s and then the dissolving stops.
In order to dissolve a fairly large quantity of CuS, it is necessary
to employ a reaction which will lower the S= ion concentration to
a value much lower than that given by a saturated aqueous solution
of CuS. This is accomplished by the use of ENO3, which oxidizes
the 5= ion to free sulfur. Although this reaction is reversible, it
does not reach equilibrium until the 8= ion concentration is
reduced to a value vastly smaller than the S~ concentration in
a saturated aqueous solution of CuS. The reaction which takes
place when CusS is dissolved in HNO3 is expressed by the following

equations: 3CuS = 3Cu++ + 38— (1)
A= — 6e = 38° (2)
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2NO3z~ 4 8H+ + 6¢ = 2NO + 4H.0 (3)

3CuS + 2NO;z~ + 8H* = 3Cu++ + 358° + 2NO + 4H,0 (4)

In equation (4), 8H+ jons are associated with 8NOz— ions, and
since only 2NO;~ jons are reduced, the remaining 6NO;~ ions
unite with the 3Cu++ ions to form 3Cu(NOsz)2. Therefore, of the
8HNO3z molecules required to complete equation (4), 2 function
as an oxidizing agent and 6 as an acid furnishing NOs~ iobs.
The completed equation is:

3CuS + 8HNO3; = 3Cu(NOs)2 + 38° 4 2NO + 4H:0  (5)

The essential reaction is the oxidation of 8= to §° and may be
expressed as follows:

S-—2=8° (6)
Applying the law of mass action to (6), we get
Cs
=K
Css @

But since Cg. is a constant at a given temperature, the equation
becomes
Co-=KXCse=k (8)

This equation states that, when HNO; reacts with a sulfide, equi-
librium will be reached when the S™ ion concentration attains a
value equal to k. The equilibrium value is an exceedingly small
one, much smaller than either the.S= ion concentration in a
saturated aqueous CuS solution or the equilibrium S~ ion concen-
tration in the reaction between HCL and a sulfide such as CuS.
The S— ion concentration in a saturated aqueous solution of most
sulfides is considerably greater than the equilibrium S— ion con-
centration for HNOa (equation [8]), and hence these sulfides dis-
solve readily in HNO;. Heating greatly increases the rate of
solution.

6. Dissolving a precipitate by formation of a complex ion and
simultaneously oxidizing another ion.

A saturated aqueous solution of HgS contains an extremely
low concentration of S= ion, and hence when HgS is treated with
HNO; only a minute amount dissolves. The very small amount
of S= ion thus formed is oxidized to free S°, and hence a little
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more HgS dissolves. But the S= jon concentration rapidly
decreases as the Hg++ ion concentration increases (common-ion
effect) and quickly reaches a value equal to the equilibrium con-
centration (equation [8]) at which point reaction ceases. By
using aqua regia (a mixture of concentrated HCl and concentrated
HNO3) the HgS dissolves readily, owing to an increase in the
8= ion concentration above the equilibrium value required in
equation (8). The high Cl- ion concentration from the concen-
trated HCl combines with Hg*™+ ions to form the extremely
stable complex ion HgCls~. This causes a lowering of the Hg++
concentration, and consequently as more HgS dissolves, the S=
ion concentration exceeds the equilibrium concentration and is
oxidized by the concentrated HNO3. This process causes a lower-
ing of the concentration of both Hg++ ions and S= ions, and
hence HgS dissolves rapidly. The reactions are expressed by the
following equilibria:

HeS = Hg++ + 8- 1)
JHg++ 4 3CI- = HeCly~ (2)
8= 4 2NO3- 4 4H+ = 2NO; + 2H0 + §° ®3)

HgS+2NQ;—+4H++4-3Cl- = HgClz~4-2NO2 4+ 2H:0+5° (4)

Case 24. Dissolving a precipitate by forming a less ionized
product. Illustrated in the following problems.

PROBLEMS

1. Explain why the alkaline earth oxalates dissolve in hydrochloric acid
but not in acetic acid. Suggestion: Write equations representing the equilibria
involved, and compare the values of their equilibrium constants.

2. Lead sulfate dissolves in hot concentrated solutions of ammonium
acetate or smmonjum tartrate. Explain fully. On adding dilute sulfuric
acid, lead sulfste is reprecipitated. Explain.

3. If a soluble chromate is added to a solution obtained by dissolving lead
sulfate in ammonium acetate solution, lead chromate precipitates. Explain
fully.

i. {a) One-tenth gram-mol of BaC:0, is dissolved in a liter of 0.2 M HCL
Calculate the gram-ion concentration of Ba*+ jon. () What is the H+ ion
concentration, if the HyC:0, is 40 per cent ionized (primary stage)?

Ans. {(a) 0.1 gram-ion per L.
(b) 0.04 gram-ion per l.



PROBLEMS 167

Case 25. Dissolving a precipitate by forming & weakly ion-
ized and slightly soluble gas. Illustrated in the following problems.

PROBLEMS

1. Discuss the process of dissolving ZnS in HCI solution. Suggestion:
Give the 1ome changes involved and discuss these in relation to the Kap, of
ZnS and K=.9).

2. Five-tenths gram-mol MnS is dissolved in a liter of 1 f HCI at room
temperature. ‘g2) How much H,S is formed? (b)) How much H.S escapes
from solution? (c) If all the H,S were boiled out of the solution, would the
manganese reprecipitate?

Ans. (e) 12,21, at 25°.
() 9.81 at 25°

3. Ten milliliters of 6 M HCI are poured over 0.5 g. of MgCO,. (a) How
much HCl remained in excess? How many mulhgrams of (b)) MgCl. and
(c) CO,, respectively, are produced?

Ans. (6) 8.0 ml
(b) 565 mg.
{(c) 261 mg.

4. One one-hundredth gram-mo! of FeS is added to 100 ml. of 0.2 3 HCL
Will the FeS completely dissolve?

5. (e¢) In problem 4, what will be the molar concentration of H,S in the
FeCl; solution, assuming no loss of gas? (b) What will be the gram-ion quantity
of S~ ion available? Assume all the sulfur in the H,S is available §— jon.

Ans. (a) 0.1 M.,
(6) 0.01 gram-ion.

6. (a) How many milliliters of 6 M HC1 are required to just dissolve
100 mg. of MnS? (b) How many milligrams of MnCl. and H.S respectively,
are formed?

Ans. (a) 0.38 ml.
(b) 145 mg., 39.1 mg.

7. How many milliliters of 1M HNO,; are required to just dissolve
(@) 0.1 g. of CaCOy; (b) 0.1 2. of SrCQ;; () 0.1 g. BaCO,?
Ans. (a) 2.0 ml.
(%) 1.4 ml.
(¢) 1.0 ml

Case 26. Dissolving a precipitate of an amphoteric substance
by adding an excess of either a strong acid or a strong base. Illus-
trated in the following problems.

PROBLEMS

1. (a) Write an equation showing the amphoteric character of zino
hydroxide. (b) What would be the effect on the equilibrium of adding hydro-
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chloric acid? Write the equation and explain fully. (c) Suppose that so-
dium hydroxide be used instead of the acid. Explain.

2. (a) Show by an equation the amphoteric nature of Sn{(OH)s. (b) What
weight of KOH would be required to dissolve 500 mg. of Sn(OH):? ? (¢c) How
much HCI would be required to dissolve 500 mg. of Sn(QH).? 2

Ans. (b) 368 mg.
(c) 240 mg.

3. (a) Make s list of the metals whose oxides are amphoteric. (b) Where
are these elements located in the periodic table? (¢) Are their aqueous
solutions hydroxides, or acids, or both? Explain.

4. How much NaOH is theoretically * required to dissolve 0.2 g. of each
of the following hydroxides: (g} AI{OH),, (#) Cr(OH)s, and (¢} Zn(OH),?

Ans. (a) 0.10 g.
b) 0.078 g.
(¢) 0.16 g.

Case 27. Dissolving a precipitate by oxidizing or reducing one
of the ions. Illustrated in the following problems.

PROBLEMS

1. Explain why copper sulfide is practically insoluble in hydrochloric acid
and sulfuric acid but dissolves completely and rapidly in nitric acid.

2. Mercuric sulfide is practically insoluble in strong hydrochloric acid and
dissolves in strong nitric acid only upon prolonged boiling. However, in a
mixture of these concentrated acids, called aque regia, mercuric sulfide dis-
solves rapidly. Explain fully. Give equations for the reactions involved.

3. How many milliliters of 6 N HNO; (hot) are required to dissolve 100 mg,
of each of the following sulfides: (a) PbS, (b) CuS, (¢) BisS;, and (d) CdS?
Assume that the H;S formed in these reactions is oxidized only to H:0O and 8.

Ans. {a) 0.19 ml. (¢} 0.26 ml
() 0.46 ml. (d) 0.31 ml

4, How much free sulfur is formed upon dissolving 0.5 g. of Hg8 in agua
regia? Some of the free sulfur will be oxidized, but this effect may be dis-

regarded in the caleulation.
Ans. 0.069 g.

2 In practice, a much larger amount than the theoretical is used in order to
prevent hydrolysis.



CHAPTER XVII
THE COORDINATION THEORY: COMPLEX IONS

Werner’s Coordination Theory. The ordinary valence theory
fails to account for the fact that certain atoms or molecules,
normally considered as being saturated, still possess sufficient
combining power to hold other atoms or molecules firmly. In
order to explain this fact, Alfred Werner introduced the conception
of auxiliary or secondary valence. Ordinary valence was termed
primary valence. According to Werner “even when, to judge by
the valence number, the combining power of certain atoms is
exhausted, they still possess in most cases the power of participat-
ing further in the construction of complex molecules with the
formation of very definite atomic linkages. The possibility of this
action is to be traced back to the fact that, besides the affinity
bonds designated as principal valencies, still other bonds on the
atoms, called auxiliary valencies, may be called into action.”!
This idea is called the theory of auxiliary valences or the coordina-
tion theory, and it has been very useful in the study of compounds
of the higher order whose formation cannot be explained by the
ordinary valence theory. A ‘“compound of the higher order” is
one formed by the union of two or more saturated molecules, that
is, molecules whose constituent atoms are all completely satisfied
in accordance with the valence theory. For example, two simple
chemical compounds AB and CD may combine to form & com-
pound AB-CD. Compounds of the AB-CD type were formerly
called ‘““molecular compounds,’” and they play an important réle in
analytical chemistry, as well as in inorganic and organic chem-
istry. Such compounds are very numerous. A few are given in
the following list illustrating several different types:

1 Werner, “Neuere Anschauungen auf dem Gebiete der anorganischen
Chemie,” fourth edition, p. 44, Vieweg, Braunschweig, 1920; see, also, Schwarz
(translated by Bass), ‘The Chemistry of the Inorganic Complex Compounds,”
p. 9, John Wiley & Sons, New York, 1922.

169
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CoMPLEX METAL-AMMINES

General Type: [Me]NHs)e]t+X2—, in which Me represents a
bivalent metal, e.g., Cu, Cd, Co, Ni, Fe, Zn, etc., and X is a mono-
valent atom or radical—

[Ni(NHs) 3] ++Cl—.
[Zn (NHa) s] ++Clo—,

General Type: [Me(NHs)g]t++X3~, in which Me represents
a trivalent metal, e.g., Co, Cr, Fe, Rh, Bi, etc.—

[Co(WHs3)g] +++Clz.
[Cr(NH3)g] +++Cl3~.

General Type: [Me(NHsz)s]*+++X4—, in which Me represents
a quadrivalent metal, e.g., Pf, Si, Sn, ete.—

[Pt(NHjz)e]*+++Cls~.
[Si(NHg)g] ++++CLs—.

General Type: [Me(NHa3)s]t+X2—, in which Me represents a
bivalent metal, e.g., Cu, Cd, Zn, Pt, ete.—

[Cu(NHz)4]+*+Cl2~.
[ZD(NH3)4]++012 .

CompPLEX METAL-CYANIDES

General Types: XHMe(CN)z]—; X2+ [Me(CN)4——;
X3+[Me(CN)g]——.
K+Ag(CN)2]~

Ko HCA(CN)4]——
Ks3[Fe(CN)e]——~
CoMrPLEX METAL-SULFIDES
General Types: XoH{MeSs]——; X3 H{MeSz]———; Xa+H[MeSs]——
Ko +HgSz]~~
Ka+[AsS3]——
Ky*[AsSil
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CoumrLEx METAL-HALIDES
General Type: X2HMeCls]~~; Xo+{MeCls]——; X» HMeClg]—.
KotAgCls] -~
Kz HPbCly]——
Ko H{PtClg)——.

CoMPLEX METAL-THIOCYANATES
General Type: X2*[Me(CNS)sJ—-, e.g., Ko H{Hg(CNS)4]-—.

Complex metal salts are also formed with the inorganic radi-
cals: NOgz, NOs, CO3, SOs, 804, 8203, etc., as well as with a
number of organic radicals; e.g., oxalate, citrate, tartrate, ete.

HybraTES

Examples: FeCl3z-6H20, MgCly-6H20, CaCly-6H20 and
H2804 or SOs-HzO.
DovuBLE SarTs

Examples: KAuCly, K2Al2(S04)s, and KMgCls, which may
also be written KCl-AuCl;, K2504- Al2(S04)s3, and KCI-MgCla,
respectively.

All the above types of compounds (metal ammines, metal
cyanides, ete., hydrates, and double salts) are formed in the same
manner, and their differences are apparent only when they are
dissolved in water. Upon dissolving in water, some of these
compounds show considerable stability; others completely decom-
pose (dissociate), To the former class belong the true complex
salts, and to the latter the true double salts. However, there are
many examples of intermediate stages between the completely
stable salts and the completely decomposed ones. Hence, there is
no sharp distinetion between complex salts and double salts. The
difference is merely one of degree.

In the above compounds, for example, the metal ammines, it
will be observed that one atom functions as & nucleus to which are
attached (by auxiliary valences) four or six radieals, thus forming a
group called a complex nucleus (see Figs. 7 and 8). The radicals
attached by auxiliary, or secondary, valence are called coordinated
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groups, and the number of such groups is called the coordination
number. Hence, the term ‘“coordination theory.” The maxi-
mum coordination number shows how many groups it is possible
for the inner element to hold. For the majority of the metals, this
number is six, and for the non-metals, e.g., sulfur, phosphorus,
carbon, nitrogen, and boron, it is four.

The atoms or radicals outside the nucleus are attached by
ordinary valence to the whole molecule. As this union is weak,
such atoms or radicals are readily split off (ionized) in aqueous
solution. Henee, these unions are called ionizable linkages.

NHs
1 L— + N|H3
{ HgN\ 1 ,NH3 | e -
HBN—---Cu@ ‘\C:'&'/__+
1 -
_ S
; * Hal .
3
NH3 NHS
Fra. 7 Fi1a. 8

The coordination number is independent of the nature of the
radicals or molecules attached to the central atom; that is, its
value is the same whether neutral water molecules, acid radicals
(e.g., Cl-, Br—, I-, CN-, etc.), hydroxyl groups, oxygen atoms,
or ammonia molecules are present. Each of these radicals or
molecules occupies only one coordination position. In multivalent
radicals (e.g., C204™, CO3=, SOs=, ete.), either one or two posi-
tions may be occupied.

In general, the tendency to form the central atom of & com-
plex nucleus increases with decreasing electrical potential; ie.,
very few alkali metals, which are at the top of the electromotive
series (see page 248), form complex compounds, whereas the
majority of the compounds of the noble metals, which are at the
bottom of the e.m.f. series, are complex.

There is no difference between the prinecipal valences (i.e.,
ordinary valences of the valence theory) and auxiliary or secondary
valences. The central atom in a complex nucleus possesses an
equelly divided sum of forces which is numerically expressed by its
coordination number. The complex nucleus may be electrically
neutral, positive, or negative. For example, in the well-known salt,
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potassium chloroplatinate Kz+PtClg]=, so often used in analytical
chemistry procedures, the complex group functions as a negative
ion, and in the blue copper ammonia salt, [Cu(NHj)s]*+S0s=,
known to all students in qualitative analysis, the complex group
forms a positive ion. The regularities shown in the following
series of various platinum complexes holds good for all complex
compounds. Denoting the valence of the complex nucleus by W,
the valence of its central atom by V, and the number of univalent
acid radicals in it by R, we have:

ForumuLa ComprLEx Ion V—-R=W
I. {Pt(NH,)sCl: Quadrivalent cation 4 —-0=+4
II. [Pt(NH,):ClCl: Tervalen$ cation 4—-1=+3
IIT. [P4«(NH,).ClL]Cl, Bivalent cation 4—-2=+2
IV. [Pt(NH,);ClC] Univalent cation 4—-3=+4+1
V. [Pt(NH;).ClL] Neutral 4—-4=90
VI [Pt(NH,)CljK Univalent anion 4 —5=—1
VII. [PtClK; Bivalent anion 4 —-6=—2

The Electrolytic Dissociation of Complex Salts. By means
of a study of the electrolytic dissociation of complex salts in
aqueous solution it is possible to determine whether the complex
nucleus is acidie, basic, or neutral in character. “The molecular
conductivities of all salts dissociating into the same number of
ions are quite close together in numerical value and are unmis-
takably different from those of other salts giving a different num-
ber of ions. At 1000 1. dilution and 25° C., for binary electrolytes
(NaCl, KCI) the value is about 125, for ternary (BaClg, CaClz,
MgBrz) about 250, and for quaternary (AICls, FeCls) about
425. ... In a similar manner, by measurement of the conductiv-
ities of many complex compounds, the correctness of the formulae
assigned to them has been proved. At the same time, the agree-
ment found has afforded an additional confirmation of the Co-
ordination Theory.” 2 We have just listed a series of seven
hexammine salts of platinum by the successive replacement of
one to six molecules of ammonia by chlorine. The resulting types

mey be designated as follows:

* Sechwarz (translated by Bass), op. cil., p. 22.
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Monacido-pentammine, [Me(NH3)sX]1X3
Diacido-tetrammine, [Me(NH;3)aX2]) X2
Triacido-triammine, [Me(NHa)s X3]X
Tetracido-diammine, [Me(NH3)2X,4]
Pentacido-monammine, [Me(NH3)Xs]Me'
Hexacido, {MeXslMez2

The acid radicals generally found in complex compounds are: Cl,
Br, I, CN, CNS, NOg, NO3, 803, 804, CO3, and Cz04.

[} 3 2 1 0 t
trempdou e, [rOfiodon o ] [l ok,

F1a. 9.—Molar Conductivity st 1000 liters Dilution

As an example of the step-by-step transformation of one group
into another, we reproduce in-Fig. 9 a diagram by Schwarz and
Bass3 based on the molar conductivities of the platinum series
listed on page 173.

Isomerism of Complex Salts. Two or more compounds that
have identical percentage chemical composition but possess dif-
ferent chemical and physical properties are termed isomers, and
the phenomenon is called isomerism. Isomerism occurs fre-
quently in organic chemistry. For example, two hydrocarbons,
A and B, upon apalysis are found to be composed of 92.25 per
cent carbon and 7.75 per cent hydrogen. Hence, the simplest
formula representing their composition is CH. Molecular-weight
determinations give an empirical formula CzHz (acetylene) for 4
and CeHg (benzene) for B. Polymerism among inorganic com-

20p. at., p. 35.
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pounds is illustrated by the following reactions: A monomolecular
compound, silver cyanide, is formed by the action of H»SO:
upon K[Ag(CN):] according to the equation

K[Ag(CN)2] + H2804 — AgCN -+ KHSO4 + HCN

When silver nitrate is added to this same complex salt, & bimolecu-
lar polymer is formed:

K[Ag(CN)s] + AgNOs — Ag[Ag(CN),] + KNOs

Polymers of sodium metaphosphate, NaPOs, are (NaPOaj)z,
(NaPOs)s, ete. Similar polymerization phenomens exist among
inorganic complex salts, as well as the following types of isomerism:
coordination isomerism, hydrate isomerism, and ionization
isomerism.

Stereoisomerism of Complex Salts. A large number of com-
pounds of eobalt, chromium, and platinum exhibit the phenomenon
of isomerism although no difference in the structure of the two
isomers can be identified, either on the basis of electrolytic dis-
sociation or of analytical behavior, as polymerism or any of the
other types of isomerism discussed previously. Since a different
structure cannot be assigned to them from their chemical behavior,
they are said to be structurally identical. Yet it is perfectly
evident, from differences 1n color, that some kind of dissimilarity
must exist.

Although in these cases a structurally isomeric formulation is
impossible, a difference in the structure of the isomers is con-
ceivable if the arrangement of the-individual components of the
molecule varies in regard to spatial relations. A difference of this
kind, of course, would not be apparent in a formula constructed
in the plane of the paper.

If one thinks of a metal ammine compound with the coordina-
tion number six, [Co(NH3)s]Cls for example, as a geometric fig-
ure, the simplest supposition is that all six coordinated groups lie
in equivalent positions at equal distances from the central atom.
The octahedral arrangement fuifills this condition if we consider
the central atom to be placed in the center and the other compo-
nents at the corners of the octahedron. See Fig. 10. The radicals
in indirect union, which are split off as ions in solution, need not
be taken into consideration. Their conduct as a whole indicates
that they have no influence whatsoever on the structure of the
nucleus, but that they are linked to the complex in some looser
manner, not to be defined more definitely, which permits them
great freedom of motion.
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This primary, purely theoretical assumption of the octshedral
structure for a large class of inorganic complex compounds secures
a firm footing from two facts: first, all the phenomena of isomerism
hitherto unexplained become reconciled by its help; and second,
up to this time no phenomena contrary to it, and necessitating
another method of explanation, have been observed. On the
other hand, a number of isomeric compounds predicted on the
basis of this hypothesis have actually been prepared synthetically.*

NH, 1

NH Ce==/-C=—=>NH,
4

3

NH,
Fia. 10 T1a. 11

6

In order to simplify the writing of space formulas of complex
compounds, the symbol of the central atom is omitted and the
individual corners of the octahedron are indicated by numbers
from 1 to 6 as shown in Fig. 11.

To illustrate the use of this ‘‘skeleton octahedral’” formula,
let us write the space formula for each of the following cobalt

ammines:

(1) [Co(NHs)g], (2) [CoNH3)sNO:], (3) [Co(NHa)4(NO2)s]

NH, NC,
It W
H;NL NH, HaN NH;3
NH, NH,
Fre. 12 Fia. 13

Formula (1) is represented by Fig. 12. For formula (2) the posi-
tion of the NO2 radieal is immaterial (Fig. 13), but for formula
(3) two configurations are possible (Fig. 14), and two salts of

4 Schwarz-Bass, op. at., pp. 4849,
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the formula [Co(NH3)s(NO2):] actually exist—a brown form
(called the flavo-salt), and a yellow form (the crocec-salt). In
the brown salt, the NO2 radicals stand in neighboring positions,
termed tis-positions; in the other, the NO2 groups are separated
or in the trans-positions. The cis- and trans-positions are also
referred to as edge (1,2) and axial (1, 6) substitution. Perhaps
you have asked yourself the question: Why was the cis-configura-
tion assigned to the brown flavo-salt and the trans-configuration
given the yellow croceo-salt? The answer is: By studying certain
reactions involved in the preparation of the two salts. For

NQ, NO,
HsN NO3 H3N NH,
NH,4 NO2
Fi1a. 14

details of the proof, the student is referred to Schwarz-Bass, “The
Chemistry of the Inorganic Complex Compounds,” page 59.
Cis-trans isomerism was discovered first among organic com-
pounds; for example, fumaric and maleic acids both have the
formula HOOC-CH : CH-COOH. A molecule of this compo-
sition may have either of the following spatial configurations:

HC-Co0H HOOC-CH
I and Il i
HC-CO0OH HC-COOH
Cis-form Trans-form
(Maleic acid) (Fumaric acid)

The decision as to which acid has the cis-form and which the
trans- is based upon a study of their chemical properties. The
student is referred to a textbook on organic chemistry for this
proof.5

5See Conant, “The Chemistry of Organic Compounds,” p. 281, the
Macmillan Co., New York, 1933; Bernthsen (revised by Sudborough),
“A Textbook of Organic Chemistry,” p. 255, D. Van Nostrand Co., New York,

1931.
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COMPLEZ-ION EQUILIBRIA

Many separations and identifications in qualitative analysis
depend upon the formation of complex ions. The following are
the more important:

1. Complex metal-ammonia ions—e.g.,
[Ag(NH3):lt, [Cu(NHs)a]*+, [CA(NHa)s]++
[Co(NH;)4]*+, [Ni(NHz)4]++, and [Zn(NHz)q]++
2. Complex metal-sulfide ions—e.g.,
AsSz=, AsS84=, SbS3=, SbS;=, SnS3;=, HgS:=
3. Complex metal-cyanide ions—e.g.,

[Ag(CN)z]~, [Ag(CN)sl=, [Au(CN)2]—
[CA(CN)4]=, [Cu(CN)s]=, [Hg(CN)4]=, [Ni(CN)4]=
[Zn(CN)4]=, [Co(CN)s]=, [Fe(CN)e]=, and [Fe(CN)s]=

4. Complex metal-halide ions—e.g.,

[AuCls])~, [HgCls]~, [HgCly]l=, [HgBrs]~
(Hels]=, [AgCls]™, [PbCli}=, [PtClg]~, and [SnClg]=
5. Complex metal-thiocyanate ions—e.g.,
[Hg(CNS)4]= and [Fe(CNS)g]=

6. Complex metal-organic ions—e.g., oxalate complexes, tar-
trate complexes, and citrate complexes. The presence of non-
volatile organic matter containing alcohol (CH) groups, such as
tartrate, citrate, glycerin, sugar, and starch, prevents the precipi-
tation of AI(OH)3, Cr(OH)s, and Fe(OH)z by NH4+OH, Na,COs3,
and (NH4)28. This is due to the formation of stable complex
ions with the metals, in which the latter replace the H in the
aleohol groups (OH) and thus appear in the complex anion.
Organic substances such as gelatin, albumen, starch, casein, and
glue also interfere with the precipitation of the trivalent metal
hydroxides since they are protective colloids. Hence it is neces-
sary to destroy or remove all organic matter before separating
and testing for aluminum, chromium, and iron
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Case 28. Calculations involving complex-ion equilibria.

In problems of this type the equilibrium constant is called an
instability or complex dissociation constant. The values of &
few instability constants are given in Table IX.

TABLE IX
InsTapiniTy CONSTANTS

Complex Jon K dnstan ) Complex Ion K gnatap )
Ap(NH,),* 6.8 X 108 Hg(CNS)~ 1 X102
Cd(NH,) . *+ 1 X107 Ag(S:0,),™ 1 X 10—
Zn(NHy) 26 X100 HeS." 1 Xx10-%:
Ag(CN).~ 1 x10= HegCl- 6 X10-v
Cu(CN);s~ 5 X 10-% HgBr,~ 2.2 X 10-2
Cd{(CN).~ 1.4 x10-17 Hel,~ b X10—#
Hg(CN),~ 4 X 10—+

Examplel. A 0.01 A solution of silver ammonia complex ions,
[Ag(INH;)sl*, contains 5.6 X 10~* gram-ion of Ag* 1ons per hter. Calculate
the instability constant of the complex ion.

Silver ammonis complex-ion disgociates as follows:

Ag(NH,),* = Ag* + 2NH,
Applying the law of chemical equilibrium,

Cag* X Chm,

= K (instab )
Cagvagy*

Cag* = 5.6 X 10~ and Cnm; = 1.1 X 1073, and the solution is 0.01 M with
respect to the complex ion. Substituting these values in the equilibrium
equation, we get
5.6 % 10~ x (1.1 X 10792
0.01

= 6.8 X 1078

Example 2. Celculate the Ag* jon and CN~ ion concentrations in s
0.1 M solution of K[Ag(CN):l. Knstan) of Ag(CN),~is 1 X 1072
The ionization of the silver cyanide complex ion is as followa:

Ag(CN.)-+=Ag* + 2CN~

The equilibrium equation is

Caet X C%:N -
Cagicyy;™

=1Xx10™™
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Let x = Ag* ion concentration and 2z = CN~ ion concentration. Sub-
stituting in the equilibrium equation,

x X (2z)8

o1 - 1Xx 10
4z =1 X 10—

23 =25 X 10—
z=29X10"8

Therefore, the concentration of Ag* ion is 2.9 X 10—% gram-ion per liter, and
the concentration of the CN— ion is 5.8 X 10—* gram-ion per liter.

Example 3. A 0.05 M solution of Cu;Cl; is treated with KCN and the
reaction is expressed by the equation:

Cu,Cl; + 6KCN = 2K,Cu(CN), + 2KCl

What are the concentrations of the Cut ions and CN— ions in the solution
thus formed? K gnatany for Cu(CN)y~ = 5 X 1072,

Sinece 1 mol of Cu.Cl: is equivalent to 2 mols of K;Cu(CN);, the concen-
tration of the Cu(CN),~ complex ion will be 0.1 M. The complex ion dis-
sociates as follows:

Cu(CN)y~=Cut+ + 3CN~

Let £ = Cout and 3z = Con—. Substituting the concentration values
in the equilibrium ratio, we get

z X (3z)* _
Qo1 - 5 X 10—
2724 =5 X 107%
' = 0.19 X 10~ = 190 X 10~
z=37 x10°t

Therefore, the concentration of Cu* ion is 3.7 X 10~7%, and that of CN~ ion
is 1.1 X 10~7 gram-ion per liter.

Case 29. The application of the common-ion effect to complex-
ion equilibria.

Many complex ions are extremely stable, that is, they ionize
only to a very small degree. Hence, the effect of adding a common
ion or common constituent may be calculated in the same way as
for weak electrolytes.

Example. The concentration of Ag* jon in a solution containing 0.01 mol
of Ag(NH,).* per liter is 5.6 X 104 gram-ion. If the NH; concentration is
increased to 0.05 M, what will be the concentration of Ag* ion? Note the
analogy with the common-ion effect. The equilibrium equation for Ag(NHs).*
complex ion is

CA¢+ X Cil’Ha

Fop— = 6.8 X 10—
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Let z = concentration of Ag*ion. Then
z X (0.05)*
0.01
0.0025z = 6.8 X 1010
z = 2.7 X 10~7 gram-ion per liter.

= 6.8 X 10-®

Hence, the Ag+ ion concentration will be reduced from 5.6 X 10—¢
to 2.7 X 107 gram-ion per liter, by increasing the NHz concen-
tration to 0.05 M,

PROBLEMS

1. When NH,OH is added to solid AgCl, the latter dissolves owing to the
formation of the soluble complex salt, Ag{NHs),Cl. (a) What is the Ag+ ion
concentration in a 0.1 M Ag(NH,).Cl solution? (Assume complete 10niza-
tion of the Ag(NH;),Cl.) The equilibrium expression for the complex ion is

CAg+ b CiNH,
CagvEp.*

(b) What is the concentration of NH;?
Ans. (a) 1.2 X 10~* gram-ion per L.
(&) 2.4 X 10~ gram-mol] per l.
2. Caleulate the concentration of (¢) Agtion and (b)) CN—ion in a 0.1 M
solution of KAg{CN),, the complex salt being 85 per cent 1onized.

Cag* X Con-
Cag(CN),

Ans. (@) 2.8 X 1072 gram-ion per L.

(®) 5.6 X 10~* gram-jon per L.

3. The Cd+* jon concentration in & 0.1 M Cd(CN},~ ion solution it
89 %X 10~% gram<on per liter. Caleulate the instability constant, or
complex dissociation constant, of Cd(CN),~ ion.

=68 X 10

=1 X102

Ans. 1.4 X 1070,

4. In a 0.1 M K.Cu{CN), solution the CN~ ion concentration is 1.1 X
10-7 gram-ion per liter, What is the instability constant of Cu{CN);~ ion?
Ans, 49 X 102,

5. In a solution containing 0.01 gram-mol of Ag(NH,).* ion per liter, the
NH; concentration is increased to 0.10 gram-mol. (a) Caleulate the Ag* ion
concentration present before the NH, concentration was increased and after
the increase. (b) What was the approximate decrease in Ag* ion concentra-
tion resulting from increasing the NH, concentration to 0.1 M?

Ans. (e) 5.5 X 107¢ 6.8 X 10-%
{b) Ten-thousand fold decrease (approx.)

