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PREFACE

This text, Tonic Equilibrium as Applied to Qualitative Anal-
ysts, consists of the theoretical portion (Part I) and the
Appendix of the revised edition of the complete text, Quali-
tative Analysis and Chemical Equalibrium. It is designed to
meet the needs of teachers who either prefer to use their
own particular scheme of analytical procedure or want to
include in their courses supplementary material on chemical
equilibrium in the form of problems and exercises.

In developing a course in qualitative analysis we have had
several major objectives in view, one of which is the early
introduction into the chemiecal curriculum of a thorough study
of the important principle of chemical equilibrium. This
principle is met in the explanation and understanding of al-
most every analytical separation and identification, and quali-
tative analvsis therefore serves as an excellent medium for the
study of this principle.

The presentation of this subjeet is based upon the assump-
tion that the student is familiar with the atomic theory, the
kinetic molecular hypothesis and its application to the behavior
of gases, the meaning of atomie and molecular weights, the
balancing of simple chemical equations, the most general
properties of solutions, and, in an elementary way, the periodic
system.

The revised edition represents a considerable expansion.
We have added a chapter on the states of matter, one on the
quantization of atoms and molecules, and a third on nuclear
chemistry. It will be obvious to the instructor that some of
this new material has little bearing on qualitative analysis
per se. However, much of this new material is penetrating
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vi PREFACE

chemical thinking so rapidly today that it cannot be neglected.
Furthermore, we find that it is just this sort of material that
the more ambitious students find fascinating. Should the
instructor find that time is short, he can postpone Chapters 4
and 14 and a part of Chapter 11 without impairing the con-
tinuity of the subject matter. In these chapters an attempt
is made to introduce the student to some of the newer concepts
of the structure of molecules and to the principles governing
the reactions of ions and molecules in the formation of com-
plexes. It is felt that it is important at this point in the stu-
dent’s training to familiarize him with the ideas he will have
to apply later in the chemistry curriculum.

The tables of equilibrium constants in the \ppendix have
been completely revised and greatly expanded to inelude more
recent data. These tables of constants are now quite complete
and include the latest information available in the literature.
The most important change is in the ionization constants for
hvdrogen sulfide. Instead of using the old values which have
been accepted for some fifty vears we have adopted the re-
cently published values of Latimer and colleagues (see Report
UCRIL~-2108, University of California Radiation Laboratory,
entitled “ Heats of Formation and Entropies of HS™ and S,
Potential of Sulfide-Sulfur Couple,” February 12, 1953). This
has necessitated an examination of the older literature and a
re-evaluation of the solubility-product constants for the sul-
fides, since these values in almost all cases are caleulated by
making use of the hydrogen sulfide ionization constants. It
was in this study that we became more appreciative of the
unreliability of the solubility-product constants of the sulfides.
In almost all cases it was found that the values of the constants
vary greatly with time. Wherever possible, we use the best
value obtainable for the freshly precipitated sulfide. Due to
this variability with time we strongly recommend that pre-
cipitated sulfides not be allowed to stand for any protracted
period before being dissolved. Negligence at this point can
upset the analytical procedures.

The number of figures in the text has been increased con-



PREFACE vii

siderably, and so has the number of tables. Many sections of
the text have been completely rewritten. The chapter on
Complex Tons has been extensively revised with the view of
providing the student with some of the modern ideas of
quantized formation of molecular orbitals.

No attempt has been made to introduce the concept of
activity or activity coefficients. This subject is not essential
to a fundamental understanding of chemical equilibrium, nor
is the student prepared to interpret its significance. In
numerical caleulations in this course its contribution is of no
importance. We “violate” the Law of Mass Action in that
we apply it to concentrations rather than to activities in
the more concentrated solutions, and give answers to prob-
lems in figures which are often not significant. We justify
this procedure on the grounds that such answers give the
student a means of checking his thought processes involved
in formulating the problems.

Descriptive material is interwoven with the presentation
of the theoretical aspeets of the subject, both of which are
applied in numerous instances to qualitative analysis and
general problems of chemistry.  ach chapter concludes with
a set of questions and problems. The questions serve as a
guide for study and review of the subject matter. The several
hundred problems deal essentially with equilibria of solutions.
It is our conviction that the student cannot acquire an ade-
quate understanding of chemical equilibrium and its application
without dealing with numerical caleulations involving this
principle. It is not necessary that these caleulations be mathe-
matically difficult. Accordingly, special effort has been made
to select relatively simple problems which are arranged in the
order of increasing difficulty. Ixamples of all types of prob-
lems and their complete solutions are given at the end of each
chapter. Answers to all problems and an ample section on
mathematical operations are included in the Appendix as a
guide for the student. New problems may easily be con-
structed from those given in the text.

We regard this presentation of the subject of equilibrium
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in solutions complete enough to relieve the teacher of a con-
siderable amount of time in its presentation again in a later
course in physical chemistry.

T. R. H.

w. C. J.
March 15, 1954
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CHAPTER

1

The Atomic and Molecular Concept of
Matter

Atoms, Molecules, and the States of Matter. Matter.
which in its many forms makes up our universe, exists as a
solid, a liquid, or a gas. But all matter consists of atoms and
molecules. How then do the different states of matter — the
solid state, the liquid state, and the gaseous state — differ
from each other in terms of atoms and molecules?

In the solid crystalline state the molecules, and the atoms
which make up the molecules, occupy definite fixed positions.
There is a high degree of order, just as there is order among
troops on review or parade. Although the positions of the
molecules are fixed, the molecules are in a state of vibration.
The higher the temperature the greater the vibration. At a
sufficiently high temperature the molecules vibrate hard enough
to overcome the forces holding them together, causing the
crystalline solid to melt.

In the liquid state there is a great deal of randomness in the
positions of the molecules but there is not complete confusion,
for some of the molecules band themselves together in small
but somewhat ordered groups. The higher the temperature of
a liquid the greater the disorder, since, at higher temperatures,
the molecules of a liquid move about faster or vibrate harder
and thus knock the more ordered small groups apart.

The gaseous state is characterized by complete randomness
1



2 THE ATOMIC AND MOLECULAR CONCEPT OF MATTER

of molecular position — the molecules of a gas are constantly
moving about and are not in any fixed or orderly position with
respect to each other. The higher the temperature the greater
is the velocity of these molecules.

As the temperature of a gas is lowered, the average collision
gets less and less violent until the attractive forces between
the slowest of the molecules come into play and these molecules
then ban together to form droplets which settle out as a liquid.
As the liquid is further cooled, order begins to take place and
finally the liquid solidifies, usually in the form of crystals but
sometimes as a glass. When the solid is cooled the vibrations
of the molecules in the solid get less and less violent until these
vibrations no longer exist or are reduced to the lowest possible
vibration state. At this point, the temperature has reached
absolute zero, below which it cannot go — below which tem-
perature has no meaning.

The Nature of Crystalline Solids. If we examine grains
of ordinary table salt under a magnifying glass, we see that all
of these grains appear to be cubes. Furthermore, if we should
measure the angles between the faces of these cubes with a
goniometer (a special microscope used by mineralogists to
measure the angles between crystal faces), we would find these
angles to be exactly 90° — not 89° 59" or 90° 1’ but exactly 90°.
Likewise, if we were to measure the angle between the pre-
dominating faces of a quartz crystal, we would find it to be
exactly 120°. All crystals have very definite and, in many
cases, simple angles between the crystal faces.

The fact that crystals assume very definite shapes indicates
strongly that the atoms and molecules of which they are com-
posed are arranged in very definite and ordered positions. The
order in which atoms are arranged and the distances between
the various atoms have been determined by X-ray diffraction
and, to a lesser extent, by electron diffraction measurements.
We shall omit the details of these methods in this course and
accept the results as conclusive.

X-ray diffraction analysis shows that in sodium chloride
each chlorine particle is surrounded by six sodium particles
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and each sodium particle is surrounded by six chlorine par-
ticles. Furthermore, such an analysis shows that the axial
distance between the centers of the sodium and chlorine parti-
cles is 2.81 A. (A is the abbreViation for Angstrom unit which
is equal to 1/100,000,000 or 10~* ¢m.) Actually the sodium
and chlorine particles in this crystal are in the form of ions.
The sodium ion is positively charged and the chlorine ion is
negatively charged. This differentiation will be considered

FIG. 1.1 The crystalline form of sodium chloride.

more fully in the following chapters. The arrangement of the
sodium and chlorine particles with respect to each other in
the sodium chloride erystal is shown in Figure 1.1.

Note that the chlorine particles have about twice the di-
ameter of the sodium particles. From this figure it is easy
to see that each particle is surrounded by six immediate
neighbors of the other kind. Crystallographers describe this
situation by saying that the crystal coordination number of the
sodium and of the chlorine is six in sodium chloride.

It is apparent that with such an arrangement of Na and Cl
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particles the angles between the faces should be exactly 90°.
NaCl crystals tend to grow in such a way as to produce cubes
or rectangular hexahedra. But the cubic arrangement of the
particles in NaC! does not mean that such an arrangement of
particles will always yield erystals of this type. For example,
the structure of a crystal of KCl is exactly like that of NaCl

yet KCl erystals are most often

’ found in the form illustrated
in Figure 1.2,
In general, crystals tend to

grow in such a way as to pro-

duce the maximum concentra-

tion of atoms on the surface.

While the arrangement of the

\ particles in NaCl and KCI is

A the same, there is a difference

_ in that the potassium particles

FIG. 12 The emstallte fm of - (or ions) are  considerably

larger than the sodium ions.

This difference in relative size changes the packing in the

various planes and to some extent changes the macroscopic

appearance of the crystal. A cubic arrangement of particles
can therefore manifest itself in several crystalline forms.

When all the atoms are alike, as in the case of metals, the
atoms tend to pack together as closely as possible. The
simplest close packing is hexagonal. In beryllium and mag-
nesium, for example, the atoms are arranged in layers as illus-
trated in Figure 1.3.

The second layer of atoms does not fit directly over the
first, but each atom in the second layer lies in the depression
between three adjacent atoms of the lower layer — the points
marked X in Figure 1.3. The third layer lies immediately over
layer 1. The arrangement of layers is therefore A-B-A-B-A-
B, etc. Each atom has 12 equidistant neighbors.

The structures of copper, silver, and gold are examples of
cubic close packing. In these cases each layer of atoms is the
same as that for the hexagonal close-packing structure. In cubic
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FIG. 1.3 Hexagonal close packing of atoms.

close packing the atoms of the second layer (see Figure 1.3)
fall into the positions marked X as in hexagonal close packing,
but the atoms of the third layer, instead of lying directly over
those in the first layer, lie over the positions marked with a
dot in the first layer. The atoms of the fourth layer then lie
over those in the first. The arrangement of layers is A-B-C-
A-B-C-A-B-C, ecte. Along certain axes the atoms have a
cubie arrangement. Each atom in this structure is also sur-
rounded by 12 equidistant neighbors. The crystal coordina-
tion number is 12.

The other close-packing structure common to metals is
body-centered close packing which is really not ‘“close pack.
ing.” In this case the atoms of each layer are arranged in rows
at right angles to each other. Each atom of the next layer lies
in the depression between four atoms of layer 1. The atoms
of the third layer lie above those in the first. Examples of
this structure are molybdenum, tungsten, and the alkali
metals.

Most metals have one of the above three structures; a very
few have combinations of two of these.
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The Liquid State. We know much less about the condi-
tion of molecules in the liquid state than we do for that in
either the gaseous or solid states. The molecules of a liquid
adhere to each other and the fluidity of liquids indicates that
the molecules have the ability to move about or slip over each
other. As we have previously indicated, X-ray evidence sup-
ports the view that very probably the molecules in a liquid
tend to line up with each other to some extent and that this
aligning tendency is greater the lower the temperature. In
most liquids, however, some of the molecules are probably
already arranged in the form of the solid crystal. These nuclei
act as the growth centers for crystal formation when the tem-
perature is sufficiently low.

When ordinary glycerine is cooled, it solidifies to form
crystalline glycerine at 17° C. On the other hand, if it is kept
at a temperature far above its melting point for a protracted
time and then is cooled below the melting point, the glycerine
gradually becomes more and more viscous until a glass is
formed. If the glass is now melted and subsequently cooled,
a glass is formed again, unless the liquid is seeded by the addi-
tion of glycerine crystals or of glveerine which itself will
crystallize on cooling. Evidently, ordinary glycerine contains
some nuclei or incipient crystals which act as the starting
point for crystallization but which are destroyed at high tem-
peratures. Liquids differ markedly in their ability to form
glasses or supercooled liquids (i.e., cooled below the freezing
point).

When quartz (silicon dioxide) erystals are melted (the melt-
ing point of quartz is about 1400° C), the temperature is so
high that there are practically no crystal nuclei left in the
melt. If the quartz is then cooled so rapidly that nuclei do
not have much chance of forming, the liquid gets more and
more viscous and finally becomes a solid glass. In this condi-
tion the silicon dioxide molecules have attached themselves
to each other to form an irregular pattern which contains some
atomic-sized holes or voids. This condition is illustrated in
Figure 1.4.
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FIG. 1.4 Schematic representation of quartz glass. The black spheres
represent silicon, and the lighter spheres, oxygen particles. (According to
Zachariasen.)

It is to be noted that Figure 1.4 is only a two-dimensional
representation. KEach silicon atom has four oxygen atoms sur-
rounding it. The silicon atoms in Figure 1.4 therefore have
oxygen atoms attached to them either above or below the plane
shown in the figure.

When a liquid containing no nuclei is cooled it will not form
crystals and will therefore become what is known as a super-
cooled liquid. 1f a beaker of water is cooled to 0° C it will
form ice because either the water itself contains a few ice
nuclei or, more likely, because the glass surface acts as nuclei
to bring about the initial erystalline ice formation.

When a very small droplet of water is suspended in air, as
in a cloud, it can often be cooled to as low a temperature as
—40° C with no formation of ice. Such small droplets of water
contain no ice nuclei. The temperatures of the tops of many
cumulus clouds (thunderheads) are well below the freezing
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point of water. When the temperature gets very low (below
—40°) the motion of the molecules becomes so sluggish that
nuclei form and the particle turns to ice. These minute ice
crystals then grow and as they fall through the warmer part of
the cloud they melt and grow larger by accumulating other
small droplets. When they strike each other they break up into
smaller drops. These drops are lifted by the turbulent wind
in the cloud and grow larger. This process repeats itself and
rain falls out of the cloud. This is one of the mechanisms of
rain formation.

Rain can be produced artificially by seeding the upper part
of a cloud with artificial nuclei. One of the best seeding agents
is silver iodide. This substance has a crystal structure much
like ice, and water molecules use these tiny crystals of silver
iodide as nuclei on which to grow ice crystals. Solid carbon
dioxide (dry ice) at —80° C is also used for seeding. In this
case the low temperature allows a small fraction of the cloud
droplets to nucleate themselves.

This phenomenon of crystal nuclei in liquids is of great im-
portance in the science of metallurgy. When many nuclei are
present, a fine grain structure is formed on solidification.
When few nuclei are present, the grain structure is coarse. In
most cases large grain size in metals is undesirable. Molyb-
denum often shows this phenomenon to a high degree. When a
large melt of molybdenum is cooled it often solidifies in ex-
tremely large grains, sometimes a foot in length. This phe-
nomenon is not always easy to control. The study of crystal
nuclei, particularly in metals, is still in its infancy.

Polarity of Molecules. Suppose that two large sheets of
metal are connected electrically with a battery B, a switch
and a current-measuring instrument as shown in Figure 1.5.
When the switch S is closed, the plate connected to the nega-
tive pole of the battery becomes negatively charged and the
plate connected to the positive pole of the battery positively
charged. Just at the moment the switch is closed the small
current charging the plates will flow through and be measured
by the current-measuring instrument. The positive charges
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A B

FIG. 1.5 Action of electric field on polar molecule.

on the one plate attract the negative charges of the other and
vice versa, and this attraction builds up the charge-holding
ability or capacity of the two plates. If the size of the plates
is increased, it is obvious that the two plates will hold a
greater electric charge, that is, the capacity will be increased.

The nearer two oppositely charged objects are to each other
the greater is the attractive force between them. If the two
plates are moved closer together the attractive force which
holds the charge on the surface of each plate becomes greater
and the two plates therefore have a greater capacity. One
might argue that as the charge increases on each of the plates
the attractive force will also increase, resulting in an accu-
mulatively greater capacity. There is an opposing force, how-
ever, which stops this accumulative effect. Like charges on
the same plate repel each other and this repulsive force, which
is greater as the charge on each plate is increased, prevents
any indefinite accumulation of charge on any one plate. Such
an arrangement of plates is known as a condenser.

Suppose that a bar M which can pivot about its center and
which has one end positively charged and one end negatively
charged is placed between the two plates. When the plates
are now charged the bar will be found to tilt in such a position
that the positive end will move toward the negative plate
(Figure 1.5B). Such a bar will increase the electrical capacity
of the two plates, for this action of the bar will have the effect



10 THE ATOMIC AND MOLECULAR CONCEPT OF MATTER

of putting the two plates closer together. The positive end
of the bar will produce an attractive effect on the negative
plate; and the negative end, an attractive effect on the positive
plate.

Many molecules are like the bar shown in Figure 1.5. They
have positive and negative ends and when placed between two
such charged plates tend to line up as does the bar. This
alignment increases the electrical capacity of the plates as
measured by the current-measuring instrument.

The ratio of the electrical capacity of the condenser when
some substance is placed between its plates to the electrical
capacity when there is a vacuum between these same plates is
known as the dielectric constant of the substance.

capacity with substance
capacity in vacuum

= dielectric constant

The greater the separation of the positive and negative
charges in a molecule, the greater will be the turning cffect
on the molecule in the con-
denser, and therefore the greater
will be the capacity of the con-
denser and the greater the
diclectrie constant of the sub-
stance. In Figure 1.6, the mole-
cule B has a greater turning
effect than molecule A. Since
a greater scparation of charge
A B produces a greater torque or
, electrical leverage, molecule B

FIG. 1.6 Schematic representation .
of two polar molecules. B more can be more easily turned than
polar than A. molecule A. Therefore B has
a greater diclectric constant
than A. The dielectric constant is then a measure of the sepa-

ration of the charges in a molecule.

Not all the molecules placed between the plates of a
condenser are turned at right angles to the plates as shown in
the case of the charged bar (Figure 1.5). The thermal agitation
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of the molecules prevents perfect alignment. We can deduce
that the lower the temperature the less will be the thermal
agitation and the greater will be the alignment. The dielectric
constant of a polar molecule should therefore decrease with
increasing temperature.  This conclusion is completely verified
by experiment.

Polar and Non-Polar Substances. Those substances
which have a large dieleetrie constant, that is, a large separa-
tion in the charges, are known as polar substances and those
which have little or no separation in charges as non-polar sub-
stances.  Water is a polar substance and
methane, C'H;, and hexane, CsHyy, a con-
stituent of gasoline, are non-polar sub- M
stances.  We shall have more to sayv re-
garding such substances at a later time.

Vapor Pressure and the Boiling
Point. Suppose that « pure liquid is
confined in a closed vessel and all ex-
trancous gases such as air are removed
from the space above the liquid. (See
Figure 1.7). Then it is found that at a
given, definite temperature there will be a
definite gas pressure due to the evapo-
rated molecules of the liquid.  An equi-
librium is established between the liquid
and the gas, such that the rate of gas
molecules entering the liquid is the same
as that of molecules of liquid leaving it to
enter the gas phase.  This pressure can be
measured by some suitable deviece such
as a manometer shown in Figure 1.7, and
it is known as the vapor pressure of the FIG. 1.7.  Schematic
liquid for that temperature. Th'us. the (f](irl”r:l:‘::”:'un:xlg)‘r\l;:i:
vapor pressure of water at 25° C is 25.76 pressure.

mm. of mercury.

When a liquid is heated in an open vessel such as a beaker,

vapor is constantly passing off into the air above it. However,
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when the temperature of the liquid gets sufficiently high so
that its vapor pressure equals the pressure of the air above it,
the liquid boils. This boiling temperature evidently will de-
pend upon the barometric pressure. The normal boiling point
of the liquid is defined as the temperature at which the liquid
boils when the barometric pressure is 760 mm. of mercury. In
other words, the normal boiling point is the temperature at
which the vapor pressure of the liquid is 760 mm. of mercury.
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FIG. 1.8 The vapor pressure of water as a function of the temperature.

By plotting the vapor pressure of a liquid against the tempera-
ture one obtains a curve such as is illustrated in Figure 1.8.

We might expect that the boiling points of non-polar liquids,
for which the attractive forces between the molecules are very
similar, would depend upon the molecular weight of the com-
pound in such a way that the greater the molecular weight, the
higher the boiling point. The heavier molecules move more
slowly at any given temperature; therefore, a higher tempera-
ture is required for them to escape from the liquid. If we
compare the non-polar hydrocarbons as shown in Table 1, we
find this to be the case.

If the forces holding water molecules together were the
same as those for the hydrocarbons shown in Table 1, then,
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TABLE 1

RELATIONSHIP BETWEEN MOLECULAR WEIGHT
AND BoiLing Point

Compound Molecular Weight Boiling Point, ° C
Methane, CH, 16 —161.8
Ethane, C;H, 30 —88.6
Propane, C;Hg 44 —42.1
Butane, CyHy 58 -0.5
Pentane, CgHy, 72 36.1

Hexane, Cglly 86 68.7

since its molecular weight approximates that of methane, we
might expect its boiling point to be essentially the same.
However, the boiling point of water is 100° C; 261.5° higher
than that of methane. Ammonia (NH;) has a molecular
weight of 17. It is also a polar liquid but not as polar as water.
Its boiling point is —33.4° C. These facts show the great
effects which can be produced by unequal distribution of
electric charges within the molecule. Similar effects due to
polarity will be encountered when we study the problem of
solubility.

The Problem of Solubility. Some substances are soluble
in each other in all proportions, while some are only so slightly
soluble that we say they are insoluble. This difference in
solubility of various substances in the same or different solvents
has been a subject of the greatest concern for the chemist. It
is a problem which is so complex that its quantitative solution
offers great difficulties, yet the fundamental principles involved
are not at all out of our reach.

Let us consider two liquids which are practically insoluble
in each other. There are a great many systems of pairs of
liquids which conform to this condition of low mutual solu-
bility, but as a specific example we shall choose water and
carbon tetrachloride. The water molecules are polar and those
of carbon tetrachloride are non-polar. By virtue of their
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polarity, the water molecules have a greater tendency to ad-
here to each other (the positive end of one adhering to the
negative end of another) than to molecules of carbon tetra-
chloride. As a result of the attractive forces of the water
molecules for each other, any molecules of carbon tetrachloride
which happen to be mixed with the water molecules are
squeezed out. Due to thermal agitation, a few water mole-
cules will probably break through the water surface in contact
with carbon tetrachloride and wander off into this medium.
For this reason, we cannot say that water and carbon tetra-
chloride are absolutely immiscible (absolutely insoluble in
each other). The water molecules prefer cach other to the
molecules of carbon tetrachloride as neighbors. Likewise the
molecules of carbon tetrachloride prefer each other. The polar
dissimilarity of these two types of molecules, in a general way,
accounts for the insolubility of water and carbon tetrachloride
in each other.

Let us next consider a solution of two substances the mole-
cules of both of which are polar. Water and ordinary alcohol
are two such substances. The water molecules are somewhat
more polar than the alcohol molecules.  In this case the water
molecules do not have any very great tendeney to prefer each
other as neighbors and the same is true of the alcohol molecules.
The water molecules adhere to the alcohol molecules almost as
strongly as they do to each other. Now there is no tendency
for the water molecules to squeeze the alcohol molecules out
of solution, nor do the alcohol molecules have this tendency
toward water molecules. The result is that water and alcohol
are soluble in each other in all proportions.

Non-polar substances are also soluble in each other, for
there is no great tendency for the like molccules to prefer cach
other as neighbors; hence no ““squeezing-out” effect.

No new considerations need be introduced in the problem of
the solubility of solids in liquids. The attractive forces of the
particles for each other in the erystal, in general, are very great;
nevertheless there will be competition between the crystal and
the solvent for the particles of the solid. The stronger the
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crystal forces operating between the atoms or particles of the
solid and the greater the ‘‘squeezing-out’” tendency of the
solvent, the less soluble will be the solid in question.

It is possible to arrange substances in a series or table in
order of the attractive forces operating between the mole-
cules. An example of such a series is given in the following
table. The non-polar substances appear at the top of the
table and the polar substances at the bottom. Two substances
lving close together in the series are very soluble in each other;
those far apart are relatively insoluble in each other.

TABLE 2

RELATIVE ATTRACTIVE FORCES BETWEEN MOLECULES

Hexane

(arbon tetrachloride

Benzene

Toluene

Chloroform

Naphthalene

Anthracene

Nitrobenzene

Pyridine

Carben bisulfide

Acetone

Acetic acid

Y Iithyl alcohol
Methyl aleohol

Water

NoN-PoLAR

Porar

Some organic molecules are so complicated in structure that
parts of the molecule may be regarded as polar and other parts
as non-polar.  With such substances the problem of solubility
is necessarily a much more complex one.

The compound, CH;CH,CH,CH,CH,CH,CH,CH,OH, octyl
alcohol, for example, consists of a long chain of carbon atoms,
to one end of which is attached an OH radical. This OH end
of the molecule is polar and the other end is non-polar. When
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placed in contact with water, only one end of the molecule
is squeezed out of solution and the other end remains in con-
tact with the water. The result is that the octyl alcohol mole-
cule is squeezed to the surface of the water, with one end out
of solution. Such phenomena are common and are of great
interest in the study of surface chemistry.

There is one type of solution, electrolytic solution, which we
have not yet considered and to which we shall later largely
confine our attention. Before going on with the problems of
solubility pertaining to such solutions, we must first deal with
some of their properties.

Molecular Weights and Formula Weights. From a
knowledge of the composition of a pure compound and from
the atomic weights of its constituent elements it is possible to
determine the simplest formula, but only the simplest formula,
of the substance. For example, sodium chloride is found by
analysis to contain 39.34 percent sodium. From this informa-
tion and from the atomic weights of sodium and chlorine it can
be determined that in sodium chloride there is one atom of
chlorine for every atom of sodium.* The simplest formula for
sodium chloride is therefore NaCl. This does not tell us that
the molecule of sodium chloride consists of only one atom of
chlorine and one of sodium; e.g., it might contain two or more
atoms of each. In fact, there is no simple molecule of sodium
chloride in the solid state for, as we have previously shown,
each atom of sodium is surrounded by six chlorine and each
chlorine by six sodium atoms. No chlorine atom is associated
with any particular sodium atom. For solid sodium chloride
then, the term molecular weight has no definite meaning, if
we wish to be very exact in our concepts and definitions, since
the molecular weight is the relative weight of the molecule as
compared with the weight of a molecule of oxygen gas. For
such a case we may use the term formula weight instcad
of molecular weight.

The terms molecular weight and formula weight are often
used interchangeably, but we must guard against loose think-

* For this calculation see some text in general chemistry.
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ing in doing so, since it might easily be implied that the mole-
cule of solid sodium chloride consists of one atom of sodium
and one atom of chlorine, which is not the case.

lodine in the gaseous state is diatomic and its formula is L.
It has been shown that in the solid state its formula is also I,
for in solid iodine two iodine atoms remain attached as a mole-
cule, that is, each iodine atom has associated with it one other
atom more tightly bound than the rest. Many substances
including all organic compounds behave like iodine, but most
inorganic substances are like sodium chloride in that the mole-
cule of the solid is not a definite entity.

The Concentration of a Solution. The simplest kind of
a solution is made up of two components, the solvent and
the solute. In general, the component present in the larger
amount is known as the solvent, the other component, the
solute. Thus, for a solution consisting of a large amount of
water and a small amount of alcohol, water is the solvent and
alcohol, the solute. If the alcohol were present in the larger
amount, it would be the solvent and the water would be desig-
nated as the solute. However, for solutions consisting of
water and an inorganic substance we shall arbitrarily refer to
water as the solvent in all cases. A solution of sulfuric acid may
be so concentrated that water is present in the smaller amount ;
nevertheless, we shall still regard the water as the solvent. Inu
this course we shall be concerned chiefly with only three types
of solutions, namely, gases, liquids and solids dissolved in
water.

The amount of the solute dissolved in a given quantity of
water determines the concentration of the solution. The
quantitative expression for the concentration may be defined
in a number of ways.

Weight-percent Solutions.  The concentration of a weight-
percent solution is expressed in terms of the number of parts
of solute by weight contained in 100 parts of the solution.
Thus 100 grams of a 36-percent solution of hydrochlorie acid
by weight contains 36 grams of HCl and 64 grams of water.

Molal Solutions. The molal concentration of a solution is
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defined as the number of gram-molecular-weights or gram-
formula-weights of solute dissolved in 1000 grams of water.
In qualitative analysis we shall have no need to use solutions
the concentrations of which are defined in this way.

Molar Solutions. The molar concentration of a solution is
defined as the number of gram-molecular-weights (moles)
or gram-formula-weights dissolved in 1 liter of solution, i.c.,
in enough water to produce 1 liter of solution. Thus, a 2
molar solution of NaCl may be prepared by adding enough
water to 116.92 (2 x 58.46) grams of NaCl so that the final
volume is exactly 1 liter. The meolarity (moles per liter) of
this solution is 2 moles NaCl per liter or 2 M NaCl. A2 M
NaCl solution could also be prepared by adding enough water
to 11.692 grams of NaCl to make 100 ml. (0.1 liter) of solution.

The concentration of a solution bears no relation to the
amount of solution. If the concentration of a solution is
designated as 2 M then every drop, every milliliter, every liter
or even every barrel of that solution has the same concentra-
tion, 2 M.

The number of moles of a solute contained in a given amount
of solution is never equal to the molarity of that solution unless
the volume should happen to be exactly 1 liter. The number
of moles of a solute contained in any solution is equal to the
molarity multiplied by the volume of the solution expressed in
liters. In 1 ml. of a 2 M NaClsolution there is present .001 X 2
moles or .002 moles of NaCl. It is to be observed that a 2 M
solution may also be defined as one which contains 2 millimoles
per milliliter (a millimole is .001 mole and a milliliter is .001
liter).