6. (a) Calculate the concentration of Cu* ion and CN - ion, respectively,
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in & solution which is 0.01 M in Cu(CN);~ ion. () If the CN~ ion concentra-
tion is increased to 0.10 M, what will be the Cu* ion concentration?
Ans. (a) 2.1 X 107%, 6.3 X 10~
(&) 5 x 10~%7,

Case 30. Dissolving a precipitate by forming a complex ion.
(Other methods of dissolving precipitates are listed on pagel58.)

Example 1. How many milligrams of sodium sulfide, NasS, are required
to dissolve 500 mg. of mercuric sulfide?
The reaction is represented by the following equation:

Mol. wt. = 232.67 78.05
HgS <4 NaS8 — Na,HgS,

500 z
Hence
' 232.67 _ 78 05
600 z

z = 168 mg. Na.$

Exzample 2. How many milliliters of concentrated ammonium hydroxide ¢
(sp. gr. 0.900 and containing 28.33 per cent NH, by weight) are required to
dissolve 0.25 g. of silver chloride?

The silver chloride dissolves according to the reaction

Mol. wt. = 143 3¢ (2 X 17.03)
AgCl 4+ 2NH; — Ag(NH,).Cl

0.25 z
Hence,

143.34 34 06

0.25 =z

z = 0.0593 g. NH,

Each milliliter of econcentrated NH,OH contains

1 X 0.900 x 0.2833 = 0.255 g. NH,

0.0593
-0.—25; = 0.23 ml. conc. NH,OH

& Ammonium hydroxide is an aqueous solution of ammonia gas. It con-
tains H,0, NH,, NH,OH, NH,*, and OH~. Most of the ammonia is present
as dissolved NH,. Of the small amount of NH,OH present, only a small
fraction is ionized into NH,* and OH~ ions. w
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PROBLEMS

1. (a) What weight of NH, is required to dissolve 0.5 g. of AgCl?
(b) What volume of concentrated NH,OH (sp. gr. 0.900, 28.33 per cent NH,
by weight} would be required?

Ans. (e) 0.12 g,
(b) 0.47 ml.

2. Caleulate the milliliters of 1 M KCN required to dissolve 0.1 gram-mol
of AgCl.

Ans. 200 ml.

3. How many milliliters of concentrated NH,OH (sp. gr. 0.800, 28.33 per
cent NH, by weight) must be used to dissolve 5 g. of Cu(OH),? Cu(OH): +
4NHy — Cu(NH;),** 4 20H".

Ans. 13.7 ml.

4. Calculate the weight of N2.S required to dissolve 100 mg. of each of the
following sulfides: (a} HgS, (5) As:8y, (¢} SbsSs, and (d) Sn8;. HgS + Na.S —
Na:HgS,; As.Ss + 3Na.S — 2Na,AsS,.

Ans. (@) 33.5 mg. (¢) 58.0 mg.
(b) 75.5 mg. (d) 42.6 mg.

5. How many milligrams of NH; are required to dissolve 50 mg. of
N1(OH),?
Ans. 36.7 mg.

6. (@) How much NaCN must be used to dissolve 0.25 g. of Cd(OH).?
(b) What volume of 1 M NaCN can be prepared from the weight of NaCN
used in (a)?

Ans. (a) 0.34 g
(&) 6.9 ml.

7. (a) Write the equation showing the ionization of tartariec acid,
H,CH, Oy in aqueous solution. (b) Show how the tartrate undergoes
further ionization on making its aqueous solution alkaline. (c) Show how the
complex tartrate ion formed in (b) unites with certain metalhe ions (e.g.,
Cu++, Al+++, Cr*++ Fet+*+), yielding complex metal-tartrate ions. Use
graphie (structural) formulas in writing the equations. These soluble complex
metal-tartrates are very stable, and hence only metallic compounds of
extremely low solubility can be precipitated from their solutions.

8. A large class of organic compounds, such as citric acid, the sugars, glyc-
erin, ete., which contain alechol groups form complex metal-organic 1ons similar
to the complex metal-tartrate 1ons. (a) Show by means of equations, using
structural formulas, the iomzation of citric acid, COOH -CH,-C(OH)(COOH)-
CH,-COOH, and the mechanism of the formation of complex cupricitrate ion.



CHAPTER XVIII
THE pH SCALE. NEUTRALIZATION AND HYDROLYSIS

The Ionization Equilibrium of Water. According to the
electrolytic dissociation theory, hydrogen ions and hydroxyl ions
are present in water and in all liquids which contain water. When
the total number of hydrogen ions is exactly equal to ) the total
number of hydroxyl ions per given volume, the solution is neutral.
When the hydrogen ions are in excess, the solution is acid; when
the hydroxyl ions are in excess, the solution is alkaline. It has
already been pointed out that the H+ ion is characteristic of all
acid solutions and that it is this ion which is responsible for the vari-
ous properties acids possess in common. As the H+ ion concen-
tration increases, the acidity increases. Hence, strong acids are
those which are highly dissociated (ionized) in solution, or yield a
large number of H+ ions. Conversely, weak acids are those which
are only slightly dissociated in solution. Similarly, strong bases
are those which are highly dissociated in solution, or produce a
large number of OH™ ions; and weak bases yield only a relatively
few OH™ ions upon ionizing in solution. The strength of an acid
or a base must not be confused with its neutralizing power. For
example, hydrochlorie acid is o strong acid and acetic acid is a weak
acid. But in titration, equal volumes of these acids of the same
normality, i.e., same number of gram-ions of H+ ion per liter, will
neutralize exactly the same amount of any base., Twenty-five
milliliters of 0.1 N HCl and 25 ml. of 0.1 N CH3COOH will each
require 25 ml. of 0.1 N KOH for neutralization. However, the
number of H+ ions in the hydrochloric acid solution is almost 70
times as great as the number of H* ions in the acetic acid solution.
Hence, the concentration of the H* ion cannot be determined by
simple titration. The titration gives the total acidity or total
available H ions in the acid solution. The H* ion concentration
requires a special determination, and the methods will be discussed
subsequently. Likewise, the titration of a base gives the total

184
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alkalinity or total available OH -~ ions in the basie solution. Methods
for determining OH — ion concentrations are the same as those used
for the H+ ion determination.

Experiment shows that the purest water yet prepared will con-
duct the electric current to a very slight degree. Hence, water must
contain a very low concentration of H+ ions and OH — ions, which
are the current carriers. Kobhlrausch found that pure water has an
equivalent conductivity of 5.0 X 10—5 reciprocal ohm at 25° C.
According to Kohlrausch’s law (see page 246), the equivalent con-
ductivity, A, of an electrolyte is equal to the sum of its ionic con-
ductivities, Hence, if 2 liter of water at 25° contained 1 gram-mol
(18 g.) of completely ionized water, its equivalent conduetivity
should equal the sum of the conductivities of the H* jon and OH~
ion, 3134174 =487. But, since by actual measurement the equiv-
alent conduetivity of water at 25° is only 5 X 103, it follows that
50X 10-° 1% 10-7

487
(approximately). The value for the fraction of 2 mol (18 g.) of
water ionized in 1 liter at 25° has been determined by about six
different methods and all give substaatially 1 X 10~7 mol per liter.

The ionization of water may be expressed by the following
equation:

the extent or {legree f ionization of water is

H:0=H*+ OH-

Applying the law of chemical equilibrium, we have the following
relationship for the ypdissociated water molecules in equilibrium
with H+ ions and OH~ ions:

Cut X Com

=K 1
o W

where K is the equilibrium constant of water. But since the con-
centration of undissociated—water, Cuo, is relatively extremely
large (almost umity), it can be considered a constant, and hence
equation (1) becomes

Cut X Con— = K X Cuwo = Ko

K., being called the ion-product constant of water. It should be
noted that K., is 2 * modified ” ionization constant, just as
C2 X Cs= = Ky expresses the relation between H+ jons- and
S- ions in equilibrium with HaS.
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The pH Scale or the Hydrogen-Ion Exponent Scale. If the
ionization of water at constant temperature remained constant
irftespective of the presence or absence of dissolved substances,
then its ion-product, K., should serve as a basis for a scale of
acidity or alkalinity. Unfortunately this is not the situation, as
Harned ! has shown that the value of K, in salt solutions is not
constant. For salts such as NaCl, K, incref€es until at a concen-
tration 0.5 M it is about twice the value for pure water. At higher
salt concentrations, K, decreases. However, for all dilute aqueous
solutions the value of K, is approximately constant at constant

. . . K,
temperature and the following relations exmt,:f,‘xa+ = Co and
OH™

K, . .
Cor- = o (In other words, the reaction of any dilute aqueous

solution (acid, alkaline, or neutral) may be expressed in terms of
either the H+ ion or the OH~ ion concentration., In pure water,

Cu+ = Con- = V10734 = 107 gram-ion per liter 2t 25°. Hence,
we may write an H* ion or an OH™ ion scale as follows:

NEUTRAL
Actp SoLuTIONS SoLuTION ALEKALINE SOLUTIONS
Normality 1 0.1 o01....T...... 0.01 0.1 1
Ca* 100 101 10—, .... 10-7,...1012 1013 10—
Cor— 101 1012 1012, . 10-7....10"* 10-! i0—*

Serensen? recognized the inconvenience of such a scale and
proposed & simpler one in which the numerical values of the
negative exponents of hydrogen-ion concentration, Cyut, are the
basis of a scale. He suggested the symbol pf,% but Clark pro-
posed using the symbol pH as a matter of typographical con-
venience. Pinee the pH value is the logarithm of the reciproecal
of the hydrogen-ion concentration, Cu+, the general relation may
be expressed as follows:

pH = log 1 log Cut, or Ca+ = 10—7%

ut

1 Trans. Am. Electrochem. Soc., 81, 571 (1927).

1 Sgrensen, Biochem. Z., 21, 131 (1909).

2 The p stands for the French word ‘puissance,” meaning power (mathe-
matical). The corresponding German word is ‘‘Potenz.”
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Similarly, we may express the relation of pOH to Cor-:
1
pOH = log —— = —log Com~, or Cor = 10—#0E
Cou

From the above relations we may write pH and pOH scales
which correspond to the H+ ion concentration.

w

-«

&
Scare Actp E_) ALEALINE
Z
Cu+ 100 10-1 10-2 10~} 10~4 10-5 10-¢ 10-7 10-8 10—% 10-10 10~11 1p-12 10-13 1g-14
#pH 0 1 2 3 4 5 6 ¥ 8 9 10 12 12 13 I4
pOH 14 13 12 11 10 9 8 7 @ 5 4 3 2 1 0

An inspection of the above table shows that pH values below 7
denote acidity, the degree of acidity increasing as the numbers
decrease. For example, if a small amount of hydrochloric acid is
added to pure water which has an H+ ion concentration of 107
or a pH of 7, the acid will ionize into H+ ions and Cl- ions. The
total number of H+ ions in the solution will then be greater than
10-7 and hence the solution will be acid, Suppose the H+ ion con-
centration is found to be 0.000001 N, The pH will be the log of
1/0.000001 or 1,000,000, which is 6. Likewise, a 0.00001 N H+ jon
solution has a pH of 5, and so on up to an acidity of 1 ¥ or pH 0.
It should be remembered that the pH scale is a logarithmic scale;
i.e., each pH unit represents a tenfold difference in H+ jon con-
centration. «Qrﬂexamplq, a solution having a pH of 6 has ten
times as mapy H* ions as one with a pH of 7. A solution with
8 pH of 5 has one hundred times as many H+ ions as a solution of
pH 7.

An inspection of the ion-product equation for water,
Ca+ X Cor- = K», shows that as the H* ion concentration
increases the OH~— ion concentration must decrease correspond-
ingly, and vice versa. However, even a strongly alkaline solution
contains some H* ions, and so for the sake of simplicity both
acidity and alkalinity are expressed in terms of pH values. This is
mer'ely a matter of convention, of course, for the pOH scale could
be used equally well. In using the pH scale, simply remember
that all solutions with a pH less than 7 are acid; all with a pH
greater than 7 are alkaline. Remember further that decreasing
pH values mean increasing acidity, and increasing pH values
mean increasing alkalinity or decreasing acidity. Also, a solution
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with pH 8 contains ten times as many OH - ions as one with pH 7,
and 0 on.

From the foregoing discussion it will be seen that the pH
scale is & definite and accurate measure of the degree of acidity or
alkalinity of a solution. The pH of a solution can be measured
accurately and a definite value recorded, which can be duplicated
at any time by the same or different workers. Hence, we are not
dependent upon such vague and meaningless terms as ‘“slightly,”
“moderately,” or ‘“strongly” acid or alkaline.

Case 831. Calculation of pH Values.

Let us now turn to a consideration of how pH values are cal-
culated. Suppose we have a solution of HCl which upon analysis
is found to contain 3.65 g. of HCI per liter. This weight of HCI
containg 0.1 g. of ionizable H per liter; i.e., the solution is 0.1 M,
Now, electrical conductivity measurements have shown that 0.1 M
HCI is 92.0 per cent ionized at 18° C. In other words, 920 mole-
cules of HCl out of every 1000 are dissociated into H+ and Cl-,
the remaining 80 molecules being undissociated. Hence a liter
of 0.1 M HCI contains 0.1 X 0.920 = 0.0920 gram-ion of H+ ions.

= log 10.87 = 1.04

1 1
The pH = log — = log 0.0990

Ca+

A 0.1 M CH3COOH solution also contains 0.1 gram-ion of
ionizable H per liter, but electrical conductivity measurements
show that it is only 1.34 per cent dissociated at 18° C. Hence,
the H+ ion concentration is 0.1 X 0.0134 = 0.00134 gram-ion
per liter. Therefore the pH of 0.1 M CH3COOH is the logarithm

1
4 hich is 2.87.
0-00134or7 6, which is

Since the H+ ion concentration of 0.1 M HCI is 0.0920 gram-
ion per liter and of 0.1 M CH3zCOOH is 0.00134 gram-ion per liter,
the hydrochlorie acid solution contains almost 70 times as many H*
ions as the acetic acid.

For pure aqueous solutions of alkalies, the pH is calculated
indirectly by first calculating the OH ~ ion concentration, then the
pOH. The method is precisely the same as that used for caleu-
lating pH. For example, a 0.1 M NaOH solution at 25° C. is
02.9 per cent ionized. Therefore, the OH - ion concentration is
0.1 X 0.929 = 0.0929 gram-ion per liter. Hence, the pOH

of
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1 . .
= logm = log 10.76, which is 1 03. Since Cq* X Cog- = 10—,

pH + pOH = 14.0, and, therefore, pH = 14.0 — 1.03 = 12.97.

Before considering pH ecalculations any further, let us con-
sider examples involving only the H+ ion or the OH™ ion concen-
tration,

Example 1. 'What is the H+ jon concentration of 0.1 M HC.H,0; which
is 1.34 per cent ionized at 18° C.?
Acetic acid ionizes as follows:

HC.HO, = H* 4+ CH,0:

1.34 per cent of the 0.1 mol of acid is ionized into H+ions and C:H,0;~ ions.
Hence the H+ ion concentration is
0.1 X 0.0134 = 0.00134
= 1.34 X 10~ gram-ion per liter
Example 2, What is the OH — ion concentration of 1.0 M NH,OH which

at 25° C. is 0.42 per cent dissociated?
Ammonjum hydroxide ionizes as follows:

NH.OH=NH,* + OH~-

0.42 per cent of the 1.0 mol of NH,OH is fonized into NH,* ions and OH~
ions. Hence the QH- ion concentration is

1.0 X 0.0042 = 0.0042
= 4.2 X 1072 gram-ion per liter

Examples 1 and 2 may also be solved by means of the Ostwald
dilution equation (see page 90).

The calculation of pH values is illustrated in the following
examples:

Example 3. The H+ ion concentration of & solution is 1 X 10 % gram-ion
per liter.  Calculate the pH.
1 1
pH =logfp 5 =log 50—
=logl —log (1 X 107
=0—(-3)
=3
When the H+ ion concentration is expressed in the pure expo-
pential form, the pH value is the exponent with its sign changed.
For example, Ca+ = 1 X 108, pH = 8; Cmr=1X 107*%, pH
= 4.5.
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Example 4. The H* ion concentration of a solution is 7.2 X 10-° gram.
ion per liter. What is the pH of the solution?
First convert 7.2 X 10~ to the pure exponential form.

log (7.2 X 10~%) = log 7.2 - log 10™*
= 0.8578 - (-—9)
log (7.2 X 109 ==8.1
7.2 X107 =1 x 1081

1
H = log ——
B log Cue*

= log I—)(I_O_S"-i
=logl —logl X 10781
=0—(—81)

=81

Note that the interconversion of Cu+ values and pH values ean
be made directly only when the significant value of Cwu* is incor-
porated in the exponential value; i.e., when Cr+ is expressed in
the pure exponential form. In this form, the pH is the exponent
with the sign changed. This follows from the definition of pH
and the relationship between exponents and logarithms. Hence,
when Cg+ is expressed as a mixed number, ie.,, partly as the
coefficient and partly in the exponent, it must be converted to
the pure exponential form before the pH can be obtained directly
from the exponent.

Case 32. Calculation of pOH values.

The relation of Cu+ to pH and pOH is given on page 187. From
this relationship it is evident that the pOH may be obtained by
subtracting the pH value from 14. Expressed as an equation for
water at room temperature, we have

pH + pOH = pK, = 14

Or, the pOH value may be calculated from the OH~ ion concen-
tration in the same way the pH value is calculated from the H+
ion concentration. The equation for pOH is

1
pOH = log —— =— log Con-
Con~
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Another variation in the method of caleulating pOH values is
Cet X Cog- =K, =1 X 10-1¢ 5t 25° (.
1x 1014
CH"'

By substituting the value of Cg+ in the equation, Coa may be cal-
culated. When Cx+ is expressed in the pure exponential form,
then pOH is the Cor- exponent with the sign changed. For exam-
ple, the Cx+ of a solution is 1 X 10~5 mol per liter. What is its

COII =

pOH? Ko 1x10-14
CoH' = -Cg_ = ——-—1 X 10-5
=1XxX10-°
s pOH =9

In practice, the pOH value is seldom used, the convention
being to express acid, alkaline, and neutral solutions in terms of
the pH value. The reaction of any aqueous solution at room tem-
perature (about 25° C.) is defined by the following expressions:

pH < 7 < pOH Acid solution
pH = 7 = pOH Neutral solution
pH > 7 > pOH Alkaline solution

In Table X is shown the relationship between the total acidity
or basicity, and the pH values of a few common acids and bases.
The pH values are for 0.1 Mf solutions and are rounded off to the
nearest 0.1, as this is sufficiently accurate for most purposes.

TABLE X
ArrroxiMATE pH VaLues oF Soue CommoN AcIDs AND Basks *

Acids—0.1 M pH Value Bases—0.1 M 7H Value
Hydrochloric acid......... 10 Sodium bicarbonate.. . 84
Sulfuric aeid. .. ...... . 12 Borax............... 9.2
Phosphoricacid.......... 1.5 Ammonium hydroxide.] 111
Sulfurous acid........... 15 Sodium carbonate. ... 1 6
Aceticaeid..,........... 29 Trisodium phosphate.. 12.0
Alum. . ...ooiiiiniinnt 32 Sodium metasilicate.. . 12.2
Carbonicacid............ 38 Caleium hydroxide.. . . 12.3
Boricaecid................ 52 Sodium hydroxide. . 13.0

* From "“The A B Cof pH Control,” sixth edition, LaMotte Chemical Products Co,
Baltimore, Md , 1030
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MAKING HYDROGEN-ION DETERMINATIONS

There are two methods of making hydrogen-ion or pH determi-
nations: (1) the colorimetric method, and (2) the potentiometric
method. The colorimetric method, which is simpler and quicker,
is based on the fact that various indicators (organic dyestuffs)
undergo definite color changes when they are acted upon by solu-
tions of different acidities or alkalinities. The potentiometric
method depends upon a measurement of the electromotive foree
produced in an electrolytic cell. After thus determining the H+
ion concentration, or pH, of a series of buffer solutions over the
range of pH 0 to 14, it is then a simple matter to select a group of
indicators which will cover the entire pH range. Such a list is
snown in Table XI.

TABLE XTI *

Name pH Range Color Change
Acid eresolred................. 0.2- 1.8 Red—yellow
Meta cresol purple.............. 1.2-2.8 Red-yellow
LaMotte yellow. .. ............. 2.6- 4.2 Red—yellow
Bromphenol blue............... 3.0- 4.6 Yellow-blue
Bromecresol green. .. ........... 3.8-5.4 Yellow-blue
Methylred.................... 44-6.0 Red-yellow
Chlorphenof red................ 5.2-68 Yellow-red
Bromthymol blue............... 6.0-7.6 Yellow-blue
Phenolred.............c.ccuuut. 6.8-8 4 Yellow-red
Cresolred.............c.vvttt 7.2- 8.8 Yellow-red
Thymol blue.........coccuvenn. 80 9.6 Yellow—blue
LaMotte purple. . .............. 9 6-11.2 Purple-red
LaMotte sulfo orange. .......... 11.0-12.6 Pale yellow—deep orange
LaMotte violet............... .| 12.0-13.6 Red-blue

* From “The A B C of pH Control '

Each indicator covers a definite and narrow pH range, which
is quickly determined, once for all, by simply adding a few drops
of indicator solution to a measured volume of each of the standard
buffer solutions. The colorimetric method is accurate to about
0.1 pH unit; the potentiometric method is accurate to 0.01 pH
unit when proper precautions are taken. A brief description of
each method will now be given.



BASIC
INDICATORS La Motte Vielet—>

ACIDIC
P | R Acid Cresol Red INDICATORS

T'1¢. 15 —~Indicator Color Chart

By permission frowm Riee wud Cortelyouw, " Popoff's Quuntitative Aualysis,”” third edition,
Frontispicee, . Blukiston's Son & Co., Philadelphia, 1935.
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The Colorimetric Method of pH Determination. Before de-
scribing the technique of making pH determinations eolorimetri-
cally, let us consider the color change of acid-base indicators.
These indicators behave like weak acids or weak bases, the disso-
ciated and undissociated forms of which differ both in color and
constitution. Hence, it is possible to interpret the behavior of
indicators quantitatively by applying the law of chemical equi-
librium. Consider an indicator, HI, whose undissociated form has
acid properties. Its dissociation is represented by the same
equation as that for all weak acids:

HI =H++ I-
Acad form Busic foim
(has acid ecolor) (has basie color)

The equilibrium is governed by:
Cu+ X Cr-
Clll
where A is the ionization constant of the indicator, often calied
the indicator constant. The color of the indicator in the solution
is determined by the ratio €1~ to Csu:
C]- ]{'l

- = 2
Cur Cut @

Heuee, at any hydrogen-ion concentration both forms of the
indicator are present. The color change takes place gradually
with changes in hydrogen-ion concentration. If an indicator
added to different solutions assumes the same transition shade,
the solutions are assumed to have the same pH.! In other words,

the same color means the same ratio of acid to basic form
(C Hi: 01‘):

= K (1)

C
Cn*‘ = ,H[ K: (3)
Cr-
or
H = lo L
po = log Cu
= log oy P&y 4)
CHI

{For a discussion of sourees of error in the colorimetrie method, see Kolthof,
#The Colorimetric and Potentiometric Determination of pH,” p. 52, John
Wiley & Sons, New York, 1931,
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where pKy is the negative Jogarithm of the ionization ecopstant
of the indicator. The value of pH at the 50 per cent transforma-
tion is called the indicator’s pK value.

If the approximate pH of a given solution is known, then a
suitable indicator solution may be selected and 0.5 ml. of it added
to 10 ml, of the solution-whose pH is to be measured. After mix-
ing, the resulting colored solution is matched in a block com-
parator, Fig, 16, with a series of standard buffer solutions preparcd
so that they differ in pH by 0.2 unit and to 10 ml. of each of

SRR S

. )
e N N ity

Courtesy of Ludotle Chemical Products Co., Baltimorg

Fra, 16.—Block Comparator

which has been added 0.5 ml. of the indicator solution, Matching,
as a rule, may easily be made to 0.1 pH unit, If an exact mateh
is obtained, the pH of the solution is read off directly fromn the
standard which it matehes. If the color is between two standards,
the pH value is taken as the average of the two standards. I'or
-example, if the standards have pH values of 6.4 and 6.6, the pH
of the solution is taken to be 6.5.

If the approximate pH of the solution is not known, then it
is necessary first to make a rough determination. This is done
by adding 0.5 ml. of bromthymol blue (pH range 6.0-7.6) to. 10
m). of the sample. Since this indicator covers the neutral point,
pH 7.0, it is possible to determine whether the solution is acid,
neutral, or alkaline. If the solution is cither very acid or very
alkaline, another indicator must be tried, the exact pH finully
being determined as outlined in the preceding puragraph. If the
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pH is within the range of 6.0 to 7.6, then an exact match in eolor
is made as deseribed in the preceding paragraph.

The special arrangement of the tubes (Fig. 17) in the com-
parator block eliminates any effects of color or turbidity in the
original sample, since the observer is looking through exactly
the same materials in each pair of tubes.” That is, tube-pairs
A and D, B and E, C and F each contain the color or turbidity

present in the sample G, indicator

A B 9 solution 7, and distilled water W
The only difference in the threc

@ @ @ tube-pairs is in B and E, in which

the indieator solution has been

added to the sample B, instead

@ @ @ of to the distilled-water tube £
D F

which is placed in front of it. The

final combination, however, is the

FiG. 17 same in all three pairs. Henee,

when the proper color standards

have been’ inserted, tubes D and F for instance, an exact match
can be obtained.

A further aid in making aceurate measurements is obtained by
placing a piece of etched glass over the slots on one side of the
comparator block and then holding the block so the etehed glass
is on the side facing the source of light. In this way the refleetion
of outside objects in the tubes is climinated.

All pH measurements should be made at room temperature,
that is, between 20° and 30° C. If this is not possible, care should
be taken that all measurements on the same material be made al
the same temperature.

The Potentiometric Method of pH Determination. As has
already been stated, this method is based upon measuring the elec-
tromotive forece produced in an electrolytic cell. Such a cell is
made up of two so-called * half-cells,” one of which is a hydrogen
electrode which dips into a 1 M H+ ion solution, and the other a
hydrogen electrode which dips into the solution of unknown H+
ion concentration. The hydrogen electrode consists of platinum
black (very finely divided platinum) deposited upon an inert
metal, such as platinum, gold, or iridium, and then saturated with
hydrogen gas by slowly bubbling the latter through the cell at
1 atmosphere pressure. The two half-cells are connected by a
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U-tube filled with 2 suitable conduecting liquid, say 1 M KCl solu-
tion, and the electrodes are attached to & potentiometer. Upon
closing the circuit, the potential difference, E, is read in millivolts
on the potentiometer. This value, E, is related to the concentra~
tions in the two half-cells by the Nernst equation.

. 1
E = 0.059 log —
og .

in which 0.059 is a constant, 1 is the H+ ion concentration in the
1 M acid solution, and Ca+ is the H* ion concentration in the
sample solution. Hence, by measuring F, the equation can be
solved for Ca+.

The potentiometric method of measuring pH is really the fun-
damental method upon which the colorimetric method depends.
However, once the pH values of a series of buffer solutions are
established by the potentiometric method, then it is possible to
use these as standards for comparisons by the colorimetric method.,
Such series of standard buffer solutions are now available on the
market or can be easily and readily prepared from pure buffer
salts.

Buffer Action. It has already been pointed out (page 90)
that the effect of a common ion on the equilibrium of a weak acid
or base is the basis of buffer action, which is deseribed by Clark as
the resistance exhibited by a solution to change in pH through the
addition or loss of acid or alkali. Let us consider the reaction
in a mixture of a weak acid with its salt. The dissociation of a
weak acid into its ions is governed by the magpitude of the ioniza-

tion constant:
Cat X Ca- _

o K, (1)
or
Cu+ = % K. @)

If we denote the analytical concentration of the acid by C., and
that of the salt by C,, then the concentration of the un-ionized



198 THE pH SCALE. NEUTRALIZATION AND HYDROLYSIS

part of the acid (Cga) is C: — Cut+, and that of the anions (A-)
is C, + Ca+. Therefore, in place of equation (2) we may write:
Ca - CH+ )
+ = ——

= T ew @)
In order fo avoid solving the quadratic equation (3), as a rule it
can be transformed into a simpler, though approximate, form. In
a mixture of a weak acid and its salt the ionization of the acid is
greatly repressed by the common-ion effect, and hence for most
practical purposes Cg* is negligibly small in comparison to C.
and C,. Therefore, equation (3) becomes:

C,
CH‘}' = aKa (4)
or
H = log —
pH = log
C' .
= log o + pKa 6))

where pK, is the negative logarithm of the ionization constant.

A study of the titration curve of acetic acid »s. sodium
hydroxide, Fig. 18, page 205, will afford an explanation of the
mechanism by which buffer action is achieved. You will notice
that along the middle portion of the first half of this curve, i.e.,
at 12,5 ml. NaOH where the acid is half neutralized, the pH
changes very little for each additional ml. of base added. At this
point C, and C, are equal. Hence, Ca* = K, or pH = pK..
Here the change of pH for a certain addition of base (or acid) is
smaller than at any other point on the curve. Such systems
bave the ability to take up a considerable quantity of either acid
or base without changing appreciably in pH, i.e., they exhibit buffer
action and are called buffer solutions.

If the solutions which are encountered in chemical processes,
in bacteriological and pathological work, ete., were always solu-
tions of known pure acids and alkalies, the pH value could be cal-
culated from the titration values and ionization constants. This
situation is seldom encountered, however, as the solutions nor-
mally contain indefinite quantities of other substances, and usually
a number of unknown impurities. Many,.and in fact most, of
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these materials have buffer action. This action ean best be
illustrated by means of an example. Pure water, as stated above,
bas & pH value of 7.0. If 1 ec. of 0.01 N HCI is added to g liter
of pure water, the pH value will be changed to about 5. Let us
now consider a solution containing a mixture of sodium acetate
and acetic acid. In this solution the dissociation of the acetie
acid is very small.

CH3;COOH = CH;COO— + H+
The dissociation of sodium acetate is, however, large:
CH3;COONa = CH3COO— + Na+

Now suppose that we add a small quantity of HCI to this
solution. It is immediately largely dissociated into H+ and Cl-

ions:
HCl=H*+ CiI-

We therefore have in solution H+, Ci-, Na+, and CH:COO-
ions. Acetie acid ionizes to only a very slight extent. This means
that H+ and CH3COO- ions cannot exist together in solution to
a very large extent. Therefore, the larger part of the H+ ions
from the HCIl will immediately combine with CH3COQO- ions to
form undissociated molecules of acetic acid, and the H+ ion con-
centration or pH value of the solution will be only very slightly
changed, if at all. If, on the other hand, NaOH is added to this
mixture, it dissociates into Na+ and OH - ions:

NaOH = Na+* 4 OH~

The OH - ions then react with the H+ ions from the acetic acid to
form water. More acetic acid will then dissociate into H+ and
CH3COO- ions and the H* ion concentration will be practically
the same as it was before. It will, therefore, be seen that consid-
able quantities of acids or alkalies may be added to solutions con-
taining buffer salts without greatly changing the pH value. Since
this is true, it is clear that buffered solutions can be diluted with
distilled water, even though the water shows a very acid reaction,
without materially affecting the pH value. In fact, some solu-
tions can be diluted as much as 1000 to 1. This is of importance
in making determinations on very highly colored or turbid solu-
tions. In the use of buffer solutions it is essential to remember
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that they control only the ratio between the concentrations of the
“acid ” and the “ basic *’ color-forms of the indicator. ‘See equa-
tions (3) and (4) on page 194.

In general, the salt of any weak acid or weak base is a buffer
salt, Very few solutions, therefore, are free from buffer action.
For example, the phosphates in raw sugar and culture media,
carbonates in raw water, alum and rosin in paper sizing, etc., have
buffer action.

In order to bring out the importance of making pH determina-
tions rather than determining the total acidity or alkalinity by
titration, we shall consider a solution of raw sugar, which contains
phosphates as well as other buffer compounds. By the addition
of small amounts of acid or alkaline materials, the total acidity
or alkalinity is increased, and this additional acid or alkali is shown
by titration. Since the solution is highly buffered, however, there
will be practically no change in the pH value. Since it is the pH
of the solution, that is, the amount of ionized acid, which deter-
mines the amount of inversion of cane sugar, the reason for deter-
mining the pH rather than the total acidity is apparent. The
figures given in Table XII are actual determinations which were
made on liquors in a sugar refinery.