.002 mole _ 2 moles

001 liter ~ Lhiter ~2M

In this text the concentrations of solutions will always be expressed
in terms of molarity.

Normal Solutions. The concentration of a solution is said
to be 1 normal (1 N) when enough water is added to 1 gram-
equivalent-weight of the solute to make 1 liter of the solution.
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Concentrations expressed in terms of normality are very con-
venient in quantitative volumetrie analysis, but use of normal
rather than molar solutions offers no decided advantage in this
course.  We shall therefore not be concerned with this method
for expressing concentration.

Examples of Problems

Example 1.

How many grams of KBr will be needed to make 150 ml. of
a 2 M solution?

I mole (formula weight) KBr = 39.1 + 79.9 = 119.0 g.

2 moles KBr =2 X 119.0 = 2380 g.

1 liter of a 2 M KBr solution contains 238.0 g.

I ml of a 2 M KBr solution contains 0.238 g.

150 ml. contains 150 X 0.238 = 35.7 g.

Therefore, if enough water is added to 335.7 g. KBr to make
150 ml. a 2 M) solution will be obtained.

Erampic 2.

It is desired to make a 0.1 A solution by adding water to 5 g.
of AgNO;z;  What must be the final volume of the solution after
all the water is added?

1 mole ApgNQO, = 1079+ 1404+ 3 X 16 = 169.9 g.

A 0.1 M AgNO; solution contains 16.99 g. per liter or .01699 g.
per ml.

5 g. AgN O furnishes enough for m or 294 ml.
Erample 3.

How many ml. of water must be added to 5 ml. of 12 3f HCI
solution to make a 3 M HCI solution?

Note: In all dilution problems we shall assume that the final volume
s equal to the volume of the inttial solution plus the volume of the water
added; i.c., that the volume occupted by all molecules or ions is the
same in solutions of all concentrations.

In 1 ml of a 3 M solution there are % or 1 as many molecules as
there are in 1 ml. of a 12 A7 solution. Therefore, enough water must
be added to the 12 A solution to make its final volume 4 times as
great as it was originally. In this problem the final volume must be
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4 X 5 ml or 20 ml. Therefore 15 ml. of water must be added. In
brief, the final volume must be 5 X 12 ml.

12 —

3

the volume of water added equals the initial volume of solution mul-

The amount of water added is 5 X 3 _ 15 ml. In general,

Cy —

G

tiplied by G where C, is the larger concentration and C, the

smaller.

Erample 4.

How many ml. of a 2 M HCI solution is necessary to neutralize
3 ml. of a 0.5 M NaOH solution?

1 mole HC'I neutralizes 1 mole NaOH.

The same number of moles of HCI are required as there are moles
of NaOH in 3 ml. of a 0.5 A NaOH solution.

If the HCI solution were 0.5 M, instead of 2 M, equal volumes of
cach would be required. But the HCI is 2 ) or 4 times as concen-
trated as the NaOH therefore less is required. Specifically,  as
much would be required as would be the case if the HC1 were 0.5 M.

Number of ml. of HCI required = 3 X 92—) =0.75 ml.

Example 5.

How many ml. of 6 3 H.SO, would be required to neutralize
100 ml. of 3 M NaOH”

Since the H:SO, contains 2 replaceable H atoms (H* ions) and
NaOH contains only 1 replaceable OH radical (OH~ ion), one-half
as many moles H,SOy are required as the number of moles of NaOH
contained in 100 ml. of 3 M NaOH.

If the H.SO, were 1.5 M, instead of 6 M, 100 ml. would be required,

but with 6 M/ H,SO,4 the amount required would be 100 X l()‘) = 25ml.

Ezample 6.

What is the molarity of a H,SO, solution which contains 33.33 per-
cent H.SO4 by weight and which has a density of 1.25?

One liter of the solution weighs 1000 X 1.25 or 1250 g.

The number of grams of H,SO, in one liter is .3333 X 1250
or 417 g.

One mole of HaSO, is 98.1 g.  The number of moles in one liter is
417

81 4.25 moles per liter. The solution is therefore 4.25 M.
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Questions and Problems

What is the distinction between a glass and a crystalline solid?
Account for the fact that glycerine, when cooled to a sufficiently
low temperature, in some cases solidifies to form a glass, and in
other cases, to form a erystalline solid.
What is the dielectric constant of any given substance?
How does a polar molecule differ from a non-polar one?
Taking into account the thermal agitation of molecules, explain
why the dielectric constant for a given substance is lower the
higher the temperature of the substance.
Does a molecule of solid sodium chloride consist of one ion of
sodium and one of chlorine? Explain.
Ioxplain why two liquids, one of which consists of polar molecules
and one of non-polar molecules, are immiscible in each other.
What is the molarity of a solution which contains 5 g. HCI in
100 ml. of solution?
How many moles of NaOH are contained in 200 ml. of a 0.5 M
solution?
How many grams of H.S04 are there in 40 ml. of a 0.1 M H.SO,
solution? (H=1, 8S=32, 0=16)
If 27 ml. of water is added to 35 ml. of a 0.1 M solution of any
substance, what is the molarity of the final solution?
(1) How many moles are 5.85 g. of NaCl? (Use 23.0 as the
atomic weight of sodium and 35.5 as the atomic weight of
chlorine.)
(b) If this amount of NaCl is dissolved to make one liter of
solution, what is the molarity of the solution?
(¢) If this amount of NaCl is dissolved to make 500 ml. of solu-
tion, what is its molarity?
HHow many grams of solute are contained in each of the following
solutions”
(a) 250 ml. of 0.1 M MnCl: solution
(b) 500 ml. of 5 .3/ HaS0O, solution
(¢) 25 ml of 2 M Na,COjy solution
(d) 12 ml of 0.1 31 AgNO; solution
(¢) 125 ml of 0.5 M BaCl, solution

(Assume the solute to have the formula indicated in each
problem, i.c., unhydrated. Sece inside front cover for atomic
weights — use only first figure beyond decimal point.)
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14. If, in each of the following cases, it is desired to make a 0.1 M
solution, what must be the final volume of the solution after
the addition of water?

(a) 10 g. NaClL (b) 20 g. AgNOQO;, (¢) 10 g. HegClL, (d) 10 g.
NEIQSO.]' IOI‘LO, (E‘) 1 g. CusSOy-5H.0

15. How many ml. of water must be added to each of the following

solutions to give the desired concentration?

(a) 10 ml. 6 A HCl to give a 2 M solution

(b) 25 ml. 2 M H.S04 to give a 0.1 A solution

(¢) 6 ml. 0.1 M AgNOQ; to give a .01 M solution

(d) 35 ml. 1.5 M H.SO, to give a 0.3 M solution

(e) 2 ml. 0.3 M NaCl to give a 0.25 M solution

How many ml. of 0.1 I AgNO; solution and how many ml. of

water must be mixed to give 250 ml. of .03 M AgNO; solution?

17. How many ml. of 0.1 M HCI solution is required to neutralize
25 ml. of 0.3 M NaOH solution?

18. How many ml. of 0.1 M H.SO, solution is required to neutralize
25 ml. of a 0.3 Af KOII solution?

19. How many ml. of a 1.5 A HCI solution is required to neutralize
75 ml. of a 0.2 M NaOII solution?

20. How many ml. of a 0.1 3f HNOx- solution is necessary to neu-
tralize 15 drops of a 1 4 NaOH solution? (Assume that 20 drops
equals | ml.)

21. What is the molarity of each of the following solutions?

(a) 93.1 percent H.SO, by weight (Density is 1.835)
(b) 32.3 percent HNO; by weight (Density is 1.200)
(c) 40.0 percent HCI by weight (Density is 1.200)

(d) 16.0 percent NaOH by weight (Density is 1.180)

16

The following review problems cover material not treated in this text.
If necessary the student should refer to any general chemistry text for
help.

22. A flask is filled with N1; gas at 76 em. pressure and at 25° C,
After a catalyst has been placed in the flask it is sealed. The
flask is then heated and the NH;j is completely converted into
H, and N; in accordance with the equation

2NH; = 3H; + N,

What is the total pressure of the mixed gases after the flask has
again been cooled to 25° C?
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What pereent of lead is there in each of the following oxides:
(a) PbO, (b) PhOs, (¢) PhyOs, and (d) Phy0,?

Ten grams of CuSO,-511,0 is heated to drive off the water of
crystallization.  After dehydration what is the weight of the
anhydrous CuS0y?

One hundred grams of iron combine with 30.1 liters of oxygen,
measured at standard conditions, to form a solid oxide. What
is the formula of the oxide?

Lead oxide decomposes to form oxygen in accordance with the
following equation

2Pb0. = 2PbO + O,

How many grams of PbO, are necessary to give 22.4 liters of O,,
measured at standard conditions?

How many grams of oxygen will combine with 10 g. of magnesium
to form NMgO?

Assuming that a certain iron ore were pure Fe,0; calculate the
maximum number of pounds of iron that could be obtained from
one ton of this ore.

1.000 g. of copper is placed in a crucible covered with sulfur and
heated out of contact with air. A reaction takes place between
the copper and the sulfur. After the reaction is complete thc
excess sulfur is burned off as SO.. The residue in the crucible
now weighs 1.253 g How many atoms of copper combine with
one atom of sulfur? What is the formula for the sulfide of
copper?

An oxide of chromium contains 68.4 percent chromium and
31.6 pereent oxygen.  What is its formula?

. The chloride of a certain metal contains 64.1 percent of chlorine.

What is the equivalent weight of the metal?

A 068.0 weight percent solution of sulfuric acid has a specific
gravity of 1.587. What is the molarity of this solution?

What volume of the solution in question 32 would be necessary
to make 1 liter of a 0.1 M solution?

What volume of 0.1 3f HC1 would be necessary to precipitate all
the silver from a solution containing 1.00 g. of AgNO;? (Assume
that all the silver in solution will be precipitated as AgCl.)
Beginning with 0.1 A solutions of AgNQ; Pb(NO;): and
1g:(NO;)s, how many ml. of each must be added to enough
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water to make 1 liter of a solution which is .02 M with respect
to each of the ions, Agt, Pbtt, and Hg.t+?
(Optional) The lift of any given airplane ix proportional to ,l"‘l_f
4
where p is the density of the air, 1" ix the velocity of the airplane,
and M is the total weight of the plane. Suppose that a given
airplane must go 200 miles per hour to lift 100,000 pounds when
the temperature of the air is 0° (" and the barometric pressure is
760 mm. Suppose now that this same plane takes off when the
barometric pressure is 750 mm. and the temperature is 38°C
(100° F).
(a) Assume the load M to the same, using Boyle’s and Gay-
Lussac's laws, caleulate what the take-off speed will have to be.
(b) Assume the take-off speed to be the same, i.e., 200 miles per
hour (the maximum the airfield will permut), with what load
can the airplane now take oft?
(Optional) Can an airplane take off with a greater or smaller
maximum load on a humid dayv as compared with a dry day,
the temperature and barometric pressure being the same on the
two days?



CHAPTER

2

Electrolytes and Non-Electrolytes

In this chapter we shall deal primanly with the properties
of =olutions of substancex in water. From these properties we
shall arrive at a distinetion between elecetrolvtes and non-
cleetrolytes, thus giving the basis for our using ionic equations
throughout the course.

Conductance of Eleetricity by Solutions. We shall
compare the conductance of eleetricity by solutions of differ-
ent substances. Such a comparison will allow us to divide prac-
tically all substances into two general classes; electrolvtes
and non-electrolytes. The conductance of any substance
is the inverse of the resistance offered by the substance to the
passage of the eleetrie current, that is, (=1 R, where € and
It represent the conductance and resistance, respectively.
Conductance, like resistance, is determined by measuring the
electrie current passing through the substance when a definite
voltage is applied between the two terminals of the containing
cell. For a given voltage the amount of current is proportional
to the conductance, that is, a solution having twice the con-
ductance of another will allow twice as much current to pass
through it for the same applied voltage.

In order to compare the conductances of solutions it is neces-
sary that we consider the same number of equivalents of solute
in cach case. What we really wish to know is the conductance
per equivalent weight of solute.

Consider a conductance cell of the type illustrated in Fig-

28
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ure 2.1. The cell itself is constructed of some non-conductor
such as glass. The two electrodes A and B consist of metal
strips which fit closely between the sides of the cell. The top
is open. @ is a current-measuring instrument such as an
ammeter or a galvanometer and should be very sensitive if we
wish to measure very small currents. For very rough measure-

ments a light bulb may be used
+ instead of the ammeter. If a
conducting solution is placed
in this box and a voltage ap-
- G plied to the electrodes, any
current which passes from A to
B must pass through the solu-
tion. If a sugar solution is
placed in this cell together
with any additional amount of
water, the mixture shows no
appreciable conductance. The
T same is true of solutions of
- — -1 alcohol, cther, glycerine and
many similar substances. On

the other hand, if sodium chlo-
FIG.2.1 Conductance cell and pjge in water is placed in this
measuring instrument.

cell, the solution is a very
good conductor of electricity. Solutions of many solutes such
as HCl, H,SO,, NaOH, and K,SO, show a high conductance,
while only a relatively small number of compounds give solu-
tions which are slightly conducting.

The great majority of solutions fall into one of two distinct
classes, very good conductors and non-conductors. Sub-
stances the solutions of which are good conductors of elec-
tricity are called electrolytes, and substances that are non-
conductors in solution, non-electrolytes. The difference in
conductance shown by electrolytes and non-electrolytes is not
merely a difference of degree. It is a difference of kind. If we
were to classify all substances according to ability to conduct
an electric current, we should find a great number which show
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practically no conductance; almost all the rest show high con-
ductance, with only a relatively few substances falling between
these two classes. Were the difference between non-elec-
trolytes and electrolytes one of degree rather than one of kind,
we should expect most substances to show about the same
conductance, with only a relatively few displaying very high
conductance, and a very few, almost no conductance. Such
would be the case if we were to consider the density rather
than conductance of these same substances. The density of
most substances lies between 2 and 5 grams per milliliter (or
cubic centimeter). Very few substances have densities less
than 0.6 gram per milliliter, and very few, greater than 18 grams
per milliliter.

The difference of kind between strong and weak electrolytes
suggests that there is a fundamental difference between the
molecular structures of these two classes of substances. At
a later time we shall show that our concept of molecular struc-
ture adequately explains this difference.

Variation of Conductance with Concentration. If 1
mole (gram formula weight) of an electrolyte such as sodium
chloride is placed in the cell (Figure 2.1) together with 1 liter
of water (the cell is not filled), a definite conductance will be
observed. Upon the addition of more water, the solution will
be diluted but the same amount of sodium chloride will remain
between the plates. However, it is observed that the conduct-
ance is incereased. The fact that the conductance increases
with dilution may at first sight seem to be an anomaly, since
by dilution the concentration decreases, but it must be borne
in mind that we are not considering the conductance of a solu-
tion with a fixed cross section. As water is added to the cell
the surface of the electrode exposed to the solution increases,
as does the cross section of the conducting solution.

The conductance of an electrolyte increases with increasing
dilution as shown in Figure 2.2. As the solution is diluted the
concentration decreases (from right to left along the horizon-
tal axis). After considering the next section on ‘‘The Lower-
ing of the Freezing Point”’ we shall give an explanation of this
phenomenon.
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Increasing Conductance —>

—

Increasing Concentration —_—
FIG. 2.2 Change in conductance with concentration.

The Lowering of the Freezing Point. The freezing point
of water is lowered by the addition of a xolute. The difference
between electrolytes and non-eleetrolytes in this respeet is well
demonstrated in Table 3. The second column of the table
gives the concentration of the solute in question in terms of
moles or gram formula weights per liter of water, while the
third column lists the freezing point lowering, i.e., freezing
point of solution in degrees helow 0° C.

We see that for non-electrolytes 0.1 mole of any substance
dissolved in 1 liter of water lowers the freczing point about
0.186° C, and 0.2 mole per liter has twice this effect. It is
to be observed that there is some variation in the effects of
different solutes, but this variation is a relatively small one
(methyl alcohol 0.181° C). The conclusion we can immediately
draw is that the total number of moles per liter or the total
number of molecules per liter of non-electrolytes is the principal
determining factor in the lowering of the frecezing point. The
kind of molecule has little or no effect. If electrolytes behaved
like non-electrolytes in solution, we should expect that their
freezing point lowerings would be the same. More specifically,
if sodium chloride in solution consisted of molecules, each of
which contained one atom of sodium and one atom of chlorine,
a gram formula weight would be the same as a mole and we
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TaBLE 3

Frexzing PoINT LOWERING OF SOLUTIGNS OF

Substance

SUBSTANCES IN WATER

Concentration

Freezing Point

(Non-clectrolytes) (Moles per liter) Lowering
Glycerine 0.1 0.187
Glycerine 0.2 0.374
Ethyl alcohol 0.1 0.183
Methyl aleohol 0.1 0.181
Methyl alcohol 0.2 0.362
Dextrose 0.1 0.186
Dextrose 0.2 0.374
('ane Sugar 0.1 0.188
Hydrogen peroxide 0.1 0.184
Sugar 0.05 |
Glyeerine  0.05 0.1 0.187
Average of a large num-

ber of non-electrolytes 0.1 0.186
Electrolytes
HCl 0.1 0.352
KNO; 0.1 0.331
KCl 0.1 0.345
Na(l 0.1 0.348
NS0y 0.1 0.434
CaCly 0.1 0.494

0.1 0.538

NiCl,

should expeet that the lowering of the freezing point would be
the same as for non-electrolytes. Instead the lowering of the
freezing point for HCl, KNO;, KCl, and NaCl is almost twice
that for non-clectrolyvtes; and for Na,N0,, CaCl,, and NiCl,
more than twice and almost three times that of non-electro-
lytes. Again we sce a difference in kind between electrolytes

and non-electrolytes.
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Interpretation of the Foregoing Facts by the Theory of
Ionization. Our problem is to interpret the fact that elec-
trolytes give a greater lowering of the freezing point — almost
two and sometimes three times as great as that of non-elec-
trolytes. In a general way, we already know the answer —
the theory of ionization — yet let us follow the logic of the
argument to determine what the assumptions are and to judge
the justification of any conclusions we may draw. In order
to explain the fact that the lowering of the freezing point of
some electrolytes like NaCl is almost twice that for non-
electrolytes, we assume that the electrolyte is present in the
solution as ions, not as molecules. If sodium chloride existed
in solution as uncharged molecules of NaCl we should expect a
lowering of the freezing point of 0.186° per 0.1 formula weight.
Twice this lowering would mean twice as many particles, which
effect could be explained only by the presence of sodium and
chlorine particles existing separately in solution. Since a
solution of sodium chloride is a good conductor we also assume
that the particles are charged; one kind to be positively
charged and one kind negatively charged.

In a general way the explanation seems to be a satisfactory
one. However, we may ask why the lowering of the freezing
point of sodium chloride and similar substances is not more
nearly twice that of non-electrolytes. There are two possible
ways of explaining this latter fact. Let us consider a 0.1 mo-
lal solution (0.1 formula weight per 1000 grams of water —
refer to page 17) of sodium chloride as an example. For this
solution the freezing point lowering is 0.348° C. If all the
sodium chloride existed as Na* and Cl~ ions we would expect
the freezing point lowering to be 2 X 0.186° or 0.372° C, ¢f ions
behaved exactly like neutral particles or molecules in solution.
If ions behaved like molecules in solution we can calculate that
about 13 percent of the Na* and Cl~ ions are united in the
form of uncharged NaCl molecules, i.e., 87 percent of all the
sodium chloride in a 0.1 M solution is in the form of ions and
13 percent in the form of molecules.

How does this explanation apply to the experimental results
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of conductance? If the assumption that only part of the sodium
chloride (87 percent) is in the form of ions is valid, then we
should expect that at very great dilutions all or almost all of
the sodium chloride would be in the ionic form, for at great
dilutions the ions would be relatively far apart and would
not have the same chance of combining with each other to
form molecules. The molar or equivalent conductance would
therefore increase with increasing dilution, as it does. If
further we assume that ions move with the same velocity in
dilute as in the more concentrated solutions, then the conduct-
ance of a 0.1 M sodium chloride solution should be 87 percent
of that of an exceedingly dilute one. As a matter of fact the
conductance is about 90 percent that of the very dilute solu-
tion. The agreement between experiment and prediction, in
this case, is not perfect but good enough to have led chemists
to this view, which they retained over thirty yvears. Today
the idea of partial ionization of strong electrolytes is no longer
considered tenable in spite of the reasonable agreement re-
ferred to above. Chemists now regard practically all the
sodium chloride in 0.1 A solution to be present as ions, not to
the extent of 87 percent or 90 percent, but 100 percent as ions.
How then are we to explain the fact that the lowering of the
freezing point is not 2 x 0.186° instead of 0.348° and how are
we to explain the increased conductance of sodium chloride
with increasing dilution?

Let us first get a picture of what we mean by the sodium
ion or chloride ion in solution. The sodium ion is designated
by the symbol Na* and from this it might be inferred that we
helieve that the sodium ion exists alone and unattached to
other molecules in the solution. Evidence from conductance
experiments tells us, however, that the sodium ion has several
molecules of water quite firmly attached to it. The number
is somewhat variable and is dependent upon the concentration
of the sodium chloride and upon the temperature of the solu-
tion. From what we said previously regarding the polarity of
water molecules we might expect such a process to take place.
We might expect that the negative ends of the water molecules
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would be attached to the positive sodium ion and form a
blanket around it. Such a condition is illustrated in Figure 2.3.
The same concept is held for the negative chloride ion and in

S

FIG. 2.3 Concept of the hydrated
Na* ion.

general for all ions.

Let us now examine closely
the assumptions made in draw-
ing conclusions regarding the
partial ionization of sodium
chloride to determine, if pos-
sible, the weak point of the
argument. Two assumptions
were implicitly made: (1) that
charged particles (ions) be-
have like neutral molecules in
lowering the freezing point of
water and (2) that ions under

the influence of an electric fieid move with the same velocity in

the dilute as in the more concentrated solutions.

Contrary

to the first assumption we might expect that ions in solution

with their greater attractions
for the polar molecules of water
would not behave exactly like
neutral molecules. The second
assumption does not seem rea-
sonable, since a positive ion
will certainly be hindered in its
movement toward the negative
electrode by the proximity of
negative ions. The negative
ions will act as a “‘drag’ upon
the positive ions and vice
versa, tending to retard them.
For this reason alone we should

<€— Toward positive plate

Toward negative plate e—————3=

FIG. 2.4 The attractive force be-
tween the ions prevents casy flow.

expect the conductance of concentrated solutions to be less than

that of dilute solutions.

The concept of ionic conductance and the effect of the close
proximity of oppositely charged ions is illustrated in Figure 2.4.
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The attractive force between positively and negatively charged
particles tends to keep them near each other and to prevent
the easy flow of these ions when they are placed between the
two charged plates of a conductance cell. The nearer the
particles are to each other (the more concentrated the solution),
the greater is this hindrance to flow, or the greater the ‘“‘drag-
effect’’ becomes.

We can assume that the lowering of the conductance with
increasing concentration is entirely due to this ‘“drag-effect”
and that the molecules are completely dissociated. Further
evidence in support of the theory of complete dissociation is
presented in Chapter 3. Evidence which we cannot present
here has further strengthened this view until it has become
almost universally accepted by chemists. Therefore we shall
consider most strong electrolytes to exist in solution entirely
in the form of ions.

Of all the common acids that we encounter in the labora-
tory, H.50,, HNO;, and HCI are 100 percent ionized (strong).
All other common acids are partially ionized (weak). The
hydroxides of the alkali and alkaline earth metals are strong
bases. All salts are strong electrolytes with the exception of
the halides of zine, cadmium, and mercury and a few of the
salts of lead.

There are other arguments which support the theory of
jonization, as it was first proposed by the Swedish chemist,
Arrhenius. These include the transfer of matter by electricity
in solutions of electrolytes, Faraday’s Law which was used
to assign the number of charges on each ion, and the common
color of the same ion in solutions of different salts. A con-
sideration of these phenomena may be found in almost any
textbook of general chemistry.

The Solubility of Electrolytes in Water. In considering
the solubility of electrolytes we must first regard the sub-
stances in solution to be in the form of ions and not mole-
cules. Experiment supports the view that in the crystal form
the electrolyte also exists as positive and negative ions regu-
larly arranged with respect to each other. The sodium chloride
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crystal, for example, is built up of sodium ions and chloride
ions, alternately spaced in such a way that each sodium ion
is surrounded by six negative chloride ions and each chloride
ion by six positive sodium ions. The difference in state be-
tween the ions in the crystal and those in solution is the close
regular packing in the crystal and the hydration as well as
random distribution of the ions in solution. The process of
solution of sodium chloride is given in Figure 2.5. The positive

FIG. 2.5 Schematic view of the process of solution and crystallization of
sodium chloride.

sodium ions leave the crystal and become surrounded by the
polar water molecules, and the same is true of the negative
chloride ions. The ions are said to be hydrated. The same
number of chloride ions as of sodium ions enters the solu-
tion but nowhere is it necessary to assume that the sodium
and chloride ions leave the crystal as molecules. The same
picture would apply to the reverse process, that of precipita-
tion.

Whether any electrolyte is soluble or only slightly soluble
will depend upon the nature of the competition for its ions.
If the forces of attraction of the ions for each other are great
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in the crystal, the solubility will necessarily be less, but if the
tendency of the water molecules to hold the ions is great, the
solubility will be increased. To say that a substance is very
soluble means, according to our concept, that the crystal
forces are small and that the attractive forces of the water
molecules for the ions are great. Hydrated ions may be re-
garded as having some similarity to water molecules, since they
have water molecules attached to them.

Weak Electrolytes. Inasmuch as any strong electrolyte
is to be regarded as completely ionized, its conductance in
water solution will be equal to the sum of the conductances of
its individual ions. For example, the conductance of a solu-
tion of sodium chloride is equal to the conductance due to the

D
Nat ion plus the conductance due to the Cl~ ion. If in very
dilute solution all jons were to move independently of each
other and with the same velocity when subjected to the same
conditions, it would follow that the equivalent conductance
values of all electrolytes would be identical. Since the con-
duetance values are not the same for all electrolytes of the
same tvpe we must conclude that some ions travel faster
than others. Thus it might be expected that the light and
small HY ion would travel faster than the heavy and large
Cst ion.

In very dilute solutions we might expect that the ‘‘drag-
effect” would be inappreciably small and that, when subjected
to the same electric field (same voltage per centimeter length
of cell), each ion would move with a definite velocity which is
independent of the nature of the ion with which it is associated.
For example, the chloride ion would move with the same
velocity in a dilute solution of potassium chloride as it would
in a dilute solution of sodium chloride. In other words, the
conductance contributed by the chloride ion is the same in
both solutions.

However, in solutions of potassium chloride and sodium
chloride the sodium ion would not travel with the same velocity
as the potassium ion, nor would either of these ions necessarily
travel with the same velocity as the negative chloride ion. At
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first sight it may be confusing to have a condition in which
positive and negative ions travel with different velocities.
One might argue that positive or negative ions would accumu-
late at one end of the conductance cell. It must be borne in
mind that reactions take place at the electrodes which will
offset to a large extent any such accumulation and keep the
number of positive and negative charges practically the same
in all parts of the cell.

Let us assume that in dilute solution the ions are independent
of each other in their current-carrying capacities, and follow
the method of determining the conductance of nitric acid from
the conductance values of solutions of sodium nitrate, sodium
chloride, and hydrochloric acid. Let us imagine that we are
using a cell such as that described on page 26 and that in all
of the experiments we impose the same potential hetween the
two electrodes. Under these conditions the current carried by
any electrolyte is proportional to its conductance. We shall
designate the current carried by one equivalent of any sub-
stance as \. Since sodium nitrate is completely ionized, the
current carried by this substance is equal to the current carried
by the sodium ion plus the current carried by the nitrate ion.

A(NaNO; soln.) = A(Na*t) + A(NO;7) (1)
A(HCI soln.) = A(H*) + A(ClY) 2)

By adding these two equations we obtain the conductance of
a solution containing one equivalent each of sodium nitrate
and of hydrochloric acid. The total conductance is the sum of
the conductances of all four ions.

A(NaNOQ; + HCI soln.)
= A(Na*) + A(H*) + A(NO;7) + A(ClD)  (3)

If we could remove the sodium and chloride ions from this
solution, a solution of nitric acid would be left. However, it is
not necessary to remove these ions to obtain the conductance
of a solution containing H* and NO;~ ions. Since the con-
ductance of a solution of sodium chloride is

A(NaCl soln.) = A(Na*) + A(CI) 4)
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we nced only subtract equation (4) from equation (3) to ob-
tain the desired result, A(H*) + A(NO;™), which is equal to
the conductance of a dilute solution of nitric acid. Making
this calculation quantitatively, we find that the value so cal-
culated for the conductance of a nitric acid solution agrees with
that obtained experimentally. Thus we have evidence that
our assumption regarding the independent movement or cur-
rent-carrying capacity of the ions is a reasonably valid one when
applied to dilute solutions.