TABLE XII*
Per Cent Acidity Per Cent Alkalinity
by Titration pH Values by Titration pH Values
0.001 65 0.001 8.3
0.010 6.4 0.003 7.3
0.005 53
0.005 ' 7.0

*From " The A B C of pH Control ”

In the first pair of figures, the acidity of the second liquor is
10 times that of the first one, as determined by titration. The pH
values of the two are, however, practically the same. In the
second pair of figures both have an acidity by titration of 0.005
per cent, while the pH values show the acidity of the first to be
much higher (in fact almost 100 times greater) than the second.
The third pair of figures shows even greater discrepancy. By
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titration the second solution is 3 times as alkaline as the first. By
pH measurements, however, the first is 10 times more alkaline
than the second. While these figures represent measurements on
sugar liquors, solutions from other processes show similar varia-
tions. The point to be emphasized is that the pH value, and not
the total acidity or alkalinity obtained by titration, is the impor-
tant factor in chemical processes, in bacteriological and patho-
logical work, ete.

Unbuffered Solutions.’ From the above discussion it will be
realized that no special precautions are necessary in making pH
measurements on buffered solutions, since the addition of con-
siderable amounts of acid or alkali can be made without affecting
their pH value. However, this is not true with distilled water or
with unbuffered solutions, especially when their pH value is near
the neutral point of 7.0. The fact that distilled water is one of
the most difficult materials for pH determination is frequently
overlooked. This is because it is completely devoid of any buffer-
ing action, and is thus wvery susceptible to change during the
measurement, for example, by the absorption of carbon dioxide,
ete. Pure distilled water is, of course, free from salts and has a
pH value of 7.0 at 22° C. However, the reaction of ordinary dis-
tilled water is always acid, because of the absorption of carbon
dioxide. Water which has taken up carbon dioxide from the air
until equilibrium has been established will contain about 0.03 per
cent of CO2 by volume, and the calculated pH should be 5.7. In
fact, this is the value which is usually found in distilled water
which has been freely exposed to air. Water from an efficient
automatic still, when stored in closed non-soluble glass vessels,
will have a pH of 6.0 to 6.4. If this water is boiled for a short
time in & pyrex vessel, and the vessel then fitted with a soda-lime
tube, it will usually have a pH of 6.6 to 6.8.

When it is necessary to make a solution of an unbuffered ma-
terial in order to determine its pH value, the water used should
be as nearly neutral as possible, since any acidity of the water
will affect the pH of the dissolved material. Water having a pH
value of 6.6 to 6.8 is satisfactory for this work. In making these
solutions, the proportion of material to water should always be
kept the same, so that different determinations will be comparable.

s4The ABC of pH Control”; see also, Yoe, “Photometric Chemical
Analysis,” Vol. I, p. 204, John Wiley & Sons, New York, 1928,
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It is equally true that the indicator solutions should have a peu-
tral reaction, since any excess acid or alkali will likewise change the
pH value of the material. These precautions are particularly im-
portant when the pH value of the material is near 7.0. Near this
point small variations in hydrogen-ion concentration, due to
absorption of carbon dioxide, etc., have a marked effect on the pH
value, This effect is much less marked when the material has a
pH below 6 or above 8.

In making a pH measurement on distilled water or unbuffered
solutions, the indicator and the material being tested should always
be mixed in the test tube by means of a stirring rod, with the
minimum of exposure to air, and readings should be made at once.
If this is done, reliable results will be secured with the colorimetric
method. Potentiometric methods as ordinarily made are very
unreliable when applied to most unbuffered solutions.

PROBLEMS

1. A 0.1 M HCI solution is 92 per cent ionized. What are its H+ ion and
OH - ion concentrations, respectively?

Ans. 9.2 X 1072, 1.1 X 1073,

2. A 0.1 M NH,OH solution is 4.1 per cent ionized. What are its H* ion
and OH- ion concentrations, respectively?

Ans. 2.4 X 1071, 4.1 X 10-2.

3. Express the following H* jon concentrations in terms of pH:
{a) 1X1073 () 1 X 1075 (c) 1 X 1078 (d) 1 X 1071, and (¢} 1 X 1074,

Ans. {@) 3. (d) 10.
(b) 5. (&) 14.
(c) 8.

4. Caleulate the pH of each of the following solutions, their H+ ion con-
centration being given: (@) 2.5 X 1074, (b} 6.8 X 1077, (¢} 9.3 X 107",
(d) 4.7 X 10712 and (¢) 1.9 X 10772

Ans. (a) 3.6. (d) 11.3.
B 6.2. () 12.7.
(c) 9.0.

5. What is the pOH value of each solution in problem 4?

Ans. (o) 104. (d) 2.7.
by 7.8. (&) 1.3.
() 5.0

6. Calculate the H* ion concentrations of solutions whose pH values are
the following: (a) 1.5, (b) 4.8, (¢} 7.9, (d) 10.2, and (¢) 13.6.

Ans. (a) 3.2 X 10~ (d) 6.3 X 107,
@) 1.6 X 1075 (e 2.5 X 10—
(c) 1.3 X 10-¢,
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7. Caleulate the pH of 0.01 M HC,H,0; solution which is 4.17 per cent
ionized at 18° C, -
Ans. 3.38.
8. A solution of 0.01 M HCHO, is 13.4 per cent ionized at 25° C. What
What are the pH and pOH of the solution?
Ans. 2.87,11.13.
9. What is the pH of a 1.0 M solution of HCl which is 80 per cent jonized?
- Ans. 0,10,
10. Calculate the pH of 1.0 ¥ NH,OH solution which is 0.42 per cent
ionized. What is its pOH?
Ans. 11.62, 2.38.

11. A liter of water saturated with H.S at 25° C. under 1 atmosphere of
pressure contains 1.2 X 10~!* gram-ion of 8~ ion. What is the H+ jon con-
centration of the solution? What is its pH? K@ = 1.1 X 10-%,

Ans.  (a) 9.6 X 10-5,
() 4.02,

12. What pH would be required to lower the sulfide concentration to

1 X 1072 n the solution given in problem 117
Ans. 1.48.

13. If 0.1 mol of NH,CI is added to a liter of 0.01 M NH,OH, what would
be the pH of the solution? The NH/CI is 85 per cent 10nized; 0.01 M/ NH,0H
is 4.1 per cent jonized at 18° C.; K gon of NH,OH is 1.75 X 10~

Ans. 831,

14. What is the pH of a solution made by mixing 500 ml. of 0.2 M HC,H,0,
and 500 ml. of 0.2 M NaC,H,0:;? Consult tables for the data required to
solve this problem. Assume that the solution temperature is 18° C.

Ans. 4.62.

15. To a liter of 0.01 M solution of HCHQO,are added 6.8 grams of NaCHOQ..
What was the pH of the formie acid solution (a) before and (b) after adding the
salt? One-tenth M NaCHO; is 85 per cent ionized,

Ans. (a) 2.87.
(b) 4.63.

NEUTRALIZATION

We have already discussed the ionization of acids and bases.
We learned that the strength of an acid or a base depends upon
its degree of ionization in aqueous solution. A strong acid or
base is defined as one which is highly dissociated in water solu-
tion, and, conversely, & weak acid or base is one which is slightly
dissociated in aqueous solution. qe_utralization is the reaction
between acids and bases which results in the formation of water
and a salt of the respective acid and base, )Since some acids are
strong and some are weak, and likewise bases may be either strong



204 THE pH SCALE. NEUTRALIZATION AND HYDROLYSIS

or weak, it follows that there are four general types of neutraliza-
tion reactions:

1. Neutralization of a strong acid with a strong base.
Example: HCl + NaOH — NaCl + H:O.

2. Neutralization of a strong acid with a weak base.
Example: HCl 4+ NH4OH — NH.CI + H,0.

3. Neutralization of a weak acid with a strong base.
Example: HCN + NaOH — NaCN + H.0.

4. Neutralization of a weak acid with a weak base.
Example: HCN + NH,OH — NH4CN -+ H.0.

As the above four equations are written it appears that all run
to completion. This is not true, and the reason is that they are all
carried out in water solutions and hence it is impossible for any
neutralization reaction to go to 100 per cent completion. Water
is always slightly ionized, and hence its equilibrium constant must
be satisfied in all neutralization reactions. Its ionic reaction is

HOH =H+*+4 OH-
and at equilibrium the following relationship holds:
Cu+ X Cox = K, = 1.0 X 10~ (25° C.)
Cut+ = Cor~ = 107

Hence, in all neutralization reactions there are always present both
H+ions and OH ™ ions. Whether the solution obtained by mixing
equivalent quantities of an acid and a base will be acid, alkaline, or
neutral depends entirely upon the relative strengths of the acid
and base, i.e., their degrees of ionization.

1. A strong acid neutralized with a strong base.

If the acid and base are completely ionized at the start of the
reaction or if they are ionized to exactly the same extent (say
90 per cent), then the resulting salt solution will have a pH value
of 7.0, and the solution will be neutral. In other words, the
reaction proceeds until the concentration of H* ion and of OH~
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jon is 10~7 gram-ion per liter, the H+ jon and OH~ ion concentra-
tion in pure water.

HCl ={ H+ {+a-
NzOH ;‘—‘E OH- % + Na*t  Solution is neutral.
1l
HOH

Vnly one equilibrium constant must be satisfied, namely,
Cr* X Cor- = K, = 1.0 X 1034
12

11 - 2
[

10

pH,

\

N

OO 5 10 15 20 25
Ml. of 0 1 M NaOH added to 25 ml, of 0.1M Acid

Fie. 18.—Titration Curves

Figure 18 shows graphically the change in pH during the titra-
tion of 25 ml. of 0.1 M HCI with 0.1 M NaOH. Note that the
pH changes very little until almost exactly at the equivalence-point,
where the change is enormous.

2. A strong acid neutralized with a weak base.

In all such neutralization reactions two ionization constants
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must be satisfied, namely, Ca+ X Cou- = K,, and the Ko of
the base. For example,

HCl : H* |+ Cl-

NH.,OH=! OH- \+NH*, Solution is acid.

1
HOH
The joint equilibria which must be satisfied are:
Cur X Cowr 1.75 X 10-5 (1)
CN'E40H
and
Cet X Cop~ = 1.0 X 104 (2)

When equilibrium is reached, some non-ionized NH,OH must be
present to satisfy the ammonium hydroxide equilibrium (equation
[1]), and this lowers the concentration of OH- ions, leaving an
excess of H+ jons. Therefore, at equilibrium the solution will be
acid, and its pH value will be less than 7.

In general, if the base has a lower degree of ionization than the
acid, the salt solution obtained upon neutralization will be acid,
having at equilibrium a pH less than 7. Make a graph showing
the change in pH upon titrating a strong acid with a weak base.

3. A weak acid neutralized with a strong base.

This process is just the reverse of the preceding one, but it also
must satisfy two ionization constants, namely, Cut X Con = K,
and the K of the acid. For example,

HCN =] H* |+ ON-

+ Nat  Solution is alkaline,

HOH
The two equilibria which must be satisfied are:

Cat X Cen-

Cucn
and Ca* X Con- = 1.0 X 10-14 @)

= 7.2 % 10-10 )
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When equilibrium is reached, some of the non-ionized HCN must
be present to satisfy the hydrocyanic acid equilibrium (equation
{1]), and this lowers the H+ ion concentration, leaving an excess
of OH—-ions. Therefore, at equilibrium the solution will be alka-
line, and its pH value will be greater than 7.

In all neutralizations, when the acid has a smaller degree of
ionization than the base, the salt solution obtained at equilibrium
will be alkalipe, having a pH greater than 7. Figure 18 shows
graphically the change in pH during the titration of 25 ml. of
0.1 M AcOH with 0.1 M NaOH, Note that at the point where
the acid is half neutralized, the pH changes very little for each
additional milliliter of NaOH added, i.e., this is the point of
maximum buffer action,

4. Neutralization of a weak acid with a weak base.

In the neutralization of a weak acid with a weak base, and
vice versa, three ionization constants must be satisfied, namely,
K, Kgow of the acid, and Ko of the base. For example,

HCN =! H+ i+ CN- Solution is alkaline, because
| ) the degree of ionization of the
i : bas eater than that of the
NH,0H ‘_—‘i OH- 5 + NH,+ aci;'lsgr
i}
HOH

At equilibrium, the following equations must be satisfied simul-

taneously:
Cut X Con

=K, =172 X 10-10 ')
Crox
Crme X Com= _ 1 _ 5 75 % 105 @
CNB‘OE
and
Cag+ X Cop— = K, =10 X 10-14 {3)

Tn all neutralizations involving reactions between a weak acid
and a weak base, the salt solution resulting at equilibrium will be
acid, alkaline, or neutral depending upon the relative magnitudes
of the ionization constants of the acid and base, which in turn
depend upon the respective degrees of ionization. In the reactiqn
between HCN and NH,OH, the base is more ionized that the acid
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and hence the salt solution at equilibrium is alkaline. But with
HC2H;30: and NH4OH the values for K, and K, are almost iden-
tical, and, hence, at the equilibrium point their salt solution will
be approximately neutral, and have a pH close to 7. In general,
when the acid is weaker than the base, the equilibrium solution
will be alkaline, its pH > 7; and when the reverse is true, the
equilibrium solution will be acid, its pH < 7. When the acid is
exactly as weak as the base, the equilibrium solution will be neutral,
and its pH = 7.

HYDROLYSIS

Cl‘he phenomenon of hydrolysis may be considered the reverse
of neutralization™) Instead of an acid and base reacting to form
a salt and water”as in neutralization reactions, in the proces
hydrolysis a salt and water interact to form an acid and a base1
"TFe interrelationship between neutralization and & hydrolysis may "
be illustrated by considering the following two reactions in which
HA represents any acid and BOH is any base:

(Neutralization) HA 4+ BOH = BA + HOH (1)
(Hydrolysis) BA + HOH = HA + BOH @)

At equilibrium, the rate at which HA and BOH interact to form
BA and HOH is equal to the rate at which BA and HOH interact
to form HA and BOH. Hence, the equilibrium condition may be
represented by combining reactions (1) and (2), using arrows
pointing in opposite directions as follows:

H4 + BOH = BA + HOH 3)
—_— —
Neutralization Hydrolysis

The extent to which a salt will hydrolyze depends upon the
relative degrees of ionization of the acid and base formed, which
in turn depend upon the relative strengths of the acid and base.
If the acid formed is weaker than the base, then it will tie up some
of the H+ ions of the water in forming non-ionized acid molecules,
leaving an excess of OH ~ ions in the solution when the equilibrium
conditions have been satisfied. Such solutions, therefore, will be
alkaline. If, on the other hand, the base is weaker than the acid,
then the base will tie up some of the OH~ ions of the water in
order to produce non-ionized base molecules, leaving an excess of
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H™ ions in the solution when equilibrium is attained. Hence,
such solutions will be acid. Finally, when the acid and base
are of equal strength, the hydrolysis of their salt results in
the formation of a neutral solution. However, it must be empha-
sized that the degree of hydrolysis is not indicated by acidity or
alkalinity of the resulting solution alone. For example, NaCl
uridergoes practically no hydrolysis and its aqueous solution is
neutral. On the other hand, NH;C2H30; undergoes appreciable
hydrolysis and yet its aqueous solution is very nearly neutral.
The degree or extent to which a salt hydrolyzes is expressed by
Amount of salt hydrolyzed

Original amount of salt
100 gives the percentage hydrolyzed. At room temperature
NH4CN is almost 100 per cent hydrolyzed.

Let us now consider the four types of hydrolysis and show how
the degree of hydrolysis can be determined. For the sake of sim-
plicity, we will use the four salts formed in the neutralization
reactions given on page 204, namely, NaCl, NHCl, NaCN, and
NH4CN.

1. Hydrolysis of a salt of a strong acid and & strong base.
Example: NaCl

the ratio: Multiplying this ratio by

NaCl = Na+ + Cl-
HOH=O0OH-+ H*

The NaCl yields Na+ ions and Cl- ions on dissociation. In
the presence of H+ ions and OH ~ ions from the water, it is possible
for HCI and NaOH to form. However, both acid and base are
highly jonized and to the same degree. Consequently the original
H+*ion and OH~ ion concentration of the water remains unchanged
and hence the solution will be neutral. Likewise, the Na* ions
and CI- ions remain practically unchanged, and hence hydrolysis
is negligibly small.

2. Hydrolysis of a salt of a strong acid and a weak base.
Example: NH4Cl.

NH,Cl=| NH* |+ Cl-
HOH = OH- |+H+
'———-—1—[__---|
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The H+ ions and Cl~ ions do not unite because HCl is a strong
acid. But NH,0H is a weak base and hence some of the NH,+
fons will unite with OH~ ions to form non-ionized NH4OH. This
results in a removal of OH - ions and causes more water to ionize.
The process continues until the ionization constants both for
NH;OH and for water are satisfied. H* ions are then in excess
and the solution has an acid reaction—its pH < 7. The hydrol-
ysis equilibrium is expressed by the following ratio:

Cat X Com - Kw

Crvat X Com=  Konse 00 ()
CNH4OH
By division the equation simplifies to
C K,
CE+ X NHOH — — K(hyd,) (2)

CNH_"" .Kbage
Case 38. Hydrolysis Calculations.

Example 1. Calculate the hydrolysis constant of a 0.1 M solution of
NH,CL
The hydrolysis constant is the ratio of K., to the K¢ony for NH,OH.
Hence,
Ky _ 1.0 X101

Kbase 1.75 X 10-%
L Kayey of NHCl = 5.7 X 10—

Example 2. Calculate the H+ ion concentration in a 0.1 M solution of
NH,Cl after hydrolysis has reached equilibrium. Assume complete ionization
of the NH,Cl. K@mya) of NH,Cl = 5.7 X 1019,

The equilibrium condition expressed in equation (2) must be satisfied.

= 57 X 10710

Cut X CnHOE
CNH(“'
Let z = Cu* at equilibrium and also the Cnm,om formed by hydrolysis.

(0.1 — z) will equal the NH,* ion concentration at equilibrium. Substituting
these values in the above expression, we get

= B.7 X 10~

Xz
(0.1 — z)

(0.1 — z) will be only slightly different from 0.1, the original concentration
of NH,Cl. Hence,

= 5.7 X 1071°

2
= =57 X 10710
oq = 57 X
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=57 X 10—
z =175 X10"¢

Therefore, the H+ jon concentration is 7.5 X 10~* gram-ion per liter. The
concentration of non-ionized NHOH formed by hydrolysis is also equal to z,
or 7.6 X 10~¢ gram-mol per liter.

Example 3. Calculate the degree of hydrolysis of 0.1 M NH,CL.

If this solution were 100 per cent hydrolyzed, there would be 0.1 gram-mol
of NH.OH per liter. However, in example 2 the total concentration of
NH.OH was calculated to be 7.5 X 10~¢ gram-mol per liter. Therefore the
degree of hydrolysis is

7.5 X 10°* s
o1 =75 X10

or
7.5 X 1078 X 100 = 7.5 X 1073 per cent hydrolysis

3. Hydrolysis of a salt of a weak acid and a strong base.
Example: NaCN.

HCN

The Na+ ions and OH = ions do not combine because NaOH is
a strong base. But HCN is a weak acid and hence some of the
H+ jons will unite with CN— ions to form non-ionized HCN.
This removes H~ ions from solution and consequently more water
dissociates. The process continues until the K,, value for water is
re-established and the K on) of HCN is reached. At the equilibrium
point OH — jons will be in excess and hence the solution will have
an alkaline reaction, its pH > 7. The hydrolysis equilibrium is
expressed by the following ratio:

Cu+ X Com K.
= =K 3
Ca*+ X Con- Kaaa b @)

Cacn

By division the equation simplifies to

- K.
Cow X Cnew _ 2o _ Koy, )

Con- acld
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4, Hydrolysis of a salt of a weak acid and a weak base. Ex-
ample: NH;CN.

In the hydrolysis of salts of this type, three constants must be
satisfied before the solution reaches equilibrium. These are
K., Kuony of the acid, and Koy of the base. The equilibrium
expression for the hydrolysis of NH4CN is as follows:

Cu+ X Com~ _ K, K 5)
Ca+ X Con— . Oxngt X Com=  Kaaa X Kbaso (B
X
Cuen Cxnu 08
Upon dividing we get
C I w
nen X Cruon _ K = Kayer (6)

Con- X Cxrst Kaaa X Koase

By applying equation (6) to salts of the above type, we can obtain
the concentration of the anions or cations present when hydrolysis
has reached equilibrium.

PROBLEMS

1. When equivalent quantities of potassium hydroxide and nitrie acid
solutions are mixed, will the resulting solution be acid, alkaline, or neutral?
‘Write the ionic equation for the reaction.

2. Lithiem hydroxide and formic acid solutions are mixed in equivalent
amounts. Is the resulting solution acid, alkaline, or neutral? Write the
ionie equation for the reaction.

3. If 50.0 ml. of 0.5 M H.S0, are mixed with 50.0 ml. of 0.5 M NH,0H,
will the regulting solution have a pH equal to 7, greater than 7, or less than 77
Write the iome equation for the reaction.

4. Equivalent weights of hydrazine, NH,- NH,, and hydrochloric acid are
mixed in aqueous solution. Will the solution thus formed have an acid, an
alkaline, or & neutral reaction? Write the ionic equation for the reaction,

5. How many mulliliters of 0.5 M KOH solution are required to neutralize
25.0 ml. of each of the following acid solutions: {a) 0.5 M HCIO,, (B) 0.5 M
H,80,, (¢} 0.5 M H,PO,?
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6. How many milliliters of 0.1 3/ NaOH solution are required to neutralize
10.0 ml. of each of the following acids: (a) 0.3 M HCI, (b) 0.15 M H,S0,, and
{c) 0.1 M H,PO2?

7. How many milliliters of 0.05 M H.SO solution are required to neutralize
250 ml. of each of the following alkal solutions: (a) 0.1 M NH,OH, (b) 0.1 M
NaOH, and {c) 0.05 M Ca(OH),?

8. How many milliliters of 1.0 M HCIO, solution are equivalent to 0.1 mol
of the following bases: (a) LiOH, (b) Be(OH)s, (¢) AI(OH)s, and (d) Ce(OH)?

9. Caleulate the hydrolysis constant-of a 0.1 M solution of KC;H,0s.
Ky = 1.0 X 107" and Ko for HC,H:O, = 1.86 X 10-5,

Ans. 54 X 10—

10. What is the value of Kmyd) of 0.1 M NH,Cl? Ky = 1.0 X 10~ and
Kgom for NH,OH = 1.75 X 1075,
Ans. 5.7 X 101,

11. (a) Derive the equilbrium expression for the hydrolysis constant of
KON. (b) Write the general formula for the hydrolysis of salts of this type.

12. (a) Derive the equilibrium equation for Kmyay of NHNOQ,. (b)) Write
the general expression for the hydrolysis of salts of this type.

13. Derive the general equation for the hydrolysis constant of a salt formed
by the neutralization of a weak base by a weak acid.

14. Write ionic equations representing the hydrolysis of the following
salts, and state whether the solutions are acid, alkaline, or neutral: () XCl,
(b) NaCHOs, (¢) CuS0,, (d) FeCl,, (¢) KCN.

15. Calculate the HY ion concentration of a 0.01 M solution of NH,CL
Ky = 1.0 X 10~ and Knyay of NH,Cl = 5.7 X 10—

Ans, 2.4 X 10-8

16. What will be the concentration of non-ionized NH,OH formed by the
hydrolysis of a 0.01 M solution of NH,CI?

Ans. 2.4 X 10—
"17. (a) Calculate the degree of hydrolysis of 0.01 M NH.CL (b) What
is the percentage hydrolysis?
Ans. (g} 2.4 X 104, (b) 2.4 X 1072,

18. What are the concentrations of NH,* ion and of CN~ ion in a 0.1 M
solution of NH,CN after hydrolysis has reached equilibrium? K, = 1.0 X
10714, K = 7.2 X 1071, and K3 = 1.756 X 1075

Ans. (a) 53 X 10-% (b) 53 X 1072

19. () Caleulate the degree of hydrolysis of NH,CN in 0.1 M solution.
(b) What is its percentage of hydrolysis?

Ans. (a) 047. {b) 47.

20. Calculate the hydrolysis constant for each of the following salts:
(a) KCN, (b) KCHO., and {¢) NH,CHO:.

Ans. (@) 1.4 X 1075 (B) 5 X 1071 {¢) 2.8 X 107%

21. (g) What is the OH~ ion concentration in a 0.1 M solution of
KC.H;0:? (b) How much non-ionized HC:H,0: is formed by the hydrolysis

of the salt?
Ans. (a) 7.3 X 10—¢ (b) 7.3 X 1078
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22. A liter of 0.1 M HC.H,O: contains 5 mg. of Fe¥*++ ions. How much
NH,C:H,0, must be added to the solution in order to just start the precipita-
tion of Fe(OH);? Assume that the NH,C,H,0; is 100 per cent ionized.
Ky = 1.0 X 104 and Kep. of Fe(OH), = 1.1 X 1073,

Ans. 033 g.

23. Will Als8; and Cr:8; hydrolyze in water? Explain fully.

24. (a) The trivalent ions Fe+++, Al*++, and Cr*+* may be precipitated
as hydroxides by extremely dilute ammonium hydroxide. Explain. (b) What
is the action of ammonium sulfide upon the mixture thus produced? Explain.

25. Sodium gulfide reagent is 3 N in Na.S, 1 ¥ in Na,S;, and 1 N in NaOH.
What is the function of the NaOH in the solution?



CHAPTER XIX
OXIDATION-REDUCTION EQUILIBRIA

We have already defined oxidation as a chemieal change in
which an atom or ion loses one or mote electrons (see page 29).
For example,

Zn® — 2¢— Znt+t

Fett — ¢— Fet++

Reduction is just the reverse of oxidation; i.e., an atom or ion
gains one or more electrons. For example,

Zn+t 4 26— Zn®
Fet++ 4 ¢—s Fet+

These two processes always take place simultaneously and to the
same extent. That is to say, for every electron lost by an atom

or ion, an electron is gained by some

other atom or ion, %
Since an electric current is a +W o
flow of electrons, it should cause an ot =
oxidation-reduction reaction to take
place. Experiment shows this to be
so. For example, suppose we place
in vessel I (Fig. 19) a solution of
ferrous chloride and in vessel II a
solution of ferrie chloride. Connect %

the solutions in vessels I and I by
means of an inverted U-tube filled
with a solution of potassium chlo-
ride. Such a connection is called a Tia. 19

“ salt bridge.” Now introduce into

vessel I a platinum wire connected to the + pole of a battery and
into vessel II a platinum wire connected to the — pole. As the
current passes through the two solutions, ferrous ions are oxidized

215
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at the anode (Fe+t+ — ¢ — Fe+++) and ferric ions are reduced at
the cathode (Fet*+ 4- ¢ — Fe+*). This may be readily shown
by removing a small portion of the solution from each vessel and
testing I for ferric ions and II for ferrous ions. Since only the
electric current, i.e., a stream of electrons, has passed through
the solutions, it is obvious that the oxidation in vessel I was due
to a loss of electrons and that the reduction in II was due to a gain
in electrons. Hence, we may say that, in electrolysis, oxidation
is the chemical change which takes place at the anode and reduc-
tion the chemical change simultaneously taking place at the
cathode.

In this experiment the oxidation-reduction was produced by
the electric current. Conversely, it should be possible to produce
an electric current by means of an oxidation-reduction reaction.
This is indeed true, provided the reactions are carried out in such
a manner that the energy which they evolve takes the form of
electricity instead of heat. In order to accomplish this, the
solutions must be prevented from mixing and the transfer of
electrons from the reductant to the oxidant must be accomplished

. by means of a suitable con-

S o ductor placed outside the solu-

tions. All electric batteries are

arranged in this way, one of

the oldest and simplest being
the Daniell eell.

The Daniell Cell. This cell
(Fig. 20} consists of a zinc elec-
trode immersed in a zinc sulfate
solution and a copper electrode
immersed in a copper sulfate
solution. The two solutions are
separated by a porous partition
represented by the broken line
in the figure. By this arrangement, the two solutions are kept in
electrical contact without appreciable mixing. The zine atoms of
the zinc electrode have a tendency to lose their two valence elec-
trons and to pass into the solution as zine ions. This leaves the zine
electrode negatively charged. At the copper electrode there is a
tendency for the copper ions to take two electrons from the elec-
trode and thus form copper atoms. Consequently the copper
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elepfrode becomes positively charged. These reactions soon
build up electric charges on the electrodes which prevent further
action. If now the two electrodes be connected with a wire, the
electrons will pass from the zine electrode to the copper electrode,
and as the charges on the electrodes are removed, the reactions
proceed; i.e., an electric current flows.

Equilibrium between a Metal and Its Ions, The reactions which
take place at the two electrodes of the Daniell cell are character-
istic of all electrodes, and the potential developed at each electrode
is called a “single electrode potential.” In 1889 Nernst suggested
a theory to explain the nature of the single eleectrode potential,
namely, that the atoms of an electrode have & definite tendency to

Fia. 21

pass into solution as ions, and the ions in solution have a definite
tendency to deposit on the electrode as atoms. The tendency or
forece which causes the electrode atoms to give up electrons and to
pass into solution as ions is looked upon s a kind of pressure and is
called the electrolytic solution pressure (P). This pressure is
determined by the effective concentration of the ions, which in
dilute solution is proportional to the osmotic pressure (p) of the
solution, Three conditions are possible, namely, P > p, P = p,
and P < p. These conditions are represented diagrammatically
in Fig. 21,1 If P > p, a certain amount of the metal will go into

' Similar to Fig. 133 in Getman and Daniele, “Outlines of Theoretical
Chemistry,” fifth edition, John Wiley & Sons, New York, 1931.



218 OXIDATION-REDUCTION EQUILIBRIA

solution in the ionic state; if P < p, metal atoms will deposit
out of solution; and if P = p, the metallic ions will form at the
same rate at which metal atoms are deposited. When P > p,
the solution acquires a positive charge and the metal a negative
one. When P < p, the solution becomes negatively and the
metal positively charged. If P = p, no action takes place and
the potential difference between metal and solution is zero.

Let us take an example. Suppose that in vessel 4 in Fig. 21 is
a strip of zinc dipping in water, P > p. A few of the zinc atoms
give up two electrons each and pass into solution as zine ions,
thus leaving the electrode negatively charged and simultaneously
causing the layer of solution surrounding the electrode to become
positively charged. These two layers of opposite electric charges
are called a Helmholtz electrical double layer, and their actual
existence has been demonstrated by Palmaer. 2 The formation of
zine ions is represented thus:

Zn® — 2¢ — Znt+

The negatively charged strip of zine will attract the positively
charged zinc ions, and consequently a difference of potential will
be set up. This electromotive force is called the electrode poten-
tial of the metal. Only a minute quantity of zine dissolves in the
water, too small to be detected by ordinary chemiecal tests, and
hence the electrolytic solution pressure P must be balanced by
opposing forces as soon as a relatively small number of zinc ions
are formed. The two forces opposing the solution pressure P are:
(1) the osmotic pressure p of the zine ions in solution and (2) the
electrostatic attraction between the positively charged zinc ions
and the negative charge on the strip of metallic zine. The osmotic
pressure causes the zinc ions to discharge on the zine strip accord-
ing to the equation
Zn*t 4 2e — Zn°

The solution pressure of the zine is soon balanced by the combined
action of the osmotic pressure and the electrostatic force; i.e.,
equilibrium is quickly attained.

If some zine salt be dissolved in water and then a strip of zine
dipped into the solution, the zinc ions already present will oppose
the solution pressure and consequently fewer zinc ions will pass

2 Z. physik. Chem., 25, 265-283 (1898); 36, 664-680 (1901).
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into solution to establish a balance. Hence, a much smaller
electrostatic force, i.e., potential difference, will be required to
establish equilibrium. When the concentration of zinc ions is
such as to produce an osmotic pressure equal to the electrolytic
solution pressure, i.e., p = P, then the potential difference will be
zero. The equilibrium between the metallic zine and its ions
represents a true chemical equilibrium, that is, the rate of solution
is equal to the rate of deposition.