In the same way we can calculate the conductance that a
solution of acetic acid (HAe) would have if it were a strong
electrolyte. This is the sum of the conductances of the hydro-
gen and acetate ions, which we can determine in the following
manner:

A(NaAc soln.) = A(Nat) + A(Ac) (5)
A(HCl s0ln.) = AH*Y) + A(ClH) (6)
A(NaCl soln.) = A(Nat) + .A(ClH) (7)

Adding equations (5) and (6) and subtracting (7) we obtain
(5) +(6) = (7) = A(H") + A(Aer) (8)

The value so calculated would be the conductance of a dilute
acetic acid solution if acetic acid were completely ionized.
Comparing the value for the conductance of an acetic acid
solution, as calculated above, with that determined experi-
mentally for a 0.1 M solution, we find that the experimentally
determined conductance is only about 1 percent of the value
calculated. The value of the conductance of a 0.1 M sodium
chloride solution is about 90 percent that for a very dilute
solution. This fact we explained by the ‘‘drag-effect’”’ due to
the attractions of the positive and negative ions for each other.
With acetic acid, however, the ratio of the conductance of a
0.1 M solution to that of a very dilute solution is of another
order of magnitude (1 percent) and we cannot explain this in
the same way. We must now assume that acetic acid exists
in solution chiefly as acetic acid molecules and that only
about 1 percent of these molecules is dissociated into hydrogen



38 ELECTROLYTES AND NON-ELECTROLYTES

and acetate ions. There are quite a number of substances,
particularly organic acids and bases, which are only partially
ionized. Such substances are known as weak electrolytes
and are intermediate between non-electrolytes and strong
electrolytes. While such substances are not as numerous, by
any means, as either the strong electrolytes (sodium chloride
type) or as the non-electrolytes, they are nevertheless a very
important class of substances with which we shall be very much
concerned.*

The Use of Ionic Equations. If a solution of sodium
hydroxide is neutralized by one of hydrochloric acid the re-
sulting solution will be one of sodium chloride. The hydrox-
ide ion, OH™, of the sodium hydroxide solution reacts with the
hydrogen ion of the hydrochloric acid solution to produce
water; no reaction takes place between the sodium and the
chloride ions. If the equation we are to use to represent the
change taking place in this reaction is to include only thosc
substances which disappear and those which are formed, we
may express the above change by

H+*+ OH- = H,O 9
Some prefer to express this change as
HCl + NaOH = NaCl + H,0 (10)

or if the substances involved are to be expressed as ions,
H* 4+ Cl- + Na* + OH~ = Nat* + ClI- + H,O (11)

In the last equation the ions Na* and Cl~ appear on both sides
and may be cancelled to give equation (9).

Equation (9) does not give information as to what particu-
lar kind of solutions were used, since the neutralization of
solutions of potassium hydroxide and nitric acid would be ex-

* The terms strong and weak must not be confused with dilute and con-
centrated. A strong electrolyte is completely or almost completely ionized
in solution, while a weak electrolyte is ionized to only a small extent. A con-
centrated solution is one which contains a relatively large amount of solute per
unit volume, regardless of whether the solute is strong, weak or a non-¢electrolyte.
A dilute solution contains a relatively small amount of the solute.
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pressed by the same equation. On the other hand, the use of
the simple equation (9) includes only those substances that
enter into the reaction and gives the information that strong
electrolytes are involved. This equation also tells us that the
substances involved are in solution. If gaseous hydrogen chlo-
ride were to react with solid sodium hydroxide to give steam
and solid sodium chloride, the equation for the reaction
would be more properly expressed by (10). Furthermore,
when we come to deal with equilibria and the corresponding
equilibrium constants for chemical reactions, we shall find that
equations such as (10) and (11) have to be interpreted in terms
of ionic equations such as (9). Ionic equations are conven-
tional, as well as expressions of the net result of ionic reactions,
and we shall use such equations whenever ions are involved in
the reactions.

Some chemists prefer to indicate the hydration of the ions
in the equation for the reaction, then to consider these reac-
tions from a somewhat different point of view (a point of view
which we shall consider more fully in a later chapter). This
school would indicate the H* ion as H;O* (the hydronium
ion), i.e., the H* ion as attached to one molecule of water.
Under this system equation (9) would be written as

H,0* + OH- = 2H,0 (12)

For the most part we shall not follow this system but rather
indicate the formulae of the ions in their simplest forms, always
bearing in mind that the ions are all hydrated.

The equation for the neutralization of a solution of acetic
acid (HAc) by a solution of sodium hydroxide, we write as

HAce + OH- = H;O + Ac™ (13)

Here we write acetic acid as HAc and not as H* for in this
case most of the acetic acid in solution is in the form of mole-
cules and not in the form of ions. It is the molecules of acetic
acid which ultimately disappear in the reaction, so it is neces-
sary to designate them as such and to include them in the
equation.
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Likewise, the formation of silver chloride by the addition
of a solution of silver nitrate to one of sodium chloride is

written Ag* + CI- = AgCl(solid) (14)
In this reaction only the silver and chloride ions and the pre-
cipitated silver chloride are involved; the sodium and nitrate
jions take no part in the reaction whatsoever; they contribute
neither to the forward nor to the reverse reaction.

Questions and Problems

1. What isthedifference betweenanelectrolyteand anon-electrolyte?

2. By what reasoning can we come to the conclusion that there is
a sharp difference between electrolytes and non-electrolytes (e.g.,
a difference of kind)?

3. Is the equivalent conductance (conductance of 1 gram formula
weight) of sodium chloride in solution increased or decreased if
the solution is diluted with water?

4. What is the average lowering of the freezing point of water if
0.1 mole per liter of a non-electrolyte is added to it?

5. What would be the freezing point of a solution which contains
.05 mole of sugar, .05 mole of glycerine and .05 mole of alcohol,
all in 1 liter of the same solution?

6. Explain why a dilute solution of sodium chloride has a greater
conductance (per formula weight of NaCl) than does a more
concentrated solution.

7. Do ions in solution behave like neutral molecules in their effect
on the lowering of the freezing point?

8. Is a sodium chloride solution regarded as containing both sodium
chloride molecules and the ions Na* and Cl1-?  Explain.

9. What is the distinction between a strong acid and a concen-
trated one? Name three strong acids.

10. Give a schematic picture of the process taking place when solid
sodium chloride dissolves in water.

11. Give an example of a weak electrolyte.

12. The equivalent conductance of a .01 molar solution of NaNQO,
at 25° C is 99 reciprocal ohms; that for a .01 molar solution of
HCI, 391 reciprocal ohms; and for a .01 molar solution of NaCl
it is 107 reciprocal ohms. Calculate the equivalent conductance
of a .01 molar solution of HNO; and compare with the experi-
mental value of 384 reciprocal ohms.



CHAPTER

J

The Structure of Atoms and Molecules

The concepts of polarity and of electrolytes and non-electro-
Ivtes, presented in the last two chapters as well as the concepts
of valence and the stability of molecules can be pictured in
greater detail and explained by considerations of the electronic
structures of atoms and molecules.

To help us visualize atoms and molecules in our mind’s eye
and thus help us understand the phenomena of chemistry, we
shall, in this chapter, devote our attention to this experi-
mentally verified and accepted theory.

General Concepts. All the experiments of chemistry
and physics are consistent with the view that atoms are built
up of positively charged nuclei surrounded by negative elec-
trons. The nucleus of the atom possesses a charge which is
equal in magnitude to the total charge of all the electrons sur-
rounding the nucleus. This charge is known as the atomic
number of the atom.

To account for the classification of the elements into the
main groups of the periodic system it is assumed that (1) the
electrons in the atom are arranged in concentric shells; (2)
the number of electrons in each shell is definitely limited; (3)
the inner shells of an atom are filled while the outermost shell,
except in the case of the rare gases, is not filled; and (4), the
chemical properties of the atom depend upon the number of
electrons in the outermost shell.

The charge on the nucleus, hence the number of electrons
4
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surrounding it, increases by one unit in passing from one ele-
ment to the next element of higher atomic weight. When the
number of electrons in the outermost shell becomes filled, a
new shell is begun. The first or innermost shell requires two
electrons to fill it. The next outer shell requires eight electrons
and the other shells still more. The electrons of the filled
shells are so tightly bound that they cannot be loosened suf-
ficiently to form chemical bonds. Atoms are attached to each
other to form molecules through transfer of electrons from one
atom to another, or through sharing of common electrons by
two atoms. Since only the electrons of the outermost shell
undergo such transfer or sharing and thus account for the
chemical properties of the atom, our attention shall be largely
confined to these electrons.

The Inert Gas Structures. As we all know, the inert gases
do not form any compounds — a fact which was of great
significance to the chemists and physicists who first formu-
lated their ideas of atomic structure. Evidently there is some-
thing about their structures that makes them particularly
stable; the stability of their electronic structures cannot be
enhanced through combination with other atoms as is the case
with other elements. The distributions of electrons in the
various shells about the nuclei of these elements are given in
Table 4 on page 43.

The number of electrons in each shell from the nucleus
outward for any given atom is read horizontally. Thus the
innermost shell (K shell) of radon contains 2 electrons, the
next shell (L shell) 8 electrons, then 18, 32, 18, and finally 8.
Note particularly that (1) with the exception of helium, each of
the outermost shells of all these atoms contains 8 electrons;
(2) each of these atoms has two electrons in the K shell and 8in
the L shell; and (3) the stable filled shells contain 2, 8, 18, or
32 electrons — these numbers are equal to 2x 1, 2X2?
2 % 32, and 2 X 4% respectively.

The Structures of Group I. The main group I of the
periodic table (see back cover) consists of H, Li, Na, K, Rb,
Cs, and Fr. We shall consider the structures of these atoms
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TABLE 4

ELECTRONIC STRUCTURES OF INERT GASES

_ Number of Electrons
Atomic | o oot in Shell
Number
K|L|M | N|O|P

2 Helium 2

10 Neon 2 | 8

18 Argon 2|8 8

36 Krypton | 2 | 8 [ 18] 8

54 Xenon 2 18 (1818 8

806 Radon 2 18 118(32!/18]| 8

(The designations K, L, M, etc., are arbitrary.)

and note the differences between these and the structures of

the inert gases.
TaBLE 5

ELecTroNIC STRUCTURES OF GRrROUP 1

Number of Electrons in Shell

étomi(' ‘ Element |—

Number | Kl LlaM| N|]oOo|P]|Q
1 Hydrogen 1

3 Lithium 2 1

11 Sodium 2 8 1

19 Potassium 2 8 8 1

37 Rubidium 2 8 18 8 1

55 Cesium 2 8 18 18 8 1
87 Francium 2 8 18 | 32 18 8 1

Neglecting hydrogen, which we shall consider later, we see
that, except for the single electron in the outermost shell, the
structures are the same as those for the inert gases. Were
these atoms {o lose their outermost electrons through chemical
reaction then they would revert to the stable structure of the
inert gases. 'That 1s just what they do when they react to form
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the ions Li*, Na+, K* etc. Nor would we expect any of them
to lose another electron from the next shell to form doubly
charged ions, since the inert gases do not do so.

The Electronic Structures of Group VII. Let us con-
trast the electronic structures of the electro-positive elements

in Group I with those of the electro-negative elements of
Group VII.

TABLE 6

ELtcrroNic Structures oF Group VII

\

) Number of Electrons
Atomic | L ont in Shells
Number e el Bt
K|L|M|N|O|P
Fluorine | 2 7

17 Chlorine | 2 | 8 7

35 Bromine | 2 8 | I8 7

53 Todine | 2| 8 |18]18] 7

85 Astatine | 2 | 8 | 18|32 |18 7

We note that each of these atoms has 7 electrons in the
outermost shell. If each of them should acquire one electron
to form a negative ion (for example, Cl~ ion), the structures
of these negative ions would correspond to the stable inert
gas structures as given in Table 4. Itis well known, of course,
that each of these elements forms singly charged negative ions.
The positive elements lose electrons and the negative elements
acquire electrons to form the stable inert gas structures.

Electronic Structures of the Second Series. As we pro-
ceed along any horizontal row (series) of the main group ele-
ments, in the periodic table, the core of the atoms considered
remains the same, except for the nuclear mass and charge, and
only the number of electrons in the outer shell changes. The
core of the atom is to be distinguished from the nucleus in that
it contains the nucleus and all the electrons except those in the
outermost shell. The electronic structures for the second
series are given in Table 7.
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We should expect those elements on the extreme left side
of this table (except Ne) to have a tendency to lose electrons,
to revert to the neon structure, thus forming positive ions;
and those elements on the right to acquire electrons, forming

TaBLE 7

ELECTRONIC STRUCTURES OF THE SECOND SERIES

Element and Ne | Na | Mg | Al | Si P S Cl
Atomic Number | 10 11 12 13 14 15 16 17
K shell 2 2 2 2 2 2 2 2
L shell 8 8 8 8 8 8 8 8
M shell 0 1 2 3 4 3 6 7

negative ions or negative valences and thus acquiring the
stable argon structure. The chemical facts are in accord
with these expectations.

Since it is only the outermost electrons that are of signifi-
cance from a chemical standpoint, it has Lecome customary
to represent the electronic structure of an atom by its sym-
bol surrounded by as many dots as there are valence or out-
side electrons. In such a case the symbol alone represents
the core of the atom. Thus, Na represents the sodium atom,
and U the chlorine atom.

Compound Formation by the Transfer of Electrons.
When equal numbers of sodium and chlorine atoms combine
to form sodium chloride, a typical electrolyte, the one outer-
most electron of each sodium atom is taken up by the chlorine
atom, thus forming in the crystal a symmetrical alignment of
positively charged sodium ions and negatively charged chloride
ions. A cryvstal of sodium chloride then consists, not of sodium
and chlorine atoms, but of sodium and chloride ions. The
electronic structures of these ions are shown schematically in
one plane in Figure 3.1.  Actually, the electrons are distributed
in a spherical shell. Note in Figure 3.1 that each ion has an
outermost shell of eight electrons complete in itself. Likewise,
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when sulfur S combines with sodium Na we should expect the
compound Na,S to be formed, for the sulfur atom requires two
electrons to form the stable group of eight electrons, and each
sodium atom can contribute only one of these.

We find that those com-

“.— e, /J. ‘\\ pounds formed by the transfer
/ ® ‘ of electrons (as contrasted with
| Na ,‘ ‘ cl ’ the sharing of electrons) are

o .. | \ ,. strong electrolytes.
- ‘e _'/ The Sharing of Electrons
Sodium ion Chloride ion and the Covalgnt Bond.
FIG. 3.1 Carbon tetrachloride, a non-

electrolyte, consists of a carbon
atom surrounded by four chlorine atoms. The carbon atom
by itself has four electrons in the outermost shell. These can
supply the vacancies in the outermost shells of the chlorine
atoms in carbon tetrachloride, one electron for each chlorine.
With the extra electron fur-

nished by the carbon atom, /" AN

each chlorine atom will have L 4

a completed group of eight IS c

electrons as its outermost .—- -‘\\ S .—-.\

shell. But the carbon atom ,
also must have eight electrons b ]
surrounding it, so two elec- “\
trons must be shared by it and -0~
by each chlorine atom. That °
. Ci
is, the carbon atom con- &
tributes four electrons and N
each chlorine atom one of its FIG. 3.2 Electlomc structure of
seven ele.CtronS to make a carbon tetrachloride.
total of eight electrons about
the carbon. All of these electrons then are shared between the
carbon and the chlorine. This condition is illustrated in Figure
3.2.

The electronic structure of methane, another non-electro-
lyte, is shown in Figure 3.3. In this case each hydrogen atom
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supplies one electron and the carbon four electrons. These
electrons are shared by both the hydrogen and carbon. There
are only two electrons for each hydrogen atom but this is
also a rare gas structure, that of helium.

Iodine chloride is a com- =«

pound of iodine and chlorine / \

having the formula ICl. Both v H o

the chlorine and the iodine AN /

atoms have seven electrons in /’\ / =0 7 T\
the outermost shell, and to [ W ) ¢ ,) o)
produce anelectronicstructure \ k ’ /
for which each atom has eight ~ _ 7 -o ~_7
electrons surrounding it, it is = \
necessary that two electrons \/ H |

be shared by the two atoms \ /

in question. The structure of ~ —

this compound is given in FIG. 3.3 E[(:r(ig:zﬁ:e structure of

Figure 3.4.

By referring to both Figures 3.1 and 3.4, the difference be-
tween electrolytes and non-electrolytes becomes apparent.
Each atom of an electrolyte has a group of eight electrons
about it which has been completed without the necessity of

2—e sh_aring any of these electrons

Ve N o o with any other atom. The

/ Y \ atoms of non-electrolytes are
I I g \ bound together by shared

L Q J el.ectrons.. When ele(?trolynes
/ Y, dissolve in water the ions can

Ne —e o e~ _e separate and still retain the
group of eight about each

ion. The atoms of non-
electrolytes are held together
so strongly by the shared electrons that they cannot easily
exist as separate jons. If iodine chloride were to dissociate
in solution to produce one positive and one negative ion it
would be necessary for the positive ion to have but six elec-
trons about it. Such a condition is not necessary for the

FIG. 3.4 Electronic structure of
iodine chloride.
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production of Na* and Cl~ ions. Todine chloride, since it is a
compound produced by the sharing of electrons, is not an elec-
trolyte.

Sodium sulfate is an electrolyte which exists in solution as
sodium ions, Na*, and sulfate ions, SO,~~. The sulfate ion
does not dissociate into smaller fragments for it is held together

e by shareq electrops. . Its

é \Q structure is shown in Figure

f. 0 ‘ 3.5. Thesulfate ion, however,

‘e—o’ does not require the sharing of

/970 s I S, @70 two of its electrons with each

e o ’) s ¥ o @ sodium particle and therefore

® ‘Q it can exist by itself in solution
\ /

o o \g— '\/ o_e@  asanion. The sulfur and oxy-

é gen atoms belong to the sixth
§ .

| o group of the periodie system

.\ ‘ and therefore each furnishes

oo to the whole structure six

FIG. 3.5 Electronic structure of the valence or outside electrons.
sulfate ion (dotted circles indicate These five atoms then Sirnish
completed shells). . .

thirty electrons but thirty-two
are necessary for all the groups of eight shown in Figure 3.5.
The two additional electrons are furnished by the atoms with
which this radical is associated in the particular compound in
question; for example, the two sodium atoms supply these in
the compound Na,SO;, thus forming two sodium ions, and the
two additional electrons on the sulfate ion produce a charge
of — 2. The sulfate ion is to be regarded as a unit with com-
pleted electronic structure. The oxygen atoms are held to the
sulfur atom by shared electrons. This shared electron structure
accounts for the stability of the sulfate ion; there is little
tendency for the oxygen atoms to break away from the sulfur
atoms. If this process were to take place, the groups of eight
electrons shown in Figure 3.5 would be broken up.
The difference between electrolytes and non-electrolytes lies
in the difference between the electronic structures of these two
types of compounds; electrolytes involve the transfer of elec-
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trons and non-electrolytes the sharing of electrons, to form the
stable inert gas structures.

The Neutron — Hydrogen Atoms in Combination Form
both Neutron and Helium-like Structures. The neutron
is one of the fundamental atomic building blocks of nature.
It consists merely of a nucleus with zero charge and no outside
electrons, and its mass is very nearly the same as that of the
hydrogen atom. Because of the lack of charge on the nucleus
and because of its small size (no outer electrons), this particle
has the ability to pass through thick blocks of lead, as well as
other substances, with very little probability of being stopped.
It is only stopped by collisions with the nuclei of other atoms,
and since the nuclei are also exceedingly small, such collisions
are of improbable occurrence.

The neutron may be regarded as an atom of an nert gas
which lies above helium in the zero group of the periodic sys-
tem. The neutron and hydrogen together then constitute the
first series of the periodic system. With this concept, the
first three series of the periodic system are

n H
He Li Be B C N (0) F
Ne Na Mg Al Si P S Cl

By sharing two electrons with another atom, the hydrogen
atom shows its tendency to form the helium-like structure.
In the compound LiH, lithium hydride, the hydrogen atom
displays this tendency in a more marked fashion, for this com-
pound in the molten state is in the form of Li* and H~ ions, as
may be shown by electrolysis.

When the hydrogen atom shows its tendency to revert to
the neutron-like structure (no outside electrons), it forms a
hydrogen ion.

In some combinations, such as methane, hydrogen shares
electrons with the carbon atom. In acetic acid three of the
hydrogen atoms are held to a carbon atom by electron sharing;
the hydrogen is in the helium-like state. The hydrogen atom
attached to one of the oxygen atoms behaves as though it shows
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FIG. 3.6
A. Hydrogen chloride molecules in B. Hydrogen chloride in solution.

the liquid state. Hydrogen takes Hydrogen displays neutron-like
helium-like structure. structure.

the tendency to form both the helium-like and the neutron-
like structure, for only part of these hydrogen atoms bound to
oxygen in the acid molecule form H* ions by dissociation.

Liquid hydrogen chloride (B.P. — 85° C) is not a good con-
ductor of electricity. In this form it is not ionized as H* and
Cl~ions. The hydrogen and chlorine atoms are to be regarded
as being attached to each other by electron sharing. When the
molecules of hydrogen chloride are placed in water, however,
the attraction of the water molecules for both the H* and Cl-
ions changes this tendency on the part of the hydrogen atoms,
and they all revert to the neutron structure.

For the purpose of explaining this dual behavior of hydro-
gen, the neutron is regarded as a rare gas atom.

Explanation of the Polarity of Molecules. In discussing
polar molecules in a previous section in this chapter, no insight
was given as to the reason for the differences between the
polarities of various kinds of molecules. Our concept and
theory regarding electronic structure offer an explanation of
this phenomenon. To understand this problem we must bear
in mind that the seat of the positive charge of an atom lies in
the nucleus, while the electrons about the nucleus constitute
the negative charge.
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Let us first consider the neon atom and deduce from our
concept of its structure whether neon is a polar or a non-polar
substance. The charge on the nucleus is + 10 and there are a
total of ten electrons in the two shells about the nucleus. The
negative charge is symmetrically spaced about the positive
charge and therefore there is no portion of the atom that con-
tains more positive or negative charge than the diametrically
opposite portion. The atom is therefore non-polar.

The chlorine molecule, the electronic formula of which is
given four lines below, is made up of positive and negative
charges symmetrically spaced. One chlorine atom is no more
positively charged than the other. This substance is likewise
non-polar. o

:Ql:gl:
Chlorine Molecule

However, suppose one chlorine atom of the chlorine mole-
cule is replaced by one iodine atom, we then have the molecule
ICl, iodine monochloride. In this case the chlorine atom has a
greater attraction for electrons than does the iodine atom and
consequently a slightly greater negative charge exists about
the chlorine than about the iodine atom. One end of the mole-
cule is therefore slightly more negatively charged than the other
and the molecule is slightly polar. The torque or turning
effect of this molecule in an electric field would be equivalent
to a positive and negative charge separated by only a small
distance, and pictorially or schematically we may represent
the polarity by a positive and negative charge rather close to
each other, as shown in the following figure.

+ -

Sodium chloride, as we have said, does not form molecules
consisting of one atom or ion of chlorine and one of sedium
either in the solid state or in solution. In the gaseous state,
however, the sodium chloride molecule does consist of one
particle of chlorine and one of sodium. As previously stated,
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the sodium atom has a tendency to give up one electron and
the chlorine atom displays a tendency to acquire an electron.
Therefore, in the gaseous NaCl molecule we should expect
that portion of the molecule occupied by the sodium to be
positively charged and that portion occupied by the chlorine
atom to be negatively charged. The molecule should therefore
be polar with the positive and negative charges separated to a
greater extent than in the ICl molecule. Schematically we
might represent such a polar molecule by

+ —_

A relatively large effective distance exists between the charges.

The water molecule is a highly polar one. The polarity on
the part of this molecule gives us some insight into its structure.
If the water molecule consisted of two hydrogen atoms and an
oxygen atom all arranged in a straight line, such as

H:0:H

it should display no polarity, for all positive and negative
charges would be symmetrically distributed about the oxy-

L7 TN genatom. Sincethewater

J/ \ molecule is polar, we can

___" H conclude that the above

L A N symmetrical structure is

’ - impossible. Rather, the
— " o \ + structure of this molecule
° ’ is that represented by the
\ R formula given in Figure
..___¢- \ 3.7. The bond angle be-

'\\ H H tween the hydrogen

N s atoms is 105°. Since the

FIG. 3.7 Water molecule. oxygen atom tends to

hold electrons more
tightly than the hydrogen atoms, that portion of the molecule
containing the oxygen atom would be more negatively charged
than that containing the two hydrogen atoms.
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In general, if one atom in a molecule has a greater tendency
to hold electrons than any of the others, the molecule will tend
to be polar unless it is symmetrical. In CCly, for example, the
chlorine atoms are negatively charged with respect to the car-
bon atom but the four chlorine atoms are symmetrically placed
around the carbon atom and no polarity results. Chloroform,
CHC];, on the other hand, does display polarity because of
lack of symmetry.

The Hydrogen Ion in Water Solution — The Hydro-
nium Ion. The hydrogen ion or proton is unique among
positive ions in that it has no valence electrons and like the neu-
tron is very small. Like other ions it is hydrated in solution,
i.e., surrounded by polarized water molecules, but because of
its small size and because the water molecule also contains
protons, it is assumed that for the most part the hydrogen ion
does not exist in the uncombined form in water solution.
Through a regular chemical binding (i.e., an electron pair)
the proton may attach itself to a water molecule to form H;O*.
This singly hydrated hydrogen ion is known as the hydronium
ion. This ion behaves like any other positive ion in that it is
also to be regarded as one which is surrounded by polarized
water molecules.

The hydronium ion is the analog of the well-known am-
monium ion. Liquid ammonia, NH; has many properties
common to water. Like the water molecule the ammonia
molecule is polarized, and like water ammonia dissolves many
salts to form conducting solutions. If a pure acid is added to
liquid ammonia, the NH,* ion is produced. A typical reaction
is

NH; + HNO; = NH,* + NO;~ (1)
By analogy we may argue that the proton in solution is not
H+ but H;O+. The addition of a pure acid to water would give
the analogous reaction -

H,0 + HNO; = H;0+ + NO;_ (2)

The electronic structures of both the ammonium ion and
the postulated hydronium ion are given in Figures 3.8 and 3.9,
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FIG. 3.8 The ammonium ion. FIG. 3.9 The hydronium ion,

respectively. In the structure for the hydronium ion it is
apparent that all three hydrogen atoms (or ions) are to be
regarded as being alike, and that any one of the three can be
removed. It should be pointed out, however, that these three
hydrogen atoms are not in the same condition as are the two
hydrogen atoms in the water molecule. The removal of one
hydrogen ion from the hydronium ion results in the return of
the two remaining hydrogens to their former condition. For
example, if metallic zinc is placed into a solution containing
hydronium ion (HCI solution), only one of the three protons
is liberated as hydrogen gas. By the removal of one of these
water is left, which we know does not react with metallic zinc.

With this concept the process of neutralization becomes one
of competition hetween the water molecule and the OH- ion
for the proton. The OH~ ion has the greater affinity for the
proton and therefore robs the H;O* ion of it. The reaction
for neutralization is

H;0* + OH- = 2H,0 3)

Both the hydronium and hydroxide ions are hydrated in solu-
tion but this excess hydration is not represented in their for-
mulae.

We may regard the reactions involving the hydrogen ion
from two points of view: (1) the transfer of protons from water
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molecules to other proton acceptors, and (2) the addition of
hydrogen ions (protons) to acceptors (such as OH™ ion, Ac™
ion, etc.). The latter viewpoint is the one which has been
accepted for many years. It recognizes that the proton is
hydrated and in solution may exist in the non-hydrated form,
H*, the singly hydrated form, H;O*, the doubly hydrated
form, Hy;O,*, and possibly in forms of higher degrees of hy-
dration. All these forms have been lumped together as ‘“the
hydrogen ion,” having the simple symbol H*. According to
the Brgnsted * viewpoint it is assumed that the amount of
unhydrated H* ion is extremely small and that the singly
hydrated form, H;O%, is the principal species present in any
water solution. There are a number of pieces of information
derived from experiments that give emphasis to the viewpoint
that the H;O% ion is the predominant species.

Throughout this text we shall continue to use the sim-
plified concept and to indicate the hydrogen ion in solution
merely by the symbol H*, except in those places where the
material in question is re-interpreted in terms of these newer
definitions. As we shall see, this concept has some distinct
advantages, but we shall retain the older definitions inasmuch
as they have been used in the development of almost the whole
of modern chemistry. As this course progresses we shall find
it profitable to compare these two points of view.

The Sub-groups. In our previous discussion of electronic
structure we have considered only the elements of the main
groups of the periodic system. The electronic structures of
these elements are all characterized by their close relationship
to the structures of the inert gases. The sub-groups of the
periodic system have structures which are not closely related
to those of the inert gases, and this difference between the
structures of the main and sub-groups accounts for the dif-
ferences in their properties. To illustrate, let us consider sub-

* Johannes Nicolaus Brgnsted (1879-1947), a Danish physical chemist,
formerly Director of the Physico-Chemical Institute at Copenhagen, introduced
new definitions and a new concept of acids and bases. These definitions will be
developed at the appropriate places in the following chapters.
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group one, the elements of which are Cu, Ag, and Au. Like
the elements of the main group, Li, Na, etc., these elements
display a valence of +1, but there the similarity stops. The
metals of the main group are very reactive. Those of the
sub-group are, on the contrary, inactive; they display more
than one valence; and they readily form complex ions. The
electronic structures for these elements are given in Table 8.

TABLE 8

ELECTRONIC STRUCTURES OF SUB-GROUP I

Number of Electrons
Atomic in Shell
Number Element
K|LIM|\N|O|P
29 Copper 2 (8 |18] 1
47 Silver 2 8 | 18 | 18 1
79 Gold 2|1 8118132 |18] 1

A comparison of Table 8 with Table 5 shows that the core
of the main group elements is that of a rare gas and the core
of those in the sub-group is not. The shell next to the valence
shell in the sub-group elements contains 18 instead of 8 elec-
trons and the electrcns in this shell of 18 are not as tightly
bound as those in the group of 8. Therefore one or two of
these may act as valence electrons, thus accounting for the
formation of the ions with valences greater than plus one.
We shall have more to say about these structures in a later
chapter.

Resonance and the Double Bond. From the foregoing
considerations, it is apparent that a pair of electrons constitutes
the single bond, as commonly designated by a single line. Thus,
the usually designated structure for methane is

H
MalRawt H——(IJ—H

I
H
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instead of that shown in Figure 3.3. Each line in this structure
represents a pair of electrons. Since the use of electronic
structures for molecules is cumbersome, we use these lines to
indicate bonds, always bearing in mind that each bond repre-
sents a pair of shared electrons. Instead of representing the
structure of ethylene as
v C::C
el b H H

we indicate this merely as

H H

Ny
C=C

|
H H

Sometimes it will be convenient for us to use both conven-
ventions, particularly in cases for which we wish to indicate in
the structure the outer electrons which are not shared.

For example, the structure for the oxygen molecule may be
indicated in two forms:

AR (4) :0-0:,  or  (B) 6=0

From what we have said regarding the tendency of electrons
to form rare gas structures we should expect the structure of
oxygen to be that of (B). However, this is not the case, for
the magnetic properties of the oxygen molecule indicate that
two unpaired electrons are present in the molecule; therefore
(A) is the predominating form. Actually, both forms exist.
Oxygen is one of the relatively few molecules that break our
rules. The electrons in the oxygen molecule are constantly
shifting between the two forms, spending most of their time
in form (A). This phenomenon of shifting between two forms
we call resonance.

Another example of resonance is that of carbon dioxide. In
this case there are three possible forms, each with rare gas
structures about the carbon and oxygen atorms.
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. .. Coy . ..

0—=C=0 :0=C—0: :0—C=0:

1 11 11
Calculations indicate that I is the most stable and therefore
the predominating form, but all three forms exist. The elec-
trons are shifting between these forms. The CO, molecule is
in a state of resonance.
One might think of the compound propylene existing in the

f St
two forms HH H HOH H P‘b“,

Lol L]
H—C—C=C C=C—C—H

L S T
1 11

Here resonance does not take place, for to shift from form I to
form II a hydrogen atom must be shifted from the first to
the third carbon atom. The hydrogen atom is heavy and has
too much momentum to be constantly shifting. Resonance is
an electronic phenomenon.

Resonance may take place between more than two bonds
simultaneously. An example of this multiple resonance is
the benzene molecule. Its structure is given by the two forms:

N !

7 "\ / N\
H——(i %J—H H——ﬁ) C—H
H—C C—H H—C C—H

N N Z

i T
H H
I I

The two forms are alike (coutrast with the CO, molecule in
which only two of the three forms are alike); no additional
energy is needed to ‘‘lift”’ one form into the other. Resonance
of this kind adds to the stability of the molecule as a whole.
The bonds are not so easily broken. The breaking of the bond
18 usually necesrary to bring about chemical change.
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Many other molecules have increased stability, due to
resonance. The following are good examples:

[ !

C C C C C
VERNWERN VRN SR N
D D S D A
H—-C C C—H H—C C C C--H
N/ N~/ NN 7\
T R
H H H H H

Naphthalene Anthracene

In both of the above cases only one of the resonating forms is
given.

The Structure of Graphite. Carbon exists in three forms;
(a) amorphous carbon, (b) graphite, and (¢) diamond. Amor-
phous carbon is that form which appears as lampblack and
completely carbonized organic compounds such as sugar and
coal. In this form the carbon does not have a well-defined
crystal structure.

Graphite has a layer-like structure. Each layer has the
structure indicated in Figure 3.10.

i l | l |
C C C C C
NZNNNN NS
C C C C
] l | l |
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| | | I |
C C C C C
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/SN N/ N/ NI N7\
ARA
|

FIG. 3.10. The electronic structure of one layer of graphite.
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It is easy to see that the double bonds can occupy positions
other than those indicated in Figure 3.10. This is a resonating
and hence a stable structure.

The greatest stability is obtained when the bonds are con-
Jjugated, i.e., when every other bond is a double bond. Note
that this condition prevails for graphite, anthracene, naphtha-
lene, and benzene. Note also in Figure 3.10 that each carbon
atom has four bonds attached to it, i.e., each carbon atom has
a rare gas structure. There are, therefore, no bonds or bonding
electrons left over to connect the various layers of graphite.
The layers are held together, not by covalent electrons nor by
ionic attraction (there are no ions as in NaCl) but rather by
van der Waals forces. These forces, which are to be discussed
in a following section, are very weak as compared with the
forces between the carbon atoms in each plane. The measured
distances between the carbon atoms in each plane is 1.42 A,
while that between the carbon atoms in adjacent layers is
3.40 A. The layers are about 2} times farther apart than are
the carbon atoms in the same plane. Since the forces holding
together the planes are very weak, graphite easily cleaves in
this direction. As we should expect, graphite is flaky.

The Structure of Diamond. Diamond does not possess
the hexagonal resonating structure of graphite but rather a
tetragonal structure. In diamond each carbon atom is sur-
rounded in space (not in a plane) by four other carbon atoms.
The distances between all carbon atoms is the same. One can
get a picture of this structure by imagining a single carbon
atom with four bonds (lines) about it; the angles between all
the lines are the same. Thus all the carbon atoms are tied to
each other by shared electrons; i.e., covalent bonds. The
whole diamond crystal is therefore one large covalently bonded
molecule. The bonding forces between the carbon atoms is
very great. This accounts for the hardness and the high
melting point of diamond.

Induced Dipole Moments and van der Waals Forces.
In Chapter 1 we discussed polar molecules and showed that
molecules having unsymmetrical charge distributions were
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subject to a turning or rotational effects in electrical fields.
This turning effect is reflected in a large dielectric constant.
The water molecule is of this kind. It has a large dielectric
constant; it is polar and is said to have a large dipole moment
(the average distance between the charge centers is relatively
large).

Let us now consider the neon atom and its behavior between
two condenser plates as shown in Figure 3.11. The neon atom
consists of a small nucleus with a +10 charge surrounded by
two shells of electrons — the inner shell consisting of two and

++++++++++

5
/
/
/
s
7
’
/
/
‘
/
’
5
’
’
5
’
’
s
/

FIG. 3.11

A. The symmetrical neon  B. The neon atom in an electrical field.
atom. Shaded portion repre-
sents electron density.

the outer shell of eight electrons. It is completely symmetrical
and is therefore not a polar molecule. Yet some polarity can
be induced into it, by its mere presence in an electric field.

Consider first Figure 3.11A. This shows the symmetry of the
molecule — no dipole moment. By comparing this with Fig-
ure 3.11B we see that the position of the electronic shells has
been slightly displaced by a very small amount (a) with re-
spect to the nucleus. This small displacement gives rise to an
induced dipole moment — a moment induced or brought about
by the electric field. It is for this reason that non-polar sub-
stances have definite but small dielectric constants.

Similar considerations provide us a means for understanding
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the van der Waals forces. Let us consider two neon atoms such
as shown in Figure 3.114, side by side, and close together. As
we have said, the outer electrons do not completely screen and
neutralize the nucleus. At short distances the nucleus of one
atom is attracted by the negatively charged shells of the other
while the two negative shells tend to repel each other. At
some distances there is a net attraction. These combined
attractive and repulsive forces are known as van der Waals
forces. It is these forces that cause non-polar molecules to
condense and form a liquid when the velocities of the gas
molecules get slow enough to allow the forces to operate. It
is also these forces that bind together molecules of a non-
polar, non-ionic, or non-coordinately bonded solid.

For many kinds of molecules the van der Waals forces are
solely responsible for the attraction between these molecules
in the liquid state. Ordinary gasoline, although not a pure
liquid, is an example of a substance with this type of molecular
liquid binding.

It is these same forces that bind together the layers of car-
bon atoms in graphite.

The Different Kinds of Inter-atomic and Inter-molec-
ular Binding Forces — A Recapitulation. In general
there are two distinctly different kinds of forces that bind atoms
and molecules to each other. One is the covalent bond (the
sharing of electrons) and the other arises from electrostatic
attraction between the charged particles that constitute the
atom. The covalent binding asserts itself .within the mole-
cule. It is the force which is exerted by the coupling of elec-
trons between two or more atoms and constitutes the chemical
covalent bond.

The attractive forces due to electrostatic attraction may be
divided into three kinds: (1) ionic attractive forces, as exempli-
fied in the sodium chloride crystal; (2) dipole attractive forces,
38 exist between water molecules in ice; and (3) van der
Waals forces, which exist between molecules having no dipole
moments, i.e., between non-polar molecules.

Combinations of these various kinds of forces exist in many
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solids and liquids. In diamond the atoms are held together
purely by covalent forces. In graphite the forces are covalent
in each layer and van der Waals between layers.

In sodium chloride the forces binding the Na* and Cl~ ions
together are ionic, but in some crystals, particularly oxides,
the attractive forces are partially ionic and partially covalent.

In water solutions of electrolytes —a water solution of
NaCl, for example — the ions are hydrated due to the attrac-
tive forces between the ions and the polar molecules.

In a molecule such as butyl alcohol CH3;(CH,), CH,OH, one
end of the molecule is polar. This polar end induces a charge
shift in the whole molecule and so the attractive forces that
hold these molecules together in both the liquid and solid
state are both polar and van der Waals forces. The contribu-
tion of polarization to the binding force is illustrated in Table 9,
in which the boiling points of various hydrocarbons are com-
pared with their respective alcohols. The alcohol differs from
the hydrocarbon in that a hydrogen atom at the end of the
carbon chain is substituted by a polar OH group.

As would be expected, the difference between the boiling
points, a measure of the difference between the binding forces,

TABLE 9

THE ReEvraTive ErFrFect orF A PoLariziNg
Giroupr oN THE BoiLixg Poixt

Boiling Point

Compound Formula ©C) Difference
I'thane CH,;CH;, —88.6 167.0
Ethyl Alcohol CH;CH,OH 78.4 ’
Butane CH;3(CH,),CH;3 -5 1185
Butyl Alcohol CH;(CH;).CH,OH 118. '
Octane CH;(CH2)sCH; 125.7 68.5
Octyl Alcohol CH;3(CH;)sCH,OH 194.5 ’
Dodecane CH;(CH,),cCHs 214.5 105
Dodeceyl Alcohol CH;(CHy) ,CH,OH 255. a
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becomes less and less marked as the molecules get larger and
the polar OH group has a smaller proportionate effect.

Ionic, Covalent, and Metallic Radii. We have discussed
the force concepts which give rise to the different kinds of
bindings, but there is another important factor that influences
the binding and thereby influences the properties of the differ-
ent chemical compounds. It is the sizes of the various atoms
and ions in the crystalline state. These data are given in
Table 10. The effect of ionic or atomic size on the chemical
properties of a compound will be discussed throughout this
text as we proceed.

TasBLE 10

IoNic Rapir (ACCORDING TO ZACHARIASEN) — BASED
oN CRrySTAL CoOORDINATION NUMBER SIX

Valence Ionic Radii in .‘ingstrom Units
-2 O 145 S 190 Se 201 Te 2.23 Po 2.32
-1 F 133 C1 181 Br 195 I 220 At 229

41 Li 068 Na 098 K 133 Rb 148 Cs 1.67 Fr 1.75
42 Be 030 Mg 065 Ca 095 Sr 1.12 Ba 128 Ra 1.35
43 B 0.18 Al 045 Sc 068 Y 088 La 104 Ac 1.11

+4 Si 035 Ti 0.55 Zr 0.74 Ce 092 Th 0.99
+5 Nb 0.67 Pa 0.89
+6 U 083

The ionic radii, as exemplified in sodium chloride, differ
considerably from the atomic radii of the covalent type, as in
diamond. The values of the radii of the atoms in metals (the
metallic radii) fall between those for the ionic and the covalent
types. Furthermore, the radius of any ion depends both upon
its charge and its crystal coordination number. For this
course, therefore, the above table should be regarded as an
approximation. In qualitative analysis, we deal largely with
jonic crystals. We are, therefore, not so concerned with the
atomic and metallic radii as we are with the ionic.
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Questions and Problems

1. To what inert gas structure, if any, are the structures of the

7.

9.

following atoms related:

(a) Ba (f) Ni
(b) I (8) Zn
(c) As (h) Te
d) H () Al
(e) O G) Pd

Explain the fact that HCI in the pure liquefied form is not a
good conductor of electricity while in aqueous solution it is.
Write the electronic structures (outer shells only) for the fol-
lowing:

(a) SO~ (f) Brs
(b) CHCl, (g) S——
(¢) PO~ (h) KCI
(d) NH,* (i) Na,O
(e) CH;CH; (]) NH;

. The uncharged radical NH, has been produced by the electrolysis

of an aqueous solution of an ammonium salt, using mercury
electrodes. From a consideration of the electronic structure of
this radical, would you expect it to have properties similar to
those of the gas CH, or to those of Na?

Make a table similar to Table 8 for the elements of the second
sub-group (Zn, etc.). List three properties of the elements of
this group that differ from those of the corresponding main
group.

. A molecule which has an odd number of electrons in its structure

must have at least one unpaired electron. This unpaired electron
gives rise to paramagnetic properties; i.e., the molecule is at-
tracted into a magnetic field — it is a small magnet. NO, NO,,
and ClO; are paramagnetic, while N,O and N,O,, and ClLO
are not. Reconcile these facts with the above odd-electron rule
of magnetic properties.

From the standpoint of electronic structure, explain (a) why
graphite is flaky and (b) why diamond is very hard.

What is the general nature of van der Waals forces between

molecules?
Why does ethyl alcohol, CH;CH;OH, have a much higher boiling
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point than propane, CH;CH,CHj, although both have about the
same molecular weights?

Suppose that pure water lies between two plates of a condenser
(as shown in Figure 1.5). The capacity of the condenser (the
charge that the plates can carry) is increased by the presence
of the polar water molecules. If the charge on the two plates is
reversed, what will happen to the water molecules? Suppose
now that the charge on the two plates is alternated more and
more rapidly. Bearing in mind that the momentum of the water
molecule must be overcome at each alternation, explain why the
capacity of the condenser (the ability of the plates to carry a
larger charge) will decrease when the frequency of alternation
becomes very high. Liquid neon, in between the plates, would
not show this effect. Why? (Hint: electrons are light and
therefore have little momentum.)

What are the four kinds of forces that bind atoms and molecules
together in the crystalline state?



CHAPTER

4

Quantized Atoms and Molecules

The Quantum Theory. After the development of the
electric lamp, and particularly the carbon arc lamp, which
once lighted the streets of our large cities, it became increasingly
difficult to measure the intensity, i.e., to determine the candle
power, of such lights by comparing them with the light of a
candle made to given specifications, as had been done with
previous light sources. Not only was the light emitted by
these new sources much more intense than that emitted by the
candle, but it also was different in color.

To better understand the nature of light emitters such as
filaments and carbon ares, and particularly how the character
or the color of the light varied with the temperature of its
source, the German bureau of standards, the Reichsanstalt, de-
vised a light emitter which was called a hohlraum, ie., a
hollow. The hohlraum is merely a hollow object such as a
sphere. When heated in a furnace the radiation within the
hollow comes to temperature equilibrium with the walls of the
hollow. There is a small hole in the wall of the hollow, and
through this hole a small fraction of the light escapes for
measurement. It was shown that the nature of the light
emitted by a hollow is always the same, at a given temperature,
regardless of the nature of the walls — the nature of the light
is the same with copper, nickel, or black carbon walls. The
light emitted from such a hollow, which is always at tempera-

ture equilibrium, is known as black body radiation.
67
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White light is a composite of many colors. More specifically,
since different kinds or colors of light are characterized by
different frequencies (or wave lengths), white light is a com-
posite of light of a wide range of frequencies. So also the light
from a hollow, i.e., black body radiation — which at high
temperatures appears to be white, at low temperatures red —
is a composite of light of many frequencies.

3
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FIG. 4.1 Energy distribution of black body radiation.
T,=0°C, T, = 100° C.

The light emitted from the hollow was analyzed. For ex-
ample, experiments were made to determine what fraction of
the total light energy lay between wave length 1.0x and 1.1y,
what fraction between 1.1 and 1.2y, ete. (1p = 1 X 10~*cm.).
In such a way an intensity distribution was determined. It
was found that this distribution of energy was different for
different temperatures of the emitting black body. The dis-
tributions for two different temperatures are given in Figure 4.1.

To illustrate the interpretation of these curves, we pose the
following question: What fraction of all the light emitted by
a black body lies between the wave lengths a and b at tempera-
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ture T)? Draw vertical lines at a and b which meet the curve
of T.. The fraction of light emitted from these wave lengths
is the ratio of the area contained by the curve between these
two vertical lines (shaded area on the plot) to the total area
under the curve for T,. (To determine these areas one can
use graph paper and count or estimate the number of squares
in each area.)

It will be noted that at the higher temperature the maximum
of the curve shifts toward shorter wave lengths, i.e., toward the
blue. A greater proportion of blue light is given out at high
temperatures than at low temperatures. Hence, a piece of
iron heated to 700° C appears red, that at 1,000° C, white
(the light emitted at 1,000° C contains more blue light) — one
is red-hot, the other is white-hot.

The distribution of radiant energy in a hollow or black body
as given in Figure 4.1 greatly interested scientists during the
last 20 years of the last century.

By making various assumptions, they tried to calculate the
shape of the curve in Figure 4.1. One ascumption led to a
reproduction of the left-hand side of the curve, and another
assumption, to the right-hand side but no single assumption
or hypothesis gave a reproduction of the complete curve with
its maximum.

It was not until 1901 that Max Planck, a famous German
physicist, hit upon the right solution and calculated the energy-
distribution law and reproduced by calculation the curve
given in Figure 4.1. But he could not do so without making a
very radical assumption; namely, that light was emitted and
absorbed in chunks, i.e., in quanta. This was the beginning
of the quantum theory.

The assumption of Planck changed our picture of radiation.
Light of a given frequency coming to us from the sun, fer
example, does not come as a continuous wave as shown in
Figure 4.2A but rather in bursts or quanta as illustrated sche-
matically in Figure 4.2B.

Radiation is measured by its absorption on a black surface
which thereby raises the temperature of the absorbing surface.
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FIG. 4.2
A. Concept of continuous radiation. B. Concept of quantized radiation.

This energy is usually measured in ergs, the smallest funda-
mental unit of energy.

Planck found that to specify the amount of energy in ergs
of each quantum of light, it was necessary to multiply the
frequency (vibrations per second) of the light by a certain
number which is known as Planck’s Constant. In the short-
hand of science he designated this multiplication factor (or
conversion factor) as A. In this discussion we cannot go into
the method by which the constant h was evaluated, lest we
digress too far from our subject. The energy of each quantum
(or burst of energy) is therefore equal to A X » or v (v is the
symbol for frequency, in vibrations per second). It should be
noted that the amount of energy in one quantum of X-radiation
(X-rays) with very high frequencies is much greater than in
one quantum of red light of relatively low frequency.

Only a very few people became excited about the quantum
theory in the early part of the present century, because it
seemed possible that some other assumption might answer the
question just as satisfactorily and there was no proof or positive
sustaining experimental evidence to support Planck’s hypoth-
esis.

This condition of doubt existed for several years. Then
came the experimental support of the quantum theory.

The Photoelectric Effect. In 1905 Einstein predicted, on
the basis of the quantum theory, that when light is absorbed
by a suitably sensitive metal surface and electrons are thereby
emitted — as in our present photocells — one absorbed quan-
tum of light should knock out only one electron from the sur-
face. Also, he predicted that a quantum of high energy (light
of high frequency) should knock out the electron at a higher
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speed (i.e., higher kinetic energy) than would a low energy
quantum. Robert A. Millikan, then of the University of
Chicago, quantitatively verified Einstein’s predictions. This
was evidence substantiating the quantum theory.

The Photochemical Equivalence Law. At about the
same time that Einstein predicted the effect of light on the
ejection of electrons from a metallic surface, he also predicted
another effect as the consequence of Planck’s quantum theory.
This effect had to do with the quantitative effect of light in
photochemical experiments.

It is well known that light brings about chemical reactions.
The photographic plate or film is an example. The outstand-
ing example is the action of light on the green chlorophyll of
plants which, by the fixation and reduction of the carbon
dioxide in the atmosphere, results in the formation of starch,
cellulose, and a host of other substances.

Finstein reasoned that, if light consists of quanta, i.e.,
chunks of energy, then in the simplest case one quantum of
light energy should affect only one molecule. But, inasmuch
as a molecule may not be able to decompose without reacting
with another of its kind, i.e., one of its immediate neighbors,
then two or even more molecules may change chemically for
each quantum absorbed. The net result of Einstein’s reasoning
was that in the simplest photochemical experiment a simple
and low multiple number of molecules should react for each
quantum of light absorbed.

It so happened that one of the best possible experiments to
prove the Einstein hypothesis was first tried for this purpose.
This experiment was carried out by Emil Warburg, a German
physical chemist. He used for his experiment the reaction
involving the decomposition of hydrogen iodide, HI, by light.
Warburg found that, for every quantum of light absorbed,
two molecules of HI were decomposed into H, and I.. War-
burg’s experimental results are given in Table 11.

These experiments are quite difficult to carry out. Devia-
tions of the values from 2.00 undoubtedly represent experi-
mental error.
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TaBLE 11

The Photochemical Decomposition of Hydrogen Iodide

W g g | Mok Dt
(Mean Values)
2,070 1.97
2,536 2.08
2,820 2.11

The mechanism later worked out and accepted for this re
action is as follows:

HI + hv (1 quantum of light) = H+1 (1

In the first step the HI is decomposed into its atoms. The
hydrogen atom produced by reaction (1) reacts with another
HI molecule to make H, and another I atom.

H+HI=H,+1 (2

The HI molecule is sufficiently stable so that the iodine
atoms formed in the reaction cannot react with it. That is,
I+ HI =H+ 1, is not possible because iodine atoms have
a greater tendency to hold onto H atoms than onto other
atoms of its own kind. In other words, an I atom holds an
H atom tighter than it does another I atom.

Since the 1 atoms cannot react with HI molecules, they
can react only with H atoms or with other I atoms. But there
are very few H atoms present, because the H atoms are re-
moved by the many HI molecules in the reaction mixture.
For the same reason, it is very improbable that the H atoms
recombine with each other to produce H,. Accordingly, the
I atoms react with each other to form I,.

2l =1, 3)

We then summarize the various steps in the process:
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Hi+hv =H+1 (1)
H+HI=H,+1 (2)
I + HI = I, + H (energetically impossible) (x)
2H = H, (highly improbable) (y)
21 =1, (3)
2HI + hv = I, + H, (4)

Adding equations (1), (2), and (3) algebraically, neglecting
(x) and (y), and cancelling like entities from opposite sides of
the equations the resultant equation is (4).

According to equation (4), two molecules of HI are decom-
posed for every quantum (hv) absorbed. This is what Warburg
found experimentally. If the HI molecules were decomposed
proportionately to the total amount of energy (in calories or
ergs) absorbed, rather than to the number of quanta (irre-
spective of calories or ergs) absorbed, then light of higher
frequency (shorter wave length and greater energy) should have
decomposed a proportionately larger amount of HI. This is
not the case. Thus, Warburg again verified Planck’s quantum
theory.

It was fortunate that Warburg chose the right experiment to
prove his point. Any other experiment might have given
ambiguous results. It was later found that the reactions which
give an unambiguous answer to this question are rare. In
most photochemical reactions, much of the light energy ab-
sorbed is wasted by the heating of the mixture and only a
fraction of the quanta absorbed cause chemical reactions; or
the light may start a chain reaction, i.e., one quantum may
give rise to the decomposition of hundreds or thousands of
molecules. For example, if one quantum could set off the
explosion of a mass of sensitive high explosives, then many
molecules would decompose per quantum absorbed.

Fortunately, a well selected photochemical experiment by
Warburg gave Planck’s hypothesis an additional impetus.

However, thousands of later experiments proved the validity
of the quantum theory. The explanation of the spectrum of
atomic hydrogen by Niels Bohr gave rise to most of them.
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The Emission of Light by Atoms. When the light from
an incandescent filament is observed through a spectroscope,
one sees a continuous spectrum in which the colors gradually
shade from red to yellow, green, blue, and to violet. The
spectroscope spreads and separates the various frequencies.
If, instead of an incandescent filament, a neon lamp is used as
the light source, one sees, instead of the continuous spectrum,
a series of distinct red and green lines. The continuous spec-
trum of the light filament is like that of a black body — all
frequencies are present. The line spectrum obtained from
the neon lamp is that emitted by the atoms of neon and is
known as an atomic spectrum.

Like the neon atom, the hydrogen atom (not the hydrogen
molecule) also emits a line spectrum. Such a spectrum is

Increasing Frequency (1) —>-

FIG. 4.3 The Balmer spectrum of the hydrogen atom.

emitted by some of the hot stars where the temperature is so
high that hydrogen exists as atoms only. If one examines such
a spectrum of hydrogen (Figure 4.3) it is apparent that some
relatively simple regularity in the frequencies or wave lengths
exists.

In the latter part of the last century Rydberg, a Swedish
astronomer, found that the frequencies of the visible hydrogen
lines could be expressed by the empirical (not theoretically

derived) expression
1 1
v=R\g%- )

in which » is the frequency. R is a constant determined from
the measurement of several lines, and n is a whole number
having the value 3 or greater (each line in Figure 4.3 has a
different value of n). The frequencies of the hydrogen lines
fitted those calculated by this equation very exactly. The
value of R (the Rydberg constant) was found to be 109,678.
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The value of the constant is given here only to indicate how
carefully the frequencies were measured and how accurately
the Rydberg equation is known.

The spectra of other atoms were examined for similar corre-
lations but no simple relationships could be found. For ex-
ample, the spectrum of the sodium atom, using a sodium arc
as the light source, was found to consist of not one series, as
was the case with hydrogen, but four series; the sharp or s
series, the principal or p series, the diffuse or d series, and
the fundamental or f series. However, no one of these series
showed any simple relationship between its various frequencies
as did the hydrogen series.

The Bohr Theory. In 1913 it was generally accepted that
the hydrogen atom consists of a proton nucleus with a charge
of +1 and one outside electron with a charge of —~1. Physicists
tried to account for the hydrogen spectrum by calculation,
using the known laws of electricity, magnetism, and mechanics.
All failed except Bohr. He found the solution to the problem
of the hydrogen spectrum by introducing a concept new in this
field — the quantum theory. Bohr reasoned somewhat as
follows. One hydrogen atom emits only one quantum at a
time. The quanta emitted by hydrogen atoms have discreet
i.e., very definite frequencies; hence, very definite energies.
The atom, on emitting a definite amount of energy, hv, must
also lose this same amount of energy. Therefore, the atom
must be capable of possessing definite potential energy states.
In other words, the internal energy of the hydrogen atom must
itself be quantized. Either the atom does or does not possess
this definite energy. There could be no way that the atom
could possess internal energy: between these definite states. It
was a yes-no, all-or-nothing proposition. This is what we mean
by quantization of energy in an atom or molecule. A whole
number is assigned to represent the state of this quantized
energy in its various forms. The internal energy of an atom
or molecule must correspond to assigned quantum numbers —
never to any intermediate values.

By using the classical laws of electrostatic attraction and
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of centrifugal force (for the electron revolving around the
nucleus), and by quantizing the angular momentum (related
to energy), Bohr calculated the energies of the hydrogen atom
in its various quantized orbits. Then, assuming that when
light was emitted the electron in the energy state (or orbit)
E, jumped to the energy state (or orbit) E; (never in between),
and that the energy of the quantum was equal to the difference
in energy of the two states E, and E\,

E,-E,=hv

he was able to calculate the value for the Rydberg constant.
His calculated value came within one part in 100,000 of the
experimentally determined value. Furthermore, he calculated
a radius for the hydrogen atom (the electron orbit) which was
of the right order of magnitude. Such correlation between
theory and experiment could hardly be fortuitous. This work
of Bohr brought about the acceptance of the quantum theory
and was the beginning of our present detailed knowledge of
the quantized structure of atoms and molecules. It was in
fact the beginning of modern physics and chemistry.

Originally, the various quantized orbits of the electron about
the hydrogen nucleus were likened by many to the orbits of
the planets about the sun, but now we think of these orbits
as three-dimensional instead of planar orbits. We conceive
them as shells.

According to the Bohr theory each shell (or orbit) is char-
acterized by a principal quantum number, designated as n.
The innermost orbit is characterized by n =1, the next by
n = 2, ete.

Light of definite frequency is emitted by the process of the
electron leaving an outer shell and appearing in an inner one.
The different possible transitions are illustrated in Figure 4.4.

The level, orbit, shell, or state, for which n = 1, is the only
stable level for the hydrogen atom — that one in which the
electron roams at ordinary temperatures. It is only when the
hydrogen atom undergoes a severe collision with another atom
as in a hot star, with a very fast electron as in an electric arc,
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FIG. 4.4 Transitions involved in the lines of the different series of the
hydrogen spectrum.

or even with a sufficiently high energy quantum, that its elec-
“tron is knocked into one of the higher levels. When the hy-
drogen atom is in one of the higher shells or levels it is said to
be excited. The orbit for which n = i is the only real one.
The other orbits or shells are, in this case, known as virtual
orbits or virtual shells. But these virtual shells are those
which become real shells for atoms containing many electrons.
Thus, the sodium atom has two electrons in the first or K
shell for which the principal quantum number is 1; eight elec-
trons in the second or L shell for which n = 2 (a virtual shell for
the hydrogen atom), and one electron in the third or M shell
for which n = 3 (also virtual in the case of the hydrogen atom).
The single electron in the third or outermost shell of a sodium
atom cannot have a principal quantum number less than 3
(since the two inner shells are filled), but it may have principal
quantum numbers greater than 3 when it is in the excited
state as in a Bunsen flame or a sodium lamp.

The Extension of the Bohr Theory. The simple theory
of Bohr did not answer all the questions regarding the spec-
trum of hydrogen. When \the apparently single lines of hy-
drogen are examined in a spectroscope of high resolving power
it is found that each line is not a single line but consists of a
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multiplet of several lines very close together. The problem
then arose as to how to account for these multiple lines.

To explain these multiplets, it was assumed that the glec-
tronic orbits are not necessarily circular (i.e., the cross sectrons
of the shells need not be circular). They could be in the for 1
of ellipses. The Bohr theory was modified in such a manney
that the momentum of the electron was quantized in two ways.
One quantum number was assigned to represent the radial
momentum (the momentum of increasing and decreasing the
radius as it revolves in an ellipse) and the other, the angular
momentum (related to the angular velocity). The principal
quantum number, n, was the sum of these subsidiary quantum
numbers. In the later development of the quantum theory
that number which represented the angular part of the mo-
mentum was designated as .

Oune of the quantum theory rules is that the quantum num-
ber I can have any value from zero to n —1. Thus, for the
hydrogen atom in its lowest electronic state for which n = 1,
[ must be equal to zero. In the second state for which n = 2,
the value of [ can be either zero or ome (minus values of [ are
excluded). The electrons for which [ = 0 are called s electrons;
for I = 1, p electrons; for | = 2, d electrons; and for [ = 3, f
electrons. The old notations used to describe the spectro-
scopic series for the sodium atom were taken over to describe
the different kinds of quantized electrons — the symbols s,
p, d, and f have only historic significance. The above rule is
recapitulated in the following tabular form.