When a metal dissolves to form positively charged ions, the
process is one of oxidation, since the positive valence increases
from zero to one or more positive charges. Conversely, when a
metal is deposited out of a solution of its ions, reduction oceurs;
i.e., the positive valence is decreased to zero. In such reversible
reactions the metal functions as a reducing agent (reductant)
and the metallic ions as oxidizing agent (oxidant). Reversible
reactions of this type are called half-cell reactions, since two such
systems are required to make up a galvanic cell, as for example,
the Daniell cell.

Since the dissolving and deposition of zine constitute a revers-
ible reaction, Zn® — 2¢ = Znt+, it should reach equilibrium
when the concentration of zinc ions reaches a certain definite
value, namely, the value which satisfies the equilibrium constant
for this reaction. Applying the law of chemical equilibrium to
this reaction, we have

Czatt

Cza’ -
where K is the equilibrium constant. But since the concentration
of atoms in a dense strip of metal is a constant, the equation
reduces to

K

Cont+ = K X Czpe = kzot+

Likewise, a state of equilibrium between a strip of copper
and its ions may be expressed by a reversible equation as follows:

Cu® — 2¢ = Cu++
Applying the law of chemical equilibrium, we get

Coutt
Cow

=K
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The above illustrations with zine and copper are typical.
When a metal is placed in a solution of its ions, a potential develops
which depends upon two factors: (1) the equilibrium ion concen-
tration of the metal (a constant for each), and (2) the concentra-
tion of its ions in the solution. A metal will acquire a positive, a
negative, or no electric charge when dipped into a solution of its
ions, depending upon whether the ion concentration is greater
than, less than, or equal to its equilibrium ion concentration.
The greater the difference between the ion concentration in &
solution and the equilibrium value for the metal, the greater is
the potential difference and, consequently, the greater is the
tendeney for the reaction to go towards equilibrium.

The Nernst Electrode Equation. We have seen that the differ-
ence in potential between & metal and a solution of its ions in
which it is placed is related to the electrolytic solution pressure of
the metal and the osmotic pressure of the solution. On the basis
of theoretical considerations, Nernst developed the following
equation which provides a qualifative interpretation of electrode
potentials, but it cannot be tested quantitatively because the
absolute values of E and P are not known:

E = potential difference, expressed in volts, between the
metal and its ions.

R = the gas constant = 8.315 joules per degree,

T = absolute temperature.

n = valence change of the metal.

F = the faraday, i.e., the quantity of electricity associated
with 1 gram-equivalent = 96,500 coulombs. ’

In = the natural logarithm to the base e.

p = osmotic pressure of the solution.

P = electrolytic solution pressure of the metal.

By substituting in the equation the values for R and ¥ and
converting natural logarithms into.common logarithms by multi-
plying by 2.303, we get

0.000198T
E=—— log%
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For 25° C. or 298° A., the equation is

0.059 P

E = . log 7

We may substitute the equilibrium concentration of ions, %,

for the electrolytic solution pressure, P, and may express p in

terms of the ionic concentration, C, since osmotic pressure is

proportional to the concentration of the ions. The equation
then becomes

0.059

C
- log =
A " ng

Reference Electrodes. The potential difference at the contact
of a metal and a solution of its ions cannot be measured directly.
However, its relative value can be obtained by forming a galvanic
cell in whiech one electrode is arbitrarily taken as the standard or
reference electrode and the other electrode the one whose potential
is to be measured. Since the absolute potential of a single electrode
is not known, an arbitrary value is assigned to the reference elec-
trode. The normal hydrogen electrode is
now generally accepted as the standard,
with an assigned potential of zero. This
electrode consists of a strip of platinum
(coated with platinum black) partly im- {i
mersed in a solution of hydrochloric acid
which is normal with respect to hydrogen
ion, that is, a solution with an effective
concentration of 1 gram-ion of hydrogen
ions per 1000 grams of water. Better
stated, the hydrochloric acid seolution
has unit activity. Hydrogen gas at 1
atmosphere pressure is econstantly passed
over the electrode and eseapes through
the openings at the bottom of the tube, T E—
as shown in Fig. 22. Thus the surface Fra. 22
of the platinum is kept saturated with
hydrogen gas. The coating of platinum black is deposited
electrolytically. Platinum thus deposited is extremely finely
divided, and in this state it has the property of condensing
on its surface a large quantity of hydrogen and hence acts as

7/,

T T
RO
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though it were entirely hydrogen, i.e., it acts as an electrode
of hydrogen.

By combining any half-cell with the hydrogen electrode and
mesasuring the voltage of the whole cell with a sensitive voltmeter
or potentiometer, the potential of the half-cell is obtained in terms
of the arbitrary zero of potential. '

Another standard electrode frequently used is the normal
calomel electrode. This electrode is more convenient to use than
the hydrogen electrode, and by careful experimental measurements

"its potential has been found to be 40.281 volt at 25° C. That is
to say, the normal calomel electrode is 0.281 volt more positive
than the normeal hydrogen electrode. A calomel electrode is
shown diagrammatically in Fig.
23. It comsists of a glass tube
containing o little mercury cov-
ered by a layer of calomel paste
(a mixture of HgoCl, and Hg)
and the latter covered with a solu-
tion of potassium chloride satu-
rated with mercurous chloride.
" A platinum wire (4) previously
sealed into the bottom of the glass
Fra. 23 tube serves to connect the mer-
cury with the external circuit.
The side-tube B is filled with potassium chloride solution by
applying suction at side-tube C. The latter is then closed by
means of a clamp. Side-tube (B) dips into an intermediate
vessel which contains a solution of potassium chloride and into
which also dips the side-arm of the half-cell whose potential is
desired. Thus the potential Eo¢ of any half-cell may be easily
determined in terms of the arbitrary zero of potential E; by
simply combining it with a calomel electrode and measuring the
voltage E of the whole cell with a potentiometer or sensitive
voltmeter. That is to say, the voltage F of this galvanic cell is a
direct measure of the single electrode potential Eg, because the
single electrode potential F; of the normal hydrogen electrode is
taken as zero.®

* The signs given to cell potentials and electrode potentials depend upon
the conventions which are adopted. According to common practice in
America, the equation for the above cell may be written: E = E) -+ Eo
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The potassium chloride solution in the calomel cell may be
normal, tenth-normal, or saturated. The potentials of these
electrodes at 25° C, are +0.281, 40.336, and +0.246 volt, respec-
tively, when referred to the normal hydrogen electrode as the
standard.

Case 34. Calculation of the Relative Equilibrium Concentra-
tion of Ions.

If a rod or strip of metal, for example, copper, be immersed in
o solution of its ions and
connected with a normal hy-
drogen electrode by means of
& “salt bridge,” upon con-
necting the two poles of the
cell an em.f. develops. Such
a cell is illustrated in Tig. 24.
Since the potential difference
of the normal hydrogen elec-
trode has been given the
arbitrary value of zero, the
potential of the cell is taken
as the single potential, Fy,
of the metal electrode. Sub-
stituting this value in the
Nernst equation, we can cal- TFro. 24
culate the relative equilib- ’
rium ion concentration, also ecalled the solution pressure
counstant.

LA

AL

ISLA LTI
L

Example 1. A strip of copper in equilibrium with a 1 M solution of its
ions is connected with the normal hydrogen electrode, and the em.f. of the
cell is found to be +0.34 volt at 25° C,  Calculate kcutt.

This cell may be written as follows:

Ho(Pt) | HH(L M) || Cut+(1 M) | Cu ¢

In this equation, tlie order in which the electrolyte and electrode are written
is the same as they occur in the actual ecll, ie., (electrode, electrolyte) +
(electrolyte, electrade). If both are written (electrode, electrolyte}, then the
equation hecomes E = E1 — Ko When negative electricity flows inside the
cell from right to left, the voltage of the cell is arbitrarily taken as positive,

and vice versa.
4| indicates the elimination of the junction potential between solutions

hy means of & “salt bridge.”



224 OXIDATION-REDUCTION EQUILIBRIA

The Nernst equation is

B _ 0.0591 Coutt
o(Cw) —_—n 0og koutt

Eofor Cu = +0.34 and Cout* = 1. Substituting in the equation

0.059 1
+0.34 = 5 log Foat

log ! = 03¢ =
kcutt  (0.0205
log k cut+=— 11.53 or 12.47
kcutt = 3 X 1072 gram-ion per liter

11.53

The value of the solution pressure constant for eopper is very
small and indicates that cupric ions are easily transformed into
metallic copper. It should be remembered that this value is
purely relative and is based upon the arbitrary value of zero taken
as the potential of the normal hydrogen electrode,

Example 2. The standard potential E, for zine is —0.76 volt at 25° C.
Calculate the solution pressure constant kzn** for zine.
The value for E, was obtained by measuring the e.m.f. of the follow-
ing cell;
Hy(Pt) |[HYQA M) || Zo++(1 M) | Zn

Substituting the value for E; in the Nernst equation, we get

0059 1
—0.76 = 3 log P
1 —0.76

=2 o5y
log 1o+ ~ 50205 6

log kza*+ = 25.76
kzatt = 6 X 10% gram-ions per liter

Such an enormous value (1023) for the concentration of Zn++
ions in a solution cannot be obtained with any known zine salt.
However, it must be remembered that sall k values are relative
and depend upon the arbitrary value of zero assigned to the
normal hydrogen electrode. The enormous value for zine simply
means that the tendency for zine to form ions is very great.

Normal or Standard Electrode Potentials. As explained in
the preceding pages, the potential at the contact between a metal
and a solution of its ions is a measure of the tendency of the
metal to detach electrons and go into solution in the form of ions.
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This electrode potential varies with the concentration of the
solution and hence if is necessary to adopt some standard concen-
tration. The normal electrode potential, also called the molal or
standard electrode potential, is defined as the potential set up by a
metal dipped into a solution of its ions at unit activity, that is, a
solution which contains an effective ion concentration of 1 gram-ion
per 1000 grams of solvent. Since the normal electrode potential is
referred to the normal hydrogen electrode chosen as standard and
given an arbitrary value of zero, it is a relative potential. In order
to indicate whether the metal is positive with reference to the
hydrogen electrode, ie., will plate out, or negative, ie., will
dissolve and thus displace hydrogen, the single potential is given
the sign of the metal. The normal or standard electrode potential
is obtained from a cell of the following type:

Pt(Hs) | H+ion (L M) | M+ QM) | M

The arrangement of such a cell is shown diagrammatically in
Fig. 24,

Case 35, Caleulation of Electrode Potentials.

The potential difference between a metal and a solution of its
ions, referred to the normal hydrogen electrode taken as zero, may
be calculated from the Nernst equation (see page 221).

0059 C
=—log~ 1
E - log p (1)
.059 0.059 1
= 9 log C + log - (2)
n n k

When the concentration, C, of the metal ion is 1 M, the potential
becomes the molal electrode potential, Eo, and since log 1 = 0,
the equation reduces to

0.059, 1
Ey = log -
n k
059 1. )
Substituting Fo for log; in equation (2), we have
0.059
E=Eo+TlogC (3)

By measuring E, the e.m.f. of a cell, such as is illustrated in Fig. 24,
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and substituting its value in equation (3), we can calculate the
molar or standard potential Eo. The value of Ep being known,
the value of the potential at any concentration can be calculated
with the aid of equation (3).

Values of Ey for a number of the elements are given in Table
X1III, which is the well-known electromotive series of the metals.
The metals thus arranged show a decreasing tendency to become
oxidized, i.e., they become poorer reducing agents, while their
ions become more effective oxidizing agents, as you go down the
table. In other words, any metal will reduce the ions of all
metals below it in the potential series, i.e., will displace these
metals from solution., For example, iron will displace copper,
copper will displace mercury, and so on.

TABLE XIII
Stanparp ELectrRopE POTENTIALS aT 25°
Eo
Electrode Half-Cell Reaction (Normal Hydrogen
Electrode = 0)
Lit, Li Lit4+ e=Li —2.960
K+ K K*+ ¢e=K —2.924
Catt, Ca Catt 4 2e=Ca —2.76
Na+, Na Nat4+ e—=Na —2.715
Mg++, Mg Mg+t 4+ 2e= Mg -1 55
In++ Zn Zntt 4+ 2¢e=Zn —0.762
Fe++, Fe Fet+ 4+ 2¢ = Fe —0.441
Cd++ Cd Cd++ +2e=0Cd —0.401
Cot++, Co Cott 4+ 2¢e=Co —0.29
Ni++ Ni Ni++ 4+ 2e = Ni —0 22
Sn*+, 8n Sn++ 4 2e—=5n —0 136
Pbt+, Pb Pb++ 4 2e=Pb —0.122
(H*, H.)Pt H++ e=1H. 0.000
Cu++, Cu Cutt 4+ 2¢=Cu -+0 344
(I, I.)Pt M, + e=1I- +0 535
Agt Ag Agt 4+ e=Ag +0 799
Hg.*+, Hg Hg++ + 2= Hg +0.799
(Br—, Bra)P¢ iBr; + e=DBr- +1.065
(Cl-, Cl)Pt iCl,+ e=Cl- +1.358
Aut+++, Ay Auttt 4 3e= Au +1 38
(F-, Fa)Pt IF, 4+ ex=F- +1.96
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Case 36. Calculation of the E.M.F. of a Cell.

The e.m.f, of any cell is obtained by calculating the potential
difference, X, at each electrode and then taking the algebraic
difference.

Example. Calculate the e.m.f. of the following Daniell cell:

Zn | Zn*++(0.1 M) || Cu++(0 001 M) | Cu
EDZ[nc = - 076 and EOCODDOI‘ = + 034

Substituting the values of E, for zinc and copper, respectively, we have:

For zine,
E=—076 4 %sglog 0.1
== 0.76 + (0.0295 X — 1)
=—0.76 — 0.0295 = — 0.9 volt
For copper,
E =4 034 + 0'{;59 log 0.001

=+ 0.34 4 (0.0295 X — 3)
=+ 0.34 — 0.09 =+ 0.25 volt

The e.m.f. of the cell =+ 0.25 — (—0.79) = 1.04 volts.

Concentration Cells. In the above type of cell, illustrated by
the Daniell cell, the electrodes consist of two different metals
immersed into solutions of their respective ions. By using the
same metal at each pole but immersing it in solutions of different
concentrations, an electric current will flow when the two poles
are connected. Such cells are called concentration cells. Denot-
ing the metal by M, we may write such a cell as follows:

M | M+ ion (dilute) || M+ ion cone. | M
C1 Cs

If E; and E> denote the pole potentials at concentrations €1 and
(s, respectively, then by substituting in the Nernst equation we

get

0.059 ,

= " log —

2 n 8 k1
. C.

) = 0.059 log 2
n ke
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_ _ 0059/ C» 01)
emf. = FE» — E; = " (log " log T

Oxidation and Reduction Potentials. Oxidizing agents (oxi-
dants) and reducing agents (reductants) have already been dis-
cussed (page 29). The oxidizing potential of an oxidant has been
found by experiment to depend upon the logarithm of the ratio of
the concentrations of the oxidized and reduced forms. Likewise,
the reduction potential is dependent upon this same logarithmic
ratio, being numerically the same as the oxidizing potential but
with the sign reversed. In order to compare the oxidizing poten-
tials of various oxidizing agents, it is necessary to adopt some
uniform ratio of the concentration of the oxidized to the reduced
form. The value of thisratio has been takenas1. In other words,
the potentials are determined for solutions containing equal econ-
centrations of the oxidized and reduced forms of the oxidant.
‘When the potential of such a solution is measured against the
normal hydrogen electrode taken as zero, it is termed the standard
oxidizing potential. In Table XIV a few standard reduction
potentials are recorded. By changing the sign of the values of
Ey, the standard oxidizing potentials are obtained for the respee-
tive half-cell reactions.

TABLE XIV
Sranparp Repuction PotENTIALS AT 25°
E,
. (Normal
Electrode Half-Cell Reaction Hydrogen
Electrode =0)

(Sn++++ Snt+H)Pt Snt++t 4 2e = Bnt+ +40.13
(Fettt, FetH)Pt Fet+*+ 4+ e—=TFet+ +0 75
(Hgt++, Hg,tH)Pt Hg*+ 4+ e=31Hg,*+ 40 90
(MnQ,~, Mnt++)Pt MnO,— 4+ 8H+ 4 5e = Mn*+ + 4H.0O +1 48
(Ce++++, Ce"'++)Pt Cet+t+t + e= Ceot++ +1 55
(Crt++, Cr¥HPt Crttt 4 ex=Cr+t —0.40
(I-, I)Ps I-=31,+¢ —0.54
(Br—, Br:)Pt Br-=4Br; 4 ¢ —1-07
(Cl-, Cl,)Pt Cl-=4Cls 4 e —1.36
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If we denote the concentrations of the oxidized and reduced
forms of the oxidant by C,; and C.q, respectively, and let
E(orrea) demote the difference in potential developed in going
from a higher to a lower valence, it can be shown that

0.059 Cox.
E(ox—red.) = n IOg Cmd X CK

0X.

Cred_

where K is the value of the ratio at equilibrium.

Case 37, Calculation of the Equilibrium Constant for Oxida-
tion-Reduction Reactions.

Oxidation-reduction reactions are reversible and consequently
obey the law of chemical equilibrium. That is to say, such reac-
tions proceed in a given direction until equilibrium is established.
The displacement of one metal from solution by another is a simple
example of oxidation and reduction. For instance, a rod of zinc
dipped in a solution of copper sulfate will plate out metallic
copper and at the same time Zn*+ ions will go into solution. Or
in the Daniell cell, when the two poles are connected, zinc is
oxidized in one compartment and simultaneously Cu*+ ions are
reduced in the other. A current will continue to flow so long as
there is a difference in potential of the two poles. When the
difference in potential reaches zero, i.e.,, when equilibrium is
reached, the current stops. The reaction is represented by the
following equation:

Zn°® + Cut+Zn*+ 4 Cu®
Reducing Oxidizing
agent agent

Applying the law of chemical equilibrium, we have

CZn'H' X OCu" _

—— =K
Cza» X Cout

But since Cu® and Zn°® are solids, the values of Cowe and Crzne
will be constant. Hence, the equation reduces to

C zntt

Ceutt

=K
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where K is the equilibrium constant. Its value may be calculated
with the aid of the Nernst equation. Thus, for zinc in equilibrium
with Zn++ ions, we have

0.059

Exlnc = Eo.lm, + 9

log Czui+ (1)

Similarly, with the copper electrode we get

0.059
2

EOODDEE = EOcopper + ]-og CC’UH (2)
At equihbrlum Eune = Eeopper; Eﬂzlnc = — (.76 and EUcopper = 0.34.
Substituting these values and equating equations (1) and (2) we
get

—0.76 + 0.0295 log Cznt++ = + 0.34 4 0.0295 log Cey++

0.0295 (log Czo++ — log Ceutt) = 1.10

Coy

log C:; = 373
Car™* _ & = 1% 1073 = 2 % 107
CCu‘H'

Hence, equilibrium will not be reached until the concentration of
Zn++ jons is 2 X 10%7 times greater than the Cu+t+ ion concentra-
tion. This means that copper is practically completely precipi-
CZn'H‘
CCuH'

less than 1037 and a piece of zine is added, then Zn++ jons will go
Cont

Cout
greater than 1037, no zinc goes into solution; but if a piece of
copper is added, then Cu*+ jons pass into solution and zinc plates
out until the ion concentration ratio becomes 1037, In other
words, the current will flow in the reverse direction.

The value for K can also be calculated from the solution
pressure constants for zinc and copper, kz: and kcu, respectively.
On page 224 these values were calculated to be kzu = 6 X 10%
and kcu = 3 X 10712,

tated from its solution by zine. If the ratio of & solution is

into solution until the ratio equals 1087, If the

ratio is
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The electrode potentials of the above cell are:

0.059 . Cgzn++
Bz = 5 log I::n
0.059 . Cou++
Eco=——
cu 2 log Fon

At equilibrium Ez, = Ecy and hence
0.059 . Ca+  0.059.  Cogt+

g 0B, g 8T
Io Cantt _ lo Coutt
g an N g kCu
Clzat+ - @ -K

Substituting the values of %z, and kcy, we get

Cant+ 6 X 1025

o 3 x 102 — K = 2X 107

Suppose that we take another oxidation-reduction reaction,
for example, the action of chlorine on ferrous ions. The reversible
reaction is written as follows:

2Fe** + Clp = 2Fe+++ 4 2C1—

Applying the law of chemical equilibrium, we have
Clere X Céy

=K
Clzs‘e‘* X CC!:

In a voltaic cell, one electrode would be the ferrous-ferric system
and the other the chlorine-chloride system. Upon connecting
the two systems, equilibrium will be attained when the total
voltage of the cell becomes zero. At equilibrium,

0.059 . C%, 0059 C
Eowet, metth + log 25— = Bowy.an + ——— log 5
n n Cé-

CE s

In Table XIV the standard potential for the reversible
reaction Fet++ 4- e =Fett+ at 25° C. is +0.75 volt, and for


http://Eoiai.cn
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Clz + 26 =2Cl— it is +1.36 volt. Substituting these wvalues,
we get

0.059 .  Crow 0.059, Co,
0.7 4+ —— = 1.36 + —— lop ——
+—5log o +—5 log L
059 2 .
0 log CI; _ 0059 log C:h = 1.86 — 0.75 =+ 0.61
2 Cror 2 -
0.059 . (e X C2p
log =5 =+ 0.61
2 o8 Cies X Coyy +
Cg‘e"""‘ X C%I‘
log— " —— = 2068 =lor K
o8 Cie X Coyy 0.68 = log
K =48 X 1020

This large value for K shows that the reaction 2Fe++ 4 Cl; =
2Fe*++ + 2C]- runs far towards completion, from left to right.

PROBLEMS

1. Calculate the relative equilibrium ion concentration (solution pressure
constant) for silver. The half-cell reaction is Ag* 4+ ¢+ Ag° and the
molar potential is --0.80 volt at 25° C.

Ans. 2.8 X 10~

2. What are the values of the solution pressure constants for iron in the
following half—ell reactions: (a) Fe** + 2¢ = Fe®, and (b) Fett+ 4-3e =
Fe®? The standard electrode potential for (a) is —0.44 volt and for (b) is
—0.04 volt at 25° C.

Ans. (a) 8.3 x 10"
& 1.1 Xx 10%

3. The pormal electrode potential for bromine is 41.07 volt at 25° C.
Calculate its solution pressure constant,
Ans. 5.4 X 10-%.

4. Caleulate the solution pressure constants for the following half-cell
reactions: (@) Lit +e=1i° (b) Sn** +4-2: = 5n"° and () Hg:** + 2=
2Hg®. The molar or normal electrode potentials at 25° C. are: {@) —2.96
volts, (b) —0.14 volt, and (c) +-0.80 volt.

Ans. (g) 1.6 X 10%,
(B) 5.6 X 104
(c) 7.6 X 10—,

5. Iron displaces copper from solutions of copper salts according to the
reaction;
Cut+ + Fe® = Cu® 4 Fet+
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The molar potential for iron is —0.44 volt and for copper +40.34 volt at 25° C.
Calculate the equilibrium constant for the reaction.
Ans. 2.8 X 10%,

6. The solution pressure constant for zine is 6 X 10 and for mercury
8 X 10—, Calculate the equilibrium constant for the reaction in which
metallic zine displaces mercury from solution.

Zn° + Hg**=Zn*+ 4+ Hg°
Ans. 7.5 X 10%,
7. Calculate the em . of the following Daniell cell:

"Zn | Z0++(0.001 M) || Cu++(0.01 M) | Cu
Eoy,, =— 0.76 and Eowpw = 0.34
Ans. 1.13 volt.

8. What is the e.m.f, of the following concentration cell?

Ag| Ag*(0.01 M) || Ag*(0.1 M) | Ag
Ans. 0.059 volt.

9. Caleulate the value of the equilibrium ratio 5-— for the half-cell
resction: cr
Cl® 4 2e = 2C1-
= 1.36 volt
Ans. 7.9 X 109,

10. The normal reduction potential of the following electrode reaction is
+0.75 volt at 25° C.: Fet++ 4 ¢=Fet+. What is the value of the equi-
Fettt

Crot* !

hibrium ratio
Ans. 1.95 X 1073,
11. Calculate the equilibrium constant for the reaction:
oFe++ 4- [y = 2Fe+++ 4 2]~

Eouwet™+, Ferh =076 and Eyu1 10 =- 0.54
Ans, 7.6 X 1078,

12. What is the equilibrium constant for the reaction:

Cl; +2I-=2Cl~ 4+ I?
=34 136 and Eolodlne =4 0.54
Ans. 6.3 X 107,
13. Culeulate the value of the equlhbnum constant for the following
oxidation-reduction reaction:
5Fett -+ MnQO,~ + SH* = 5Fe*++ 4+ Mn++ 4 4H,0
Eypott+, poth =+ 075 and  Eopunoi-, math =+ 1.5
dns. 3.2 X 10%,

Eoohlorlna
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14, Calculate the value of the equilibrium constant K for the following

reversible reaction:
2Fe*t 4 Cl. = 2Fe+++ 4 2Cl—
kmettt Foth = 1.3 X 1071 and k@, o0 =8 X 10-V7
Ans. 2.1 X 1020,

Czatt
Ccu++
i.e., at this ratio the potential of the cell is zero. Suppose the following
substances to be added in slight excess, and in succession, to the copper
solution of the cell: NaOH, (NH,):S, and KCN. Explain what would happen
after the addition of each compound.

15. The equilibrium ratio

in the Daniell cell is approximately 10%7;



CHAPTER XX
CHEMICAL KINETICS

Up to this point we have considered the equilibrium established

when the speeds of the forward and reverse reactions become
0 the following paragraphs we shall consider the velocities of reac-
tions and the intermediate steps taken in reaching the final results.

e vast majority of inorganic reactions take place at such high
rates that it is impossible to measure their velocities. Thus, in the
neutralization of an acid by a base, th/e reaction is almost instanta-
neous. There are a few exceptions to this rule, for example, the
decomposition of hydrogen peroxide and the oxidation of sulfur
dioxide. These reactions proceed slowly enough to permit the
measurement of their rates. In contrast with the reactions of
inorganic chemistry, organic reactions are generally relatively
slow. For example, the reaction between an alcohol and an acid to
form an ester and water takes place very slowly at room tempera-
ture and its progress can be followed easily.

Reaction kinetics is concerned_with the velocities of reactions,
and with what happens during their courses.) The problems of
reaction kinetics are much more difficult and our knowledge is
much less complete than in thermodynamics and its applications,
where we are concerned only with the initial and final states of a
system and not with what happens during the process. Often two
or more reactions are taking place simultaneously, and sometimes
the presence of a small quantity of impurity or catalyst has a pro-
pounced effect upon the reaction velocity. Such factors make it
difficult, if not impossible, to obtain consistent results experimen-
tally. In a mixture of several organic substances, there may be a
large number of different products thermodynamieally possible but
the predominating product will be the one produced by the fastest
reaction. Hence it may be possible to obtain any desired one of
several possible reactions by changing the concentrations or the
temperature, or by adding & specific catalyst. Unless it is possible
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to cause the desired reaction to proceed much faster than all the
other possible reactions, & low yield will be obtained. Another
point to keep in mind is the fact that there is no apparent relation
between reaction rate and chemical affinity. Certain reactions are
80 mild that only a few thousand calories of heat per mol are
liberated in their courses, but the velocities are so high that they
have not been measured. On the other hand, some reactions are
so violent that they produce a great amount of heat and yet
their reaction rates are immeasurably slow at ordinary tempera-
tures in the absence of a catalyst. .

The Order of Reactions. When only one molecule of a single
substance undergoes change, the reaction is Talled monomolecular,
or a reaction of the first order, and the rate of reaction is directly
proportional to the concentration. When two molecules (of either
the same or different species) react, the reaction is dimolecular, or a
reaction of the second order. Correspondingly, we may have
reactions of the third, fourth, or higher orders, although orders
higher than the third are extremely rare. Each of these reaction
orders may be treated mathematically, but space does not permit
the reproduction of the equations here. The student is referred to
a textbook on physical chemistry. Inspection of these equations
shows that each of them contains a constant, %, which is called the
velocity constant, or better, the specific reaction rate of the reaction
in question. @should be pointed out that, if a reaction is allowed
to proceed until equilibrium is reached, the equilibrium constant,
K, derived for the mass action law equation, is determined by the
ratio of the specific reaction rates of the forward and the reverse
reactions (k1 and ke, respectively). The equilibrium constant,
however, can tell nothing of the absolute velocities of the two
separate reactions. '

Monomolecular reactions are the simplest to treat mathe-
matically, but they are much more diffieult to explain chem-
ically. The decomposition of nitrogen pentoxide into oxygen and
a mixture of nitrogen dioxide and nitrogen tetroxide is a good
example of a reaction of this type. The following equation repre-
sents the total reaction:

N205 — 2NO; + 10,

1
N204
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‘The polymerization of the NO, to N2O4 does not affect the mono-
molecular character of the reaction as a whole becguse the velocity
of the latter reaction, separately, is so great that it has never
been measured.

Bimolecular reactions are by far the most common type;
as an example, we shall consider the saBoniﬁcatign of an ester
by an alkali as represented by the equation,

CH3COOC;:H; + NaOH — CH;COONa + C;H;0H

This reactiont has been studied by several investigators. One of
the interesting points is the fact that it is the hydroxyl ion rather
than the NaOH molecule that is involved in the reaction. The
proof is based upon the fact that, if a dilute solution of Ba(OH)
is used instead of NaOH, the rate of saponification still follows
the bimolecular equation rather than the trimolecular equation,
as would have been expected if the reaction involved the combina-
tion of a barium hydroxide molecule with two ethyl acetate
molecules,

Only a few trimolecular reactions are known, because they
involve the simultaneous collision of three molecules, and collisions
of this type are quite rare. An example of this type, however, is
the reaction between ferric chloride and stannous chloride, since
in dilute agueous solution the equation representing the change
can be written

2Fet++ 4 Sp++ — 2Fet++ | Sp++++

involving the collision of three ions. As with a number of other
trimolecular reactions, secondary reactions take place, and when
the conditions are varied, the constancy of % is not very satis-
factory.

Several methods are available for determining the reaction
order. One method involves simply the substitution of the con-
centration data into the different velocity equations, and the one
which gives a constant value for & throughout the course of the
reaction is the one corresponding to the order of the particular
reaction being investigated. The order may be determined graph-
ically by observing which of the following functions of the con-
centration, ¢, gives a straight line when plotted against the time, ¢:

1. Log ¢ vs. i—Monomolecular reaction.
2. 1/c¢ vs. i—Bimolecular reaction.
3. 1/c% vs. i—Trimolecular reaction.
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Many reactions are observed to follow the monomolecular
equation when in reality they are not truly monomolecular. Such
reactions are known as pseudo-monomolecular reactions. One
example of a reaction of this type is the inversion of cane sugar,
which takes place according to the following equation in the
presence of a small amount of free acid:

Ci2H22011 -+ H20 — CeH1205 + CeH 1206
Fructose Glucose

This reaction is really bimolecular, and the water takes an active
part; but since it is also the solvent, and therefore present in con-
siderable excess, the amount used up in the course of the reaction
does not appreciably change its concentration. If we started
with a 0.5 M solution of cane sugar, the concentration of the
water is reduced less than one per cent when the reaction is com-
plete. The bimolecular equation reduces to the monomolecular
equation when the concentration of one of the reactants is con-
stant, and therefore this reaction follows the monomolecular
equation quite closely.