TasLE 12
Principal Quantum Possible { Quantum Numbers and
Number Corresponding Designations of Electrons
n s P d f
1 0
2 = 0 1
3 ~]10 1 2
4 0 1 2 3
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To fully explain the splitting of spectral lines (or levels) when
an emitting atom is in a magnetic field, two other quantum
numbers were introduced; the magnetic quantum number m,
and the spin quantum number s.

The magnetic quantum number can have all values from
+! to 0 to —l — another quantum theory rule. Thus if [ =2
(for a d electron) the magnetic quantum number can have
values of +2, +1, 0, -1, —2.

The relationship between the quantum number ! and quan-
tum number m is as follows.

TaBLE 13

Relationship between [ and m

Values of | Possible Values of m
0 0
1 +1,0, —1
2 . 42, +1,0, -1, -2

3 +3, +2, +1,0, -1, -2, -3

It will be observed that the total number of m values is equal
to 20 + 1.

The spin of the electron (another consideration) can be either
+% or —%. The fraction %, rather than a whole number, is
used to give a consistency to the whole quantized system.
Further elaboration of the quantum numbers is beyond the
scope of this elementary treatment. The positive and negative
values for these quantum numbers indicates an orientation of
the orbit or of the electron either with or against the magnetic
field.

The quantum theory rules may seem to be in the form of
arbitrary assumptions, invented to account for the known
chemical facts. They were, in fact, derived mathematically
from very general assumptions and, in most cases, to account
for spectroscopic rather than chemical phenomena. Because
of the mathematical complexities we are forced to omit the
more fundamental derivations in this course. We must, for
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the present, therefore, accept the above rules on a ‘‘rule-of-
thumb” basis, recognizing, however, that they have firm
foundation both in theory and in fact.

:Before we can go any further in applying the quantum theory
to the structure of atoms, we must consider one very funda-
mental rule, the Pauli Exclusion Principle. This principle
states that in any given atom no two clectrons can have
identical quantum numbers — three of the four quantum num-
bers may be alike but the fourth must differ.

On the basis of the Pauli Exclusion Principle let us determine
the maximum number of electrons that can exist in the second
shell of an atom. For this shell n = 2. The quantum number
l can then have values of 1 or 0. First consider the electrons
for which I = 0 (s electrons); m also equals 0. But the spin
number can be +% and —3%, so we find a maximum of 2 s elec-
trons. Now consider how many electrons can have the value
of I = 1 (p electrons). For this case m = +1, 0, and —1. Each
electron which has a spin value of +% can have 3 values of m,
and each electron with a spin of —% can also have 3 m values.
The total number of p electrons ig therefore 6. We may
recapitulate this in the following tabular form. In Table 14
all combinations of the quantum numbers are accounted for.

TaBLE 14
Quantum Numbers n l m s

2 0 0 +3 .

2 0 0 —3 2 s electrons
2 1 1 +3

2 1 1 -3

g i g fg 6 p electrons
2 1 -1 +%

2 1 -1 -4

In the same way it can be shown that the third shell can
contain only 18 electrons as a maximum. This shell, for which
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n = 3, contains all of the electrons described in Table 14 (total
of 8) plus 10 d electrons, with { =2, and m = +2, +1, 0, -1,
and —2.

Table 15, on the next page, gives the electronic configura-
tions of all the elements.

To the student reading these rules for the first time, they
must seem very confusing. However, to relieve this confusion,
let us review the quantum rules.

(1) When the electron is in its innermost shell, » = 1; in
the second shell, n = 2; etc.

(2) [ can have any value between zero and n — 1. (Negative
values are not allowed.)

(3) m, the magnetic or the 3-dimensional number, can have
values ranging from +{ — 0 — —[.

(4) s, the spin number, can have values of either +% or —3.

(5) No two electrons in an atom can have all of the above
four quantum numbers alike. )

Now, read the last several pages again and check the state-
ments in these pages with this summary.

Henceforth in this text we shall not refer to the subsidiary
quantum numbers to designate electrons in the atom. For
the purposes of chemistry we need use only the principal
quantum number and the kind of orbit, s, p, d, f, etc., to de-
scribe the electron. Thus an electron designated as 3 d is in
the third shell (n = 3) and it occupies a d orbit (I = 2).

Instead of using the term electron orbits we now designate
the characteristics of an electron in an atom by the term
orbital.  "The orbital is not to be regarded as a definite path
but rather as a term which describes the probability as to
where or in what direction in space the electron spends its
time. The geometrical concept of the orbital is that of a shell
of a given thickness in which the electron travels. It spends
most of its time in the center portion of this shell layer.

The orbital may be likened to an eggshell, with the difference
that the shell does not have a constant density. Going from
the outside to the inside of the shell-layer the density is at
first very low (zero), then increases toward the center, and
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TaBLE 15

ELECTRON CONFIGURATIONS OF THE ELEMENTS *

K L M N 0 P
1s | 28 2p | 33 3p 3d | 48 4p 4d 4f | 58 5p 5d 5f | 6s 6p Gd
H 1 1
He 21 2
Li 3| 2 1
Be 4 2 2
B 51 2 2 1
C 6] 2 2 2
N 7 2 2 3
(0] 8| 2 2 4
¥ 9l 2|25
Ne 10 2 2 6
Na 11 2 2 6 1
Mg | 12}] 2 2 6 2
Al 13 2 2 6 2 1
St 14 2 2 6 2 2
P 15 Neon 6 2 3
S 16 core 6 2 4
c |17 e 6]l2 5
A 18 2 2 6 2 6
K 19 2 2 6 2 6 1
Ca 20 2 2 6 2 6 2
Se 21 2 2 6 2 611 2
T 22 2 2 6 2 6412 2
\% 23 2 Argon 6 2 613 2
Cr 24 2 core 6 2 615 1
Mn | 25 2 2 6 2 615 2
Fe 26 2 2 6 2 616 2
Co 27 2 2 6 2 617 2
N 28 2 2 6 2 6]8 2
Cu 29 2 2 6 2 6 10 1
Zn |30 2 2 6 2 6 10§ 2
Ga 31 2 2 6 2 6 101 2 1
Ge 32 2 2 6 2 6 101 2 2
As 33 2 2 6 2 6 101 2 3
Se 34 2 2 6 2 6 10 2 4
Br 35 2 2 6 2 6 101 2 5
Kr 36 2 2 6 2 6 10] 2 6
Rb | 37 2 2 6 2 6 10} 2 6 1
Sr 38 2 2 6 2 6 10 2 6 2
Y 391 2 2 6 2 6 101 2 611 2
Zr 40 2 2 6 2 6 10 2 6} 2 2
Nb | 41 2 2 6 2 6 10 2 6§ 4 1
Mo | 42 2 2 Krypton 6 10| 2 6] 5 1
Te |43} 2 2 core2 6 10| 2 6} 6 1
Ru |44} 2 2 6 2 6 10| 2 6} 7 1
Rh [ 45] 2 2 6 2 6 10| 2 6f 8 1
Pd 46 2 2 6 2 6 10 2 6}10

* The electronic assignments for clements 89 to 98 are very tentative.
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K| L M N 0 P Q
ls | 25 2p |3s 3p 3d|4s 4p 4d 4f|5s 5p 5d 5f| 6s 6p 64| 7s

Ag |47 2 | 2 6|2 8 10|26 10 1

cd|48| 2 |2 6|2 6 10[2 6 10 2

In 49| 2 |2 6|2 6 10|26 10 2 1

sn |50 2 |2 6|2 6 1026 10 2 2

sb |51 2|2 6|26 102610 2 3

Te |52 2 |2 6|2 6 10[2 6 10 2 4

I |53 2|2 6|2 6 10|26 10 2 5

Xe |54 2 [ 2 6]2 6 10/26 10 2 6

Cs |55 2|2 6|2 6 10/2 6 10 2 6 1

Ba | 566 | 2 2 6 | 2 Xenon core 6 10 2 6 2

La |57] 2 |2 62 6 10[2 6 10 2 6|1 2

e | 58| 2|2 6|26 19[261)1]26]1 2

Pr |50 2 |2 6|2 6 1026 10]2)26]1 2

Nd|60| 2|2 6|26 10/2610]3)26]1 2

Pm|61| 2 |2 6|26 10/261004f2 61 2

Sa |62 2|2 6|26 10[2610]5]26}1 2

Eu |63 2 | 2 6|2 6 1026 10]6f26]1 2

Gd|ea| 2|2 6|26 10l2610[7]2 6]1 2

™ |65 2 |2 6|2 6 1026 10]8f2 6] 1 2

Ds |66 2 | 2 6|2 6 10/2610]9]26f1 2

Ho|67] 2 |2 6|2 6 10]26 10f10]2 6] 1 2

kr |68 2|2 6|2 6 10206 10fi1)2 6|1 2

Tu |60] 2 |2 6|2 6 10]26 10f12]2 6] 1 2

Yyb|70| 2 |2 6|2 6 10|26 10f13]2 6] 1 2

Lu |71 2|2 6(2 6 10[26 10f14]2 6] 1 2

Hf |72] 2 | 2 6|2 6 10/26 10 14|2 6] 2 2

Ta |73] 2 | 2 6|2 6 10{2 6 10 14| 2 6| 3 2

W |74 2|2 6|26 102610 14|2 6] 4 2

Re |75| 2 | 2 6|2 6 1026 10 14|2 6] 5 2

Os |76 2 |2 6|2 6 10/26 10 14]2 6] 6 2

Ir |77/ 2|2 6|2 6 102610142 6} 7 2

Pt |78 2|2 6|2 6 10[26 1014 2 6] 9 1

Au | 79| 2 | 2 62 6 10{2 6 10 14| 2 6 10 1

Hg (80| 2 | 2 6|2 6 10|26 10142 6 10| |2

TI |81 2 |2 6|2 6 102610142 6 10] |2 1

Pb |8 | 2|2 6|2 6 10[261014|2 6 10] |2 2

Bi (8| 2|2 6|2 6 10[261014|26 10f |2 3

Po |84| 2|2 6|2 6 10[2610 14|26 10] |2 4

At |85 2 | 2 6|2 6 16[26 10 14|26 10] |2 5

Rn |86 2 | 2 6|2 6 10[2 6 10 14]2 6 10 2 6

Fr | 87| 2 2 6|2 6 10| 2Radoncore| 2 6 10 2 6 1

Ra |88 | 2 | 2 6|2 6 102 6 10 142 6 10 2 6 2

Ac | 89| 2 |2 62 6 10[26 101426 10] |2 61| 2

Th |90 2 |2 6|2 6 10{26 101426 10f1)2 61| 2

Pa |91 2 |2 6|2 6 10[261014|2 6 10J2)2 6f1| 2

U |92/ 2|2 6|26 10[261014|26 10f3|]2 6J1| 2

Np|93| 2|2 6|2 6 10[261014|206 10f4f2 6]1] 2

Pu 94| 2 |2 6|2 6 10{26 10142 6 10|52 61| 2

Am|95| 2 | 2 6|2 6 10{26 10 142 6 10]6]2 61| 2

Cm|96| 2 |2 6|26 1026101426 10}j7]2 6f1| 2

Bk |97 | 2 |2 6|2 6 10|26 10 142 6 10|s]2 6]1| 2

cf |98| 2|2 6|26 10{261014|26 10f9]2 61| 2
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then drops off again to zero on the inside. The electron spends
its greatest amount of time where the density is greatest. Thus,
we do not picture the neon atom as that given in Figure 4.5
but rather as that given previously in Figure 3.11A.

Directions of Atomic Orbitals. There is only one kind
of s orbital (since I =0 and m = 0). One pair of s electrons

occupies an orbital which is a spher-

ical shell about the nucleus. How-

ever, there are three sets of p orbitals

(m = +1, 0, —1). Calculations indi-

cate that the axes of these orbitals

(with the nucleus at the crossing

point) are at right angles to each

other. The three types of p orbitals

are therefore sometimes designated

FIG. 4.5 The obsolete con- as Pz, Py, and p.. As would be ex-

cept of the neon atom (se¢e pected from the magnetic quantum

Fig. 3.114) numbers (+2, +1, 0, —1, —2) there

are 5 kinds of d orbitals. These have been calculated to lie
along the edges of a 5-sided pyramid. ~

The directions of the different kinds of orbitals determine to
a large extent the directions of the chemical bonds. When the
electrons of one atom are paired with the electrons of other
atoms, the positions of the atoms with respect to each other
are heavily influenced by the orbital directions of the com-
ponent atoms.

The Combination of Orbitals to Form Electron Pairs.
While Table 15 indicates the number of different kinds of
orbitals in each shell, it does not indicate which of these are
unpaired. As the result of spectroscopic investigations, the
number of such unpaired electrons can be determined. For
example, Table 15 indicates for the carbon atom two 1s elec-
trons, two 2s electrons, and two 2p electrons. Actually the
2p electrons are unpaired. We may then designate this struc-
ture in more detail by 1s?, 2s% 2pi, 2p} — the superscripts in
this description indicate the number of electrons of that partic-
ular kind.
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There is a general principle (another quantum rule) which
states that electrons in any given shell do not pair (to neu-
tralize their spins) until they are forced to by the Pauli Ex-
clusion Principle. For example, the detailed structure of the
nitrogen atom is 1s? 2s® 2p. 2p} 2p! and for oxygen 1s? 2s* 2p?
2p} 2pL.* (The superscripts indicate the number of electrons
in that particular state — thus 2s? indicates two 2s electrons.)
There are only 3 magnetic quantum numbers available for a p
orbital (+ 1, 0, — 1) so the fourth p electron in oxygen must
pair with another; hence two 2p. electrons.

The two unpaired p electrons in oxygen will couple or pair
with an unpaired electron of another atom — the valence of
oxygen 18 two.

When the oxygen atom forms water with two hydrogen
atoms, the two unpaired p electrons of the oxygen atoms pair
with the single s electrons of the hydrogen atoms. Since the p
orbitals are at right angles to each other we might expect the
bond angles in water to be 90° apart. Actually the bond angle
in water is 105°.

This difference between the measured 105° and the expected
90° is due to the electrostatic repulsion of the two hydrogen
atoms for each other. We have previously indicated that the
H,0 molecule is polar. The hydrogen atoms are therefore not
screened or neutralized completely and are positively charged.
These positive charges repel each other and spread the bonding
angle.

Likewise, we should expect the three bonding angles in NH;
to be at right angles to each other but again the electrostatic
repulsion spreads these angles to 108°. The bond angles of
the NH; molecule therefore are in the shape of a tetrahedron
or three-sided pyramid.

From the configuration of the carbon atom (1s? 2s* 2p! 2p})
we might expect carbon to be bivalent with only the p electrons
forming bonds. Such is the case with CO. However, the
tetravalent character of carbon is explained by the fact that

* The superseript one (1) to represent one electron in a given state is usually
omitted. Thus 2p} is equivalent to 2p,.
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the pairing of the s electrons becomes very much weakened
after the p electrons have bonded (in the process of chemical
reaction). The s electrons then on further reaction become
unpaired and are promoted to bonding electrons. Resonance
takes place between all of the electrons in the second shell, and
all become identical. The carbon bonding axes are tetrahedral
in shape. These bonds are hybrids between the 2s and 2p
orbitals of the carbon atom, just as the mule is a hybrid between
the horse and the donkey. All four bonds become alike —
mules.

Quantized Vibration and Rotation. All molecules in
the gaseous state undergo both vibration and rotation. The
vibrational motion is along the axis between two atoms. Like
the electronic energy this vibrational energy is quantized.
When the vibrational energy becomes great enough the bond
breaks and the molecule dissociates.

The rotational energy can be resolved about three axes.
This energy is also quantized. Three axes require three quan-
tum numbers.

The vibrational and rotational energies are small as com-
pared with electronic energies and hence play no part in the
determination of bonding and structure of molecules.

Questions

What is meant by black body radiation?

For what purpose was the quantum theory first proposed?

3. What predictions did Einstein make which, when verified by ex-
periment, gave support to the quantum theory?

4. The equation representing the Lyman Series is

1 1
v=R (z - 77)
where 7 is greater than 10K. That for the Balmer Series is
1 1
v=F (r - 77)

where 7 is greater than 2. What is the equation which represents
the Paschen Series? (See Figure 4.4.)

d-
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Using the Pauli Exclusion Principle, satisfy yourself that the
maximum number of electrons that can be in the N shell, for
which n = 4, is 32,

How many unpaired electrons are there in (a) the silicon atom,
(b) the phosphorous atom?

Why are the bonding angles between the H atoms in the water
molecule 105° rather than the expected 90°?



CHAPTER

J

Oxidation and Reduction

All chemical reactions may be classified into two types:
those which involve oxidation and reduction and those which
do not. The reactions of the latter tvpe consist of exchanges
of atoms or groups of atoms without any change in the valence
states of any of the reactants or, in terms of the electronic con-
cept of matter, without any transfer of electrons. Familiar
examples of reactions in water solution which do not involve
any change in the valence state are:

Ag* + Cl- = AgCl(solid) 1)
Batt + 80,7~ = BaSO0,(solid) @)
SOy~ + 2H* = SO, + H,0 3)
Cu** + H,S = CuS(solid) + 2H* (4)

In each of these reactions the valence states of the atoms or
groups comprising the products are the same as those of the
reactants. The equations representing these reactions are
relatively simple as compared with those of the oxidation-
reduction type.

Since we shall encounter oxidation-reduction equations so
often in our later work it is essential that we have a clear under-
standing of this type of reaction at the outset. We must be
certain that we fully understand the balancing of oxidation-
reduction equations to the extent that the balancing of any
equation whatsoever will never baffle us. Once the principles

of equation balancing are mastered there will never be any
88
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need to remember any equation in all its details. We shall,
also, in this chapter introduce the concept of valence number,
sometimes known as oxidation number, a direct conse-
quence of our previous discussion.

Balancing of Oxidation-Reduction Equations

To understand clearly oxidation-reduction processes it is
essential to obtain a thorough working knowledge of a sys-
tematic scheme for balancing equations.

As an example of an oxidation-reduction reaction we shall
choose the reaction of ferrous ion with chlorine in water solu-
tion.

2Fett 4+ Cl, = 2Fet**+ 4 2CI* (5)
It is apparent that the condition of the iron and of the chlorine
in the reactants is entirely different from that in the products.
In the reactants the ferrous ion carries two positive charges
while in the product the ferric ion bears three positive charges.
Likewise, molecular chlorine is a reactant but the only product
containing chlorine is the chloride ion. Both reactants have
changed their valence states. In the course of the reaction the
iron becomes more positive and the chlorine more negative.
The valence number of the iron in equation (5) changes from
+2 to +3, whereas that of the chlorine changes from 0 to —1.
Thus, the ferrous icn loses one electron in the reaction while
the chlorine atom gains one electron (the chlorine molecule
accordingly gains two electrons). Substances which lose elec-
trons are reducing agents, while those which gain electrons
are known as ovidising agents. The oxidizing agent oxidizes
the reducing agent and the reducing agent reduces the oxidizing
agent. In the reaction under discussion the ferrous ion is the
reducing agent and it is oxidized to the ferric ion since it loses
an electron. On the other hand, the chlorine in the zero state

* In writing equations for oxidation-reduction reactions we shall continue
to omit those substances which do not contribute in any way to the progress of
the reaction. For example, in equation (5), if a solution of ferrous sulfate were

the reactant employed. we would omit the sulfate ion (SO~ ~) from both sides
of the equation.
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is the oxidizing agent and it is reduced to the chloride ion since
it gains an electron. Every oxidation process is simultaneously
accompanied by a reduction process; the two processes are
associated with each other and cannot act independently.
The total number of electrons gained by an oxidizing agent in
a given reaction must equal the total number of electrons lost by
the corresponding reducing agent. It is through this concept
that we shall balance equations of the oxidation-reduction type.
The Valence Number. Before we balance equation (5) on
the basis indicated above let us consider parenthetically what
is meant by a change in valence state or valence number. In
some cases the valence number of an atom in a molecule is
equal to the charge that the atom will acquire when the mole-
cule dissociates in water to produce ions. Thus, the valence
number of iron in ferrous chloride is +2, the same as the charge
on the ferrous ion (Fett) in solution. In other cases, however,
the valence number of an atom in a molecule is assigned in a
more arbitrary manner; its value does not correspond to the
charge on any known ion of that element. The valence num-
ber of carbon in methane (CH,) is —4.” A carbon ion with four
negative charges is not known. In assigning a valence of —4
to carbon in methane, we have quite arbitrarily assumed a
valence number of +1 for hydrogen. Acids dissociate to give
the hydrogen ion, H*, which bears a +1 charge. Likewise,
water to a smaller extent dissociates to give hydrogen ions as
one of the products. Methane, to the best of our knowledge,
does not dissociate in solution to give hydrogen ions, yet in con-
sidering the valence number of the molecule we recall the con-
cept that hydrogen atoms have a tendency to lose one elec-
tron and produce hydrogen ions. To be consistent we therefore
assign a +1 valence number to hydrogen in methane. In fact,
in all compounds containing hydrogen this same valence num-
ber for the hydrogen atom is arbitrarily assumed and the
valence numbers of other atoms are assigned accordingly.*

* An exception to this statement is found in the case of the hydrogen com-
pounds (hydrides) of the strongly electropositive clements such as Lil, NaH,
CaH;, ete. In these compounds the valence number is evidently —1.
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The valence number of the oxygen atom in the water mole-
cule is —2 and since the state of oxidation of the oxygen atom
in water is the same as it is in oxides, it is assumed that the
valence number of oxygen in all oxygen compounds, with the
exception of the peroxides, is —2. In hydrogen peroxide, as
well as in all peroxides, each oxygen atom must have a valence
number of —1 if the valence number of each hydrogen atom
is to be retained as +1.

In assigning the valence number of any atom, the only prin-
ciple to be observed is that the algebraic sum of the valence
numbers of all atoms in the molecule under consideration must
equal zero in the case of neutral molecules, or must have the
same value as the charge in the case of an ion. The following
examples will serve to illustrate this point.

Substance Atoms Val;;zfe A]X;ﬁ::tber qu:(()zt;fqle
Water 2 hydrogen +1 +2
1 oxygen -2 -2
Net charge "0
Sulfuric Acid 2 hydrogen +1 +2
4 oxygen =] -8
1 sulfur +6 +6
Net charge 0
Ammonium ion 4 hydrogen +1 +4
(NH,") 1 nitrogen -3 -3

Net charge +1

In the last case the net charge of +1 is the same as the charge
on the ion.

In some cases there may be two atoms of the same element
but in different valence states in one and the same molecule.
For the purpose of balancing equations, either the algebraic
sum or the average valence number is used. For example,
consider the valence state of carbon in ethyl chloride,

H H

||
H—C—C—Cl

||
H H
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From the structural formula it is apparent that one carbon
atom has a valence number of —3 and the other carbon atom
a valence number of —1. The sum of the valence numbers of
these two carbon atoms is —4. This result could also be de-
termined from the empirical formula, C.H;Cl. The algebraic
sum of the valence numbers of all the atoms must equal zero.
Thus, five hydrogen atoms give +5; one chlorine atom, — 1;
and the two carbon atoms must give —4 to give an algebraic
sum equal to zero. Obviously the average valence number of
the carbon atoms is —2 and for purposes of balancing equa-
tions this value should be used.

Atoms in the elementary state have a valence number of
zero. 'Thus elementary copper, zine, sodium, chlorine, hy-
drogen, oxygen, etc., possess atoms which as such function in
reactions with a valence number of zero. In order that an
atom have a positive or a negative valence number the atom
must be in the form of an ion or in molecular combination.

Returning to the example of the oxidation of ferrous ion by
chlorine, we may balance the equation on the basis of an
equality in the number of electrons lost and gained. Writing
the unbalanced equation

Fett + Cl, = Fet**+ + Cl~ (6)

we see that when one ferrous ion changes to a ferric ion the
process involves a loss of one electron, and when one chlorine
atom in the zero valence state changes to a chloride ion, the
process involves the gain of one electron. From an electronic
standpoint the equation would be balanced if chlorine existed
as a single atom and not as Cl,, but since we know that elemen-
tary chlorine under ordinary conditions of temperature exists
in the molecular form, as two atoms to the molecule, we must
maintain it in this condition in our equation. The two chlorine
atoms are held together in the molecule through a sharing of
electrons, in other words, as a non-polar binding. This condi-
tion places each chlorine atom in the zero state of valence.
Since two atoms of chlorine would necessarily gain a total of
two electrons, and since one ferrous ion loses only one elec-
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tron, equation (6) is not balanced. It may be balanced elec-
tronically, as illustrated in the following equation in which
the change in valence numbers is indicated.

+2 0 +3 -1
Fett + Cl, = Fett+ + Cl- (7)
2x 1 e lost '

‘ 2 ¢~ gained per molecule

For an electronic balance the gain of two electrons by the
two chlorine atoms of the chlorine molecule must be equaled
by a loss of two electrons by the ferrous ion. The latter process
requires two ferrous ions. In this particular case the complete
balancing is relatively simple since no other substances are
involved in the reaction aside from the oxidizing and reducing
agents and their products. Thus, the completely balanced
equation is

2Fet* 4 Cl, = 2Fett* 4 2C1~ (8)
In the following sections we shall present examples to illus-
trate the completion of more complicated equations after they
have been balanced from the electronic standpoint only.

Oxidation and Reduction in Acid Solution. Many
oxidation-reduction reactions take place with the production
or consumption of hydrogen ions and these ions must there-
fore be included in the balanced equation. Among those sub-
stances which act as oxidizing agents in acid solution are in-
cluded permanganate ion, MnO,~, dichromate ion, Cr.0;~",
and nitrate ion, NO;~. In the process of oxidation and reduc-
tion some or all of the oxygen atoms in these ions react with
hydrogen ions to produce water. Thus chloride ion is oxidized
by permanganate ion in acid solution to give the products
shown in the following equation:

+7 -1 +2 0
MnO, + Cl- + Ht = Mn*™* + Cl; + H,O 9)
The procedure is, (1) assign valence numbers, (2) balance

the equation electronically, and (3) make a complete balance.
It is evident that the MnO,~ ion is the oxidizing agent and
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the Cl~ ion the reducing agent; the MnO,~ ion is reduced and
the Cl- ion is oxidized. The valence number of the manganesc
atom in the MnO, ion is +7, while in the Mn** ion it is +2.
Evidently a change has taken place which involves a gain of
five electrons by the MnO,~ ion since the valence number of
the oxygen is not changed in this reaction. Chloride ion,
valence number —1, changes to free chlorine of zero valence
number, which process can be accounted for only by a loss of
one electron per Cl~ ion. The change in the electrons may
now be represented as

+7 -1 +2 0
MnO,- + ClI- + H* = Mntt + Cl; + HO (10)

I 5 e~ gained

1 e~ lost

For an electronic balance the same number of electrons
must be taken up by the oxidizing agent as is given up by the
reducing agent. Therefore five Cl~ ions are required for each
MnO,~ ion to produce an exchange of five electrons, and
therefore

MnO,~ + 5CI- + ?H* = Mn** + §CL + ?H,0  (11)

Multiplying both sides of the equation by 2 to remove the
fraction 3, the equation becomes

2MnO,~ + 10CI~ + ?H* = 2Mn** + 5Cl; + ?H, O  (12)

A balance of the hydrogen and oxygen atoms is still lacking.
However, it will be observed that all of the oxygen of the
oxidizing agent through combination with hydrogen ions is
converted into water. Since two molecules of permanganate
ion contain eight oxygen atoms, eight molecules of water must
be formed. In turn, eight molecules of water require sixteen
hydrogen ions and the equation is finally written

2MnO,~ + 10Cl~ 4+ 16H* = 2Mn*+ + 5Cl, + 8H,O0 (13)
When the permanganate ion acts as an oxidizing agent in acid

solution the manganese is always reduced to the manganous
ion, Mn*+.
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Another very satisfactory method for completing the bal-
ancing of the equation, after the oxidation-reduction part has
been taken care of, is one involving a balance of the ion
charges (not necessarily valence numbers) on both sides of
the equation. Beginning with equation (12) the coefficients
for the hydrogen ions and water molecules may be determined
as follows: On the right side of the equation the only charged
particles are the two Mn*+ ions. The total ionic charge on the
right is therefore +4. The algebraic sum of the charges on
the left side must also be +4. Neglecting the H* ion for the
moment, which is not balanced, the total charge on the left
side is found to be —12, (2MnO,~ + 10Cl7). Sixteen H* ions
are necessary to make the algebraic sum +4, (- 2 - 10+ 16
=+4+4). The sixteen H¥ ions produce eight molecules of
water. As a final check on the method the number of oxygen
atoms on both sides of the equation must be the same, which
is the case for the finally balanced equation (13). This methcd
of final balance is often simpler than the alternative method
previously given.

Another strong oxidizing ion in acid solution is the di-
chromate ion, Cr,O;~~, which in this medium is always re-
duced to the chromic ion, Crt*+. Thus, iodide ion is oxidized
by Cr,0;7~ to L,:

2 X (+6) -1 2 X (+3) 0
Cr,0r~ + I- + H* = 20r+* + I, + H,0 (14

‘ 6 e~ gained ]

1 ¢~ lost per atom

The valence number of the chromium atom in the Cr,O;~—
ion is +6, but since there are two chromium atoms per ion
the total charge is +12. When one Cr;O;~~ ion is reduced to
two Crt++ ions there is a gain of six electrons, three electrons
for cach chromium atom, whereas one I~ ion loses one electron
in the oxidation to an iodine atom in the iodine molecule. For
an electronic balance it is evident that six I~ ions are required
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to take care of the gain of six electrons by the chromium atoms
of the CryO;~~ ion; thus

Cr,O;~ + 61~ + ?H* = 2Crt** + 31, + ?H,O (15)

The equation is now balanced electronically. Making the
final balance by means of the ionic charge method we find
a charge of +6 on the right side of the equation due to the
two Cr*t+* ions, and a charge of —8 on the left side (Cr,O,~~
+ 6I7). To make the algebraic sum of the charges on the left
equal that on the right, namely +6, it is necessary to add a
charge of +14 to the left side. This is accomplished by using
fourteen Ht ions which form seven molecules of water. The
final completely balanced equation is therefore

Cr,0r~— + 61~ + 14H* = 2Cr*++ + 3L, + TH,O  (16)

The correctness of the balance is checked by the presence of
seven oxygen atoms on each side of the equation.