Another pseudo-monomolecular reaction is the decomposition
of hydrogen peroxide. Hydrogen peroxide is fairly stable when it
is protected from contamination, but decomposes rapidly upon the
addition of a small amount of some such substance as ferric
chloride. Although this reaction also involves two substances, the
ferric chloride is not used up in the reaction, and at the end just as
much of it is present as at the beginning, In other words, the
concentration of the ferric chloride remsains constant and the
reaction appears to follow the monomolecular law, the rate
depending only upon the concentration of the hydrogen peroxide.
Reactions of this type are called catalytic reactions, and the ferrie
chloride is called a catalyst. In the inversion of cane sugar, the
small amount of free acid, or rather the hydrogen ion, acts as a
catalyst for the reaction. It may be well to emphasize here the
difference between the function of a catalyst and that of the water
in the inversion of cane sugar. The concentration of the water
remains practically constant because it is present in large excess.
Only a small amount of catalyst need be used, and its concentration
remains constant because it is actually used over and over again
and remains unchanged at the end of the reaction.
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Catalysts. A catalyst may be defined as a substance which
changes the velocity of a chemical reaction but which jtself remains
unchanged when the reaction is complete. The process of chang-
ing reaction rates is called catalysis. Catalysts may be either
positive catalysts or negative catalysts, depending on whether they
increase or decrease the reaction rate. Most catalysts increase the
rate and are called simply “ecatalysts.” It must be remembered
that a catalyst cannot shift the equilibrium point of a reaction.
The catalyst accelerates the reverse reaction to the same extent as
the forward reaction, so that their ratio, the equilibrium constant,
remains unchanged. Moreover, a catalyst cannot initiate a reac-
tion; it can only change the speed with which equilibrium is
attained.

A special kind of catalysis, called contact catalysis, involves the
adsorption on the surface of a solid of molecules from the gaseous
phase or from solution. Molecules thus adsorbed are often (but
not always) in a very reactive state, and there is opportunity for
the formation of new products. Catalytic reactions at surfaces
generally involve adsorption, although the converse is not neces-
sarily true. The rates of catalytic reactions at surfaces depend
principally upon the fraction of the surface that is covered by the
adsorbed molecules. With gases, for instance, if the surface is
nearly bare, the partial pressure or concentration of the gas
determines the extent of adsorpfion, and in turn the rate of
reaction. Since the rate depends upon the concentration, such
reactions follow the monomolecular law and are of the first order.
If the surface becomes practically “saturated,” however, increasing
the pressure cannot cause more molecules to come in contact with
the surface, and the rate becomes independent of the pressure.
Such reactions are said to be of “zero order.”

Another special type of catalysis is known as auto-catalysis.
Usually, of course, a given reaction starts out at the maximum rate
and proceeds more and more slowly as the concentrations of the
reactants decrease. Sometimes, however, one of the products may
catalyze the reaction and temporarily increase the rate. Such a
substance is called an auto-catalyst, and the rates of such reactions
increase for a time during the early course of the reaction, pass
through a maximum, and then gradually decrease.

Catalysts have many applications in industrial chemistry.
Several may be mentioned: the Haber process for the synthesis of
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ammonia from hydrogen and atmospheric nitrogen; the synthesis
of methanol from ecarbon monoxide and hydrogen; Sabatier’s
hydrogenation and dehydrogenation processes; and the removal
of carbon monoxide from air by ‘‘ Hopealite,"” a catalytic mixture of
certain metallic oxides.



CHAPTER XXI

THERMOCHEMISTRY, ELECTROCHEMISTRY, AND
PHOTOCHEMISTRY

THERMOCHEMISTRY

Most chemical reactions are accompanied by a thermal change.
Generally, heat is evolved. Such reactions are called exothermic.
A few chemical changes take place with an absorption of heat and
are termed endothermic reactions. Chemical reactions unaccom-
panied by any thermal change are indeed very rare and are almost
entirely confined to the reciprocal transformations of optical
isomers. Thermochemistry deals with the thermal changes accom-
panying chemical reactions.

Heat is a form of energy and hence may be resolved into two
factors: an intensity factor (temperature) and a capacity factor
(heat capacity). The product of these two factors is the thermal
energy, which may be measured in any one of several units. A few
of the most frequently employed thermal units are: the small
calories (cal.), the quantity of heat required to raise the tempera-
ture of 1 gram of water from 15° to 16° C.; the large or kilogram
calorie (Cal.), the quantity of heat required to raise 1000 grams of
water from 15° to 16° C.; the joule (.}, a unit based on the c.g.s.
system which is equal to 107 ergs; and the kilojoule (J.), equal to
1010 ergs. These different thermal units are related as follows:

1 cal. = 0.001 Cal. = 4.185 j. = 0.004185 J.

Thermochemical equations or energy equations express not only
the quantitative chemical weight relations but also the increase
in heat content (A H) in passing from the reactants at the left
of the equation to the reaction products on the right. For example,

C(s) + Oz{g) = CO2g) A H =—94,400 cal.
12g.  32g Mg
241
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This equation indicates that 12 g. of solid carbon and 32 g. of
gaseous oxygen contain 94,400 cal. more energy than does 44 g.
of gaseous carbon dioxide, at the same temperature. In writing
energy equations, it is necessary to designate the state of aggrega-
tion of the reactants and resultants, since the energy content of &
substance is not the same in the gaseous (g), liquid (I), and solid
(s) states. The heat changes accompanying chemical reactions
are measured in an apparatus called a calorimeler.

Laws of Lavoisier and Laplace, and of Hess. The first law of
thermochemistry was enunciated by Lavoisier and Laplace in 1780
and states that the quantity of heat required to decompose a
chemical compound is exactly equal to the heat evolved when the
compound is formed from its elements. This law is a direct
corollary of the law of the conservation of energy, or the first law
of thermodynamics, which was clearly formulated by Mayer in
1842.

The second law of thermochemistry, discovered by Hess in
1840, states that the heat evolved in a chemical process is the
same regardless of the number of steps taken. It is called the
law of constant heat summation.

Heat of Formation. So far it has not been possible to determine
the absolute heat contents of chemical compounds, but their
heats of formation can be calculated by assuming that the heat
content of each element is zero when in the standard state. Thus,
the heat of formation (A H) of carbon dioxide is —94,400, since
04,400 cal. of heat is evolved in the formation of 1 mol of the
gas from its elements.

Heat of Solution. The thermal change which takes place
when 1 mol of a substance is dissolved in a volume of solvent so
large that subsequent dilution produces no further thermal change
is called the heat of solution.

Heat of Hydration. The difference between the heat of solu-
tion of an anhydrous salt and that of its hydrate is called the
heat of hydration.

Heat of Dilution. When a solution of a specific concentration
is diluted, the heat evolved, or absorbed, per mol of solute is termed
the heat of dilution.

Heat of Combustion. The heat evolved during the complete
oxidation of unit mass (the mol, in physicochemical calculations)
of a substance is called its heat of combustion.
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Heat of Neutralization. When dilute solutions of strong acids
and strong bases are mixed in equivalent amounts, the heat evolved
is practically the same in each case, namely, 13,800 cal. According
to the electrolytic dissociation theory, the neutralization of any
strong acid by any strong base is due entirely to the combination
of hydrogen and hydroxyl ions to form undissociated water. Hence,
AH for the jonic reaction, H+ 4+ OH~ — H:0, is —13,800 cal.
This is the heat of formation of water from its ions, and is termed
the heat of neutralization. This must not be confused with the
heat of formation of water from its elements, which is —68,000 cal.

ELECTROCHEMISTRY

The science of electrochemistry had its birth at the beginning
of the nineteenth century when Volta discovered that electrical
energy could be obtained from chemical energy. This he accom-
plished by an apparatus he devised, which was simply a pile of
dises of zinc and silver placed alternately one above the other,
the silver disc of one pair being separated from the zine dise of
the next pair by blotting paper soaked in brine. By connecting
the top and bottom disecs with wires, an electrical current was
found to flow, sufficient to produce a shock when their ends were
touched with moist fingers. Such an apparatus is called a voltaic
or galvanic pile (battery). This was an epoch-making discovery,
and shortly afterwards Nicholson and Carlisle (1800) decomposed
water and Davy (1807) isolated the alkali metals electrically.

Electrical energy may be produced by various chemical reac-
tions, which are all of one type, according to the electronic theory,
namely, oxidation (loss of electrons) at one electrode and reduc-
tion {gain of electrons) at the other électrode.

In 1827 Ohm discovered an important law of electrical con-
ductance. It is known as Ohm’s law and may be stated thus:
The electric current I is proportional to the voltage £ and in-
versely proportional to the resistance R:

Volts
Ohms

I =g or Amperes =

The ampere is the current of electricity which will deposit silver
from & solution of silver nitrate at the rate of 0.00111$ g. per
second. The volt is the unit of intensity, or the potential difference
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between the electrodes (electromotive force, e.m.f.). The ohm
is the unit of resistance. The coulomb is the unit quantity of
electricity; it is the amount of electricity which passes when a
current of 1 ampere flows for 1 second. The faraday (F.) is 96,500
coulombs and is the quantity of electricity carried by 1 gram-
equivalent of any ion. This electrical unit was named for Faraday
whose experimental study (1833-1834) of electrelysis led him to
discover two fundamental laws of electrolysis. These laws may be
stated thus: (1) The mass of any substance liberated at an
electrode during electrolysis is proportional to the quantity of
electricity passed through the electrolytic cell; (2) when the
same quantity of electricity passes through different electrolytes,
the masses of the substances liberated at the electrodes are pro-
portional to their chemical equivalents.

Conductance. The specific resistance of a solution is the
resistance in ohms of a centimeter cube of the solution. The
specific conductance is the reciprocal of specific resistance; it is
stated in reciprocal ohms (r.0.), or mhos, and is generally desig-
nated by the Greek letter x. In practice, it is convenient to express
conductance in terms of the equivalent concentration, since the
conductance depends almost entirely upon the amount of solute
present. The equivalent conductance ! is the conductance (in
reciprocal ohms) of a solution containing 1 gram-equivalent of
solute held between two large flat electrodes 1 cm. apart and is
generally designated by the Greek letter A. If V represents the
volume of solution in cubic centimeters which contains 1 gram-
equivalent of solute, then

A=«

Conductance measurements must be made at some definite and
convenient temperature, since the numerical values vary with the
temperature. As the concentration of a solution is decreased, its
specific conductance decreases but its equivalent conductance

1 The molar conduclance, designated by the Greek letter z, was used by
Ostwald and by H. C. Jones and his co-workers. It is defined as the con-
ductance of a solution contaming 1 gram-mol of solute held between two large
flat electrodes, and its value may be obtained by multiplying the specific
conductance, x, by the number of liters (not cubic centimeters) required to
contain 1 gram-mol of solute. The values of x given by Ostwald and by
Jones are based on the Siemens resistance unit and must be multiplied by
1.066 to reduce to reciprocal ohms.
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increases at first and then approaches a limiting value called the
equivalence conductance, A=, at infinite dilution.

Conductance and Ionization. We have already pointed out in
discussing Arrhenius’ electrolytic dissociation theory (page 80)
that the conductance of solutions of electrolytes is due to the
presence of ions which are the current carriers. If conductance
is due to the ions alone and if maximum equivalent conductance
means complete ionization, it is obvious that the ratio of the
equivalent conductance A, of an electrolyte solution at any given
dilution v to its equivalent conductance A« at ““infinite” dilu~
tion is a measure of the degree of its ionization, Expressed
mathematically,

A,
o= —
Ax

where « is the degree of dissociation or ionization, Multiplying
a by 100 gives the percentage ionization.

This relationship is not strictly true, since the velocities of the
ions have an effect. on electrical conductance and ionie velocities
are affected by concentration due to variation of the interionie
attraction. However, the simple equation of Arrhenius is ade-
quate for dilute solutions of weak electrolytes. Moreover, since
there is no sharp dividing line between weak electrolytes and
strong electrolytes, the equivalent conductance ratio serves as a
convenient method of determining the approximate degree of
ionization of electrolytes.

For strong electrolytes, the value of A= may be found by extra~
polating the conductance values obtained at finite concentrations
down to 0.0001 3, when little or no apparent increase in conduc-
tance is observed. This method for obtaining A« cannot be used
with weak electrolytes on account of experimental difficulty in
making accurate conductance measurements at concentrations
below 0.0001 M. Fortunately, Kohlrausch has shown experi-
mentally that the equivalent conductance A« at infinite dilution
of different electrolytes is equal to the sum of the conductances
of the individual ions.

Let us examine the law of Kohlrausch. The conductivity of a
solution of an electrolyte depends on three factors: (1) the
number of ions between the electrodes, (2) the valence (i.e., number
of charges), and (3) the velocity with which the ions move, For
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example, in a solution of NaCl the numbers of Na* ions and of Cl-
ions are equal, and the valences are also equal. However, the
velocities of migration (mobilities) of Na+ ions and of Cl— ions are
different. Their relative velocities have been observed. Since
the numbers of Na* ions and of Cl~ ions and the valences are
alike, the value of the conductance at infinite dilution can be
divided between the ions. By stating the ionic velocities (relative)
in the same unit as the ionic conductance, their sum will equal the
equivalent conductance at infinite dilution. This relationship is
known as Kohlrausch’s law and may be expressed as follows:

Ax =Ab+ﬂ.a (1)

where A, and A, are the equivalent conductances of the cation
and anion, respectively, at infinite dilution.

At any given dilution v, the degree of ionization is @, and,
hence, there will be present in the solution « equivalents of the
cation and anion per gram equivalent of electrolyte. Therefore,
the equivalent conductance of the solution will be:

Ay = a(Ap + AJ) 2)

By dividing equation {2) by (1) we obtain the Arrhenius equation
for the value of «, namely

o

a== @)

0

.

Ionic conductances at infinite dilution and for various tem-
peratures may be found in published tables, and, hence, in order
to determine « of a given electrolyte, it is usually only necessary
to measure its conductance, A,, at any convenient temperature
and then substitute in the Arrhenius equation. A few ionie con-
ductances at infinite dilution and at 18° are given in the following
table.

In addition to the determination of the degree of ionization
of solutions of electrolytes, other important applications of con-
ductance measurements are: (1) the determination of the dissocia-
tion of water; (2) measurement of the degree of hydrolysis of
various salts; (3) estimation of the basicity of organic acids;
(4} detection of end-points in various volumetric titrations (col-
ored solutions, turbid solutions, neutralizations, precipitations,
ete.); and (5) determination of the solubilities of slightly soluble
salts,
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TABLE XV

Tonic CoNbpucrances ar InFmniTe DmLorion
{Temperature 18°)

Cation Ap Anion Aa
Lit 33.0 Cl- 65 3
Na+* 43.2 Br- 67.4
K+ 64.3 I- 66 3
Rb+ 67 6 ClO,— 54.9
Cst 67.5 10.~ 338
NH,* 64.5 NO,- 617
Tl+ 655 C;H,0.- 350
Agt 53 9 180, 68 0
1Zn++ 45 B 1C0,~ 70.0
IMg*++ 45.0 | 1C0.- 61.0
1Ba++ 55.0 OH- 173.8
$Pb++ 61 0

H* 315 2

The Electromotive Series of Metals. The electromotive series
arranges the metals in the order of their activity. The alkali and
alkaline earth metals are the most active and the noble metals
the least. It is called the electromotive series because the order
in which the metals are arranged can be determined with a high
degree of accuracy by electromotive-force measurement of electro-
chemical cells. Hydrogen is taken as a reference standard.
Although it is not a metal, yet it behaves chemically as a metal.
It combines with non-metals and with non-metallic groups of
atoms (radicals) to form acids. Any metal above hydrogen in the
electromotive series will replace the acidic hydrogen atoms in the
molecules of acids. In general, any metal in the electromotive
series will replace a metal below it from compounds of the latter,
and hence the series is often called the replacement series of the
metals. For example, if an iron nail is placed in a solution of
copper sulfate, copper is plated out on the nail and an equivalent
amount of iron goes into solution as iron sulfate.

CuS04 + Fe — FeS04 + Cu
Similarly, if a strip of copper is placed in & solution of silver
nitrate, it becomes coated with pure silver and an equivalent
amount of copper goes into solution as copper nitrate.
2AgNQ3 + Cu — Cu(NO3)z + 2Ag
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The reverse reactions will not take place under normal conditions.
The electromotive series is a very valuable aid in determining the
resistance of the metals to corrosion and the stability of their
compounds. In general, the more active metals are less resistant
to corrosion and to the action of chemicals but their compounds
are more stable than those of the less active metals.

TABLE XVI

Tup ELECTROMOTIVE SERIES OF METALS

Cesium

Rubidium

Potassium

Sodium

Lithium

Barium

Strontium

Caleium

Magnesium

Aluminum

Manganese

Zine

Chromium

Iron

Cadmium

Cobalt

Nickel

Tin

Lead

HYDROGEN

Antimony

Bismuth

Arsenic

Copper

Mercury

Silver

Palladium

Platinum

Gold

Iridium

Rhodium

Osmium
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PHOTOCHEMISTRY

Radiant Energy. Photochemistry is that branch of chemistry
which deals with chemical reactions produced by radiation, usually
in the visible or ultra-violet regions of the spectrum. Infra-red
light seems to be too inactive to produce chemical reaction, and
X-rays and cosmic radiation are too penetrating to be very effective
in an ordinary vessel. However, when visible or ultra-violet
light strikes molecules, their outer or valence electrons may be
displaced and the molecules may thus become sufficiently activated
to react.

When light strikes a substance, a portion of the incident radia-
tion is absorbed, a portion is reflected, and a portion is transmitted.
Kirchhoff (1859) was the first to state clearly the relation between
the emissive and absorptive powers of different bodies, namely,
that light of any given wave-length emitted by a body can also be
absorbed by the same body at a lower temperature. Expressed
mathematically, this law may be written E/4 = S, where E is
the emissive power of & body, A is its absorptive power, and Sisa
constant. When absorption by a body is complete, A =1 and
E =8. A body which absorbs all the incident radistion and
reflects none is called a black body, or better, a perfect radiator.

Kirchhoff’s law offers a satisfactory explanation of the Fraun-
hofer lines {dark lines) in the solar spectrum, attributing them to
the absorption of certain wave-lengths (i.e., those emitted at higher
temperature) by the sun’s gaseous atmosphere which is composed
of vaporized elements from the sun’s hot center. Thus the
astronomer has been able to determine the composition of the sun.

In 1879, Stefan discovered an empirical relation between the
total radiation of a body and its temperature. He believed this
relation to hold for all bodies, but Boltzmann (1884) derived the
same relation thermodynamically and showed that it is strictly
applicable only to black bodies. The Stefan-Boltzmann law
states that the total radiation from a black body (perfect radiator)
is directly proportional to the fourth power of the absolute tem-
perature., Expressed as an equation the law is,

S =oT4

where S is the total radiation, 7T is the absolute temperature, and
¢ is a constant.
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In 1900, Planck advanced the idea that radiation is emitted
and absorbed discontinuously in integral multiples of a funda-
mental unit which he called a quantum ¢, and that the energy of a
quantum is proportional to the frequency of the light. This
relationship was found to hold frue over the whole range of the
spectrum and it led to the quantum theory, the fundamental
equation of which is € = hv, where » is the frequency of the light
and A is Planck’s constant 6.55 X 10—27 erg-second.

A number of interesting phenomena are accompanied by the
emission of visible light, for example, lJuminescence (** cold-light ),
chemiluminescence, fluorescence, phosphorescence, tribolumines-
cence, and electroluminescence (cathodo- and radioluminescence).

Absorption and Reflection. We have just considered the laws
governing the emission of light and now turn to a brief discussion
of the laws which deal with the absorption and reflection of light.
According to Lambert’s law, the intensity of light, I, after passing
through & uniformly absorbing medium depends on the intensity
of the incident light, Iy, and the thickness, I, of the absorbing
medium. It may be expressed matbematically by the following
equation:

1
k=17
where % is a constant which is characteristic of the absorbing
medium and the wave-length of the light. It is called the absorp-
tion coeficient. This equation written in the exponential form

becomes
I = Ioe'”

In 1852, Beer extended Lambert’s law to the absorption of
light by solutions. He pointed out that in solutions the absorption
depends not only on the thickness but also on the concentration.
Beer’s law may be written as follows,

I= Ioe_ﬂc

where ¢ is the concentration of the solution and %’ is a constant
characteristic of the solute and the wave-length, Another way of
stating Beer’s law is: When equal heights or thicknesses of two
solutions give the same intensity of color, the concentrations of
the solutions are equal; ‘when equal color intensity is obtained
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from different heights of two solutions, the concentrations are
inversely proportional to the heights. Beer’s law is the basis of
colorimetric analysis and holds only where the color formations
in the solutions to be compared are perfectly formed and stable,
or are the same in both solutions.

Photochemical Laws. As early as 1818 Grotthuss stated that
only those rays of light which are absorbed can produce chemical
change. However, it does not follow that a echemical change must
accompany the absorption of light, and, as a matter of faet, the
absorbed radiation is usually converted into heat. Only a portion
of the rays absorbed are directly involved in effecting a chemical
change,

In the interpretation of photochemical reactions, Einstein's
(1912) law of photochemical equivalence has proved to be of great
value. This law states that in the primary photochemical process
each molecule is activated by the absorption of 1 quantum of
radiation.

The Spectroscope. The spectroscope was invented by Bunsen
and Kirchhoff about 1860 and has been one of the most important

T'1a. 26

research instruments during the past three-quarters of a century.
QOne of its principal uses is in the detection of elements. The
instrument (Fig. 25) is shown diagrammatically n Fig. 26. It
consists essentially of a triangular prism A, which disperses the
light rays of different wave-lengths, producing & spectrum; a
tube B with a collimator containing an adjustable slit, which
admits the light; a small telescope C for viewing the spectrum;
and a scale D for determining the relative positions of the spectral
lines. When a sodium-containing flame is viewed through the
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telesoope, a very brilliant yellow line (actually two lines close
together) is observed. Potassium gives a red line and a blue line;
lithium gives a red line and an orange line; thallium produces a
green line; and so on, each element under appropriate conditions
exhibits a characteristic spectrum. Emission spectra of a few of
the more common elements are shown in the plate opposite.

The spectroscope is the most sensitive instrument known for
the detection of elements. In faet, it was by means of the spectro-
scope that helium was discovered. It was observed in the solar
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spectrum during the eclipse of the sun in 1868 but was not isolated
until 1895, when Ramsay liberated it from a specimen of uraninite
(clevite) by heating the mineral with sulfuric acid and collecting
the gas. Upon observing the spectrum of this gas, it proved to be
identical with that of solar helium,

Calibrating the Spectroscope. The spectroscope is first ad-
justed. This is accomplished as follows: Place a lighted Bunsen
burner in front of the collimator about 4 inches from the slit.
Introduce into the flame, near its base, a little sodium chloride
held in a loop on the end of a platinum wire. Look through the
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telescope, rotate the slit until the sodium line is vertical, and
then focus sharply by moving back and forth the sliding tubes of
the telescope and collimator containing the slit. Illuminate the
scale with a small electric bulb and then sharply focus the scale.
The mean wave-length of the two fine sodium lines is 5893 X 10~7
mm. Since 10~7 mm. is an Angstrom 2 unit (4.), the mean wave-
length of the sodium lines is 5893 A. Record the scale reading
corresponding to the sodium lines. In & similar manner observe
a number of other elements and record the scale readings corre-
sponding to one or more characteristic spectral lines of each.
Now plot scale readings as abscissas and the corresponding wave-
lengths as ordinates. Draw a smooth curve through all the points,
thus making it possible to convert intermediate scale readings into
wave-lengths. A typical calibration curve is shown in Fig. 27.

2 A Swedish physicist noted for his research in optics.



CHAPTER XXII

ELECTRICAL THEORY OF MATTER, RADIOACTIVITY,
AND ATOMIC STRUCTURE

ELECTRICAL THEORY OF MATTER

According to the kinetic-molecular theory all matter, solid,
liquid, and gaseous, is made up of extremely minute particles
called molecules, each of which has properties identical with those
of the whole mass, Furthermore, the molecules are composed of
atoms of elements combined in definite numbers, and the molecules
are in continuous motion. The energy of motion of the molecules
is called kinetic energy. It is believed that all matter has a dis-
continuous structure, that is, it is made up of distinet particles.
Particles of matter in the gaseous state have much greater freedom
of motion than those in the liquid and solid states. (Gases are
practically non-conductors of electricity under ordinary condi-
tions. However, if a sufficiently high potential difference is
established between two points in & gas, an electric spark is pro-
duced between the points. If the gas be sealed in a glass tube
which is connected to a vacuum pump and the pressure is gradually
lowered, a marked difference in the character of the discharge and
the potential necessary to produce it will be observed. As the
pressure is lowered the spark becomes more uniform and broader
until finally, when & pressure of a few tenths of a millimeter is
reached, the cathode (negative electrode) becomes surrounded by 2
luminous layer and between this and the anode there appears &
series of striations separated by dark spaces. The current is con-
dueted partly by electrons and partly by gas ions. When the outer
electrons are removed from molecules they become positive gas
ions, and when electrons attach themselves to molecules, negative
gas ions are formed. These gas ions are similar to electrolytic ions
except that they are not governed by stoichiometrical valence
numbers and they are formed largely by the current itself, whereas
electrolytic ions are present before the current passes.

254
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When the pressure is reduced to about a hundredth of a milli-
weter the luminous striations vanish and the walls of ihe glass
tube opposite the cathode become faintly Iuminescent, the color
depending on the kind of glass. This phenomenon, called cathodo-
luminescence, is due to the bombardment of the walls of the
glass tube by negative particles projected from the cathode.
These cathode rays are streams of electrons.

The discovery and study of the properties of cathode rays by
Sir J. J. Thomson, Sir William Crookes, and others laid the foun-
dation for our modern theory of atomic structure. We may
briefly summarize a number of the properties of cathode rays:
they travel in straight lines normal to the cathode; they are
stopped by opaque objects and cast the shadow of such an object
placed in their path; they can produce mechanical motion; they
cause a rise in the temperature of objects which they strike;
they cause many substances to show cathodoluminescence; they
can be deflected from their rectilinear path by either a magnetic
field or an electrostatic field; they can penetrate thin sheets of
metal; they cause the formation of fog when directed into super-
cooled water vapor; and, finally, cathode rays carry a negative
charge which has been found to have a value of 4.774 X 10—10
electrostatic unit. The determination of the charge on the elec-
tron permits the most accurate method for caleulating Avogadro’s
constant, X, i.e., the number of molecules in a gram-molecule.
This turns out to be 6.06 X 10%? molecules. The mass of the
electrop is 1/1845 times the mass of the hydrogen ion. Since
hydrogen has an atomic weight of 1.0078, it follows that the
electron must have an “ atomic weight * of 0.00054.

Positive Rays. Electrons move with an enormous velocity
under the influence of a high potential in a vacuum tube, and when
they strike residual gas atoms in the tube, they remove one or
more electrons, leaving the atoms with a positive charge. The
anode immediately repels these positively charged atoms, sending
them with high velocity towards the cathode. By using a per-
forated eathode, the positively charged atoms pass through the
cathode and their properties may then be studied. They are called
positive rays, and Aston has developed an apparatus, based upon
Sir J. J. Thomson’s method for determining the masses of posi-
tively charged particles, which he calls a “mass spectrqgraph.”
By means of this apparatus, Aston (1919) was able to obtain direct
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experimental evidence of isotopes, i.e., elements that have prac-
tically the same chemical and spectroscopic properties but differ
in atomiec weight. Several years before Aston’s work, Soddy
and others had predicted the presence of such elements. In fact,
Soddy even placed different elements in the same position in the
periodic table in his attempt to assign places for the radioactive
elements and proposed the name isotope for elements occupying
the same position in the table.

Aston discovered that many elements are mixtures of isotopes,
and, by determining the relative abundance of the different isotopes
present in these elements, he was able to explain why some of them
have atomie weights which are not whole numbers. The results of
this work have established the unitary theory of matter and, hence,
have confirmed the essential correctness of the more than a century
old hypothesis of Prout (see page 14).

Atomic Numbers. The subject of atomic numbers has already
been discussed, and so the reader is referred to page 20. It might
be mentioned that, when Moseley prepared his table of atomic
numbers in 1914, there were six vacant spaces, corresponding to six
missing elements. Since that time at least four of these have been
discovered.

RADIQACTIVITY

In 1896, Becquerel discovered that certain fluorescent sub-
stances give off rays which affect a photographic plate, even when
it is inside the holder. Further experiments proved that this
action was not due to fluorescence. For example, uranous and
uranic salts exert a similar photographic action, but uranous salts
are not fluorescent. Moreover, Becquerel found the photographic
activity of these salts to be proportional to their uranium content.
Many of the properties of the rays emitted by uranium salts differ
from those of X-rays, and the rate of emission is constant, irre-
spective of the temperature. This spontaneous radiation is a
property of the element uranium, and it is ealled radiocactivity.

At the suggestion of Becquerel, Madame Curie studied the
radioactivity of uranium minerals and found them to be more
active than the pure uranium salts. This led her to suspect that
the uranium minerals contained a new element which was more
radioactive than uranium. By working up more than a ton of
uranium residues, Madame Curie and her husband discovered
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a radioactive element associated with bismuth and named it
polonium, in honor of her native land, Poland. Later the Curies
discovered another extremely active element associated with
barium in the alkaline-earth group, and because of its great
radioactivity, Madame Curie named it radium. In 1910 Madame
Curie obtained metallic radium. During the past year or two
Frederick Joliot and his wife, Iréne Curie-Joliot, have succeeded in
producing “‘artificial” or “induced” radioactivity, e.g., synthetic
radio-sodium,

Besides the radioactive elements uranium, polonium, and ra-
dium, the elements thorium, actinium, ionium, and a number of
short-lived elements are radioactive.

Radioactive substances emit three distinet types of radiation
called by Rutherford the a-, 8-, and y-rays, respectively. A few
of the characteristics of these rays are as follows:

a-rays correspond to the positive rays (also ealled “eanal
rays”) in a vacuum tube. They consist of particles with a mass
of four (i.e., He atoms), carrying two positive charges, and move
with a velocity approximately one-tenth that of light. They
possess very little penetrating power or photographic action, but
have great ionizing power.

g-rays are negatively charged particles and are the same as
cathode rays, except that they move much faster and, hence, have
greater penetrating power. Their speeds vary from four- to nine-
tenths that of light. The ionizing power of g-rays is much less
than that of a-rays.

~y-rays are identical with X-rays but on account of their shorter
wave-length and greater frequency they are more penetrating.
Being electrically peutral, they cannot of course be deflected
from a rectilinear path by either electric or magnetic fields.

ATOMIC STRUCTURE

The nuclear theory of the structure of the atom now rests upon
good experimental evidence. We have just seen that the sponta-
neous disintegration of radicactive elements indicates that the
nuclei of heavy atoms are made up of helium atoms and electrons.
When a-particles are shot into a chamber filled with supersaturated
water vapor, they travel in straight lines as can be plainly seen by
their “fog-tracks.”” Ocecasionally a branched track is seen, and
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this is believed to be due to a direct hit on the nucleus of an atom.
This indicates that the mass of an atom is concentrated in a nucleus
which occupies only a small fraction of the total volume of the
atom. By means of the mass spectrograph it has been possible to
measure the mass of the nucleus, and the determination of the
atomic number by X-ray analysis shows the number of excess
positive charges on the nucleus. There is only one unit of negative
electricity—the electron. Positive electricity is usually associated
with a hydrogen nucleus to form the proton (or H+ ion). Recently
a fundamental unit of positive electricity, the positron, has been
discovered by Anderson. According to the modern atomic theory,
the atom contains a compact nucleus composed of protons
cemented together by electrons and surrounded by outer electrons
which exactly equal in number the total excess positive charges on
the nucleus. The mass of an atom is equal to the total number of
protons in the nucleus and these are grouped as far as possible into
secondary units, i.e., helium nuclei, each of which contains four
protons and two electrons. It is obvious that the more than a
century old hypothesis of Prout (1815) is probably essentially
correct. According to Prout’s hypothesis, all the elements are
built up of hydrogen.

The difference between the total number of protons and total
number of electrons in the nuecleus is equal to the atomie number.
Also, it has been shown that the fractional atomic weights of
certain elements are due to the fact they are mixtures of isotopes.

As stated above, the number of electrons outside the nucleus
of a neutral atom is exactly equal to the number of positive charges
on the nuecleus, that is, the atomic number. According to the
modern theory, these planetary electrons are arranged in definite,
stable shells, or groups, around the nucleus, and only the outermost
electrons are involved in the valence, the position in the periodic
table, and the chemical properties of the element. In 1916, G. N.
Lewis proposed a cubic atom in which the planetary electrons are
arranged at the eight corners. The cubic or static atom was
elaborated upon by Langmuir in 1919. This simple atomic¢ model
has proved very helpful to the chemist in studying chemical
properties, but a much more complicated model is required to
represent the facts obtained in spectroscopy.

The Elements and the Electron Theory. Of the ninety defi-
nitely known elements, seventy are metals and twenty non-metals.
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The electron theory of the structure of the atom helps us to dis-
tinguish between a metal and 2 non-metal. According to-this
theory all the elements are made up of but two kinds of particles:
electrons and protons. The electron is-a unit charge of negative
electricity and is about 1845 times lighter than the hydrogen atom.
The proton is a unit charge of positive electricity and is about
1845 times heavier than the electron but 1845 times smaller. All
matter is now believed to be made up of these electrical particles.
All atoms are electrically neutral, and hence each atom contains
an equal number of electrons and protons. The different elements
differ only in the number and arrangement of their electrons and
protons. In other words, all matter is composed of electricity.
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According to the electron theory, each atom is a miniature solar

system, wi

great distance from it revolve planetary electrons.

ith one or more protons as & nucleus, and at a relatively

The number

of planetary electronsin an atom of an element is called the atomie

Thus hydrogen, the

number (Moseley number) of that element.
element with the lowest atomic weight, has one electron outside
the nucleus and its atomic number is, therefore, 1. Uranium, the
element with the highest atomic weight, has 92 electrons outside the
nucleus, and hence its atomic number is 92.

We may now define the valence of an element as the number of
electrons which its atom must borrow or lend fo complete its
outermost ring. A metal is a lender of electrons, as the outermost
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ring of its atom contains less than half to complete it. A non-
metal is a borrower of electrons, as the outermost ring of its.atom
contains more than half of the number of electrons required to
complete it. An amphoteric element is one whose atom has its
outermost ring half completed or nearly half completed. Such
atoms may either borrow or lend electrons. Carbon is a common
example of an amphoteric element.

The metals have many properties in common, both physical
and chemical. The more common physical properties of metals
are: they exhibit a definite shine or luster, are malleable, are
ductile, are good conductors of heat and electricity, and, with the
exception of mercury, all are solids at room temperature. All
metals are crystal-like. They range in specific gravity from 0.53
for lithium to 22.5 for osmium. In hardness, the metals range
from those as soft as wax, for example the alkali metals, to those
that are very hard, as, for example, tungsten. The metals com-
bine with oxygen to,form oxides which are basic anhydrides, for
example, calcium oxide, Ca0O, and magnesium oxide, MgO. The
metals interact with acids, liberating hydrogen or some other gas.
They combine with the non-metals to form salts. Some of the
metals, the amphoteric ones (aluminum, zine, etc.), react with
bases to form salts and hydrogen gas.



CHAPTER XXIIIL
COLLOIDS

If we add water to sugar or to table salt, each will dissolve to
form a solution. These solutions will pass completely through a
filter paper. They appear water-clear and homogeneous in the
light, but when a beam of light is passed through them in a dark-
ened room they remain perfectly dark. The explanation of this is
that the individual particles of the solute, i.e., the sugar or salt,
have become intimately mixed with the solvent. We say that the
component substances of the solution have become molecularly
dispersed in each other. On the other hand, if we shake up some
sand with water we find that the particles of sand remain suspended
for a short time but soon completely settle to the bottom of the
vessel. Here we have an ordinary dispersion or suspension. Now,
matter may also assume a state of subdivision intermediate
between true solution (molecular or ionie subdivision) and ordinary
dispersion or suspension, as in the suspended particles of sand.
In this state of subdivision matter is said to be colloidal, and if the
particles are mixed with a substance (in which they do not dissolve
to form & “true” solution and do not agglomerate) the resulting
mixture is called a colloidal solution. It would be better to eall
the mixture a colloidal suspension. The particles are really in
suspension, although they are too small to be seen with the naked
eye, or even when magnified 2000 times with a good microscope of
the ordinary type. In fact, the particles are so small that the
“solution” may appear perfectly clear and they will pass through
an ordinary paper filter. However, if a strong beam of light is
passed through the colloidal solution (suspension) in a darkened
room, the presence of the highly dispersed particles is revealed, the
visibility of the beam being due to the scattering effect of the
minute particles. The particles are aggregates of molecules. This
scattering effect was first observed by Tyndall and is known in his
honor as the Tyndall phenomenon, Everyone is familiar with the

261
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beam obtained when the sun shines through a hole in the shade into
a darkened room. And if the room has just been swept, or if it
contains smoke, the beam is intensely bright. The dust or smoke
particles serve as thousands of little mirrors, and the larger ones
may be seen as tiny bright spots. Similarly, the minute particles
in a colloidal solution serve as “mirrors’’ to reflect the light.

The importance of colloid chemistry, both from a theoretical
and from a practical standpoint, may be seen from the wide field
which it covers. To illustrate, the following list of applications
has been compiled chiefly from Bancroft.! A knowledge of colloid
chemistry is necessary in order to understand the following: living
matter, blood serum, and the sap of plants; cement, bricks, pottery,
porcelain, glass, enamels; oils, greases, soaps, candles; glue, starch,
and adhesives; paints, varnishes, lacquers; rubber, guttapercha,
celluloid, and other plastics; hides, leather, paper; textiles; fila-
ments, casts, pencils, and crayons; inks; roads, foundry cores, cokes,
asphalt; graphites; zine, phosphorus, sodium, and aluminum;
contact sulfuric acid; hardened oils; beer, ale, and wine; milk,
cream, butter, cheese, and casein products; the prinecipal articles of
food; cooking; washing; dyeing; printing; ore flotation; water
purification; sewage disposal; smoke prevention; photography;
wireless telegraphy; illuminants; comets; pharmacy; physiology.
In short, says Baneroft, “colloid chemistry is the chemistry of
everyday life.”

The first systematic study of colloids was made by Thomas
Graham (1861) an English chemist. The name “colloid,” derived
from the Greek word xoM\a meaning glue, is also due to Graham
because of his observation that colloid substances are usually gelati-
nous or non-crystalline, like glue. Wilhelm Ostwald has included
some of Graham’s articles in his collection of “Klassiker der
exakten Wissenschaften.”

We may summarize Graham’s work under two heads: (1) dif-
fusion experiments, and (2) the preparation of “colloidal” solu-
tions.

Graham’s Diffusion Experiments. Graham observed that
some substances when dissolved passed freely through organic
membranes into the pure solvent surrounding the membrane,
whereas many others either did not diffuse, or diffused extremely

! Baneroft, “Applied Colloid Chemistry,” p. 2, third edition, McGraw-
Hill Book Co., New York, 1932,
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slowly. He used animal membranes and parchment paper in
these experiments, and called the process “dialysis.”” He also
noted that those substances which diffused rapidly were, in
general, crystalline, e.g., salt, sugar, potassium nitrate, potassium
sulfate, magnesium sulfate, ete. On the other hand, those sub-
stances that failed to pass through the membranes, or diffused very
slowly, usually occurred in a non-crystalline or even gelatinous
form, e.g., silicic acid, starch,
gelatin, gums, glue, ete. Ac-
cordingly, he divided chemical
substances into two classes:
(1) crystalloids and (2} col-
loids. He believed that the
distinction between a crystal-
loid and a colloid was fun- g 99 4 tambourinelike frame; B,
damental and suggested that vessel of water; C, parchment paper.

it was due to some molecular

condition. He devised a “dialyzer” (Fig. 29) which he used to
separate crystalloids from colloids.

Graham’s Preparation of Colloidal Solutions. In the course
of his experiments, Graham discovered that many substances
generally known to be insoluble could, by certain special methods,
be made to go into solution, or at least what appeared to be
solution. He prepared and carefully investigated a number of
such solutions, e.g., those of silicic acid, tungstie acid, aluminum
hydroxide, chromium hydroxide, ferric hydroxide, etc. Most of
these appeared to the naked eye just like any ordinary solution,
that is, they were perfectly clear and apparently homogeneous.
However, they did not diffuse through parchment or animal
membranes, and on this account Graham called them ‘““colloidal
solutions,” or “sols.” The term “sol” is still in use. Another
striking thing about the behavior of these sols was the fact that
very small amounts of electrolytes, which did not react at all with
the dissolved substances, caused radical changes in their condition.
For example, the addition of a small amount of any neutral salt
caused the aluminum hydroxide, chromium hydroxide, and ferric
hydroxide to precipitate or coagulate in the form of flocculent
masses. A trace of carbon dioxide would cause the silicic acid sol
to set to a translucent jelly. Graham called these transformation
products of sols “gels,” a term which is still used.
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Some Early Work on Colloids. Although Graham was the
first to carry out a systematic study of colloids he was by no
means the first to observe what would now be termed sols. More-
over, his distinction between colloids and erystalloids is no longer
held. However, modern colloid chemistry began with Graham
(1861), and he rightly may be called the  father of colloid
chemistry.”

Berzelius between 1808 and 1833 prepared and made observa-
tions on a number of substances in colloidal solution. For example,
he made what we now call sols of sulfur, arsenious sulfide, silicic
acid, tellurium, ete. That he correctly interpreted his “solutions”
as really being very finely divided particles suspended in a liquid
may be seen from the description of arsenious sulfide sol which he
gives in his “Lehrbuch” (1844).2

In 1810 Gay-Lussae made the first observations on the hydroly-
sis of & salt resulting in the formation of colloidal solution. He
hydrolyzed aluminum acetate and obtained a sol of aluminum
hydroxide. Later, Berzelius (1833) described the preparation of
B-silicic acid by the hydrolysis of silicon sulfide.

In 1853 Crum obtained pure aluminum hydroxide sol by
hydrolysis of aluminum acetate but failed to get ferric hydroxide
sol from ferrie acetate. Péan de Saint Gilles, however, succeeded
in getting the ferric hydroxide sol the following year. Both these
investigators earried out precipitation reactions with neutral salts.

Wackenroder in 1846 discovered that a colloidal solution of
sulfur is obtained by the action between sulfur dioxide and water,
and in 1850 Sobrero and Selmi made a careful study of the sol.
After describing how the sulfur is coagulated by the addition of
salt and how it may be brought back into suspension by repeated
washing which removes the salt, they go on to say:

This enormous quantity of sulfur is, one would be inclined to
say, dissolved, for it hardly affects the limpidity of the liquid. . . .
Sulfur can thus be modified in an extraordinary manner by the
substances present at the time of deposition, these adhering obsti-
nately, probably by simple adhesion, and can either acquire the
property of emulsifying in water, or assume a state of aggregation
which prevents it dividing up in water. It thus appears that sul-
fur exhibits phenomena analogous to those observed with many
other substances, which possess the power of dispersing and divid-

2 Cf. W. W. Taylor, “The Chemistry of Colloids,” p. 12, second edition,
Longmans, Green & Co., New York, 1923,
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ing themselves in a liquid, without completely dissolving in it, as,
e.g., soap, starch, and prussian blue, on which one of us (Selmi)
has previously made observations similar to those now described.
These facts are related to a set of phenomena which M. Selmi has
classed together under the name of pseudo-solutions. The number
of pseudo-soluble substances seems to be pretty large.3

The history of colloidal solutions of the metals dates back to
the alchemists. Some of these metal sols were used in the early
days as medicines—for example, the red and purple liquids
obtained by the reduction of gold chloride and called by the
alchemists ‘‘aurum potabile.” Methods of making these liquids
are given in Marcquer’s “ Dictionnaire de chemie” as late as 1774.
The diary of one John Evelyn, an Englishman, records under date
of June 27, 1653, reference to a small phial of aurum potabile which
was sent to him and the wonderful cures the liquid was reported
to have made in Paris.

The metal sols formed by cathode reduction were generally
thought to be hydrides. However, Ruhland in 1815 and Poggen-
dorf in 1848 said that they were suspensions of the metals in g very
fine state of division.

Wohler, in 1839, working with silver citrate, found that when
heating it in a current of hydrogen a residue was left which dis-
solved in water to give a red solution. He called the substance a
sub-salt of silver. A half century later Muthmann (1887) prepared
some of the red liquid and showed that, upon dialyzing, not
only did the red substance fail to diffuse through the membrane,
but also that only undecomposed silver citrate was found in the
outside water, This experiment is the first one on record where
dialysis is applied to a‘metal sol. Various methods of reducing
gilver to yield concentrated sols were developed by Carey Lea
(1889). He called the coagulum from these sols “allotropic
silver.”

In 1857, four years before Graham published his first paper on
colloids, Faraday made some fundamental observations on gold
sols. He prepared violet and purple liquids by reducing very dilute
solutions of gold chloride with phosphorus dissolved in ether, He
said that the color of the liquids was due to metallic gold in & very
finely divided state. Maqreover, he noted the effect small amounts
of electrolytes had on the stability of the liquids. The glass vessels

Y Ann. de chim. ef de phys. (iii) 28, 210 (1850); Taylor, op. cit., p. 13.
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in which he kept the liquids were also observed to have influence
on the stability of the sols. Faraday found that “a little jelly”
increased the stability of the liquids. Such substances we now
know under the name of “protective colloids.” Many of them
have been found and are now in every-day use as “stabilizers”
or “protectors” for colloidal preparations. It is interesting to
know that some of Faraday’s gold sols are now in the Royal Insti-
tution, England, and that one or two of them still show a faint pink
tinge. The oihers have coapulated.

Up to 1890 much time had been given to the preparation of sols,
but the twenty years following saw great strides made in the more
fundamental aspects of the subject. Linder and Picton (1892)
and Hardy (1900) made important studies on the effects of electro-
lytes. The invention of the ultramicroscope by Zsigmondy and
Siedentopf in 1903 marked 2 new era in colloid chemistry. Research
was greatly stimulated by its invention. In 1909 and 1910 the
first comprehensive works on colioid chemistry were published by
R. Zsigmondy, by Wo. Ostwald, and by H. Freundlich. In these
books the great mass of uncoordinated material which had accumu-
lated was collected and treated thoroughly and systematically.

The outstanding advance in colloid chemistry since Graham’s
work (1861-1864) has been the proof that there are no “colloids”
in the sense in which Graham defined them. That is to say, there
is no distinet class of substances having peculiar properties desig-
nated by the term but any substance can, under appropriate condi-
tions, appear as a colloid. The term colloid, therefore, refers to a
state of matter and not to a kind of matter. A colloidal substance
may or may not be amorphous. Colloidal gold has been definitely
proved to be erystalline at times and is probably always crystalline.
Sodium chloride is a well-defined crystalline substance, and yet we
can prepare colloidal solutions of it in organie liquids by several
methods. Therefore, *“we now speak of a colloidal state instead
of a colloidal substance, and we call any phase eolloidal when it is
sufficiently finely divided or dispersed (Wolfgang Ostwald, 1909),
without committing ourselves definitely as to what degree of sub-
division is necessary in any particular case.” * Von Weimarn was
the first to state the conditions necessary for obtaining any given
substance in colloidal solution. He prepared sols of more than
four hundred substances. Nearly all the metals and many of the

4 Bancroft, op. ¢it., p. 1.
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non-metallic elements have been obtained in the colloidal state.
Svedberg has even succeeded in getting the alkali metals in the
colloid state by employing a special kind of apparatus and using
organic liquids at low temperatures. A large number of hydroxide
and sulfide sols have also been prepared.  All these sols of inorganic
substances have two fundamental characteristics in common:
(1) they do not diffuse through membranes, and (2) they undergo
marked and, for the most part, irreversible changes upon the
addition of electrolytes (usually in very small amounts). Upon the
addition of electrolytes, either the ““dissolved” substance is coag-
ulated or the whole liquid sets to a jelly.

The inorganic sols are prepared by well-defined methods. In
contrast to these artificially prepared colloidal solutions is a large
group of substances which dissolve at once to form colloidal solu-
tions. In fact, true solutions of them are not known and they
do not oceur in the crystalline state. To this group belong the
materials from which all living organisms are built, e.g., the pro-
teins, cellulose, starch, and many other carbohydrates. Here,
also, belong many dyes, rubber, cellulose, esters, glue, ete.

Disperse Systems. Another great advance since Graham's
time, “of equal importance is the demonstration that the colloidal
state is only a special case of the disperse system, a concept and
term first introduced by Wolfgang Ostwald.” By a disperse
system is meant “ a system of two phases differing in one or more
physical properties, and having a large surface of contact, or interface.
To obtain a surface large in proportion to the volume of to least
one phase, it is necessary to reduce one or more linear dimensions
of the latter: if one is so reduced we have films; if two, filaments;
and if all three are small, particles bounded by & closed surface,
e.g., spherical, of one phase distributed in the other, All three con-
figurations occur in nature in rany variations. ...” % Suppose
that we consider the third kind, i.e., where all three dimensions of
one phase are small: In such a system we can pass in one phase
from one part to another without coming in contact with the
second phase, namely, the finely divided phase. Hence, we speak
of the former as the continuous phase or dispersion medium and
the Iatter as the dispersed phase. Many synonymous terms for
these two phases occur in colloid literature, e.g., symonymous

s Hatschek, “An Introduction to the Physics and Chemistry of Colloids,”
p. 7, fifth edition, P. Blakiston’s Son & Co., Philadelphia, 1926,
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with dispersion medium we find: closed phase, enveloping phase,
external phase, dispersing phase ; and synonymous with dispersed
phase: discontinuous phase, subdivided phase, internal phase,
disperse phase. Examples of some commonly known disperse
systems will serve to illustrate what is meant by the dispersed
phase, and the dispersing phase or dispersion medium.

In fog the rain drops are the dispersed phase and the air the
dispersing phase, while the solid particles are the internal phase
in the case of smoke. When a milky liquid is obtained by preeipi-
tating barium sulfate in the cold, the barium sulfate is the dis-
persed phase and the solution the dispersing phase. In emulsions
of oil in water, the oil is the internal phase because it is present in
drops. When benzene is emulsified to a solid jelly in a small
amount of soap and water, we have a mobile liquid dispersed in a
viscous mass. Bread or Ivory soap might be considered as a
system with air as internal phase, and a fairly solid external
phase. . . . True ruby glass consists of gold as dispersed phase in
glass as a non-crystalline dispersing phase. With salt colored by
exposure to cathode rays, we have metallic sodium as internal
phase in an external phase of crystalline sodium chioride.®

Bancroft says that if we adopt ““the very flexible definition
that a phase is called colloidal when it is sufficiently finely divided,
colloid chemistry is the chemistry of bubbles, drops, grains, fila-
ments, and films, because in each of these cases at least one dimen-
sion of the phase is very small. This is not a truly scientific
classification because a bubble has a film around it and a film may
be considered as made up of coalescing drops or grains.” This
classification, however, is a convenient one for many purposes.

It will be observed that in a colloidal solution we are dealing
with a system of two phases, in other words, the “solution” is
heterogeneous and not homogeneous as in true solutions (one
phase systems). The dispersed phase and the dispersion medium
differ from one another in one or more physical properties. How-
ever, we must not forget that the two phases may have one such
property in common. For example, glass dispersed in cedar oil of
the same index of refraction is optically homogeneous in all other
properties, On the other hand, particles suspended in a liquid
having the same density will be homogeneous as far as the effects
of the force of gravity go, but will be optically heterogeneous. A

® Bancroft, op. cit., p. 1.
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single physical property, therefore, must never be taken to settle
the question as to whether or not a “solution” is colloidal,

There are various ways of classifying disperse systems, in fact,
any one of a number of physical properties might serve as a basis
of elassification. Wo. Ostwald has classified disperse systems
based upon the state of aggregation of the phase, that is, whether
solid, liquid, or gaseous. Such a classification gives us nine possible
types, since both phases may be in the same state of aggregation.
One of the nine, that in which both phases are gaseous, is strictly
limited, ‘‘since gases are miscible in all proportions and we cannot,
have particles of the disperse phase larger than molecules.” The
remaining eight types are given in the following table.

TABLE XVII
Dispersion | Disperse - |
Medium | Phase Examples
1. Solid Solid Blue rock salt (sodiam dispersed in colloid state),

ruby glass, many colored minerals

2. Sold Liquid Minerals wath enclosed liquid
3. Solid Gas Minerals with enclosed gas
4. Liquid Solid Suspensions

5. Liqgumd Liquid Emulsions

6. Liquid Gas Froth, foam

7. Gas Solid Smoke, cosmic dust

8. Gas Liquid Fog, mist

According to Ostwald, all disperse systems may be grouped
according to the size of the particles of the disperse phase.

IDIsPERSE SYSTEMB

Coarse Dispersions Colloids Molecular Dispersoids
Increase in degree of dispersion

01 p to 1.0 mu
Diameters greater Pass through paper Diameters smaller
than 0.1 z do not pass filters; cannot be ans- than 1.0 mp pass
through paper filters; lyzed microscopically; through paper filters;
microscopically ana- do not diffuse or  cannot be analyzed
lyzable. dialyze. microscopically;  dif-
fuse and dialyze.
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Perrin and also Freundlich classify colloids according to their
bebavior towards electrolytes, or otherwise stated, on the degree of
affinity between the two phases. Those that are greatly influenced
(e.g., coagulated) by the addition of small quantities of electrolytes
are called iyophobe (little affinity between the phases); those upon
which electrolytes have little effect are termed lyophile (marked
affinity between the phbases). Although differences in behavior
towards electrolytes constitute an important distinetion it does
not go directly to the root of the matter as does Ostwald’s classifi-
cation. The terms lyophobe and lyophile are approximately
equivalent to suspensoid and emulsoid, respectively. In emul-
soids, both the dispersed phase and the dispersion means are
liquid, whereas suspensoids are systems in which the dispersed
phase is solid and the dispersion means liquid.

The Size of Dispersed Particles. The size of dispersed particles
varies within fairly wide limits. The diameters of the particles
are usually expressed in microns, ¢ (0.001 mm.) or in millimicrons,
mp (0.000001 mm.). Particles having a diameter greater than 1u
(coarse suspension) may be filtered out by means of an ordinary
paper filter; particles dispersed in water (hydrosols) and having
diameters less than 20 mu do not settle at all, i.e., the “solution”
remains clear.

The upper limit of direct measurement is fixed by the limit of
visibility of the best microscope. This has been estimated by
Bredig as 0.14 p (limit of visibility at a magnification of 2250
diameters). With this magnification Bredig was not able to
see the individual particles in gold sols. The lower limit is fixed
by molecular dimensions. The estimated diameters of some
common molecules are as follows: hydrogen 0.67 to 0.16 my,
water vapor 0.113 mg, carbon dioxide 0.285 mg, sodium chloride
0.26 mu, sugar 0.7 myu, starch 5 mp. With the ultramicroscope,
particles a little less than 10 mu in diameter may be distinguished
optically. However, neither the form nor the size, nor even the
color, of the particles can be determined direetly by means of the
ultramicroscope, since what is observed is a disc of light surround-
ing each particle. * In the ultramicroscope a converging beam of
intense light in a darkened room is passed horizontally through
the liquid under examination and brought to a focus within the
liquid. The spot where the beam is in focus is viewed from above
through an ordinary microscope.
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The Siedentopf and Zsigmondy 7 method of determining the
size of colloidal particles is as follows:

Chemical analysis of the sol gives the mass m of the disperse phase
in unit volume of the sol; the number of particles » in unit volume
of the sol is obtained by a direct count of the number of particles
in the illuminated volume of the sol in the ultra-microscope. This
volume is fixed by the depth of the illuminating beam, and by the
area of the field (micrometer squares) in which the particles are
counted. The volume v of the particle is given by:

m
v=—

nd

d being the density of the particle (the density of the substance
in ordinary masses is taken). The linear dimension is calculated
from the volume, on the assumption that the particle is a cube or
a sphere. The dispersity of & sol is usually expressed in terms of
the diameter.®

It is better, however, to use the specific surface to express the
degree of dispersion. The specific surface is the surface divided
by the volume. For a cube having a side ! in length, the surface is
612, the volume %, and the specific surface is, therefore, 6/1. From
this it follows that a 6-cm. cube has unit specific surface.

It may be noted here that the surface energy of a substance
is negligibly small unless its specific surface is 10,000, Surface
energy is equal to the surface tension (an ‘ intensity " factor)
multipied by the surface (a * capacity ” factor). Compare the
volume energy of the gas state which is equal to pressure (“ In-
tensity ”’ factor) X Volume (* Capacity ” factor). Owing to the
smeall numerical value of the * intensity ” factor, surface energy
forms an insignificant fraction of the total energy of a liquid or
solid, unless the development of the surface is extraordinarily
great.

The ultramicroscopic method for the determination of the
size of colloidal particles is very uncertain. Often the chemical
composition of the highly dispersed particles is unknown or un-
certain. In a metal sol some of the metal may be in the form of
an oxide, and may even be in solution, or it may be hydrated.
Any of these factors would make the calculation incorrect.

7 “Zur Erkenntnis d. Kolloide,” p. 93.
8 Taylor, op. cit., p. 53.
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In addition to the ultramicroscopic method of Siedentopf and
Zsigmondy, various other methods have been used to measure the
size of particles in a solution. A résumé? of these methods is
briefly given as follows:

1. Method of measuring the density of distribution at different
heights. (Perrin.) Very exact. .

2. Method of the Brownian movement. (Einstein.) The
accuracy is low.

3. Method of rate of settling. An application of Stokes’
formula for the velocity of fall of a small sphere in a liquid. Appli-
cable only to relatively large particles. The viscosity and density
of the dispersion medium and the depsity of the particles must
be known.

4. Method of diffusion. (Sutherland, Einstein, Smoluchowski.)
Very low and applicable only to highly dispersed sols,

5. Method of absorption of light. (Garnett, Mie, Wood,
Svedberg.) This method is very promising but so far it is used
only to determine changes in size of the particles.

6. Method of intensity of scattered light. (Rayleigh.) This
method is very sensitive and gives accurate results even with
very fine suspensions.

Ultra-Filtration. If a sol is poured onto an ordinary paper filter
it passes through unchanged or only slightly changed. The filter
may absorb or adsorb a little at first, but aside from this there is
no further loss. Emulsoids also pass through ordinary filter paper
but often very slowly on account of their great viscosity.

Linder and Picton 10 filtered arsenious sulfide sols through
porous earthenware and found that the size of particles varied in
different samples. Barus!! determined the size of particles in
a silver sol by filtering through porous plates of graded porosity.
Martin!? used gels as filtering media and employed high pressure
(30 atmospheres or more). About ten years later (1906-1908),
Bechhold developed the method into a fairly simple procedure and
with the added advantage that only moderate pressure is needed
(seldom more than 5 atmospheres). He called the process “ ultra-
filtration * in allusion to the ultramicroscope. Membranes similar

* Henrt, Koll. Z., 12, 246 (1913); Trans. Faraday Soc., 9, 47 (1913).
10 J. Chem. Soc., 61, 148 (1892).

1 S5l J., 48, 51 (1895).

12 J, Physicl., 20, 364 (1896).
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to those used in dialysis are employed, but the outside is not
submerged in the dispersion medium. Bechhold made a graded
series of filters by impregnating filter paper, fabrie, or wire gauze
with gelatinous colloids of varying concentration. The filter paper,
wire gauze, etc., served as support for the colloids and permitted
filtration under pressure. Mixtures of collodion and acetic acid
or of gelatin and water are the most suitable substances for the
filters. Those of collodion are dipped into water to make them
porous. The gelatin filters are allowed to stand in cold formalde-
hyde for several days; this treatment hardens them. The filters
are then standardized. Several methods are employed to deter-
mine the size of the pores of the filters, e.g., by measuring the
pressure required to force air through & membrane saturated with
water, by measuring the volume of water forced through unit
area in unit time by 2 known pressure, ete. In fact, filters having
approximately known pore size may now be made by using a
collodion solution of the proper concentration (previously deter-
mined by Bechhold). These filters may be used to separate the
disperse phase from the dispersion medium or to concentrate
emulsoids. They may also be employed to purify sols, the process
being similar to purification by dialysis. Still another important
application of ultra-filtration is the preparation of graded series of
sols, each sol having particles of approximately the same size.
Obviously the approximate size of particles in sols can be deter-
mined by filtering through graded series of filters and seeing which
filter will just allow the particles to pass through.

The process of ultra-filtration is very complex. In addition
to ordinary filtration, adsorption and dialysis may also take
place.

Résumé of the Properties of Colloids. The principal charac-
teristics of colloids are as follows:

1. The freezing-points and boiling-points of colloidal solutions
differ but little, if any, from those of the pure dispersion means
(e.g., water). The physical properties of true solutions, however,
are greatly influenced by the solute. For example, the freezing-
point of a solvent is lowered and its boiling-point is raised by the
presence of a dissolved substance,

2. Colloids diffuse slowly or not at all. Grsham was the
first to observe that colloids have a much lower rate of diffusion
than crystalloids. Diffusion is closely connected with dialysis.
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Crystalloids pass through parchment paper and animal mem-.
branes readily, whereas colloids have but little tendency to diffuse
or pass through.

3. Colloidal solutions show the Tyndall phenomenon (pro-
vided, of course, that the index of refraction of the dispersed phase
is different from that of the dispersion medium—which usually
it is). If the Tyndall light-cone is viewed through a suitable
analyzer, it is found to be polarized. This is the important dis-
tinction from true fluorescence. Under similar conditions of
illumination, quinine sulfate solution gives a beautiful blue cone.
Certain petroleums also show light-cones, but these cones, as
well as that of quinine sulfate solution, are not polarized. True
solutions (molecularly dispersed solutions) do not show definite
Tyndall cones. This optical difference is one of the best ways to
differentiate a true solution from a colloidal solution.

4, Colloidal solutions show the Brownian movement,

5. Opalescence or the “color of the colorless colloids.”
Opalescence varies greatly with the degree of dispersion. Colloid
systems are intensely opalescent; coarsely dispersed systems, only
slightly so. True solutions (molecular and ionic dispersoids)
usually show no opalescence, or if they do, the intensity is less than
that of colloid systems. Note that this is the first illustration we
have had where the intensity of a property of dispersed systems
shows a maximum. This maximum occurs in the colloid realm.

6. Intensity of color. The coloration intensity of a substance
in different degrees of dispersion attains a maximum in the region
of colloid dispersion.

7. Beauty and variety of colloid colors. Not only the intensity
but also the beauty and variety of colors among the colloids are
noticeable. The different colors of the same metal in a colloid
state are due chiefly to differences in degree of dispersion. The
order of color change seems to be definite. Generally, the most
highly dispersed colloid metals are yellow or orange, ie., they
absorb violet and blue light. As the degree of dispersion decreases,
the color changes from yellow to orange, then red, violet, blue, and
finally green.

8. Optical rotation. The prineciple of continuity of dispersed
systems is also illustrated by their optical rotation. For example,
tannin in water is in colloidal solution, yet some of it will pass
through parchment paper and is therefore in a higher degree of
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dispersion. By using membranes of different pore size, tannin sols
of different degrees of dispersion can be obtained. On the other
hand, tannin dissolves in organie solvents to form a true solution
(molecular dispersion). If we compare the optical rotations of
different tannin solutions, the coarsest tannin is seen to produce
the greatest rotation; the molecularly dispersed tannin the
least.

9. In addition to the properties listed above, we may add
a number of others which also show the importance of the degree
of dispersion upon the physicochemical behavior of dispersed
systems. Take for examples such fundamental ‘“constants” as the
maximum solubility, the freezing-point, and the melting-point of
a substance. In each instance there is a marked variation with
differences in the state of division of the particles of the material
concerned. As far as known, the solubility of solids (molecularly
dispersed) always increases with decrease in the size of the
particles, when the particles are very small. The old experiments
of Stas showed that very finely divided silver chloride is many
times more soluble than the coarse particles. Hulett determined
the solubility of gypsum and found that a saturated solution at
25° C. contained 2.080 g. of CaSOy per liter, whereas when very
finely divided gypsum was added to this solution its CaSO4
content increased to 2.542 g. per liter. He also found mercury
oxide finely ground and triturated to be more than three times as
soluble as coarser pieces.

The freezing-point of water is not only lowered by molecularly
" dissolved substances but also by being allowed to freeze in a
dispersed form, as for example when frozen in capillary spaces.
Water soaked in a clay ball was found to freeze at —0.7° C.
Wet filter paper stiffens at —0.1° C.

The reaction veloecity of solids with liquids is proportional to
the area of contact., Substances in the colloidal state present
enormous surfaces and hence often show catalytic effects. Coarsely
dispersed and molecularly dispersed metals have little or no
catalytic action, but in the colloidal state of division they are
energetic catalysts. Here, again, we find a maximum in the
colloid region.