The alternative method of making the final balance (be-
ginning with equation 15) is somewhat simpler. The seven
oxygen atoms on the left are completely converted into water.
It is evident that in order for this to take place fourteen H*
ions must be furnished and seven molecules of water will be
formed.

Oxidation-reduction equations can be balanced without the
introduction of the concept of electron change. When this is
done one merely takes into account the positive or negative
change in valence number. For example, in equation (14) the
valence number of the chromium atoms in the Cr,O,~~ ion
changes from +12 to +6, a net change of —6, in the process
of conversion to two Crt++ ions. The valence number of
each I~ ion changes from —1 to zero, a net change of +1, in
going to free iodine. To make the net positive charge equal
the net negative charge six I~ ions are necessary.

We shall now consider an example of the balancing of an
oxidation-reduction equation in which the reducing agent con-
tains more than one kind of atom undergoing change in valence
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number. For this purpose let us choose the reaction of arsenous
sulfide with nitric acid in which there is produced arsenic acid
free sulfur, and nitric oxide.

’

2X(+3)+3x(-2) +5 2x(+5) 0 +2
A.SQS:) + NOa_ + Ht= 2HA.503 +3S + NO + Hzo
| 10e lost | @2x2)+(3x2) | |

l 3 e~ gained | (17)

The valence number of the arsenic atom in As,S; is +3 and
the valence number of the sulfur in this molecule is —2. Both
the arsenic and the sulfur change valence number and the
total change for each As;S; molecule is +10 as indicated in
the above equation. On the other hand, each NO;~ ion gains
three electrons in its conversion to nitric oxide. Thus ten
NO;~ ions and three molecules of As,S; are necessary to pro-
duce the same loss as gain in electrons (namely 30).

3As:5; + 10NO;~ + ?H+ = 6HAsO; + 95 + 10NO + ?H,O (18)

Balancing equation (18) by the ion charge method, we find
zero charge on the right side of the equation and a charge of
—10 on the left (omitting the H* ion). Accordingly, ten H*
ions are necessary to produce a net ionic charge on the left
equal to zero. This amount of H* ion produces two molecules
of water since six H* ions are required for the production of
six molecules of HAsO; and the finally balanced equation
becomes

3As:S; + 10NO;~ + 10H+ = 6HAsO; + 9S + 10NO + 2H,0 (19)

Checking the balancing by the oxygen atom count we find
thirty oxygen atoms on each side of the equation.

Oxidation and Reduction in Alkaline Solution. As
an example we shall choose the oxidation of chromite ion,
CrO,, by hypochlorite ion, ClO—, in the presence of hydroxide
ion, OH~. The unbalanced equation with the valence num-
bers indicated is
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+3 +1 +6 -1
CrO;- + ClIO- + OH- = CrOy~ + CI- + H,0 (20)
le3 e lostl ’

’3><2 e~ gained

and the electronic balance is
2Cr0O,~ + 3C10~ + ?20H~ = 2CrO,~ + 3Cl— + ?H,O (21)

Since the algebraic sum of the charges on the ions on the right
side of the equation is — 7 and that on the left (leaving the
OH- out of consideration for the present) is — 5, it is evident
that two OH~ ions are required on the left. One molecule of
water is formed and the balanced equation is

2Cr0O,~ + 3ClO~ + 20H~ = 2CrO,—~ + 3CI- + H.O (22)

Oxidation-reduction reactions in acid solution often take
place with the production (not consumption) of hydrogen
ions. In such cases H* appears on the right side of the equa-
tion. The same is true in alkaline solutions except that here
we are concerned with OH~ rather than H* ions.

Exercises

Complete and balance the following equations.

(The column on the right indicates the type of solution in which
the reaction takes place. H* or OH~ may appear on either side of
the equation and when neither is necessary the solution is designated
as ‘““neutral.”)

Reaction Solution

1. MnO + Fett = Mnt+ + Fett+t H+

2. MnOs + Sn*t = Snt+++ 4+ Mntt H+

3. Cr;0;~ + Fett = Fett++ + Crtt+ H+

4. Cr;07~ + Sntt = Spt+++ 4 Crt+t H+

5. CrO;~— 4+ HSnO,~ = HSnO;~ + CrO,~ OH-

6. HS+ L =S+ 1I- H+

7. S0~ + I, = 80—+ I- “neutral”

8. NO; + Cu = Cut* + NO H+

9. SO~ + Cu = Cutt + SO, H+
10. NO;~ + Zn = Zn*t 4+ NH,*+ H+



11.
12.
13.
14.
15.
16.
17.
18.
19.
20.
21.
22.
23.
24,
25.
26.
27.
28.
29.
30.
31.
32.
33.
34.
35.
36.
37.
38.
39.

41.
42,
43.
44.
45.
46.
47.
N Cr()g_ -+ I‘Ig()g = CI'O.{__
49.

Exercises

Reaction
I‘IgSOa + Fet++ = Fett -+ SO4——
CrOy~ + ClIO~ = ClI- + CrO,——
MnO.{‘ + }12(1204 = C()Q + Mnt+
I[gS()s + Iz = SOq_— + I-
CeO; 4+ ClI- = Cet+* + Clp
II;;AS()4 -+ I- = I“IaASOs + Iz
O+ 1O+ 1I-=1,
CH.0 + Ag:0 = Ag + HCO,~

CH.O + Ag(NHy):+ = Ag + HCO:~ + NH;

NO3;~ + Cu = Cutt + NO,

NO;~ + Ag = Agt + NO.

NO; 4+ Ag = Agt+ NO

NQO;~ + Fett = Fett+* + NO
N():;— -+ Zn = Zn*t -+ N2

NO;= + H.S =S + NO;

BaO, + ClI- = Cl, + Batt
MnO,~ + Br— = Br. + MnO,
S()f_‘_ + I- = Ig + }IQS
Cutt+1-=I,4+ Cut

ClO~ + Mn(OH), = MnO, + CI~
Cl, = ClOg~ + Cl—

Fet+t 4- TI.S = ettt + S

NO;~ + Fe = Fettt 4+ NO

ClO— = ClO; + CI-

I)l)( )2 —+ Pb + S().q__‘ = I)bSO4
CN~ 4+ MnO;—— = CNO~ + MnO;

CN~ 4+ Fe(CN)s =~ = CNO~ 4 Fe(CN)g~——~

C 40 + NO3~ = NO + C:H,0.
NO;~ + Cl= = NOCI + Cl,

Y H;OCL + Cr077— = Crt* + CO, + Cl-
CHCl; + MnO4~ = Cl; + CO. + Mn*+

Fe;04 + MnOgy— = Fett+ 4+ Mnt+
SnS 4+ S, = SnS;——
ASst -+ Sg“— = ASS4_—— +S

Cutt 4+ CN~ = Cu(CN);=~ + (CN):
Hg.Cl, + N1I; = Hg(NH,)Cl + Hg + NH+ + CI-

1\g+ + ASI’Is = f\g + H:;ASO;

Sntt + I‘IzOz = Sptt++

9%

Solution
H+
OH-
H+
H+
H*

H+

OH-

OH-

OH-

H+

H+

H*

H+

H+

H+

H+

H+

H+
“neutral”’
“neutral”’

OH-

H+

H+
“neutral”

H+

OH-

OH-

H+

H+

H+

H+

H+
“neutral”’
‘“neutral”’
“neutral”’
“neutral’’

H+

OH-

H+



CHAPTER

b

Reaction Velocity and Chemical

Equilibrium

In this chapter we shall be concerned with the problem of
determining the extent to which chemical reactions take place
and with the ways and means that are employed to control
reactions and have them proceed as advantageously as possible.
The problem can be stated more concretely by considering
some specific example. For this purpose we shall choose

the reaction
N, + 3H, = 2NH, (1)

In which direction does this reaction proceed at some speci-
fied temperature and pressure? At 1000°C and at a total
pressure of one atmosphere, for example, will nitrogen react
with hydrogen to form ammonia or will ammonia at this same
temperature and pressure decompose into its constituent
elements? From the results of experiment we know that at
this temperature and pressure ammonia decomposes to a very
large extent (practically completely) into nitrogen and hydro-
gen. Therefore, at one atmosphere pressure and at 1000° C
nitrogen and hydrogen cannot combine appreciably to form
ammonia.

At 450° C and one atmosphere pressure about 99.7 percent of
the ammonia decomposes but in the absence of a catalyst it

is necessary to wait a very long time before the reaction
100
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reaches this point. Once this amount of decomposition has
taken place, the reaction will proceed no further. This is the
limit beyond which the reaction will not go. At 25°C it can
be shown that only about 3 percent of the ammonia should
decompose if the reaction proceeded rapidly enough. No
means are known to the chemist of increasing the velocity of
this reaction sufficiently to observe any change under these
extreme conditions.

The limit to which any reaction can procced is one of the
important factors in determining its course. But it is ap-
parent that there is another important factor controlling it,
that of speed. These two factors, limit and speed, are some-
times confused when the ‘‘reactivity’ of any substance or
group of substances is considered. Reactivity usually refers
to the velocity, or speed.

If only 3 percent of ammonia at 25° C and at one atmosphere
pressure can decompose, then, conversely, hydrogen and nitro-
gen should combine at this same temperature and pressure to
form ammonia, but this reaction also is not a feasible one be-
cause of its slow speed. Nitrogen is said to be nonreactive
toward hydrogen in spite of the favorable limit of the reaction.

The subject of chemical equilibrium deals only with the
limit or extent to which a reaction can take place. But a
clear understanding of this subject demands a clear concept of
reaction velocity and the factors which control it.

The Factors Controlling the Speed of a Reaction.
Before two or more molecules can react they must collide with
each other. But not every collision between reacting molecules
is effective. In a vessel containing a mixture of hydrogen and
oxygen at room temperature, billions of collisions occur each
second between the molecules, yet no reaction occurs. Only
those collisions which allow the molecules to penetrate deeply
into each other result in reaction. This means that only col-
lisions between fast moving molecules or between molecules
having large energies with respect to each other will be effec-
tive. At room temperature there are not enough effective
collisions between hydrogen and oxygen molecules to cause an
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appreciable number to react. How can the number of effective
collisions be increased?

Effect of Temperature. From our knowledge of the kinetic
theory of gases and our concept of temperature, it is easy to
predict that an increase in the temperature of the reactants
will increase the speed of the reaction. By increasing the
temperature the velocity of the molecules is increased. Con-
sequently, at a higher temperature there are more effective
collisions, and the number of such collisions increases very
rapidly as the temperature is raised. Suppose, for example,
that each effective collision must involve molecules which
have fifty times as much energy with respect to each other
as the average energy. In such a case one in every 102 *
collisions, as calculated from quantitative kinetic theory con-
siderations, would be effective at 25° C. At 100° C there
would be one effective collision in every 10", an increase of one
hundred-thousand-fold in the number of effective collisions.
While the average energy of the molecules does not increase
very rapidly as the temperature is increased, the number of
collisions involving large energies does. In the case just con-
sidered, we assumed that an effective collision required fifty
times the average molecular energy. If the effective collision
required only twenty times the average energy, then at 25° C
one in every 10° collisions would be effective and at 100° C one
in about every 107. This time the number of effective collisions
increases only one hundred times in going from 25° C to 100° C.

For a large proportion of all reactions the speed approxi-
mately doubles for every 10° rise in temperature. The process
of cooking food involves chemical reactions. Most of these
reactions proceed at about 100° C, the boiling point of water,
but the cooking process can be hastened by the use of pressure
cookers since, by not allowing the steam to escape, the tem-
perature of the water can be increased beyond 100° C. When
the vapor pressure of the water in the cooker is 25 lbs. per
square inch in excess of that of the atmosphere, the temperature
of the water is about 130° C. If the increase in the cooking

* For a discussion of exponential numbers refer to the Appendix.
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speed doubles for every 10° rise, the speed at 130° C should
be about eight times (2 X 2 X 2) that at 100° C. Conversely,
when the cooking is done at high altitudes in open vessels, the
speed of the cooking reaction is decreased, for at decreased
atmospheric pressure water boils at a lower temperature.

When hydrogen and oxvgen are heated to 500° C the re-
action to form steam proceeds at a measurable rate. For this
reaction the velocity more than doubles with every 10° rise
in temperature, and at room temperature its rate is millions
of millions of times slower. The combination of hydrogen
with oxygen liberates a large amount of heat. If heat is
generated faster than it can be removed, the reacting substances
are raised to still higher temperaturcs and the reaction is further
accclerated. This acceleration may take place in a fraction of
a second and give rise to an explosion.

The burning of fuel such as wood also evolves heat. In
this case the reaction does not get out of control but the heat
evolved is sufficient to keep the burning material and the air
above the Aindling temperature. This reaction is a self-
sustaining one, as are many of the reactions which evolve heat.
When heat is absorbed by the reaction, the reaction cannot
be self-sustaining. In this case heat must be supplied to the
reactants.

Reactions involving ions, such as the neutralization of a
strong acid by a strong base (see equation 10, Chapter 1),
proceed very rapidly. For such reactions the ions have an
attraction for each other and no excess energy is required for
contact close enough to give rise to a reaction. Every collision
or practically every collision between the ions is an effective
one.

Effect of Concentration. By increasing the concentration
of all or any of the reacting substances, the velocity of a re-
action increases. With increased concentration any one mole-
cule has a greater chance of colliding with another with which
it may react. Hydrogen does not react as rapidly with air
which is one-fifth oxygen as it does with pure oxygen. Also,
a mixture of hydrogen and oxygen at very low pressures reacts



104 REACTION VELOCITY AND CHEMICAL EQUILIBRIUM

more slowly than at high pressures. In fact, a mixture of
hydrogen and oxygen does not explode when ignited if the
total pressure of the mixture is sufficiently low. In any reac-
tion taking place between two reactants, doubling the concen-
tration of any one reactant doubles the number of total
collisions and also doubles the number of effective collisions.
Doubling the concentration of both reactants quadruples the
number of collisions.

The reaction between gaseous iodine and hydrogen to form
gaseous hydrogen iodide may be considered as an example to
illustrate the effect of concentration on the speed of the re-
action,

H. + I, = 2HI (2)
Consider first the reactants under conditions of temperature
and concentration (or pressure) which allow a measurable re-
action speed. If the hydrogen concentration is now doubled
and the concentration of the iodine kept the same, the reaction
speed will be doubled, for now each iodine atom will make twice
as many collisions with hydrogen atoms, hence twice as many
effective collisions. The same result would be obtained by
doubling the concentration of iodine and keeping the concen-
tration of the hydrogen the same as it was originally. If now
both the concentration of the hydrogen and the concentra-
tion of the iodine are doubled, the number of effective colli-
sions will be increased fourfold and the speed of the reaction
will be four times as great This concept will be developed
more fully in the latter part of this chapter.

Effect of a Catalyst. The spced of many reactions is in-
creased by the presence of some substance which itself under-
goes no permanent chemical change during the reaction. Such
a substance is known as a catalyst. Catalysts may be divided
into two general classes: (1) contact catalysts, and (2) those
which form intermediate substances which in turn react to re-
generate the catalyst. The reaction of sulfur dioxide with
oxygen to form sulfur trioxide in the presence of nitric oxide is
an example of the latter class. Oxygen does not react with
sulfur dioxide with any appreciable speed at 500°C when no
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other substance is present, yet in the presence of nitric oxide,
NO, this reaction proceeds rapidly. The nitric oxide itself
combines readily with oxygen and the product formed, NO,,
then reacts with the sulfur dioxide forming sulfur trioxide and
regenerating the nitric oxide for further uses as a catalyst.
Known catalysts of this type are far fewer than contact cata-
lysts.

Contact catalysts are those which provide a surface upon
which the reacting substances may come in contact with each
other. The catalyst has the ability to hold (adsorb), a mono-
molecular layer of one or more of the reactants on its surface.
When the reactant is thus adsorbed, the field of force about
the adsorbed reacting molecule is so changed that the molecule
with which it is to react does not have to penetrate so deeply
to cause reaction. More of the collisions are therefore effective,
hence the speed of the reaction is increased. Finely divided
platinum is used as a catalyst for many reactions, among which
are the oxidation of sulfur dioxide to sulfur trioxide (contact
process of making sulfuric acid), the addition of hydrogen to
unsaturated organic compounds (hydrogenation of cottonseed
oil, for example), the oxidation of methanol to formaldehyde
(2CH;0H + O, = 2CH,0 + 2H,0), the reaction between ni-
trogen and hydrogen to form ammonia, the oxidation of carbon
monoxide to carbon dioxide, and the reaction between hydrogen
and oxygen to form water. Since the function of the platinum
is to provide an active surface, the greater the surface area of
the catalyst the greater is its effectiveness. The surface of the
catalyst is increased by spreading the platinum over some other
inert substance such as asbestos. This can be done by soaking
asbestos in a solution of a platinum salt and then decomposing
the salt by heat. For commercial practice a substitute for
platinum is usually sought because of the high cost of the
metal.

Heterogeneous and Homogeneous Reactions. All reac-
tions may be classified as either heterogeneous or homo-
geneous. Those which take place at some surface are the
heterogeneous reactions, examples of which were cited in the
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last section. In some cases the surface itself may be one of
the reactants. The rusting of iron, for example, is a hetero-
geneous reaction in which the surface of the iron reacts with
the oxygen. In this case one of the reactants is a gas and the
other a solid. When manganese dioxide is placed in a solution
of hydrogen peroxide, the latter substance decomposes to give
water and oxygen. The manganese dioxide acts as a catalyst
and the reaction is a heterogeneous one When copper sulfate
solution reacts with zinc to give zinc sulfate solution, it is the
copper ion in solution which is involved in the reaction with
the zinc to give zinc ions and metallic copper This reaction
also is a heterogeneous one.

Reactions which do not take place on a surface or at an
interface between two different phases are called homogeneous
reactions. In homogeneous reactions all reactants are gases,
liquids in the same solution, or solids dissolved in each other.
In other words, for homogeneous reactions there is no boundary
surface between the reactants nor do the reactants combine
with each other on the surface of a catalyst The burning of
illuminating gas is an example of a homogeneous reaction. Ali
the reactants, the gas and the oxygen of the air are gaseous
(of the same phase) and the reaction does not take place on a
surface. However, when this reaction takes place on a Wels-
bach mantle, the mantle acts as a catalyst and the reaction is
then a heterogeneous one. When gaseous hydrogen reacts with
gaseous iodine to form gaseous hydrogen iodide (equation 2),
the reaction is a homogeneous one since all the constituents
are confined to a single phase.

Reactions Involving Ions. When a barium chloride solu-
tion is added to a solution of sodium sulfate a precipitate of
barium sulfate immediately forms. Barium ions and the sul-
fate ions must eventually attach themselves to the surface of
the crystal in their regular places to form the crystal of barium
sulfate. The crystal of barium sulfate grows Ly deposition on
its surface and part of the reaction at least must be hetero-
geneous.

The formation of the crystal nucleus, that is, the attach-
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ment of the first ions to each other, is a different kind of a
reaction. Pecrhaps that part of the reaction is a homogene-
ous one. The phenomenon of supersaturation attests to the
fact that this part of the reaction is different. In a super-
saturated solution of sodium thiosulfate, for example, the rate
of formation of crystal nuclei is so slow that crystallization
cannot set in. If a crystal of solid sodium thiosulfate is added
to such a solution, crystallization immediately occurs. In most
jonic reactions, however, the rate of formation of crystal nuclei
is very fast, as is crystallization once nuclei have been formed.

The necutralization of a solution of sodium hydroxide by a
solution of hydrochloric acid is an example of a homogeneous
ionic reaction. As was previously stated, this reaction in-
volves the combination of the hydrogen and hydroxide ions
to form water and is confined to a single phase. The ionization
of any weak acid or weak base in water solution is a homo-
geneous reaction of the ionic type.

Reversible Reactions. The formation of water by the
combination of hydrogen with oxygen has previously been
used to illustrate the different factors to be considered in an
understanding of reaction velocity. It has been stated that
these two elements react with each other almost completely
at moderate temperatures. On the other hand, at 2000° C
or above, an appreciable amount of steam is broken up into
hydrogen and oxygen. Even at room temperature we may
assume that some water vapor molecules dissociate into hydro-
gen and oxygen, but that the rate of dissociation and its extent
are so small that the change cannot be detected. All reactions
may be regarded as reversible. Often the amount of reversi-
bility is so small that it cannot be determined by any known
experimental method, but it would be contrary to our ideas
concerning probability to suppose that any chemical reaction
is absolutely irreversible. However, when no detectable
amount of reversibility is ever observed it is common practice
to regard the reaction as ‘‘irreversible.”

When sodium reacts with water, hydrogen and a solution
of sodium hydroxide are produced:
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2Na + 2H,0 = 2NaOH + H, 3)

If the reverse process of passing hydrogen into a solution of
sodium hydroxide is carried out, no detectable amount of
sodium is produced, yet we may not say that not even a single
atom of sodium is formed in such a process. If we were to be
entirely practical, we would regard such a process as irrevers-
ible, yet from the standpoint of equilibrium, the subject we
are to consider next, it will be very useful to regard every
chemical reaction as having some tendency to reverse itself,
however small that tendency may be.
Chemical Equilibrium. The reaction

ONH, = N, + 3H, 4)

was previously used to show that therc is a definite limit
beyond which a reaction cannot proceed. At the time the
example was given, it was not made apparent why the reaction
stopped before completion, but it was by no means implied
that the reaction suddenly comes to a standstill. The reason
for the definite limit is that the NH;j is simultaneously being
formed and finally a condition is reached in which the two
opposing reactions proceed at the same rate. In this state of
balance the amounts of NH;, N, and H, present in the reaction
mixture remain constant.

This condition of equilibrium, which any chemical reaction
can attain, can be likened to a horse running on a treadmill
swhich moves faster as the horse increases his speed. When
the horse and the treadmill are in equilibrium, the horse is
apparently stationary to an observer. If the horse runs
faster, he advances a few feet, but the mill also moves faster
and again he appears to be stationary, although his stationary
position will be in advance of his previous one. In the case in
which the reaction just considered is in equilibrium the amount
of NH;, N;, and H, remains constant, yet like the horse and
the treadmill the reactions proceed in opposite directions with
the same speed. At equilibrium the forward and reverse re-
actions always proceed at the same rate.
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The Law of Mass Action. The Law of Mass Action is a
quantitative statement relating the velocity of a reaction to
the concentrations of its reactants. To develop the quantita-
tive notions of chemical equilibrium, that is, to understand the
Law of Mass Action, we shall consider the hypothetical reac-
tion

A+B=C+D 5)
In this reaction A molecules react with B molecules to form
C and D molecules. For the A and B molecules to react it
is necessary that they collide with each other. The number
of molecules reacting in a given time will be proportional to
the number of collisions between them. If the number of
collisions between A and B molecules in one case were twice
as great as that in another in a given time, then twice as
many A and B molecules

. A
would react. To determine B
the dependence of the rate of
the reaction upon the concen- A B

trations of A and B, it is only

necessary to determine the

manner in which the number , B
of collisions between A and B

molecules varies with their re-

spective concentrations. To A B
do this, consider a closed vessel FIG. 6.1

containing only A and B mole-

cules and for simplicity, suppose that there are only 4 A mole-
cules and 4 B molecules present in the vessel. Let us determine
the chance that any A molecule will collide with a B molecule
in a given time. We arbitrarily indicate the chance of collision
by drawing lines between A and B molecules (Figure 6.1).
Under the conditions we have chosen, the chance that any A
molecule will collide with any B molecule is 16 (16 lines). Each 4
molecule has 4 chances of colliding with a B molecule and since
there are 4 A molecules the total chance becomes 4 X 4 or 16.
It is obvious that collisions between like molecules are not to
be included since they do not lead to reaction in this case.
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Now suppose the concentration of A molecules is doubled,
that is, there are 8 A molecules and 4 B molecules in the same
container (Figure 6.2). The chance that any A molecule will
collide with any B molecule will now be 32 (4 X 8 lines). The
number of 4 molecules in the second case is now twice that in
the first and the chance for collision between the A and B

&

SHLIHN
IR

)
NI

FIG. 6.2 FIG. 6.3

molecules is doubled. With 8 A molecules and 8 B molecules
(Figure 6.3), the chance of collision is 64 (8 X 8 lines). In
general, the chance of collision will be equal to N, X N, where
N, and N, represent the number of A and B molecules re-
spectively.

In all of the above cases the size of the container was the
same, so N,, expressed in proper units, is the concentration of
A molecules, and N, the concentration of B molecules. The
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chance for collision between A and B molecules is then pro-
nortional to the product of the concentrations of A and of B
molecules.  But the rate of the reaction is directly proportional
to the number of collisions.  Therefore, the rate at which A
molecules combine with B molecules is also proportional to
the product of the concentrations of A and B.

Rate, ~ (4) X (B) (6)
or Rate; = k:i(4) X (B) * ™)

where (A) and (B) represent the concentrations of A and B
respectively, and k; is a proportionality constant.
Let us now consider the reverse reaction

C+D—->A+B )]

By the same argument it can be shown that the rate of this
reaction is proportional to the product of the concentration
of the C molecules and the concentration of the D molecules,
that is,

Rate, = k(C) X (D) 9)
where (C) and (D) now represent the concentrations of C and
D molecules, and k. is a proportionality constant.

When the system is in equilibrium both the reactions pro-
ceed simultaneously,
A+B=C+D (10)

and the rate in the forward direction is equal to the rate in
the backward direction,

Rate; = Rate, (11)
or ki(A) X (B) = ks(C) x (D) (12)
ki (C) x (D)
and b=~ @ x ® (13)
Since k, and k, are both constants, the ratio% is also a constant.
2
(€) x (D) _

* See discussion of proportion and proportionality constants in the Appendix.
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K., is known as the equilibrium constant for the reaction.
This expression means that the concentrations of all four
substances are so related that if the concentration of any one
is changed, the concentrations of the others must vary through
a chemical reaction in such a way as to make the value of the
(C) x (D)
(4) x (B)

Let us now consider another hypothetical case in which we
have two molecules of the same kind reacting with each other,
for example,

expression the same as it was originally.

24 -»C + D (15)

Two molecules of A react with each other to form one mole-
cule of C and one of D. This time we shall determine the chance
of collision between any two A
A A .
molecules. Suppose there are
6 A molecules in the enclosed
vessel. Counting the chances
as was done in the previous
A A case we find that there are 15
(5+ 4+ 3+ 2+ 1lines, Figure
6.4), that is, the first molecule
to be considered has 5 chances
of collision, the next molecule
A A has 4 chances (not counting
FIG. 6.4 the same chance twice), the
third molecule, 3 chances, etc.
If we double the number of A molecules (now 12), we find
that the chance is 66 (11+10+9+8+7+6+5+4+3
+ 241 lines). In general, for N molecules the chance of
collision willbe (N — 1) + (N -2) + (N -3)+---+ 1. The
mathematical formula for determining the sum of such a series
of combinations is

(N-1)N

) (16)

Therefore, the number of collisions is proportional to
(N -1) X N. N represents the number of molecules in the
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system. For all actual cases N is an exceedingly large number,
so (N — 1) may be considered equal to N, and (N —1) X N is
practically equal to N2 When we recall that the lowest
vacuum we can possibly obtain still contains billions of mole-
cules per cubic centimeter, certainly one molecule more or less
can make no appreciable difference, so we are quite justified
in letting N — 1 equal N. Accordingly, we may say that the
number of collisions in such a case is proportional to N2
But since N may be expressed as the concentration of the
reacting substance, in this case A molecules, the number of
collisions is proportional to the concentration of A molecules

squared. For this case,
Rate, = IC1(A)2 (17)

The reverse reaction,
C+D—24 (18)

is similar to that already considered in the first case, and for
this reaction it was shown that

Rate, = k:(C) X (D) (19)
For cquilibrium,
24=C+D (20)
and Rate, = Rate, (21)
Consequently,
by _ (C) X (D) _
= (A " K., (22)

In this case it will be noted that the equilibrium expression
involves the concentration of A to the second power.

The two hypothetical cases considered are relatively sim-
ple but more complicated reactions offer no special difficulty.
Thus, for the equilibrium,

2A+B=2C+D (23)

we may think of the forward reaction as taking place in two
steps, the first step resulting in the formation of some in-
termediate compound, say A,, which in turns reacts with B,

2A — A, (24)
and A +B —-2C + D (25)
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The net result is the sum of equations (24) and (25),
24 +B -2C+ D

which is the forward reaction of (23). Therefore the rate of
the forward reaction is proportional to (4) X (B) or
Rate, = £1(4)* X (B) (26)
In a similar manner the reverse reaction may be thought
of as taking place in two steps, and

Rate, = k2(C)* X (D) (27)
At equilibrium, where Rate, = Rate,,
(C)* x (D) _ ’
s )~ Ko (28)

The same result could be obtained by assuming that some
other intermediate compound, such as AB, is formed by the
reaction

A+B — AB (29)
which in turn reacts with 4,
AB+ 4 -2C+ D (30)

In fact, it is not even necessary to assume the formation of
any intermediate compound, but rather to consider the colli-
sions between two A molecules and one B molecule simulta-
neously. In this case the rate in the forward direction would
be proportional to the number of B molecules times the number
of collisions between two A molecules. Since the number of
collisions between two A molecules is proportional to (A)?3
then the number of collisions hetween two A molecules and
one B molecule will be proportional to (N,)? X N,. By the
same arguments used previously,

Rate; = ki1(4)? X (B) (31)
and the same result for the equilibrium expression could be

obtained.
In general, for the reaction

nA +mB = pC + rD (32)
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where n, m, p, and r are small whole numbers, the expression
for the equilibrium constant will be

(€)? X (D)

o= @rx @F

(33)
Expressed in mathematical language this is a generalized
statement of the Law of Mass Action or the Law of Chemical
Equilibrium.