Why Colloid Particles Remain in Suspension. We have just
considered a number of the characteristics shown by matter in the
colloidal state. We may now ask the question: why do colloidal
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particles remain in suspension? Why do they not settle under
the influence of gravity like ordinary suspensions? In answer to
this, we may cite at least four reasons, .

1. The colloidal particles in suspension carry electrical charges,
either positive or negative. For example, the particles in an
arsenious sulfide sol are all negatively charged; those in aluminum
bydroxide sol are positively charged. Now, since like charges
repel each other the electrified particles do not agglomerate to
form coarse aggregates which would settle. That the colloid
particles do carry electric charges is proved by the fact that they
migrate to one electrode or the other when a current of electricity is
passed through the suspension; i.e., the arsenious sulfide particles

" (negatively charged) travel to the anode, while the aluminum
hydroxide particles go to the cathode. This phenomenon, known
as cataphoresis, will be discussed subsequently. Upon reaching
the electrode the charges on the particles are neutralized and
agglomeration takes place.

2. The Brownian Movement. The colloid particles are bom-
barded on all sides by the molecules of the liquid in which they
are suspended and hence are kept in a state of perpetual motion.
If a drop of the suspension be viewed through the ultramicroscope
the particles are seen as tiny bright spots in continuous movement.
The particles are too small to be visible, even with the highest
magnification, but they diffract the light and appear as little
illuminated discs on a dark background.

3. Protecting Films., As early as 1857 it was observed by
Faraday that the addition of a small amount of “jelly” (probably
gelatin) prevented the coagulation and precipitation of metal sols.
Such organic substances as gum arabie, gelatin, and the proteins
are themselves largely colloidal in solution and hence they have
been termed “protective colloids.” It is held that they form a
film around the suspended particles in a sol and thus protect them
from the action of substances that ordinarily would cause coagula-
tion. For example, arsenious sulfide sol containing a little gelatin
is not coagulated by the addition of electrolytes in amounts much
greater than would cause precipitation if no protective colloid were
present. ‘The protective power of these colloids varies greatly and
is measured in terms of the ‘“gold number,” a term due to Zsig-
mondy. The gold number is the maximum number of milligrams
of protective colloid that may be added to 10 cc. of a standard
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gold sol without preventing a change of color from deep red to
violet shades by 1 cc. of a 10 per cent sodium chloride solution.

4. The Solution Theory of Colloid Stability. The origin of the
solution forces and the reason for the electrical migration of col-
loidal dispersions of apparently insoluble substances such as ferrie
oxide, antimony sulfide, gold, etec., have gradually become apparent
through years of research. It is now definitely known that these
insoluble substances do not exist as such in colloidal solution. The
particles in colloidal ferric oxide solution consist of a complex of
Fey03 and a soluble iron salt such as FeClz: antimony sulfide
hydrosol consists of & combination between Sb2S3 and HsS. For-
mulas may be roughly written for them (ignoring the hydration
water) as follows: xFe203 -yFeCla; 28boS; -yHoS where z and y are
variable and z is always greater than .13 When an electric current
is passed through these solutions, a brown precipitate of Fe:0s
settles out at the cathode and chiorine is evolved at the anode
in the iron oxide hydrosol, while in the antimony sulfide sol, a
red deposit of SbeS; is deposited at the anode and hydrogen
gas is liberated at the cathode. This shows that the migrating
ions are:

1Fes03.yFe+++ 3yCl—
oyH* 2SboS3.yS=

— —_—

To cathode To anode

The jonization is not complete; it is in fact slight and the nature
of the migrating ions is not quite so simple as indicated.!* But
it is not possible to make fine distinctions in a short discussion,

The gradual realization of the fact that the ‘ impurities,”
e.g., the FeCl; or the HsS, are essential parts of certain hydrosol
particles, gave rise to the so-called complex theory, a very simple
statement of the complex nature of certain colloids.

While the complex theory was accepted for many colloidal
dispersions, hydrosols of noble metals such as gold and platinum
were thought to be exceptions since it was believed that they
could be prepared by electrically arcing these metals under pure
water. This was disproved by Beans and Eastlack,’® who demon-

13 Thege formulas give too simple a picture and are likely to mislead.
For instance, the iron oxide sol written as zFe,OsyFeCly, may give the idea
that all the FeCl, is free to ionize in solution or that just the Fe+** is adsorbed.
For academic purposes & better simplified picture is (zFe:0s wH:O,
yFeClyzFet+1)8yCly~, where y is smaller than z, and z is very small in com-
parsion with y. Private communication from Dr. Arthur W, Thomas.

1 See J. Duclaux, J. chim. pkys., T, 405 (1909).

15 Beans and Eastlack, J. Am. Chem. Soc., 37, 2667 (1913).
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strated that colloidal platinum could be formed in pure water
due to the fact that platinum oxidizes in the arc thus generating
an electrolyte which became part of the dispersed phase. Gold
was shown to require the presence of minute amounts of certain
salts, in fact those which form stable chemical compounds of gold.
It is therefore not difficult to see the origin of the solubility
forces, since insoluble substances in colloidal solution are actually
a part of a complex aggregate containing a soluble component.
Evidence for soluiion forces as the reason, or at least one of the
reasons for colloid solution stability has been given by Thomas
and Frieden.'® A simple experiment may be cited. = Addition of
alcohol followed by ether to a hydrosol of zFesQ3-yFeCl; did
not affect it. Alcohol promptly precipitated a hydrosol of
zFes03-yFea(S04)3. Ferrie sulfate is insoluble in aleohol.!?

Coagulation. In general, the addition of an electrolyte to a
colloid suspension will cause coagulation. If the colloid particles
are negatively charged, the coagulating agent may be either
positive ions or positive colloids. If a little sodium chloride
solution is added to arsenious sulfide sol the positive sodium ions
neutralize the negative charges on the sulfide particles and coagu-
lation takes place. Also, when a positive sol, say ferrie hydroxide,
is mixed with arsenious sulfide sol, precipitation takes place. This
is called mutual precipitation, since the particles in both sols are
coagulated. Another illustration of mutual precipitation is the
coagulation of albumin (a positive colloid) by metaphosphoric acid
(a negative colloid).

Upon examipation of colloidal suspensions under- the ultra-
microscope it will be observed that the particles do not come in
contact with one another, although they are constantly moving
sbout in the liquid. If, however, we add a small quantity of an
electrolyte the particles will be seen to approach one another and
unite to form aggregates. Much work has been done determining
the minimum amount of different electrolytes which will just
produce coagulation in a given sol. The coagulation point has
been arbitrarily defined as the point where a change in color takes
place, where there is one, or where partial or complete precipitation
of the disperse phase takes place within a specified time. If the
measurements are carried out under the same conditions, compara-

18 Thomas and Frieden, J. Am. Chem. Soc., 46, 2522 (1923).
17 Thomas, J. Chem. Education, 2, 323 (1925); see also, Ycee, * Photometric
Chemical Analysis,” Vol. I, p. 96, John Wiley & Sons, New York, 1928,
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ble results may be obtained. The early workers in this field are
Schultze, Linder and Picton, Hardy, and Freundlich. The
results of their investigations may be summed up as follows:

1. Coagulation is produced by that ion of the electrolyte which
carries an electric charge opposite to the one on the disperse pbase.
The majority of suspensoid sols are negatively charged and, hence,
the coagulating ion is the cation.

2. The concentration of the electrolyte required to cause coagu-
lation is lower, the higher the valence of the precipitating ion.
The concentration decreases very much more rapidly than the
valence increases.

3. A certain minimum concentration of electrolyte must be
reached before any coagulation takes place.

4. The coagulating ion is carried down by the precipitate or
coagulum. When different ions are used, equivalent weights of
each are always carried down by the coagulum.

An examination of experimental data on the relation between
valence and the precipitating power of various ions shows that ions
of the same valence have approximately the same coagulating
power and also that the concentration of univalent ions required to
produce precipitation is about 70 times higher than that of bivalent
ions, and about 570 times greater than that of trivalent ions. If
the coagulating concentrations of the ions be represented by
Ci, C2, and Cj, respectively, for univalent, bivalent, and trivalent
ions, we may write the equation—

C1:C2:C3 = (83)%:(83)%:83
where the index represents the valence of the ion.
(8.3)% = 573, (8.3)2 =169

This empirical relation was observed by Schultze and by Hardy.,
The constant varies greatly among the different sols and at best
can be taken only as a rough approximation. The general expres-
sion is

01102203 =K3:K2:K

So far, we have not mentioned the effects of concentration and
degree of dispersity of the sol on the concentration of the electrolyte
required to cause coagulation. The information regarding the
effect of concentration of sol is very limited. Most of the work on
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this subject has been done by Freundlich. His results indicate
that the electrolyte concentration increases with, and is approxi-
mately proportional to, the concentration of disperse phase.
Experiments on the second point have been made chiefly by Sven
Odén. He devised methods of obtaining sulfur sols of uniform
particle size and of widely different degrees of dispersion. Sols
made in the usual way, as a rule, contain particles of different sizes.
Odén found that, for equal concentration by weight of disperse
phase, the concentration of electrolyte required to produce coagu-
lation increases with decreasing size of the particles; i.e., the
higher the degree of dispersity the greater the stability of the sol.

The phenomena of coagulation are very varied. They may be
summed up under the following heads:

1. The action of electrolytes on suspensions: (a) adsorption,
(b) stabilizing of ions, (¢) valence rule, ete.

2. The * complex”’ theory of colloids.

3. The action of reagents on emulsoids.

4. Protection of suspensoids by emulsoids.

5. Mutual precipitation of sols.

The Adsorption Theory of the Electric Charges on the Sus-
pended Particles of a Sol. The adsorption theory attempts to
explain the electric charges on the suspended particles of a sol as
being due to the adsorption of hydrogen ions or hydroxyl ions.
Furthermore, since hydroxy! ions are more readily adsorbed than
hydrogen ions, it follows that most sols are negative to water.
Taylor!8 says, “It is not so clear why OH ~ is less readily adsorbed
than H+ by those basic hydroxides which form positive sols, nor
why albumin adsorbs both ions equally.” The author does not
agree with Taylor, for it seems to him that we should expeet basic
hydroxides to adsorb hydrogen ions on account of their basic
character. Likewise, albumin being a neutral substance, we should
expect it to adsorb hydrogen ions and hydroxyl ions about equally.
Freundlich has a theory that the positive charge on basic sub-
stances is due to the hydroxyl ion having a greater diffusion velocity
than the other ions present and, hence, diffuses into the dispersion
medium leaving the particles positively charged; and similarly
with the weakly acidic substances and hydrogen ions. This may
be true, but such an assumption does not seem necessary.

B0p. i, p- N
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In the following table some of the more common colloids are
classified according to the electric charge their particles carry in
aqueous suspension.

TABLE XVIII
EiectrIcal CEARGES oF HyYDROSOLS
Electropositive Electronegative
Metallic hydroxides All metals
Methylene blue Metallic sulfides
Methyl violet Sulfur, selenium, tellurium
Bismarck brown s Silicic acid, stannic acid
Hemoglobin Gamboge, starch
Indigo, eosine
Aniline biue
Molybdenum blue

Electroendosmosis. Electroendosmosis is the movement of
a liquid across & diaphragm or through a capillary tube towards one
of the electrodes when an electric current is passing. This
phenomenon was observed by Reuss many years ago. When a
current of electricity is passed through a weak electrolyte contained.
in a porous cell there is a difference in the level of the liquid on the
two sides of the cell. Wiedemann!? investigated this and found
that under comparable conditions the difference in level depended
on two factors: (1) the applied e.m.f., and (2) the viscosity of the
solution.

The electroendosmosis effect may be measured by arranging
the experiment so that there is no difference in level, the liquid
forced through the diaphragm being run off by a side-tube and
measured, the time being noted at unit intervals. The equation
for the volume of liquid transferred is

_ qeED
v 4yl
where ¢ = area of diaphragm (or tube).
¢ = potential difference of double layer.
E = e.n.f. at the electrodes.
D = dielectric constant of the liquid.
n = viscosity of the liquid.
[ = distance between the electrodes.
The equation shows that the volume of liquid transferred is
1% Pogg. Ann., (i) 8T, 321 {1852).
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directly proportional to (1) the area of the diaphragm (or cross-
section of the capillary), (2) the potential difference between
the liquid and solid, (3) the drop in potential between the elec-
trodes, and (4) the dielectric constant; and inversely proportional
to (1) the viscosity of the liquid and (2) the distance between the
electrodes.

Instead of letting the liquid escape, the pressure may be
allowed to rise. Then the equation becomes

_ 2D
T w2
where r = radius of the tube.

In tubes of the same material, the height to which the liquid
will rise is directly proportional to the applied e.m.f. and inversely
proportional to the square of the radius of the capillary.

Cataphoresis. Linder and Picton 20 were the first to observe
that the dispersed particles in a sol migrate to one electrode or
the other when an electric current is passed through the sol. They
observed that the particles in ferric hydroxide sol migrate to the
cathode, while those in arsenious sulfide sol go to the anode. Many
sols have since been investigated. In positive sols the particles
go to the cathode; in negative sols, to the anode. These results
are in agreement with those of electroendosmosis.

The velocity of migration of the particles in a sol under the
influence of an electrie current is given by the following equation

where w = veloeity.
H = potential drop (volts per centimeter).

Adsorption. When we use the term adsorption in its most
general sense we mean that at the boundary between two hetero-
geneous phases there is an unequal distribution of the substances.
This boundary between two heterogeneous phases is called the
interface, and between a solid and a gas or vapor the unequal dis-
tribution is termed gas adsorption, because the difference in distri-
bution of the solid phase is so small as to escape observation.
Similarly, where one phase is liquid and the other gas there is
unequal distribution at the interface. And finally, in the systems
solid-liquid (especially solutions) we have unequal distribution at

st.J. Chem. Soc., 61, 148 (1892).
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the interface, but here too the difference in concentration is mainly
on one side of the interface, i.e., the liquid side. It is often said
that in solid-liquid systems the liquid is adsorbed by the solid.
The reason for this is that the layer in which concentration differ-
ence exists is very thin, it wets the solid and remains sticking to
the solid when the bulk of the liquid is poured off.

“Since the surface concentration differs from the volume
concentration, any considerable extension of surface in a fixed
volume of solution, such as occurs when a quantity of solution is
shaken up with a very fine powder, must produce a very considera-
ble change in the volume concentration.” 21 _

That an enormous suriace in comparison with the volume of at
least one of the phases is the outstanding prerequisite for adsorp-
tion, and, hence, that the main features of adsorption can be
predicted, may be seen from the summary of the general phe-
nomensa of adsorption given in the next section. The relation
between volume and surface in a cube is shown in the following
table:

TABLE XIX
Number of Cubes
Idge Length Occupying a ST;M
. — 3 urface
Valume of 1 em.
1 cm. 1 6em.?
0.1 e¢m. 102 60 ¢m.’
0.0l em. 108 600 cm.?
0.001 em. (The diameter of -a human
blood corpuscle is about
0.0007cm.). v eeeernnnnannn. 10° 6,000 em.?
1p (=0.001 mm.; diameter of a
small coceus). . ............... 1012 6 m.?
0.1p Limit of wisibility with best
microscope (X2250) is 0.14 p
(Bredig).........covveeivnn.. 1018 60 m.?
0.01 (Limit of wultramicroscopic
vigibility), ... 1018 600 m.?
1 mp (=1 millionth of a millimeter)
(The diameter of the finest
colloidal particles; limit of ultra-
filtration). .........cocoiviunn 10 6,000 m.?
0.1mu {Diameter of elemental mole-
cules). ... v i 10M 60,000 m.2

11 Taylor, op. cil., p. 247.
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Summary of the General Phenomena of Adsorption. 1. In
solutions the surface excess is, as a rule, positive. These solutions
give rise to positive adsorption; i.e., if a finely divided insoluble
substance is shaken up with the solution, the volume concentration
in the latter diminishes.

2. The surface excess may be very large, although the solution
a dilute one. Surface defect is always small. If a dilute solution
is shaken up with an adsorbent, almost all the solute may be
removed by adsorption, i.e., the positive adsorption may be large.
On the other hand, negative adsorption is, as a rule, so small that
it is almost impossible to measure it accurately. We should
always keep in mind that negative adsorption of solute is really
positive adsorption of solvent.

3. Adsorption is directly proportional to total surface. That
is, for any given adsorbent of approximately uniform size, about
the same amount of adsorption will be found per unit weight of
adsorbent. It must be remembered that all efficient adsorbents
have, in addition to ““outer” surface, an enormous surface due to
porosity. Hence, it is not sufficient to screen the particles of
adsorbent carefully in order to obtain uniform surface. In addi-
tion to screening, or other means of obtaining uniform size of par-
ticles, the adsorbent must be prepared in such a way as to insure
approximately uniform porosity.

4, Adsorption is an equilibrium. This is shown by the fact
that a constant amount is adsorbed for a given weight of adsorbent
(having the same total surface) regardless of whether the adsorp-
tion is first carried out in a eoncentrated solution and then diluted
to a definite concentration, or the adsorbent placed at the start in
the dilute concentration. Of course, in either event, sufficient
time must be allowed to insure equilibrium. The initial velocity of
adsorption is extremely rapid, frequently 90 per cent or more of
the total adsorption taking place in a few seconds, while the last 1
or 2 per cent often requires a long time.

5. The total or specific surface of an adsorbent is not known.
Moreover, it cannot be determined by the size of the particles.
See 3 above. “It is a well-established empirical rule that the
order of efficiency of adsorbents is comparatively independent of
the nature of the adsorbed substance and of the solvent, and is
not obviously related to the chemical nature of the adsorbent.” 22

2 Taylor, op. cil., p. 250,
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Freundlich was the first to deduce the relation between the
amount adsorbed and the equilibrium concentration. He tested it
experimentally with a varied and large amount of work. If we let
z be the quantity adsorbed, m the quantity of adsorbent, and C the
end or equilibrium concentration in the liquid (after adsorption),
this relation takes the following form:

= qQl/"

Bln

where a and = are constants. The values for @ and n depend on
the nature of the adsorbent and the solution. The curve corre-
sponding to this equation was called by Freundlich the * adsorp-
tion isotherm,” but it is not correet to apply such an expression
to adsorption equilibrium for the reason that a whole series of
‘ adsorption isotherms’ may be obtained, depending upon vari-
ations in the amount of adsorbent or variations in its specific sur-
face. The expression “ concentration function  is much better
and is now generally used.

The formula is frequently called an “exponential” equation.
This is incorreet. An exponential equation contains one of the
variables (here z and () as exponent, whereas the exponent of the
concentration function is a constant. This constant varies within
fairly narrow limits for the most widely different solutes. The
value for n usually lies between 2 and 10,

6. ‘“Adsorption should depend largely on the solvent.” If
the surface tension of the solvent is small, then decrease in surface
tension in the solution is small. Hence, adsorption is stronger
in water solutions than in alcohol. A number of empirical rules
may be deduced from the theory that adsorption should depend
largely on the solvent. A summary of these deductions is given in
Taylor’s “Chemistry of Colloids,” p. 251.

The Concentration Function or So-called Adsorption Isotherm.
Adsorption may be taken as a special case of Nernst's distribution
law or partition law, which is expressed mathematically by the

equation

C1

— =K

C
in which € and C represent the concentration of the solute in the
two layers of immiscible liquids. The equation states that the
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ratio of the concentration is a constant, independent of the
amounts of solute and of the two liquids. The expression holds
provided the molecular weight of the solute is the same in both
solvents. When it is not the same, i.e., when it is associated in one
and not the other, or associated in both but to different degrees,
the equation takes the form

,
ct K

where # is the association factor.

The Preparation of Colloids. We have already said that any
substance is in a colloidal state when it is sufficiently finely divided,
namely, when the diameters of the particles range between 0.1 g
and 1 mg. It is within this range that certain characteristic
phenomena exhibit themselves. These phenomena differentiate
matter in the colloidal state from matter in a coarse state of divi-
sion on the one hand, and from matter in molecular or ionie division
on the other hand. Matter in the colloidal state, therefore,
oceupies an intermediate position. It is at once apparent that
we may approach the colloidal state (or dimensions) by starting
either with coarse particles and breaking them down into smaller
ones, or with molecules or ions and building them up into larger
particles. To illustrate, if we drop sorme solid crystals into a liquid
in which they are soluble, the crystals become smaller and smaller
until they finally disappear, i.e., dissolve. Now, they must have
passed through the colloid dimensions and, hence, it is only
required that we find some means of arresting the further decrease
in size, i.e., arrest solution of the crystals at the appropriate time,
in order to obtain the substance in the colloidal state. Such
methods of preparation are called “solution’” methods. It is not
always easy to arrest further solution of the crystals when they
reach the colloid state, but theoretically, at least, it is possible.

If, on the other hand, we start with the substance in the
form of molecules or ions in solution or vapor and cause the
molecules or ions to combine to form crystals or aggregates we soon
reach the colloidal state, but here our problem is to find some
mesans of arresting further increase in size of the particles. Such
methods are called “erystallization” or “condensation methods.”

All the known methods of preparing colloids come under the
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above two heads. Although the “electrical”’ dispersion methods
are really crystallization or condensation methods, it will be con-
venient to treat them as a separate group. The following classifi-
cation and the illustrations are based largely upon those given in
Taylor's “Chemistry of Colloids.”

A. Crystatrization METHODS

1. Cooling & solution, Example; when a 0.02 per cent solu-
tion of sulfur or phosphorus in aleohol is cooled in liquid air a clear,
glass-like, highly dispersed solid sol is obtained.

2. Replacing one liquid by another. This method depends
upon the fact that, if a solvent js replaced by & liquid in which
the dissolved substance is insoluble, the solute precipitates out
in a highly dispersed condition. Example: gum mastic is soluble
in alcohol and ether but insoluble in water. Hence, if a dilute
solution of gum mastic in alcohol is added a little at a time to a
large volume of water, and with constant stirring, the gum sud-
denly precipitates in & finely divided condition.

3. Reduction methods. Example: Zsigmondy’s gold sol by
reduction with formaldehyde. About 125 ml. of distilled water
is heated to boiling, 2.5 ml. gold chloride solution (6 g.
HAuCl,-3H20 per liter) and 3.5 ml. potassium carbonate solution
(0.18 N) being added during the heating. When the solution
begins to boil, add a little at a time and fairly rapidly, about 4 ml.
of formaldehyde solution (0.3 ml. commercial formalin in 100 ml.
of water). The solution should be constantly stirred with a hard
glass rod during the addition of the formaldehyde. A bright red
sol is obtained in a few minutes,

4. Oxidation method. Thé oxidation of hydrogen sulfide to
sulfur and water is the only known example of this method. The
hydrogen sulfide may be oxidized either by air or by sulfur dioxide.

5. Hydrolysis methods. Example: a sol of alumipum hydroxide
is obtained by heating a dilute solution of aluminum acetate solu-
tion (not more than 0.5 per cent AI(OH)3) in & sealed vessel at
100° C. for 10 days. The liquid is then boiled in an open vessel
till all acetic acid is driven off, the water being replaced at frequent
intervals.

6. Precipitation methods. Examples: (a) Electrolyte-free

sols such as arsenious. sulfide sol by the reaction between

arsenious acid and hydrogen sulfide.
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(b) Sols containing electrolytes, for example, silicic acid sol,
by the reaction between sodium silicate and dilute hydrochloric
acid.

(c) Sols with a protective colloid present such as sulfide
sols of silver or cadmium with gum arabic or casein as protec-
tive colloids.

B. SoruTion METHODS

Graham observed that certain substances could be disinte-
grated into colloid particles by the action of an added agent, such
as water or sodium hydroxide. He termed the process ‘ peptiza-
tion.” Various substances are employed as peptizing agents,
namely: colloids, ions, liquids, mixed solvents, non-electrolytes,
and salts. Peptization is a typical example of the solution method.
Examples:

1. Sols of boron, silicon, and zirconium. An oxide of the
element is mixed with potassium and heated to red heat. This
reduces the oxide. The fused mass is washed with pure water
until the filtrate runs through colored. Continued washing gives
the sol.

2. Ferric hydroxide sol. Saturate a solution of ferric chloride
with freshly precipitated ferric hydroxide and dialize.

3. Aluminum hydroxide sol. A dilute solution of aluminum
chloride or nitrate is precipitated hot with dilute ammonium
hydroxide, the precipitate washed and suspended in a large
volume of water (200-300 ml.). The mixture is heated to boiling
and 0.05 N HCl added drop by drop, with constant stirring.

4, Cadmium sulfide sol. Pass hydrogen sulfide into an ammoni-~
acal solution of eadmium sulfate, wash the precipitated cadmium
sulfide, and suspend it in pure water. Then pass in hydrogen
sulfide until the precipitate disperses. Finally boil off the hydrogen
sulfide.

5. Barium carbonate in methyl alcohol. A solution of barium
oxide in methyl alcohol is treated with a stream of carbon dioxide.
A thiek gel of barium carbonate forms at first, but this disperses
when more carbon dioxide is passed into it.

C. EvrrctricaL DispersioN METHODS

There are two kinds of electrical dispersion methods: (1)
cathode dispersion, and (2) dispersion in an electric arc between
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two metallic electrodes dipped in the dispersion medium. The
former method was used by Ritter and by Davy more than a
century ago; the latter method is due to Bredig (1898) and is by
far the more important. Svedberg has modified and extended
the Bredig method to the preparation of organo-metallic sols.

Bredig’s Method. The apparatus consists of an ammeter, a
rheostat, and two eleetrodes (1 mm. in diameter) of the metal to
be dispersed. A solution of 0.001 N potassium hydroxide is placed
in a wide, shallow glass vessel and the electrodes immersed. Upon
momentarily touching the electrodes and then pulling them apart
a cloud of metallic vapor is given off. This vapor condenses to
give the metal sol. A current strength of 5 to 10 amperes and a
voltage between 30 and 110 are used.

Svedberg’s Method. In Svedberg’s apparatus the secondary
terminals of an induction coil (12-15 em. spark) are connected
with the electrodes, and in parallel with a condenser. The elec-
trodes dip into the liquid contained in a wide glass vessel. At
the bottom of the vessel are placed small pieces of the metal to be
disintegrated. Dispersion is very rapid, and many sols can be
prepared in this way. The electrodes need not be of the same
metal as the one being dispersed.
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QUALITATIVE ANALYSIS BY DRY METHODS

Usually qualitative analyses are made by wet methods, i.e.,
by reactions between substances in solution. When substances
are tested in the solid form, the methods are often referred to as
“dry”” methods. These methods include: (1) the open-tube test,
(2) the closed-tube test, (3) the flame test, (4) the bead test,
and (5) the blowpipe test. Dry methods are all very simple and
may be performed in the field conveniently. Hence, these methods
are generally employed by the mineralogist and the geologist for
the examination of rocks and minerals.

In making an open-tube test, a small amount of the solid pow-
der is placed in a hard glass tube (about 8 inches long and 1/4 inch
inside diameter) about one-third from one end. The tube is
placed in 2 sharply inclined position with the powder nearer the
lower end and gently heated, first at the upper end and then at a
point just above the sample or sometimes directly beneath the
sample. Under such conditions the powder is heated in a steady
current of air which passes up the tube and will be oxidized if such
a reaction is possible. Various oxides may come off and either
condense upon the upper walls of the tube or escape. The oxides
may be recognized by their color or odor or both. For example,
sulfur or sulfides give off sulfur dioxide, arsenic compounds yield
arsenious oxide which condenses to small colorless octabedral
crystals, molybdenum may be recognized by a deposit of pale
yellow to white crystals, mereury minerals give a deposit of minute
globules of metallic mercury, ete.

The closed-tube test is made by placing a small quantity of
the powdered material in the bottom of a soft glass tube (about
4 inches long and 8/16 inch inside diameter) which is closed at
one end. The tube is then heated at the bottom over a Bunsen
flame. Under this condition the powder is heated almost out of
contact with air and may simply undergo decomposition into
simpler substances. For example, water of crystallization is

201
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driven off and condenses to drops of water on the upper cold end
of the tube, all sulfides which contain an excess of sulfur give a
sublimate of yellow sulfur (red when hot), native arsenic and some
arsenides produce a shiny deposit of metallic arsenie, ete.

A number of the elements impart characteristie colors to the
flame when their salts or minerals are heated in the flame of a
Bunsen burner. The flame test is best made by placing a little of
the powdered substance (preferably moistened with hydrochloric
acid) in a small loop on the end of a platinum wire and then heating
it in the edge of the Bunsen flame. Sodium salts and its minerals
give an intense yellow flame; potassium gives a violet colored
flame; strontium and lithium color the flame crimson; calcium
produces an orange flame; barium, boron, and molybdenum give a
yellow-green flame; copper produces an azure-blue flame (the
oxide gives an emerald-green flame), and zinc a bluish-green.

Bead tests are made by fluxing a small amount of the powdered
material with borax or sodium ammonium hydrogen phosphate
(““microcosmic salt”’), A clear glass bead of the flux is first made
by heating some borax or microcosmie salt in a small loop on the
end of a platinum wire. The hot bead is then touched to some of °
the powdered sample, a little of which adheres to the bead, and the
mixture fused in the flame. Both oxidizing and reducing flames
should be tried, as some beads differ in color depending upon the
type of flame used for fluxing, The bead should also be examined
both hot and cold. In Table XX is listed a few of the metals
and their color reactions with the fluxes. )

Several blowpipe tests are important aids in the identification
of minerals and salts. For example, the fusibility may be obtained
by heating a small fragment of the substance in the blowpipe
flame just beyond the tip of the inner cone, where the temperature
is-the hottest. Note whether or not the substance is fusible. If
fusible, note the ease.with which it fuses. Anotber blowpipe test
consists in roasting a little of the powdered material spread thinly
on a stick of charcoal (about 4 inches long, 1 inch wide, and 14 inch
thick). Heat only at a dull red heat, keeping the blue tip of a
small oxidizing flame a considerable distance away., Drive off any
volatile constituents, mix the residue with a little powdered char-
coal, and repeat the roasting. Observe the color and character
of the sublimate on the charcoal. Also note any odor or flame
coloration. For example, arsenous oxide is very volatile, is white
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to grayish, and often has a strong garlic odor. Zine oxide is canary
yellow while hot, white when cold, is non-volatile in the oxidizing
flame, and when moistened with a drop of cobalt nitrate solution
and ignited, the sublimate becomes green.

TABLE XX
Oxides of Borax Bead Sodium Metaphosphate Bead
Oxidizing Reducing Oxidizing Reducing
flame flame flame flame
Chromium { Hot: yellow  Green Dirty green  Dirty green
Cold: yellow- Green Fine green Fine green
ish green
Copper Hot: green Colorless to [ Green Brownish
green green
Cold: blue Opaque red Blue Cpaque red
Cobalt, Hot: blue Blue Blue Blue
Cold: blue Blue Blue Blue
Nickel Hot: violet Opaque gray | Reddish to Reddish to
brownish brownish
red red
Cold: reddish Opaque gray | Yellow to Yellow to
brown . reddish reddish
yellow yellow
Manganege | Hot: violet Colorless Grayish Colorless
violet
Cold: reddish  Colorless Violet Colorless
violet '

Certain metals (e.g., lead, silver, copper, etc.) may be reduced
from their minerals or salts by heating a little of the powdered
material on charcoal with the blowpipe. Mix equal volumes of
the finely powdered substance, powdered charcoal, and borax



TABLE XX 8
DunningTON’S8 TABLE FOr DETECTION 0F METALLIC ELEMENTS Iv SiMPLE CoMPOUNDS BY BLOWPIPE EXAMINATION -
{Exceeming Comrounps oF Ba, Sr, Ca, Mg, with Si0,; or P;0;)
Apply following tests in the order indicated, noting results:
Gradually heat on charcoal a little of the substance {S) until no further change occurs
NoTE:
1.—It disappears:—If necessary, also heat S on mica.
Nole:
Nl 1.—Volatilizes (except traces):—In tube put 8 with 12 parts soda and charcoal, heat gently to dry i1, then to rgd heat.
ole:
(a)—Vnopor alkaline to most Jitmua paper............. : v Ammonium
(b})—Sublimate of metal globules. ..........., vv. Meroury
{c)—Sublimate of metal ring (garlic odo? ... Arsenic
(dy—Sublimate other than As or Hg, add KCN (ortry test 27 ) ... .vvvvrerinreransorenaernen w+seasreras Repeat 11
(e)—No aublimate and no alksaline vapor...... {ortry test 27} . .vivvvnnnnn hmseessesessssssoresansnsrnan No baso .
12.~—Readily fusible:—Pass on to test 21. o
2.—There is a residue: st
Note: 2,
21.—Not a metal:—Put ignited mass on moist litmus paper. E
Note:
211.—%rongly alkaline {(and white):—Heat S{4+HCI) on platinum wire. B
ole:
(a)—Flame brilliant yellow and Sis fusible.........c.cuoivu, . Cehareraeataesaaas drrensarsaasns Sodium
()—Flame pale violet (through blue glass crimaon} and 8 is fusible........... Ciereevaanars sessenes. Potasgium
(¢c}—Flame red orange {through blue glass gray). ... ..o v rinr o irineiinrsasnasnnrnsannns Calcium
(d)—Flame crimson {compare with foregoing)......ccciuireiiiieiiiratarresscarrneresernns er s Strontium
(e)—Flame apple green (seen on fine wire, when very hot), ,......... ..ot iiiiniiian, vev1.. Barium
{f)—Flame not colored or indistinet. . ..., .ciieierinrntarnranusranrasnsnsnasnsararsnasnanassnns Mopgnesium test 17
212.—Not alksline (or slightly alkaline from traces of metals B).
Note:
1'.—Infusible and white residue:—Moisten with cobalt solution and re-ignite.
Note:
(a)—DBlue mass B0 T usible. ... oi ittt it i r i et s a e n s e Aluminum
(D) —GTeen IIBBE . o\ v\ o vutn v enrs st nanren s tnntn assnsans ... Zinc test 27
{e})—White mass (sometimes pinkish) no base, or if 211(s)..... e . Magnesium
{d)—Greenish blue or indistinet....... d b et taui et et e s veo Seoteat 2




add a lump of KCN and re-fuse.
Note:
2'1’ —No metal bead.
Note:
2'1°1'.—A coating on the charcoal.
Nate: D
(a)—-Wh:te.gellowwhenhut ........ Ceesas s B aREE s se e e sa i R R e e st Zino
{(5)—Yellow brown, very volatile, . ...... ..ottt isiii i Cadmium
22 —No coating:—Fuse S in borax bead, and heat in oxidizing flame.
Note: hol. cold, E
(a)}—Blue Blue tuvinentensarnirresiiincsancnvansnnasnan reniane Cobalt
% g-—-Green Blua Hee teat 221,00 nnrrnnirrnns .. Copper
—Green Green Colors bead of soda yellow... .. Chromium
(d}—Purple Violet, Colors bead of poda green. . ............. Manganese
{(g)—Purple brown Pink brown Colors bead of sodngray . ;..... mreerean Nickel
{f)—Orange Yellow (Ignited reaidue is magnetio)............. on
o— Indistinct Reheat in oxidizing flame
2'2 —A metal bead:—Pass on to next.
22— A metal bead:—Hammer it gently. {(For a larger bead, if needed, fuse S with soda and KCN.)
Note: Color.
221.—Red. (Hard, malleable). .......o0vuenniiiiiiiinneiiinnan., cisstrstaraneseessa Copper
222 —White:—Heat the melal bead on charcoal.
‘Note:
1°.—Malleable:
Note:
1°1°.—A contin \
'olor. F
(a)—Yellow (white sutside) g]\‘.[eta!. soft)......... st rrsarecacnaan veeanrioa Lead
(b)}—White (close to nesay) Metal, hard). ... r v cv it aciinnirrrenasrracnnas etenena, Tin
1°2°—No coating or faint brown. (Metal, hard)}............vovvnnt, T, Silver
2°.—Brittle:
Note;—Clolor of coaling.
Ea)—Whne (very volotile} ., ... ...cocnveres etaaisrniaaaree farraana eberstetaniennnenna vevensa. ANtimony
b}—Yellow. (Metal,leasbrittle)......vvvvumnieiaiinaniosvnnrarains vevenan drseassaana veverwss Biamuth

2! ——TFusible or colored residue:—On charcoal fuse S with 4 parts soda and charcoal. If not fused readily,

To examine complex compounds, apply severally the distinguishing tests for each of the above groups of elements: A, B, C, ete.

XIONUddY
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with three volumes of soda. Moisten the mixture with water
and place a little of it in a shallow depression on one end of the
charcoal stick. Fuse the mixture in a strong reducing flame for
several minutes, unless a metal bead appears in a shorter time.
If no metal is visible, remove the mass along with a little of the
charcoal next to it, and grind it in an agate mortar, while a slow
stream of water is run into the mixture to carry away the charcoal
powder and the excess soda. Any globules of metal present will
be flattened by the grinding and can be detected on the pestle and
in the mortar. If the metal is white, it may be tin, lead, silver,
platinum, ete. The metal may be transferred to a watch glass
and treated with a drop or two of nitric acid, warmed gently, and
diluted with a drop of water. Metallic tin is changed to white,
insoluble stannic oxide; lead dissolves and gives a white precipi-
tate of lead sulfate with a drop of dilute sulfuric acid; silver is
soluble and forms a white precipitate of silver chloride with a drop
of dilute hydrochlorie acid, the precipitate dissolving upon the
addition of ammonium hydroxide; platinum is insoluble in the
nitric acid but soluble in agua regia. A yellow or red metal may
be copper or gold. Copper dissolves in nitric acid and gives a
reddish-brown precipitate with potassium ferrocyanide; gold is
insoluble in nitric acid but soluble in aqua regia. The presence
of gold may be confirmed by evaporating the agua regia solution
just to dryness, dissolving the residue in a few drops of water, and
then adding a drop of dilute stannous chloride solution. A violet-
brown precipitate confirms the presence of gold.

In Table XXI is given an outline for the detection of metal-
lic elements in simple compounds by means of blowpipe tests.

THE SCALE OF HARDNESS

The hardness of a substance is its power to resist penetration of
its surface by another substance. The relative hardness of two
substances may be determined by finding out which will seratch
the other when the surface of one is rubbed with the edge of the
other. The harder substance, of course, will scratch the softer.
An arbitrary scale of hardness has been established by selecting
ten minerals of varying degrees of hardness and arranging them in
order of increasing hardness. Each of the minerals in the following
list will scrateh the surface of a specimen of any one preceding it. -
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1. Tale.
2. Gypsum {or rock salt).
3. Calcite.
4. Fluorite.
5. Apatite.
TABLE XXII
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6. Feldspar.
7. Quartz,

8. Topaz.

9. Corundum.

10. Diamond.

Prmvcrear Cowmrostrion oF Some MINERALS

Argentite........

Asbestos
(chrysotile). ...
(anthophyllite).

Epsomite

(Epsom salt) . .
Feldspars, e.g.....
Fluorite. ... .....

Ca:(PO;)n . CB.(F, Cl)g
CaCO,
Ag:S

H 4MgaSi30 ]
(Mg, Fe)SiO,
CaMga(SiO.).
BaSO,

AlO;
BeaAlz(SiOa) 8
Na:B0,-10H:0
CaCO,

Sn0,

F eCr20¢

HgS

AlOy
NasAlF,
CaMg(COy)a

MgS0, - 7TH:0
KAISi 04
CaF ]

Siderite........
(spathic iron)

{soapstone)
Witherite.......

PbLS
CaSO4-2Hg0

NaCl

FeTiQ,
{CaMg)}CO,
2Fe;0,-3H;0
F 9304

ENO,
FeS,
MnOg
5i0s
TiOy

FeCO:
Zn8
b3,
KCl

Hnga (Slo;);
BaCOs
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TABLE XXIII
Varor PReEssuREs OF WATER
o Pressure, o Pressure, o Pressure,
° C. mm. of Hg t*C. mm. of Hg ¢ C. mm. of Hg
0 4.60 14 11,91 28 28.10
1 4.94 16 12.70 29 29,78
2 5.30 16 13.54 30 31.55
3 5.69 17 14.42 31 33.41
4 6.10 18 15.36 32 35.36
& 6.53 19 16.35 33 37.41
6 7.00 20 17.39 34 39.57
7 7.49 21 18.50 35 41.83
8 8.02 22 19.66 36 44 .20
9 8.57 23 20.89 37 46.69
10 9,17 24 22.18 38 49.30
11 9.79 25 23.55 39 52.04
12 10.46 26 24.99 100 760.00
13 11.16 27 26.51

From Smithaonian Tables (1914)
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LOGARITHMS OF NUMBERS

Natural

numbers.

PROPORTIONAL PARrTS

2

4

s|s

7

8

7

BP488 REUYRY Bhy8RE pHBRY

e
41

2254

rugay

LA 2]

1139
1461

1761
2041

2553
2788

3010

3617

3979
415

4314
4472

amn
4914
5051
5185
5315

5441
5563

5798
S911

Go21
6128}

6721
6812

7076
7160

7324

2577
2810)

3032

b

3636

4165

4487

4786
4928
5005
5198

5575,

5922

Go3x
6138

6345
6444

6542

6730
6821

6911

7084
7168
7251
7332

1818

4014
4183
4346

4654

4942
5079
5211
5340

5465
5587

82z
5933

6149
6253
6355

6351
6646/
6739

6520

‘Jo07
7093
77
7259
7340

5478
5599
5717
5832

Gos3
G16c
6263
6365
6464
6561
6656

6749
6839

1016
710K
7185
7367
7348

5490
5611
5729
5843) 5855

5955

6064
6170
6274
6375
6474

[Trvpy
6665
6758
6848
6937

7024
711

7193
7275
7356

5119
5250

5502
5623
5740

5966,

Gors
6180
G284
6385

6580
6675

6857,
6546

7033
7118
7207
7284
7364

1031

4564)
4713

4857
4997
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5391

5514

5635
5752

6Gos8s!
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6395
6493]

6590
6776
6955
042

7126
7210

7292
7372

02940334

©682|o719]0755

1038]1072
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1673]1703

1959|1987
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2014
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LOGARITHMS OF NUMBERS

atural
numbers.

PROPORTIONAL PARTS.

4

5

6

7

8

FEeEs ¥3dsd 2UYNY 82932 roee zauan |N

a2

87

7404
7482
7359
7634
7709,

7782
7853

7993
Boba

8129
8195
8261/
8325

8513
8573
Bb33
8692

Byst

8865
8951
8976

9031
o083
9138
9191
9243

9294

9395
9445
9494

9542
9590
9638
9683
9731

977
9823
0868
9012
9956

7412
7499
7566

7716

7189
7860
7931

8136
8202
8267
8331
8395

8457
8519
8579
8639

8756
8314
8871
8027,

9036

9143
0196

9299
9350

9450
9499

9547
9595
9643
9689
9736

9782
9827
o872
9917
0961

7439
7497
7574

7796
7938
8073

8142
8209
8274

B4o1

8463
8525
8585
8645
8704

8762

8876
Bo32
8087/

9149
9201
9353

0304
9355
9405
9504
9352
9647
9741
9786
6832
5877

9921
9965

7427
7508

7657
i

7803
7875

8o14

8149
Ba1g)
8280

8470
Bsazr
8591
8651
8710

8768
8825

8938
8993

9047
gro1

9134
9258

9309
9360,
9410
9460
9509

9557
9605
96532

9745
9791

9836
9881

9926

7435|
7513
7589
7664
7738

7810!

8657
86

8774
8831
8887,

9053|
9106
9159
9212
9263]

9315
936s|
415
9465
9513

9564
9657
9703
9750
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9974
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7889
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8122
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8837,
8893
8949
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[H3¢]
9165
9217

9370

2469
9518

95668
9614
o661
9708
0754

9845
5800

9918
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7528

7152

7896

8o35
810z

8169
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8549

8127

8785

8954

9063
9117
9170
9222
9274

9325
9375
9435
9474

9571
9619

9713
9759

9805
9850
9804
9939
9583

T459;
7536
7612
7686

7466
7543
7619
7694

7474
7551
7625
7701

£
19

783z
7903
7973
Boar
8109

8176

£
19y

7839
7910
7080

7714

7846
7917
7587

Bas8)

8241
8306
83710
8432

8404
8555
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8701
8848
8004
8960
9015,
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o122
9175
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9232
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ANTILOGARITHMS

PROPORTIONAL PARTS.

w
'S

17,

6

~J

8

o

+ 00

03]
24

05|

.16
17
«I8
.19

+20)
.21
«22
«33

g

24

+35
a6
o237
.28
29

.30
.31
.33
.33
M

.36
»37
38
-39

40
AT
42
.43
o84

»45|
. ol
«47
48
-4

TO00
1023
1047
1072
1096

IIx2
1148
1175
1202
1230
1259
1288
1318
1349
1350

1413
1445
1479
1514
1549

1585]
1522
1660
1698
1738

1178
1820
1862
X905
195¢]

1995

2138
2188

2239
2291
2314
2399

2512
2570
2630
2692
2754
2818
2884
2951

1002
1026
1050
1074
10591

1125
1151
1178
1205
1233

1262
1291
1321
1352
1384

1416
449
1483
1517
1552
1589
1626
1663
1702
1742
1782
1824
1866
1910
1954

2046
2094
2143
2193

2350
2404
2460

2518

2636,
2608
2761
2825
2891
2ys8

3097

1005
1028
1052
1076
1102

1127
1153
"1180)
1208
1236

1263
1204

1355
1387

419
1452
1486
1521
1556

1552]
1629
1667
1706
1746

1786
1828
1871
1914
1959

2051

2148
2198

2249
2301
2355
2410
2466

2523
2582
2642
2794
2767

2831
2897
2565
3034
3105

007
1030
1054
1079
1104
1130
1156
1183
1211
1239

1297

1358
1350

455
1489
1524
1560

1596
1633
1671
1710
1750

91
1832
1875
919
1963

20356
2104
2153
2203

2254
2307
2360

2415
2472

2520
2588
2649
2710

2838
2004
2973
3041
312

1009
1033
1057
1081
1107

1132
1159
1184

1213

1271
1300
1330
1361
1393

1459
1493
1528
1563
1600
1637,
1675
1714

E754

795
1837
1879
923
1968

2014
2061
2100
2158

2259
2312

2421
277

2594
2655
2716
2780

2844
2911
2979)
3048

3

1012
1035
1059
1084
1109
1135
1161
1189

1216

1274
1303

1365
1396

1462
1496
1531
1567
1603
1641
1679,
1718
1758
799

1831
1884

1928,
1972
2018
2063
2113
2163
a213

2265
2317
2371

2483
254x

2661
723
2786
2851
2917
2985

3055
3136

1014
1038
1002
1086
IIX2|

1138
1164
1191
1219
1247

1276

1337

1466
1500
1535
1570
1607
1644
1683
1727

1762

1803
1845
1883
1932
1977
2023
2070|
2118
2168
2218

2270
2323
317
2432

2547
abob;
2667
2729
2793
2858
2924
2992

3062
3R

I016)
X040
1064
1089
Ir14
1401
1167
1104
1222

1279
1309
1340
13714
I403

469
1503
1538
1574

1611
1648
1687,
1726

1019!
1042

1021
1045

1067
1041
1117

1143
1160
1197
1225
1253
1282
1312
1343
1374
1406

1439
1472
1507
1542
1573

1614
1652]
1600
1730

1094
1119

1146
1172
T100|
1227
1256

1285
13151
1346
1377
1409

1442
1476
1519
1545
1581
1618
1656)
1694
1734

I;ﬁﬁ
1807
1849

1770

1811
1854

1774

1816
1858

1892
1936
1982
2028
2075
2123
2173

2275
2328
2382

2495
2553
26132
2673
2735
2799
2864
2931
2999
3069
ki H

1897
1941
1985

2032

2080] 2084

2128
21478
2228

2280
2333
2388
2443
2500

2559
2618
2679
2742
2Bcs

1901
1945
1991

2037

2133
2183

2234
2286
7339
2393
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2505

2564
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2748
2812

2811
2038
3006
3076
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3083
3155
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INDEX

A

Absorption, 250

coefficient, 250
Acids; 120

ionization constants, 122
' per cent ionization, 83

pH values, 191

polybasic, 1256
Activity, 88
Adsorptiorn, 102, 282

isotherm, 285
Alchemy, 1
Alpha (a) rays or particles, 257
Ampere, 243
Amphoteric elements, 18, 259
Amphoterism, 163
Angstrom unit, 253
Antilogarithms, 302
Aqueous tension, 43, 55
Arrhenius’ dissociation theory, 81
Association, 80
Atom, 2, 8
Atomic

heats, 13

numbers (table), 10, 14, 20, 256

structure, 257

theory, 8

weights, 9, (table) 10

determination of, 12

Ayto-catalysis, 239
Auxiliary valence, 169
Avogadro’s

hypothesis, 8, 48

number (N), 12, 2556

B

Balance, chemical, 27
Bases, 120
ionization constants, 122
per cent ionization, B3
pH values, 191

305

Bead test, 202, (table) 203
Beer’s law, 250
Beta (8) rays, 257
Black body, 249
Blowpipe test, 292

table for, 294
Boyle’s law, 35
Brownian movement, 276
Buffer action, 90, 134, 197
Buffer solutions, 90

C

Calomel half cell (fig.), 222
Calorie, 241

Calorimeter, 242

Canal rays, 257

Cannizarro’s method of atomic weight

determination, 12

Catalysis

auto-, 239

contact, 239
Catalysts, 239

auto-, 239

positive or negative, 239
Cataphoresis, 276, 282
Cathode rays, 2556
Cathodoluminescence, 255
Cell

concentration, 227

Daniell, 216

galvanic, 243
Charles’ law, 38
Closed-tube test, 291
Cosgulation, 278
Colloids, 261

Baneroft's definition of, 262

colors of, 274

diffusion of, 273
opalescence of, 274
optical rotation of, 274
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Colloids
particle size of, 270
preparation of, 286
résumé of properties, 273
specific surface of, 271
stability of, 277
Combining weights, law of, 7
Combustion, heat of, 242
Common-ion effect, 90, 101, 131
Comparator, block, 195
Complex
ions, 169
nucleus, 171
galts, 171
dissociation of, 173
isomerism of, 174
gtereoisomerism of, 175
theory of colloid stability, 277
Complexes, 169
ammonia, 170
cyanide, 170
halide, 171
metallo-organie, 178
sulfide, 170
thiocyanates, 171
Component, 92
Compounds, 21
and mixtures, 21
coordinate, 22, 23, 170
non-polar, 22, 23
number of
inorganie, 21
organic, 21
polar, 22
Concentration
cells, 227
function, 285
units, 106
Conductance, 244
and ionization, 245
complex salts, 174
equivalent, 244
ionic (table), 247
molar, 244
ratio, 245
specific, 244
Conservation of mass, law of,
Consolute. 67

INDEX

Constant proportions, law of, 7
Coordination
number, 23, 172
theory, 169
Co-precipitation, 102
Coulomb, 244
Critiesl
pressure, 49, 53, 55
temperature, 49, 53
volune, 53, 55
Crystal forms, 62
lattice, 61
liquid, 64
structure, 64
Crystallization, 63

D

Dalton’s law, 42
Daniell cell, 216
Debye-Hiickel theory, 84, 89
De Chancourtois’ Helix, 18
Definite proportions, law of, 6
Density, 26
of a gas from G.M.V,, 11
of gases, 44
Dialyzer, 263
Diffusion
Graham's law, 43
pressure, 74
rate or speed of (gas), 43
Dimorphous, 63
Disperse systems, 267
example of, 269
Disseciation, 78, 80
complex salts, 173
Distillation, 74
Distribution coefficient, 91
Ddébereiner’s Triads, 18
Double salts, 171
Dulong end Petit’s method of atomic
weight determination, 13

E
Einstein’s
law of photochemical equivalence,
251
theory, 3

Electrochemistry, 243



INDEX

Electrode
calomel (fig.), 222
hydrogen (fig.), 221
Nernst equation, 220
potential, 218
standard potentials, 224, (table) 226
Electrode potentials
calculation, 225
normal, 224
standard (table), 226
Electroendosmosis, 281
Electrolytes
ionization (table), 83
solutions of, 80
Electrolytic dissociztion
complex salts, 173
theory, 80
Electrons, 2, 16, 259
mass of, 255
planetary, 258, 259
valence, 258
Electrovalence, 22
Elements, chemical (table}, 10
smpboterie, 18, 259
ancient conception of, 4
Aston’s definition of, 15
Boyle’s definition of, 4
classification of, 18
distribution of, 4
metallic, 18, 259
new, 20
non-metallic, 18, 259
radioactive, 4, 257
relative abundance of, 5
E.M.F. series, 247, (table) 248
Emission spectra, (plate), op. 252
Emulsoid, 270
Energy
chemical, 243
electrical, 243
radiant, 249
thermal, 241
Equilibria
celeulations, 119
complex-ion, 178
constants, 119
ionization, 120
oxidation-reduction, 215

307

Equilibrium

between a metal and its ions, 217

complex-ion, 178

constant, 87

heterogeneous, 91

homogeneous, 86

hydrogen sulfide, 127

kinetic, 54

law of chemical, 88

state of, b4

time for attainment of, 101
Equivalence-point, 205
Equivalent weights, 7, 9, 12
Evaporation, spontaneous, 62

F
Faraday, 244
Filtration, 72
Flame test, 292
Fluidity, 59
Formstion, heat of, 242
Formulas
constitutional, 22
electronic, 22
graphic, 22
structural, 21
Freedom, degrees of, 92
Fugacities, 88

G

Gamma (v) rays, 257
Gas constant (R), 40
Gases
data on, 49
density of, 44
diffusion of, 43
kinetic theory of, 45
laws of, 35
liquefaction of, 57
molar heat capacity of, 48
partial pressure of, 42
specific heat of, 47
Gas law equation, 39, 40
Gay-Lussac’s law, 38, 48
G.M.V, 11
Graham’s law, 43
Gram-atom, 106
Gram-ion, 106
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Gram-mol, 11, 106

Gram-molecular
volume, 11
weight, 11, 106

H

Hardness scale, 297
Heat of
combustion, 242
dilution, 242
formation, 242
hydration, 242
neutralization, 243
solution, 242
vaporization, 57
Henry's law, 69
Hess, law of, 242
Historical introduction, 1
Hopealite, 240
Hydrates, 171
Hydrogen electrode, 221
Hydrogen-Ion, 15, 184
calculation, 188
determinstion, 192
colorimetric, 194
potentiometric, 196
exponent scale (pH), 186
Hydrolysis, 208
calculations, 210
constant (Kypypqe ), 119
degree of, 209
Hydronium ion, 120
Hydrosols (table), 281
Hydroxonium ion, 120
Hypothesis, 2

Tonization, 120
acid type, 163
basic type, 163
calculations, 119
complex salts, 173
constants (table), 122
of acids, bases, and salts (table), 83
of strong electrolytes, 84
Indicators, 182
.color chart, 193
constant (K;), 194

INDEX

Instability constants (table), 170
Interface, 282
Interionic attraction theory, 84
Ion
common, effect of, 90, 101, 131
concentrations, hydrogen and hy-
droxyl, 187
product for water (K,,), 185
Jonic -
conductances (table), 247
lattice, 84
Isomorphism, 14, 63, 174
Mitscherlich’s law of, 14
Isothermals, 55
Isotopes, 14, 256

Joule, 241

K

K, equilibrium constant, 87
Kmyay, hydrolysis constant, 119
K, indicator constant, 194
Kynaaby, instability constant, 119,
{table) 179
K, fon product for water, 185
K (ton), ionization constant, 119, (table)
122
Koxredy, oOxidation-reduction con-
stant, 119
K. p., solubility-product constant, 93,
(table) 98, 119
Kilogram calorie (Cal.), 241
Kinetic
energy, 46
equilibrium, 54
Kinetics, chemical, 235
Kinetic theory of
gases, 45
liquids, 53
solids, 61
Kohlrausch's law, 246

L

Lambert’s law, 250
Lavoisier and Laplace, law of, 242
Law, 2
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Le Chatelier-Braun principle, 104
Liquefaction of gases, 57

Liquid crystals, 64

Liquids, 53

_ kinetic theory of, 53

Liter, definition of, 113
Logarithms, 300

M
Mass, 26
action, law of, 86
law of the conservation of, 3, 6
of electron, 255
spectrograph, 15, 255, 258
Matter, 2
and energy, 3
changes of, 25
electrical theory of, 254
law of indestructibility of, 8, 6
Membranes, preparation of artificial,
77
Metalloids, 18
Metals, 18, 259
Metastable, 70
Mho, 244
Micron (), 270
Minerzls (table), 207
Mixed crystals, 102
Mol, 11
Molal solution, 113
Molar solution, 113
Molecular
depression constant, 78
elevation constant, 78
weights, 9
Molecules, 8
gas
average spacing of, 49
mean free path of, 50
number per liter, 49
gize of, 49
velocity of, 50
Moseley’s atomic numbers, 20
Multiple proportions, law of, 7

N

N, see Avogadro’s number
Nernst equation, 220

309

Neutralization, 203
heat of, 243
Newland’s law of octaves, 19
Non-electrolytes, 80
Non-metals, 18, 259
Normal
calome] electrode, 222
bydrogen electrode, 221
pressure, 35
temperature, 35

0

Occlusion, 102

Octaves, law of, 19

Ohm, 244

Ohm's law, 243

Open-tube test, 291

Optical rotation, 274

Osmotic pressure, 74, 217
dilute solutions and, 76

Ostwald’s dilution law, 89, 123

Oxidant, 29

Oxidation, 29

Oxidation-reduction
balancing equations, 29
equations, 33
equilibria, 215
pobelltials, 228
reactions, 28

Oxonium ion, 120

P
Partition
coefficient, 91
law of, 91
Periodic
law, 19
system, 19
pH, 184
calculation, 188
determination
colorimetric, 194
potentiometric, 196
indicators, 192
color chart, 193
Phase, 92
rule, 91



310 INDEX

Photochemistry, 249 Radio-sodium, 16, 257
laws of, 251 Radium, 257
Planck’s constant, 16, 250 Raoult’s law, 76
Plastic flow, 60 Reactions
Plasticity, 59 catalytic, 238
pOH, 187 ionie, 30
calculation, 190 non-ionic, 30
Polybasic acids, 125 order of, 236
ionization of, 126 specific reaction rate, 236
Positive types of, 25
electron, se¢ Positron velocity constant, 236
rays, 255 Reciprocal proportions, law of, 7
Positron, 258 Recrystallization, 73
Potentials Reductant, 29
oxidation-reduction (table), 228 Reduetion, 29
standard electrcde, 224 Reference electrodes, 221
Precipitates Reflection, 250
digesting, 71
dissolving of, 158 8
. filtration of, 72 Salt bridge, 215
washing of, 72 Salts
Precipitation complex, 170
co-, 102 double, 171
fractional, 102, 154 hydrate, 171
post, 103 ionization constants, 122
solubility-product, 144 per cent ionization, 83
speed of, 101 Sol, 263
total, 101 Solids, 61
Pressure amorphous, 61
aqueous, 43 crystalline, 61
critieal, 49, 53, 55 kinetic theory of, 61
partial, 42, 69 Solubility
standard or normal, 35 effect of particle size on, 70
total, 42 extent of, 67
Protecting films, 276 kinds of, 66
Protons, 15, 16, 258, 259 of bases and salts (table), 68
Prout’s hypothesis, 14, 15, 268 Solubility-product
Purifying compounds, 73 and precipitation, 144
caleulations, 137
Q constants (table), 98
equilibrium and, 1¢1
Quantum, 2, 16, 250 principle, 92
Solutes, 66
R properties of ionized, 82
Solution pressure, 74
R, see Gas constanf, electrolytic, 217
Radioactivity, 4, 256 Solutions, 66
artificial, 16, 257 buffer, 90



Solutions
electrolytes, 80
heat of, 242
kinetic theory and, 74
molal, 113
molar, 113
non-electrolytes, 80
saturated, 69
supersaturated, 69, 72
unbuffered, 201
Space lattice, 84
Specifie
heats of gases, 47
heats of solids, 13
surface, 271
Spectra, plate of emission, op. 252
Spectroscope, 251
calibration of, 252
Spontaneous evaporation, 62
Stefan-Boltzmann law, 249
Sterecisomerism, 175
Surface tension, 58
Suspensoid, 270

Temperature
absolute, 37
critical, 49, 53, 55
scales, 37
standard or normal, 35
transition, 63
Theory, 2
Thermochemistry, 241
laws of, 242
Titration curves, 2056
Transition tempersture, 63
Transmutation, 1, 16
Trouton’s rule, 57
Tyndall phenomenon, 261, 274

INDEX 311

U

Ultra-filtration, 272
Ultramicroscope, 270

v
Valence
suxiliary, 169
co-orditate, 23
electro, 22
polar and non-polar, 23
primary, 169
secondary, 169
van der Walls’ equation, 41, §6
Vaporization, heat of, 57
Vapor pressure, 55
aqueous (table), 208
distillation and, 74
lowering, 76
Raoult’s law governing, 76
relation of hoiling-point and, 74
Velocity constant, 236
Viscosity, 59
Viscous flow, 59
Volt, 243
Volume
critical, 55
unit of, 113
w

Washing of precipitates, 72
Water
conductivity of, 185
ionization equilibrium, 184
ion product for, 185
Weight, 26
Werner’s theory, 169

b. 4
X-Ray, 64
analysis, 64, 258
crystal structure and, 64
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Sym- A;'IOIE: Atomic Sym-| A;;:::f Atomic
bol ber Weight bol ber Weight
Aluminum. . ..| Al 13 26.97 Molybdenum..| Mo | 42 96.0
Antimony....| Sb 51 121.76 Neodymium. .} Nd 60 144 .27
Argon........| A 18 30.944 || Neon........ Ne 10 20.183
Arsenic....... As 33 74.91 Nickel,.,....| Ni 28 58.69
Barium..... .| Ba 56 137.36 Nitrogen..... N 7 14.008
Beryllium, , ..} Be 4 .02 Osmium...... Oas 76 191.5
Bismuth,.....] Bi 83 200.00 || Oxygen...... o 8 16.0000
Boron........ B 5 10.82 || Palladium..,.| Pd 46 | 106.7
Bromine....,.| Br 35 79.916 || Phosphorus,..| P 15 31.02
Cadmium....| Cd 48 112.41 Platinum,..... ) 78 195.23
Calcium...... Ca 20 40.08 Potassium....| K 19 | 39.096
Carbon.......| C 6 12.00 Praseodymium| Pr 59 140.92
Cerium.,.....| Ce 58 140,13 Protactinium..| Pa 91 231
Cesium.......| Cs 55 132.91 Radium.,.... Ra 88 226.05
Chlorine......| Cl 17 35.457 || Radon....... Rn £6 222
Chromijum, ,..|'Cr 24 52.01 Rhenium. .... Re 75 186.31
Cobalt. ......| Co 27 568.94 Rhodium..... Rh 45 102.91
Columbijum...| Cb 41 92.91 Rubidium....| Rb a7, 85.44
Copper.......| Cu 29 63.57 Ruthenium. . .| Ru 44 101.7
Dysprosium.. .| Dy 66 162.46 Samarium....| Sm 62 150.43
Erbium...... Er 68 167.64 Scandium,....| Sc 21 45,10
Europium, . ..| Eu 63 152.0 Selenium. .... Se 34 |.78.96
Fluorine...... F 9 19.00 Silicon. .. ... Si 14 28.06
Gadolinium...| Gd 64 157.3 Silver........ Ag 47 107.880
Gallium...... Ga | 31 69.72 Sodiuvm......| Na 11 22.997
Germanium...| Ge 32 72.60 || Strontium....| Sr 38 87.63
Gold.........| Au 79 197.2 Sulfur..... ... 5 16 32.06
Eafpium. .... Bf 72 178.6 Tanfalum Ta 73 180.88
Helium.......| He 2 4.002 || Tellurium. Te 52 127 .61
Holminm...... ] Ho | . 67 |163.5 Terbjum,....[| Tb 65 1 159.2
Hyd 4 Ti 81 204,39
Indi .| Th 90 232.12
Todu ] Tm 69 169.4
Iridi | Sn 50 118.70
7 NATIONAL |7 | %[
|Ww 74 184.0
%f.ﬂ U 92 | 238.14
Lea¢ [ v 23 50.95
Lith H Xe 54 131.3
Lute Yyb| 70 {173.04
Mag t Y | 39 | ss.02
Man .| Zn 30 65.38
I LABORATORY |#| % | i
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