In this expression it will be observed that the concentration
of each reacting substance is raised to the same power as the
coefficient of the respective term in the equation representing
the reaction. According to convention the concentrations of
the substances in the numerator of this expression are for
those substances on the right side of the equation as written
(products of the forward reaction), and the concentrations in
the denominator are those for the substances on the left side
of the equation (reactants).

Factors Influencing Equilibrium. Since at equilibrium a
chemical reaction is proceeding in the forward and backward
directions with equal velocities, it might be expected that those
factors, such as temperature and concentration, which affect
the speed of any reaction might also affect the equilibrium;
that is, it might be expected that these same factors might
change the balance between the two opposing reactions. To
understand the problem more clearly, it might be advantageous
again to consider the analogy between a chemical system in
equilibrium and the horse running on a treadmill which in-
creases its speed as the horse advances. If the horse, while
running and apparently remaining stationary with respect to
some fixed point, is spurred forward by a whip, he increases
his speed and advances; but as he does so the speed of the
treadmill also increases and again the horse comes to an ap-
parently stationary position. For the second time, the horse
and treadmill are in a state of equilibrium, but the horse has
now occupied a position farther forward. If, on the other hand,
a load is hitched to the horse he runs slower. Momentarily
he shifts his position backward, but since the treadmill runs
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slower he soon assumes a new position of equilibrium. Dur-
ing the short interval that the horse advances or falls back the
position of equilibrium is shifted.

In an analogous manner, the equilibrium position of a
chemical reaction may be shifted, and it is common to speak
of a shift in equilibrium to the right or to the left with
reference to the chemical equation for the reaction taking place.
Thus for the equilibrium between sulfur dioxide, oxygen and
sulfur trioxide as represented by the equation

980, + 0, = 250, (34)

all these substances are present in definite quantities and the
reaction is proceeding in both directions. If now, by some in-
fluence, the equilibrium is shifted so that more sulfur trioxide
is formed, we say that the equilibrium is shifted to the right.
During the change from one equilibrium position to another
the reaction proceeds momentarily faster from left to right
than from right to left. The situation is analogous to the
momentary shift in the position of the horse on the treadmill
when he is spurred to a faster speed. With this explanatory
introduction we may state the problem of this chapter more
precisely. What factors shift the equilibrium of a chemical
system of reacting substances?

The Effect of Changing the Concentration. The equi-
librium existing in a chemical system may be shifted by in-
creasing the speed of either the forward or backward reaction.
In the hypothetical reaction

A+B=C+D (35)

the forward speed depends upon the product of the concen-
trations of the A and B molecules while the speed of the back-
ward reaction depends upon the product of the concentrations
of the C and D molecules. If, when the system is in equilibrium,
an additional amount of A or B is added, the forward rate is in-
creased because the concentration of the reacting molecules is
increased. The forward rate will momentarily be greater than
the reverse rate; the system is temporarily out of equilibrium
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and C and D molecules will be produced faster than they dis-
appear. But as the concentrations of C and D increase the
reverse rate also increases until eventually it again becomes
equal to the forward rate. A new state of equilibrium is at-
tained. The addition of an extra amount of either 4 or B is like
applying a whip to the horse on the treadmill. In the same
manner that the horse moves forward, the equilibrium position
shifts from left to right. In the second state of equilibrium the
substances on the right side of the equation are present in
greater concentration than originally. By increasing the con-
centration of either or both C and D the equilibrium can like-
wise be shifted to the left.

The equilibrium may also be shifted to the right by removal
of either C or D. In this case the reaction from right to left
is momentarily retarded and the reaction from left to right
proceeds faster than that from right to left until a new equi-
librium condition is again reached.

These same conclusions may be drawn by a consideration of
the equilibrium constant. For the hypothetical reaction (35)

(€) x (D) _

@A xB) " Keq (36)

If, when the system is in equilibrium, the concentration of A
is increased, then momentarily the value of the above ex-
pression would be smaller than K. The system must then
shift so as to make the expression equal to Keq. When this is
done (C) and (D) increase and (B) decreases. In other words,
some B molecules react with some of the A molecules that were
added to form more C and D molecules.

In general, if the concentration of one of the substances ap-
pearing on the right side of the equation is increased, the
equilibrium shifts from right to left and vice versa. If the con-
centration of one of the substances on the right side of the
equation is decreased, the equilibrium shifts from left to right.

The Rule of Le Chatelier. The effect of concentration on
equilibrium, just discussed in the last section, is a special case
of the general theorem known as the Rule of Le Chatelier.
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This rule states that, for a system already in equilibrium, any
change in the factors which affect this equilibrium will cause
the system to shift in such a way as to neutralize the effect
of this change.

The total pressure to which a system is subjected is often
one of the factors affecting equilibrium. According to the
Rule of Le Chatelier, if the total external pressure is increased,
the system will change in such a way as to reduce this effect,
that is, the equilibrium will shift so as to decrease the pressure.
For a gaseous system, the shift will take place in such a way as
to decrease the total number of molecules, for this would result
in a smaller pressure. This effect of pressure may be illustrated

by the reaction
2NO. = N,O, (37)

Consider the substances, represented by the formulac in this
equation, to be in equilibrium and to be exerting a definite
total pressure on the wall of the container. If the external
pressure is increased, it will be momentarily balanced by the
pressure exerted by the N.O; and the NO,. But by the Rule
of Le Chatelier the system will change to a condition which will
reduce the effect of the increased pressure. That is, the above
equilibrium will shift in the direction of a fewer number of
molecules, for two NO, molecules are required to produce one
N,Os. In other words, an increase in the external pressure
will shift the equilibrium to the right. Conversely, a decrease
in total pressure (by expansion) will shift the equilibrium from
right to left.

In the system consisting of ice and water in equilibrium at
0° C as much ice melts as is formed. This is an example of a
physical equilibrium but it may be treated in the same manner
as a chemical equilibrium. Therefore we may write

ice = water (38)

If pressure only is now applied to the system, water in equi-
librium with ice, the system will change in such a way as to
make the volume smaller, thereby reducing the pressure
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exerted on the sides of the container by its contents. Since
water occupies a smaller volume than an equivalent amount of
ice, some ice will melt as pressure is applied. However, as the
ice melts it absorbs heat. The temperature will therefore
drop and a new state of equilibrium will be reached. The melt-
ing point of ice decreases with increased pressure.

If a system of molecules in equilibrium in solution is di-
luted, the equilibrium will shift in such a way as to decrease
the effect of dilution; that is, it will shift so as to produce more
molecules or particles. Acetic acid is a weak acid which in
solution consists of acetic acid molecules in equilibrium with
its dissociation products, hydrogen ion and acetate ion, in
accordance with the equation

HC,H;0, = H* + C,H;0,™ (39)

Dilution decreases the concentrations of all substances but
this dilution effect will be counterbalanced by the production
of more particles; that is, the above reaction will shift from
left to right. Conversely, if the solution is concentrated by
evaporation the above equilibrium will shift from right to left.
The Effect of Temperature on Equilibrium. Let us now
consider the effect on equilibrium of changing the temperature.
Increasing the temperature of a reacting system in equilibrium
will increase the velocities of the reactions in both directions.
If the forward and backward reactions were increased by
exactly the same amount by an increase in temperature there
would be no change in the position of equilibrium. Returning
to the analogy of the horse on the treadmill, an increase in
temperature is like increasing both the speed of the horse and
the mill. If the speeds of both increase by exactly the same
amount the horse will remain in an apparently stationary posi-
tion. If, however, the speed of the horse is increased to a
greater extent than that of the mill, the horse will move for-
ward to a new equilibrium position. Likewise, if the speeds of
the forward and backward reactions are not increased by the
same amount, a shift in the equilibrium position will oceur.
The effect of temperature on equilibria can best be judged
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from the standpoint of the Rule of Le Chatelier. When any
reaction proceeds in one direction, from right to left or vice
versa, heat is either evolved or absorbed. Thus, when carbon
monoxide reacts with oxygen to form carbon dioxide heat is
evolved. This effect may be included in the equation

QCO + Og = 9002 + heat (40)

If, when all these substances are in equilibrium, the tempera-
ture is increased or heat is applied, the equilibrium will shift
in such a way as to absorb the heat; that is, the equilibrium
will shift from right to left, for proceeding in this direction the
reaction absorbs heat. At higher temperatures, then, more
CO; is dissociated into CO and O, at equilibrium than at lower
temperatures.

While changing the concentration of one of the reactants
and keeping the temperature constant shifts the equilibrium,
it does not change the value of the equilibrium constant. The
effect of temperature change, however, is to alter the value of
the constant. The equilibrium expression for the reaction
just considered is

_(CO®
(CO)*0:)

K., has a definite value for each temperature and it may be
deduced that the higher the temperature the lower the value of
the constant. (Lower values of K., correspond to a smaller
concentration of CO; and a larger concentration of CO and 0O,.)

Catalysts Cannot Shift Equilibrium. While catalysts
are used to increase the speed of a reaction, they cannot shift its
equilibrium position. It can be demonstrated that a shift in
chemical equilibrium by a catalyst would be equivalent to a
perpetual motion machine. It would only be necessary to bring
the catalyst alternately in and out of the reaction mixture.
Knowing that perpetual motion is impossible, we must con-
clude that a catalyst cannot influence the equilibrium posi-
tion. The complete argument is one which falls into the scope
of chemical thermodynamics and cannot be given here.

If a catalyst can increase the velocity of a reaction but not

Keq (41)
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affect its equilibrium it must follow that a catalyst which in-
creases the speed of a forward reaction also increases the speed
of the reverse reaction by an equal amount. This deduction
has been verified many times by experiment. Specially pre-
pared iron, which is a good catalyst for the formation of am-
monia from hydrogen and nitrogen is also a good catalyst for
the decomposition of ammonia into its elements (the reverse
of the formation reaction).

o ®

10.

Questions and Problems

. Deduce from kinetic theory considerations that an increase in

temperature will cause an increase in the velocity or rate of any
given reaction.

If the velocity of a reaction doubles for every ten degree rise in
temperature, how much faster would the reaction proceed at
100° C than at 20° C?

. On the basis of the increase of reaction rate with increase of

temperature explain why a mixture of hydrogen and oxygen
explodes when ignited.

How much faster will the reaction, Hp + I. — 2HI, proceed if
the partial pressures of the H; and I, are two atmospheres each
than it will if their partial pressures are each one-half atmosphere
(at the same temperature)?

. What are the two classes of catalysts?

What is the distinction between a heterogeneous and a homo-
geneous reaction?

Is the neutralization of an acid solution by a basic solution a
heterogeneous or homogeneous reaction?

. What is meant by the term ““irreversible reaction’’?
. If 80,, O: and SO; are in equilibrium, has all reaction stopped

either in the forward or reverse direction? The equation is
250: + 0, = 250,

Explain.

Show that for equilibrium for the hypothetical reaction
A+B=C+D

the concentrations of A, B, C and D must satisfy the condition

(©) % (D)
that (4) X (B)

is equal to a constant.



122 REACTION VELOCITY AND CHEMICAL EQUILIBRIUM

11.

12.

13.

14.

If 5 molecules of the same kind in a given container make on the
average ten collisions with each other every second, how many
collisions per second would occur if 15 molecules instead of 5 were
present?

. b .
In the equation Z:: i K, where K is a constant, let the values

of a, b, c and d be 3, 4, 5 and 6 respectively. What is the value of
K? 1In each of the following cases determine the value of a, b,
¢ or d from the value of K obtained previously and from the
values of the other three letters; i.c., fill in the blanks to make
the value of K the same as that previously obtained.

a b c d
(1) 3 4 10
(2) 3 4 20 ..
3) 4 5 3
4) . 1 5 12
(3) 3 5 12
(6) 3 .. 5 24
) 6 8 5
(8) 12 16 5

Write the expression for the equilibrium constant for each of
the following reactions:

(1) HCN = H* 4+ CN-

(2) NH,OH = NH,* + OH~-

3) HS = 2H* + S——

(4) Hgott + 2Fett+ = 2Fe*t+ + 2Hg*t
(5) CO. + H, = CO + H.0 (gas)

(6) 2NO; = 2NO + O,

(7) 3H2 + Nz = QNH:; (gas)

Consider the system represented by the equation
Ng + 3H2 = 2NH3 + heat

to be in equilibrium.

(a) What will be the effect of adding more H, tc the system?
(Will the equilibrium shift to the right or left or remain sta-
tionary?)

(b) What will be the effect of adding more NH,?



15.
16.

17.

18.

19.
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(¢) What will be the effect of increasing the total pressure?

(d) What will be the effect of increasing the temperature?
What is the Rule of Le Chatelier?

Explain why a catalyst which accelerates the rate of a reaction
in one direction must also accelerate the rate in the reverse
direction.

At 60° C the solubility of KNQO; is 110 g. per 100 g. of water,
while at 20° C its solubility is 26 g. per 100 g. of water. Is heat
liberated or absorbed when KNOQj is dissolved?

When NH,NQ; dissolves in water heat is absorbed. Is NH,NO;
more or less soluble at high than at low temperatures?

In the game of pocket billiards there are, besides the ‘‘ projectile”’
ball or cue ball, fifteen other balls numbered 1 to 15. The score
of any player is determined by the summation of numbers of
the balls he pockets (the balls must be pocketed in successive
order). If any one player should pocket all the balls, show by
equation (16) that his score will be 120. Confirm this result
by adding all numbers from 1 to 15, inclusive.



CHAPTER

I

Equilibria Involving Weak Acids and

Bases

In the previous chapter we considered a generalized treat-
ment of the Law of Mass Action or the Law of Chemical
Equilibrium, which for liquid systems can be applied only to
solutions of relatively insoluble substances or to solutions of
weak electrolytes. Although relatively few of the known sub-
stances belong to this latter class, the majority being either
strong electrolytes or non-electrolytes, yet from the stand-
point of chemical equilibrium the weak electrolytes are of the
greatest importance and henceforth we shall deal to a very
large extent with equilibria involving this class of compounds.

Of all the weak electrolytes weak acids are the most impor-
tant, not only in the subject of qualitative analysis and in
problems of a purely chemical nature but also in biological
systems involving the blood, the tissue and cell materials, and
the glandular secretions. In many systems it is highly im-
portant that not only the hydrogen ion concentration be con-
trolled but that a source of hydrogen ions be at hand to replace
those which may be used up. The molecules of weak acids act
as such a source of hydrogen ions for, as we shall see, the Law
of Mass Action demands that as hydrogen ions are removed
by chemical reaction, more molecules must dissociate to replace
the ions that may be consumed.

The neutralization of both a strong and a weak acid by a
124
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solution of sodium hydroxide may be used to illustrate the
action of a weak acid as a hydrogen ion reservoir. Hydro-
chloric acid and acetic acid, CH;COOH, are typical examples
of strong and weak acids respectively. Hydrochloric acid in a
1 molar solution is completely dissociated and the concentra-
tions of the hydrogen ion and chloride ion are each 1 molar.
Acetic acid in a 1 molar solution, on the other hand, is dis-
sociated only to the extent of about 0.43 percent, so the hydro-
gen ion concentration in this solution is only .0043 molar. In
spite of the difference in the hydrogen ion concentrations in
the two cases cited, equal quantities of these two solutions will
require the same amount of sodium hydroxide to neutralize
them. When the sodium hydroxide solution is added to the
solution of hydrochloric acid the reaction taking place is
simply the combination of hydrogen ions and hydroxide ions
of the acid and base respectively to form water, as represented
by the equation
H*+ OH- = H,0O (1)
When sodium hydroxide is added to the solution of acetic
acid we may regard the reaction as being made up of two steps
or two parts. In the first place, we may regard the free hydro-
gen ions as combining with the hydroxide ions, the same reac-
tion as with hvdrochlorie acid. As the hydrogen ions are re-
moved, more acetic acid dissociates.

CH;COOH = H* + CH;COO~ (2)

This dissociation and combination proceeds until all the acetic
acid molecules have been used up, and therefore the amount
of sodium hydroxide required in the two cases will be the same.
The over-all reaction for the neutralization of acetic acid by
sodium hydroxide represents the summation of these two
steps and is written

CH,;COOH + OH- = CH;COO~ + H,O 3)

The acetic acid in solution consists principally of CH;COOH
molecules, and since it is these molecules which ultimately
disappear during the course of the reaction, CH;COOH, and



126 EQUILIBRIA INVOLVING WEAK ACIDS AND BASES

not H* as in equation (1), must appear on the left side of the
equation.

In later chapters we shall see how it is possible to calculate
the hydrogen ion concentration after any given amount of
sodium hydroxide has been added to the acetic acid solution.
Also, in a later chapter we shall briefly discuss the role of
weak acids in controlling the hydrogen ion concentration in
the blood.

The Ionization of Weak Acids. To illustrate the applica-
tion of the Law of Chemical Equilibrium to weak acids, let
us consider again acetic acid and its ions in solution. The
acetic acid molecules are in equilibrium with the hydrogen
ions and acetate ions, which equilibrium may be expressed by

the equation .
HAe = HY + Ac™ (4)

Applying the Law of Chemical Equilibrium to this case we
Cone. HY X Cone. Ac™

find that Conc. HAc

abbreviated form this is written

(H*)(AceT) _
(HAC) - KI (5)

equals a constant. In a more

K, is known as the Ionization Constant. In any Law of Mass
Action expression the concentrations of the substances involved
in the expression are given in terms of moles per liter, never
as grams per liter or as grams per 100 ml.

In a 0.1 molar solution of acetic acid the concentrations of
the H* and Ac™ ions are the same, and by experiment we know
that their concentrations are each .00135 molar. The concen-
tration of the undissociated acid must be 0.1 —.00135 or
.09865 molar, since the total of dissociated and undissociated
acid must equal 0.1 molar. (Note that the amount of undis-
sociated acid is 0.1 — .00135 and not 0.1 — 2 X .00135, as a
too hasty deduction might lead one to believe. Each molecule
which dissociates produces one hydrogen ion and one acetate
ion. A concentration of .00135 molar of either hydrogen ions
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or acetate ions in this case means that .00135 moles of acetic
acid molecules are dissociated in one liter of solution.) The
numerical value of the foregoing expression then becomes

+ e 5 5
(H)(AcT) _ 00135 X 00135 _ 500105 or 1.85 x 10~

(HAc) .09865

The value of K, at 25° C is then 1.85 x 107°. At any other
temperature acetic acid is not dissociated to the same extent.
At 100° C, for example, the dissociation constant for acetic
acid is 1.1 x 10~°. In other words, the value of 1.85 x 107®
holds for the temperature of 25° C only. However, at this
temperature K; has the same value for solutions other than
0.1 molar. For a .01 molar solution, for example, the same
value of K, is obtained. From this value of K it is now pos-
sible to calculate the concentrations of the H* and Ac™ ions
in any solution of acetic acid which is not too concentrated.

In a .01 molar solution of acetic acid the total amount of
acetie acid, both dissociated and undissociated, contained in
one liter is .01 mole. If we let X be the concentration of the
H+* ion, then the concentration of the Ac~ ion is also X and
the concentration of the undissociated acid is .01 — X. Then,

- (HY(Aer) X? s
S Ao SO oX 1.85 X 10 (6)
In solving this equation for the value of X (the H* and

Ac— concentrations), let us first assume that X is very small

as compared with .01; so small that the amount of undis-

sociated acid (.01 — X) is practically equal to .01. (X can be
neglected in such equations only when it is added to or sub-
tracted from some other number much larger than X. It can-
not be neglected in the numerator of the foregoing expression.)

"The equation then simplifies to

X2
o1 = 1.85 x 107°

X2=185x 1077 =185 x 107*
X = 4.3 X 10~ mole per liter
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The concentration of the H* and Ac~ ions is then calculated
to be 4.3 X 10~ molar. We may now inspect the original
equation to see if we were justified in neglecting X in the
denominator expression of .01 — X. (.01 — .000431 = .009569.)
This is almost equal to .01 and, for all practical purposes, the
neglecting of X in the original expression was thus justified.
If, however, X were so large that it could not be neglected
(say 10 percent of the value from which it is subtracted or to
which it is added) then the equation must be solved by the
general solution of the quadratic equation (see the Appendix).

In a 0.1 molar solution of acetic acid the concentration of
the H* ion is .00135 molar, while in a .01 molar solution we
have just found it to be .000431 molar. The H* ion concen-
tration is smaller in the more dilute solution. However, in
the dilute solution a greater fraction of the total amount of
acetic acid present is dissociated; 1.35 percent in the 0.1 molar
solution and 4.3 percent in the .01 molar solution. We would
be led to expect such a condition by a consideration of the
processes taking place to maintain equilibrium. In the more
dilute solutions the H* and Ac~ ions are farther apart and do
not collide as often. Therefore a larger fraction of the mole-
cules must remain in the dissociated state.

We can arrive at the same conclusion through an applica-
tion of the Rule of Le Chatelier to this equilibrium (equa-
tion 4). Let us assume that we have a 0.1 molar solution in
which, according to our calculations, 1.35 percent of the total
amount of acetic acid is in the form of H* and Ac~ ions. These
ions and the remaining undissociated acetic acid molecules are
in equilibrium with each other. Now let us add some water
to the solution to make it more dilute. This imposes a stress
upon the equilibrium which in turn shifts in such a way as to
undo its effect. The original 0.1 molar solution contained a
definite number of H* and Ac~ ions but when water was added
for dilution, temporarily the number of particles (ions plus
molecules) per unit of volume became less than that originally
present. To undo the effect of the stress (the dilution in this
case) more acetic acid molecules dissociate to produce more
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ions, and since by dissociation one molecule produces two ions
the net effect is to increase the total number of particles. The
reaction proceeds in such a way as partially to undo the effect
of the dilution. The dissociation of the acetic acid does not
continue until the concentration of the ions, expressed in moles
per liter, is the same as in the original 0.1 molar solution, since
equilibrium is reached before dissociation has proceeded to
such an extent. The removal of water from the solution
would produce an opposite effect; Ht and Ac~ ions would
combine to form acetic acid molecules. There would be a
shift in the equilibrium to the left (equation 4).

The Common Ion Effect. From a consideration of the
Rule of Le Chatelier we can predict that the effect of adding
either H* or Ac~ ions to a solution of acetic acid will be to
shift the equilibrium in such a way as to decrease the amount
of acid dissociated, i.e., to increase the amount of undissociated
acid. From the Law of Chemical Equilibrium, which in fact
is a more concise and exact form of the Rule of Le Chatelier,
it is possible to calculate the extent to which the equilibrium
is shifted and to calculate the concentrations of the H* and
Ac~ ions present when either of these ions has been added in
some form other than acetic acid. For example, let us calcu-
late the concentration of the H* ion in a 0.1 molar solution of
acetic acid when 0.1 mole of NaAe, sodium acetate, has been
added to 1 liter of this same solution. Sodium acetate is a
salt, a strong electrolyte, and is completely dissociated in this
solution as well as in a solution made by adding it to pure
water. The equilibrium is the same as that for the previous
example except that the concentrations of the substances in-
volved will be different. Let X equal the number of moles of
HAc per liter which has dissociated. (In this case X will
not have the same value as it would for a solution containing
only HAc at this concentration.) The concentration of the
undissociated acid is then 0.1 — X. The dissociation of X moles
of HAc produces X moles of H+ ions and X moles of Ac~ ions,
but the concentration of the Ac™ ion is not the same as that of
the H* ion. In this case it is 0.1 + X, since the sodium acetate
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supplies 0.1 mole of Ac~ ions per liter and the acetic acid
supplies X moles per liter. The value of X, the H* ion con-
centration, may now be calculated.

(H")(Ac™)  X(0.1 +X)
(HAe) ~ (0.1 -X)
Again simplify the expression by considering X small as com-

pared with 0.1. Then both 0.1 + X and 0.1 — X are practically
equal to 0.1, and the equation becomes

= 1.85 x 107*

(X)(0.1) . s
———————-(0.1) =1.85x 10
or X =185x%x10"° (7)

We see that X is small as compared with 0.1 and we were
justified in neglecting it in those terms in which it was added
to and subtracted from 0.1.

The H* ion concentration in the acetic acid solution con-
taining sodium acetate was found to be 1.85 x 10 M. In
the pure acetic acid solution the H* ion concentration was
1.35 x 1073 M, about 75 times larger. The dissociation of the
HAc molecules was repressed by the addition of the common
ion.

In the same way we could calculate the concentration of
the Ac~ ion in a HAc solution to which H* ion has been added
(as HCI, for example) and again we would find that under
these conditions fewer HAc molecules dissociate. In other
words, the addition of H* ion shifts the equilibrium again to
the left as shown in equation (4).

The Law of Chemical Equilibrium Does Not Apply to
Strong Acids. Hydrochloric and nitric are typical examples
of strong acids. These electrolytes, like the majority of the
salts, we regard as 100 percent ionized in solution. On the
basis of the concept of complete ionization, the Law of Chemi-
cal Equilibrium cannot be applied, for in such a case the con-
centration of the undissociated acid would be zero and the
value of the equilibrium constant, infinity. In a .01 molar
solution of hydrochloric acid, for example, the concentrations
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of the H* and Cl~ ions are both .01 molar and that of the
undissociated HCI molecules, zero.

(HH)(CIY) .01 x .01
®|CH ~ 0

= infinity * (8)

The Mass Law expression applies only to systems of sub-
stances in equilibrium, and if no undissociated molecules of
HCI exist, there can be no equilibrium involving this substance.
However, HCI molecules were once regarded as existing in
dilute solutions. As we have previously shown, solutions of
HCI have a greater equivalent conductance the more dilute
the solution. The fact that the more concentrated solutions
do not show as high an equivalent conductance as the dilute
solutions was regarded as evidence that there are relatively
fewer ions present in the more concentrated solutions; hence,
undissociated molecules were believed to exist. In a previous
chapter it was shown that this decrease of conductance in the
more concentrated solutions was due rather to a “drag-effect.”

Following the older views for the moment, we shall tenta-
tively regard hydrochloric acid as only partially dissociated.
From conductance data together with this assumption we can
calculate the fractional number of apparently undissociated
and dissociated HCI molecules as well as the values for the
apparent ‘“dissociation constant” of hydrochloric acid at dif-
ferent concentrations. Table 16 gives the apparent “dissocia-
tion constants’’ of hydrochlorie acid so caleulated.

Passing from 0.2 molar to .001 molar the value of the dis-
sociation constant so calculated varies more than tenfold. The
same trend in the value of the equilibrium constant with
varying concentration is obtained in the case of all other strong
electrolytes. If we now compare these values with those
obtained for acetic acid, which obeys the Law of Mass Action,
we note a striking difference in the behavior of the two acids
(Table 17).

* Any finite number divided by zero equals infinity.
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TABLE 16

APPARENT DissociaTioN CoNsTANTS OF HYDROCHLORIC AcCID
(Assuming Incomplete Ionization)

Concentration K = H*(CIH)
(Moles per Liter) (HCI)
0.200 1.56
0.100 1.05
0.050 0.73
0.020 0.45
0.010 0.32
0.005 0.23
0.002 0.15
0.001 0.12

TABLE 17

Drssoc1aTion CONSTANTS OF ACETIC AcID
(Experimentally Determined from Conductance Data)

Concentration _ (HH)(Aer)
(Moles per Liter) ~ (HAc¢)
0.07369 0.0000185
0.03685 0.0000186
0.01842 0.0000185
0.00921 0.0000186
0.00461 0.0000186
0.00230 0.0000186
0.00115 0.0000186
0.00057 0.0000186

In the case of acetic acid the constant has the same value
well within 1 percent for a large range of concentrations.
The lack of conformity of the strong acids and other strong
electrolytes to the Law of Chemical Equilibrium was one of
the chief arguments for abandoning the theory of incomplete
dissociation for these substances and for adopting, instead,
the theory of complete dissociation for all strong electrolytes.
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The Extent of Ionization of Weak Acids. Weak acids
differ considerably in their ability to ionize; the weaker acid,
by definition, has a smaller tendency to dissociate. The
ionization constant of an acid is of course a quantitative meas-
ure of this tendency. An acid with a very small constant has
a small tendency to ionize while one with a relatively large
constant ionizes to a larger extent. The following table shows
a few typical weak acids together with their ionization con-
stants at room temperature, and the percent of ionization of
their 0.1 molar aqueous solutions.

TABLE 18

TyricaL WEAK Acips, THEIR IoN1zATION CONSTANTS
AND EXTENT OF IONIZATION

Acid Percent Ionization of K (Ionization

’ 0.1 Molar Solution Constant)
Dichloracetic 52 5.5 X 102
Salicylic 10 1.1 X 103
Nitrous 6.5 4.5 X 10—
Acetic 1.36 1.85 X 10~®
Hydrocyanic 0.0065 4.0 X 10710
Phenol 0.003 1.0 X 10—

The extreme variation among weak acids in the ability to
ionize is well illustrated by this table; the extent of ioniza-
tion of their 0.1 molar solutions varies from 52 percent for
dichloracetic acid to .003 percent for phenol (carbolic acid).

The question which naturally arises is: When is an acid to
be regarded as a weak acid and when a strong acid? Ar-
bitrarily, we may answer this question in a simple way. An
acid may be regarded as belonging to the weak class if its
dilute solutions obey the Law of Mass Action. Such acids as
hydrochloric, sulfuric and nitric are without question to be
regarded as strong acids (100 percent ionized). When we
search further for the reason that some acids are weak and
some are strong, we find ourselves inquiring into the electronic
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structures or make-up of the molecules in question. The
problem is a very complicated one which involves not only
the tendencies of the different molecules to hold fast their
dissociable hydrogen ions but also the tendency of surround-
ing water molecules to hold the dissociation products (hydrogen
ions and negative ions) and thus aid the dissociation process.
As we have pointed out before ions in solution do not exist
independently in the condition indicated by their formulae
but are surrounded by and attached, more or less firmly, to
water molecules.

All Substances in the Same Solution Must Be in
Equilibrium. When two or more weak acids, or in fact any
weak electrolytes, are present in the same solution, they must
all be in equilibrium with their respective ions. For example,
if a solution contains both acetic and hydrocyanic acids, the
following equilibria must be maintained:

HAe = H* + Ac™ (9)
HCN = H* + CN~ (10)

In this case the hydrogen ion is common to the two equilibria
and since it exists in the same solution it must have only one
concentration. The acetic acid ionizes to a larger extent than
the hydrocyanic acid and produces more hydrogen ions, but
this excess concentration of hydrogen ion represses the ioni-
zation of hydrocyanic acid and in this solution the latter is
ionized to a smaller extent than it is when it exists alone in
water solution. But the hydrocyanic acid also ionizes to a
small extent to produce some hydrogen ions. For this reason
the acetic acid is likewise ionized to a slightly smaller extent
than it is in pure water. The common hydrogen ion represses
the ionization of both acids in such a mixed solution. The
calculation of the concentration of the hydrogen ion in a mixed
solution (0.1 molar with respect to both acetic acid and hy-
drocyanic acid) becomes slightly more complicated than the
simpler case of one acid, due to the necessity of solving simul-
taneous equations.

Some aeids dissociate in two or more steps. Carbonic acid,
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H,CO;, is an example of this type. The first step of the dis-
sociation of this acid results in the formation of the bicarhonate
ion, HCO;™, and H* ion in accordance with the equation

HzCOs = H+ + HCO:;_ (11)

The second step consists of the dissociation of the bicarbonate
ion:

HCO;= = H* + CO;=— (12)
In any solution containing carbonic acid, both these acids
(H,CO3 and HCO;™) are present and, like a mixed solution
of acids, they are in complete equilibrium with each other
and their common hydrogen ion. A fuller treatment of such
acids will be considered in Chapter 9.

Weak Bases. Equilibria involving weak bases mayv be
treated in the same manner as was done above in the case of
weak acids with the exception, of course, that the bases dis-
sociate to give hydroxide ions, OH~, in solution.

TaBLe 19

Ton1zatioNn CoxstTaNTs OF SOME WEAK BASES

Percent Lonization

Base in 0.1 Molar K (Tonization

Solution Constant)
Methyl ammonium hydroxide 7.0 5.0 X 10
Ammonium hydroxide 1.3 1.8 X 105
Hydrazine hydroxide 0.003 9.8 X 1077
Phenyl ammonium hydroxide 0.0007 4.6 X 1071

The number of common weak bases is far smaller than that
of the weak acids. The most common weak base is ammonium
hydroxide, NH,OH. This base is about as weak a base as
acetic acid is a weak acid; the ionization constants are practi-
cally the same for the two substances. A few examples of weak
bases appear in the table above; others together with their
ionization constants are listed in the Appendix.

Just as ammonium hydroxide is known only in solution and
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not in the pure state, so methyl ammonium hydroxide and
phenyl ammonium hydroxide are known only in solution. In
the pure state these substances are known as methyl amine,
CH;NH,, and phenyl amine, CsH;NH, (aniline), respectively.
They are the analogues of ammonia with one hydrogen atom
replaced by a methyl or phenyl group, and like ammonia,
NH;, they take up water in solution to form the hydroxide.

Indicators. Certain natural and synthetic colored sub-
stances have the property of either changing color or becoming
colorless in dilute solution when the hydrogen ion concentra-
tion in the solution attains a definite and fixed value. Phenol-
phthalein, for example, is a colorless substance in any solution
for which the hydrogen ion concentration is greater than 10~°
mole per liter. In solutions for which the hydrogen ion con-
centration is less than this value the phenolphthalein imparts
a red or pink color to the solution. Methyl violet in solution
is green when the hydrogen ion concentration is greater than
102 mole per liter, blue for hydrogen ion concentrations of
1072 to 1072 mole per liter and violet for solutions for which
the hydrogen ion concentration is less than 1072 mole per liter.
A great number of such substances are known and enough can
be selected so that the hydrogen ion concentration can be
determined somewhat roughly over a wide range of concen-
tration. The table of indicators on page 137 gives such a
series, together with their colors for corresponding hydrogen
ion concentrations.*

Litmus, one of the first known of the indicators, changes
from blue to red when the hydrogen ion concentration be-
comes greater than 1072 molar. The change is so gradual that
it is not entirely red until the solution has a hydrogen ion
concentration greater than 10~° molar. Accordingly, litmus
is a poor indicator for determining the hydrogen ion concen-
tration of a solution.

* In all water solutions there is a definite relationship between the hydrogen
ion and hydroxide ion concentrations. This relationship, which becomes evi-
dent from a study of the first two rows of the table, is treated fully in Chapter 10
on hydrolysis.
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In determining the hydrogen ion concentration of any solu-
tion, a number of indicators must be used and by a process of
elimination the hydrogen ion concentration can be fixed within
rather narrow limits. For finer work the color of the indicator
in the unknown solution should be compared with its color in
some solution for which the hvdrogen ion concentration is
known. Such solutions can be made by mixing known quan-
tities of acids and their salts for which the hydrogen ion con-
centrations have been determined by other methods. The
usual method of originally determining the hydrogen ion con-
centration of a standard solution emplovs the hydrogen
electrode. This method cannot be discussed in this course.
It is usually treated more fully in courses in quantitative
analysis and in physical chemistry.

Indicators are generally considered ax weak acids or weak
bases, with the color of the indicator ion different from that
of the undissociated compound. The general equation for
the dissociation of an indicator acting as an acid is

Ind = Ind= + H? (13)

With methyl orange, for example, the unionized acid (Ind)
is red and the ion (Ind™) is yellow. The dissociation constant
for this indicator is equal to 2 X 10 ',

(’Ill%lﬁ(l)@)‘ = Kypa = 2 x 107 (14)

When the undissociated acid form and the ion form of the
indicator are present in equal amounts (Ind = Ind™), it is ap-
parent that the H* concentration equals the K.

pH Values. For convenience the hydrogen ion concentra-
tion is often expressed in terms of pH values. The pH value
of a solution is defined as the logarithm of the reciprocal of the
hydrogen ion concentration. In other words,

1
pH = log G (15)

The pH value of a solution for which the hydrogen ion
concentration is 10~ M, for example, is 4; the pH for a solution
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whose hydrogen ion concentration is 10~ M is 9, etc. For a
fuller treatment of this quantity the student is referred to the
paragraphs on exponential numbers, logarithms and pH values
in the Appendix.

pK Values. Just as it is often convenient to express the
hydrogen ion concentration by pH values, it may also be
desirable in some cases to express equilibrium constants by
pK values. The pK for any equilibrium is defined as the
logarithm, to the base 10, of the reciprocal of the equilibrium
constant.

- 1 .
pK = log foo (16)
Since log K‘— — — log Ko
eq
pK = — log Keq

Thus, for example, the pK for the equilibrium
HAce = HY + Ac™

isequal to — log K,. The equilibrium constant for this reaction
is equal to 1.85 x 102, Therefore log K, = log 1.85 + log 1077
=027 -5=-473; pK= - (-4.73) = 4.73.

The equilibrium constants given in the tables in the Appen-
dix following the text are expressed in two ways. In the last
column the value of the constant is given as a purely ex-
ponential number. The pK is the negative value of the ex-
ponent of this exponential number. The equilibrium constant
for HCN, for example, is 107°%  The pK value for HCN is
therefore 9.4.

Any equilibrium constant can be expressed in this manner.

The Brensted Definitions of -Acids and Bases. In the
Brgnsted system, acids and bases are defined in broader and
more general terms than was commonly done in the past.
The older established definitions restricted an acid to a sub-
stance producing hydrogen ions, and a base to a substance
producing hydroxide ions in water solution. But it is well rec-
ognized that many substances other than hydroxides behave like
bases in that they produce basic solutions and react with acids;
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sodium carbonate for example. Furthermore, when solvents
other than water are taken into consideration the number of
substances which act like hydroxides in water solution increases
greatly. The Brgnsted definitions are so general that they
include as bases all substances which combine with hydrogen
ions not only in water solution but in all solvents. The defini-
tion of an acid is not greatly different from that previously
used.

An acid s defined as any substance in ionic or molecular
form, which produces or donates protons (H*Y), while a base 1is
any substance which accepts or acquires protons. We shall con-
sider these definitions from the standpoint of the equilibrium
existing between the proton donor and the proton acceptor,
i.e., between the acid and the base. Since the equilibrium
reactions are reversible neither an acid nor a base is considered
separately; when an acid dissociates or transfers protons it
produces a base and when a base accepts protons an acid is
formed. This perhaps may be better expressed by the equa-
tion

Acid = HY + Base (17)
The acid produces protons (left to right) and the base acquires
protons (right to left).

Since our consideration of acids and bases is to be restricted
very largely to water solutions, let us consider the equilibrium
existing between the proton, water, and the hydronium ion.
This relationship is expressed by the equation

H;0* = H* + H,0 (18)

Here H;0*, hydronium ion, is the acid (proton donor) and
H,0 is the base (proton acceptor). This equilibrium is con-
sidered as heing very largely in favor of H;O%, ie., the con-
centration of free protons is very small; almost all of them are
attached to water molecules. Accordingly, the hydrogen ion
in solution is symbolized by H;O* and not by H*. In the older
established definitions all forms of the hydrogen ion, HT,
H;0* and higher hydrates are represented as a group by the
symbol H* and the equilibrium as expressed in equation (18)
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1s never considered explicitly because it is recognized that the
protons exist very largely in the hydrated form.
According to these definitions the ammonium ion is an acid.

NH,* = H* + NH; (19)

In this case ammonia, NH;, is the base. However, if this
reaction takes place in water solution the protons formed at-
tach themsclves to water molecules to form hydronium ions
and the complete reaction is

].\YH4,+ + H2O = H30+ + NH3 (20)

Acid: Base: Acids Base:
In effect the proton is merely transferred from the NH,* ion
to the water molecule and vice versa. The NH4* and the H;O*
ions are acids and H;O and NH; are bases. The process is that
of neutralization, with the salt formation not emphasized by
the equation representing it. In this reaction, the two bases
NH; and H,O are competing for protons, with the NH; having
the greater tendency to acquire them.
Water itself may act as an acid as well as a base.

H,0 = H* + OH- (1)

In this case water is the acid molecule and the OH~ ion is the
base. Again, this does not represent the complete reaction
for according to reaction (18) the protons combine with water
molecules. The reaction is rather represented by the equation
HO + H,O = H,;O* + OH- (22)
Acids Bases Acid: Base:
In the complete reaction water acts both as an acid and as
a base. It should be borne in mind that the OH~ ion is also
hydrated but this hydration is not expressed in the formula.
Hydration or combination with water is only expressed in the
formulae for the hydrogen ion and for amphoteric substances
some of which will be considered in a later chapter.
The fact that HCl in the pure state is virtually a non-
conductor while its water solution shows a high conductivity
is not as easily expressed in terms of the established definitions
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as it is with the newer definitions. Pure HCI, a liquid with a
boiling point of —83° C., dissociates into protons and chloride
ions. The equation for this equilibrium is

HCl = H' + ClI- (23)

Both the proton and the chloride ion are probably ‘“solvated,”
i.e., joined to HCI molecules. In fact we might reason by
analogy that the formula of the hydrogen ion is really H,CI*.
On the basis of the Brgnsted definitions we then can write the

reaction as
HCl + HClI = H,ClI* + CI- (24)

Acady Base: Acid: Base:

The reaction which takes place when pure HCl is added to

water may be represented by

HClI + H,O = H,O0t + CI- (25)

Acidi Base: Acid: Baser
In this case the hydrogen ion is present as H;O* while in pure
HC1 it is present as HoClt. The Cl~ ions are also different in
the two cases but the difference is not indicated in the formula.
It is apparent that HCIl in the pure state and HCl in water
solution are different but there is no a priori reason based on
these definitions alone which tells us that the conductivity is
very low in pure HCIl, i.e., that the equilibrium in equation
(24) lies largely in the direction of undissociated HCI, while in
water it lies in the direction of the dissociated form (to the
right in equation 25). By the older definitions both cases are
represented by equation (23); the difference between the two
cases is implied and left more to the imagination or to the
visualization of the experimental conditions.

Systems such as those expressed by equation (25) are known
as conjugated acid-base systems. Base, is the base of Acid, and
Base, is the base of Acid,. A weak acid such as HAc in water
solution, as indicated in the following equation, is also a part of
a conjugated acid-base equilibrium system.

HAe¢ + H,O0 = H;0t + Ac™ (26)

Acida Base: Acid: Base:



The Brgnsted Definitions of Acids and Bases 143

The new base indicated here is the Ac~ ion. It conforms in
its properties with the definition of a base, that is, it shows a
tendency to combine with the proton to produce the HAc
molecule.

An acid which has a great tendency to donate protons is
known as a strong acid while a base which has a great tendency
to accept protons is a strong base. Acetate ion is a strong base
and acetic acid is therefore a weak acid. Chloride ion in water
solution is a very weak base; in fact it is so weak that in dilute
solution it is no base at all, and therefore HCI in water solu-
tion is a very strong acid. In pure HCI, however, chloride ion
is a strong base and HCl is a weak acid.

The ionization of a number of acids in water solution may
be represented by the following equations. The order is given
in decreasing strength of the acid.

Acidi Base: Acids Base,

HSO,~ + H,O0O = H;0t 4+ SO, (27)
H;PO, + H,O = H:O0t+ + H,PO, (28)
HNO, + H,0 = H;0* + NO,- (29)
HCNO + H,O0O = H;O0tr + CNO- (30)
H,CO; + H,O0O = H;0* + HCO; (31)
HzS + Hzo = H30+ + HS_ (32)
H,PO,- + H,O = H;0t+ + HPO,~— (33)
HCN + H,0 = HO* + CN- (34)
HCO;- + H, 0 = H;0* + CO;7 - (35)
HPO,—~ + H,O0O = H;0* + PO, (36)
HS- + H,O = H;0t+ + S~ 37)

For strong acids, all of which are practically completely
ionized in water solution, the following examples are cited.

Acids Bases Acids Base:
H,SO, + H, 0 = H;0t + HSO,” (38)
HNO; + H,O0 = H;0* 4+ NOs~ (39)
HCl + H,O0 = H, 0+ + CI- (40)

All of the anions designated as Base, are to be regarded as
bases. These are merely representative of a much larger
number of anions which behave as bases in that they all show
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a tendency to acquire the proton. Of this group of anions, the
HSO,~, NO;~, and Cl- ions certainly show little if any tendency
to acquire the proton. According to the older definitions we
have already classified the corresponding acids, H,SO,, HNO;,
and HCI as strong and 100 percent ionized. How then can
the anions of these acids be called bases? In water solution
these acids are practically completely ionized, but in the pure
state as liquids these acids show very little ionization. If we
consider the reaction of Cl~ ion with the hydronium ion to
form HCI gas or liquid, then there is some justification for
calling the Cl~ ion a base.
Returning to equation (26), we may write the equilibrium
expression as
(Hs0™)(Ac™)
(HAc)(H,0)

The concentration of the water in the denominator remains
practically constant during the course of any reaction since
the water is either produced or consumed in amounts which
are negligible compared to the total amount of water present.
We may consider this value as constant and include it in the
value for the equilibrium constant. It is therefore omitted
from the expression which may now be written.

(H;0*)(AcT)
(HAc)

The symbol for the hydronium ion, H;0%, is merely a symbol
for expressing the same particle in solution as is denoted by
the simpler symbol, Ht. We may use any symbols we choose
for designating particles in solution, but it is evident that the
value for the equilibrium constant is independent of our method
of naming the particles participating in the equilibrium. Ac-
cordingly, K,® of equation (42) has the same value as that
given in the older established system, namely, 1.85 X 107°.

On the basis of the older definitions we have termed NH,OH
a weak base since it ionizes only slightly to produce NH,* and
OH- ions. The equilibrium in solution is one which involves
all three particles, the NH,* and OH~ ions, and NH,OH mole-

= Ko® (41)

- K; = 1.85 x 1075 (42)
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cules. When NH; gas is passed into water the following
equilibria are considered.

NH; + H,0 = NH,OH = NH,* + OH~ (43)

Whether NH,OH molecules actually exist in solution we do
not know, and as a matter of fact it makes no difference whether
we consider the solution as one composed of NH; molecules,
NH,OH molecules, or both, since the equilibria are independent
of our method of naming the particles.
Suppose we omit the intermediate NH,OH molecule from
our equation. We then have
NH3 + HQO = NH4+ + OH- (44)
Base: Acid: Acidi Base:
In applying our definitions of acids and bases, we see the NHj
is a base since it combines with the proton to give NH,* ion.
This reaction can be considered as taking place in two steps,
as can the other similar foregoing reactions.

H,0 = H* + OH~- (45)
NH, + H+ = NH,+ (46)

The H,0 gives up H* ions which are then taken up by the NHj
molecules. By adding equations (45) and (46), equation (44)
is obtained.

The equilibrium expression for equation (44) is

H(OH-
(-%Iﬂ — K. =18x 10 (47)
This expression is the same as we obtain when the ammonia
in water is considered to be ammonium hydroxide, NH,OH.
The two substances, NH; and NH,OH, are one and the same;
different symbols are used to designate them.

In equation (44) the reaction is one in which the two bases
NH; and OH~ ion are competing with each other for the proton.
At equilibrium the reaction will predominate either to the left
or to the right depending upon whether the OH~ ion or the
NH; molecule is the stronger base, that is, whether the OH~
ion or the ammonia molecule holds the proton more firmly.

and
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On the basis of the proton transfer concept of acids and bases,
it is apparent that the term ‘‘salt” is of little significance,
since the ions of most salts may be considered either as acids
or bases. These ions will either lose protons or acquire pro-
tons, and these two processes are all that is essential to conform
to the definitions of acids and bases. Practically all negative
ions may be considered as bases since they combine with pro-
tons. Many positive ions are acids in that they will give up
protons but, on the other hand, most positive ions do not show
this tendency to any marked degree. If a metallic ion is to
be regarded as an acid it is apparent that its formula must
include protons which it can donate. Therefore for this pur-
pose the symbol for the hydrated form of the ion is used. Such
cases will be presented later.

In the following chapters of this text we shall retain the
established definitions of acids and bases, except in those sec-
tions in which we deal explicitly with the Brgnsted definitions.

Examples of Problems
Ezample 1.

Calculate the (H*) in a 0.1 molar HCNO solution. What is the de-
gree of ionization of cyanic acid in this same solution? K, = 2X 10,
HCNO = H* 4+ CNO-

The concentration (0.1 molar) given for HCNO is that for the
total HCNO in solution, both dissociated and undissociated.

Let HYH =X
(CNO~) must also be X in this case, for as many CNO~ as H* ions
are formed by the dissociation process.

(HCNO) =0.1-X
Substituting these values in the equilibrium expression, we have
HH(CNO) _ _ X?
(HCNO) 0.1-X

By inspection of this equation we see that X is relatively small

as compared with 0.1, therefore for all practical purposes

01 -X=0.1

=2X10™*
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Then
X X2 -
0i-X 01 2x107
X2=2X10"%= 20X 10-¢
X =45%X10"3

X = .0045 mole per liter = (H+) = (CNO")

From the value of X so obtained we can readily see that we were
justified in neglecting X as compared with 0.1, for 0.1 — .0045 = .0955,
which is near enough to 0.1 that, for the purpose of our expected
accuracy, it may be neglected. If we solve the equation

X2
0——————.1_X—2X10 4
by the use of the quadratic solution (see Appendix), we obtain a
value for X of .0044 mole per liter. This again shows the justifica-
tion for the simple solution.

The degree of ionization is the fractional number of molecules
dissociated, or the amount per liter of the dissociated weak elec-
trolyte divided by the total concentration (both dissociated and
undissociated). Since, in this particular example, the concentra-
tion of H* and CNO~ is 4.5 X 10~ mole per liter, the amount of
the dissociated HCNO has this same value, for 4.5 X 10~ mole of
HCNO gives 4.5 X 10~ mole of H* and 4.5 X 10~ mole of CNO-
upon dissociation.

4.5 % 1073
T 01

Degree of dissociation = = 4.5 X 102 or 4.5 percent.

Example 2

In a 0.1 molar solution of a hypothetical acid, HA, the degree
of dissociation is .025. Calculate the ionization constant for the
acid HA.

HA = H++ A-
025 = Concentration of dissociated HA
) Total HA
_HY
0.1
(H*) = 0.1 X .025 = .0025 = (A™)
The ionization constant = (—I%%%——)
2.5 X 1073 X 2.5 X 103
- 0975

Ki=64X 10~
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Ezxample 3.

(a) What is the concentration of the H+* in a solution containing

0.1 mole per liter HCNO and 0.1 mole NaCNO per liter?
HCNO = H* + CNO-

NaCNO is completely ionized, so it contributes 0.1 mole CNO-
per liter. Let X equal the number of moles per liter of IICNO
dissociated, which also equals (H*). (CNO-) will be 0.1 + X and
the (HCNO) undissociated, 0.1 — X.

Ky = 2 x 10~ = TL)(CNOT)

(HCNO)
_X(0.1+X)
0.1 -X)
Neglecting X in comparison with 0.1, we have
0.1+ X) ~ 0.1
0.1 -X) =0.1
X(0.1) 4
Then o1 = 2X 10

X =2 X 10~* mole per liter = (H*)

(b) What is the degree of ionization of the HCNOQ in this solution?

The degree of ionization is the fractional number of molecules
ionized. This is equivalent to the concentration of the hydrogen ion
divided by the total concentration of HCNO present, both in the
form of ions and unionized molecules.

(HY _2X 107
0.1 0.1
The percent of ionization = .002 X 100 = 0.2.

Thus, 0.2 percent of the HCNO is present in solution as H* and
CNO-~ ions.

= .002

Degree of ionization =

Ezample 4.

If 100 ml. of 0.1 M NH,CI solution are added to 150 ml. of 0.1 M
NII,OH solution, what is the OH~ ion concentration in the resulting
solution? K (NH,OH) = 1.8 X 105,

The concentration of the NH,* ion is the same as it would be if
the 100 ml. of 0.1 M NH,CI solution were diluted to 250 ml. by add-
ing water, so the (NH,*) from the NH,Cl = 0.1 X ¥2§ = .04 M.

The concentration of the NH,OH is the same as it would be if
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the 150 ml. of 0.1 M NH,OH solution were diluted to 250 ml. by
water, so the total NH,OH concentration is 0.1 X 32§ = .06 M.

Substances in solution: NH,OH = NH,t 4+ OH-
Concentrations: 06 — X 014+ X X

(NH#)(OH-) _ (04 + X)X s

(NILOH)  ~ (06 =x) — 1810
Neglecting X as compared with .04 and .06,
(0HX _ s
06) = 1.8 X 10
X=—8—(:><18><1 5 =27X10°M

ie, (OH) =27X10°M

Example 5

If 0.1 mole solid NaOH is added to 1 liter of 0.125 M HAer solution,
what is the final H* concentration? (Assume no volume change.)

0.1 mole NaOH neutralizes 0.1 mole HAc to form 0.1 mole NaA«
and leaves .025 mole ITAc not neutralized in the one liter. The solu-
tion now is 0.1 M with respect to NaAc and .025 M with respect to
HAc.

Substances in solution: HAe = Ht 4 Ac™
Concentrations: 025 - X X 0.1+ X

(HHA) _ X(0.1+ X)
(11Ae) (025 — X)

Neglecting X as compared with 0.1 and with .025,

= 1.85 X 10~%

XOD o
025) ~ 1.85 X 10
_(.025) - s
X= o0 X 1.85 X 10

N=046X10°=4.6X10"° M ie., (Ht) =46 X 10 M
Eeample 6.

100 ml. of 0.1 M NaOH is added to 150 ml. 0.2 M HAc. Calculate
the final H* concentration.

Before reaction, 100 ml. 0.1 M NaOH contains .01 mole NaOH.

Before reaction, 150 ml. 0.2 M HAc contains .03 mole HAc.

.01 mole NaOH neutralizes .01 mole HAc, producing .01 mole
NaAc in solution and leaving .02 mole HAc¢ not neutralized.
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After reaction, the .01 mole NaAc and .02 mole HAc are contained
in 250 ml. solution, so the concentrations are .04 M and .08 M re-

spectively.
Substances in solution: HAc = H+ + Ac™
Concentrations: 08 - X X 01+ X

HY(Ac?)  X(04+X) -
(HAc) — (08=X) — 1.85 X 10

Neglecting the X’s in the terms (.04 + X) and (.08 — X),
X(.04)

= —5
(.08) 1.85 X 10
_ (.08) - s
X = ——(.04) X 1.85 X 10

X=MH")=37X10"°M
Example 7.

Calculate the pH for a .01 M HCN solution.
K(HCN) = 4 X 10—10

Tirst calculate the (H*).

Substances in solution: HCN = Ht+ + CN-
Concentrations: 01 -X X X

HHCNT) X }
(HCN) ~—0l—x - +x107°

Neglecting X in the denominator,

X2_ —10
57 =410
X =4Xx10"

X=2X10"%M = (H*)
- 1 _ +
pH = log ol log (H*)

log (H*) = log (2.0 X 10~%) = log 2.0 + log 10~
log 2.0 = 0.3
log 106 = -6
log (H*) =log (20X 107% =03 -6 = — 5.7
pH = —log (H*) = — (- 5.7) = 5.7

(See also mathematical operations in the Appendix.)
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Ezample 8.
The pH of a solution is 6.38. What is the concentration of the

hydrogen ion in this solution?
pH = —log (H*) = 6.38 = — (— 6.38)
log (H+) = — 6.38 = — 6.00 + (— 0.38)
log (Ht) = — 7.00 + 0.62
antilog of — 7 = 1077
antilog 0.62 = 4.17
(HY) =417x 107 M
Ezample 9.
What is the concentration of a HCN solution which is 0.2 percent
ionized?
HCN = H*+ CN-

+
Let a = the degree of ionization = (}é ), where C is the total
HCN concentration. Therefore
H)=CXa
(CN)=HY)=CXa
(HCN) = C(1 - a)
HEDEONT) _ e 10
aeN) = Ki=4Xx10
Ca X Ca _ C?a? _ Co* 10
c'(,l—a)‘C(l—a)’l—a‘4X10
C X (.002)2 Cx4X10-° _
T—.002 ~ 0998 X107
4 % 10710 x 0.998 -
C = 15105 = 10+ M HCN
Example 10.

A 0.2 M HCN solution is found to have a (H*) of 1 X 10~¢ M.
Calculate the (CN™) necessary to maintain this (Ht).

HCN = H* + CN—

(H*)(CN")
(HCN)

At equilibrium, the (HCN) has a value of 0.2 — .000001 or 0.2 M,
while the (H*) is maintained at 1 X 10~ M. Then

=K =4X10®
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(HY)(CN-) _ 1 X 10-%(CN")

= o —10
(HCN) 02 4X10
‘ —10
(ON-) = 22XAXIDZ _gx 100

Questions and Problems *

Will 0.1 mole of a weak acid in solution require more, less or
the same amount of sodium hydroxide solution to neutralize it as
0.1 mole of a strong acid? Explain.

Is the percentage of molecules of HAc¢ which are dissociated in
a .001 M solution smaller, greater or the same as in a .01 M
solution?

Considering HAc and its ions to be in a state of equilibrium,

HAc = Ht* + Ac™

how can this equilibrium be shifted to the left and how to the
right?

How does the application of the Law of Mass Action help support
the theory of complete dissociation of strong electrolytes?
Which two indicators would you use to show that the hydrogen
jon concentration in a given solution is less than 10~* molar
but greater than 10~7 molar?

Rewrite equations (1), (2), (3), (6), (9), (10), (11), and (12) of
this chapter in terms of the Brgnsted definitions.

What pH values correspond to the following H* ion concentra-
tions:

(a) 10-° (b) 10-° (e) 107! (d) 10-7% (e) 10721

What is the concentration of the H* ion in moles per liter in
each of the following solutions?

(a) 0.1 M CH,COOH (HAc¢) (f) 0.02 M HCNO

(b) 0.01 M CH;COOH (HAc) (g) 0.001 M HN;

(¢c) 1 M CH;COOH (HAc) (h) 0.08 M CICH,COOH
(d) 0.05 M HCN (i) 0.004 M HCN

(e) 0.01 M HNO, (3) 0.0001 M C¢H;COOH

Use quadratic equation for (e) and (j) (see Appendix).
Calculate the concentration of the OH— ion in solutions of the
following:

Values for dissociation constants are given in the Appendix.
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(a) 1 M NH,OH (f) 0.01 M CH;NH;OH
(b) 0.1 M NH,OH () 0.2 M (CH;);NH.OH
(¢) 0.01 M NH,OH (h) 0.1 M C.H;NH;0OH
(d) 0.001 M NH,OH (i) 0.002 M CsHsNH;OH

(e) 0.04 M NH, 0

Solutions of the following weak acids and bases are ionized as
indicated. Calculate the ionization constant in each case.

Solution Percent Ionized
(a) 0.1 M CH;COOH (HAc) 1.35
(b) 0.01 M CH3;COOH 4.20
(¢) 0.1 M NH,OH 1.33
(d) 0.01 M NH,OH 4.15
(e) 0.1 M HNO, 6.5
(f) 0.1 M HCN 0.0065
(g) 0.005 M IICN 0.029

Two grams of HAc are dissolved in 1 liter of water. Calculate
the concentration of the H* ion and the Ac— ion.

. To the above solution (problem 11) 2 g. of NaAc are added. Now

what is the concentration of the H* and Ac¢~ ions?
Calculate the degree of ionization of the solutes in the following
aqueous solutions:

(a) 0.1 M HNO. (d) 0.02 3/ NH,OH
(b) 0.01 M HCN (e) 0.08 M CH3;NH;0OH
(¢) 0.05 2 HAe

If the H* concentration of a solution which contains 0.1 mole
of HAc and a certain amount of NaAc per liter is .000025 3,
what must be the concentration of the Ac~ ion?

It is desired to make the concentration of the H* ion
3.5 X 10~® M in a .05 M solution of HCN. This can be accom-
plished by the addition of KCN. What must be the concentra-
tion of the CN~— ion in such a solution?

A 0.1 M solution of NH,OH, also containing some NH,CI, is
found to have an OH- ion concentration of 0.25 X 10~5 Af. What
is the concentration of the NH,* ion in this solution?

How many moles of NH,Cl must be added to 1 liter of a 0.1 M
solution of NH,OH to make the OH— ion concentration
1 X 107° M per liter?
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18.

19.

20.

21.

22.

23.

24,

25.

26.
27.

28.

29.

If .01 mole HCI is added to 1 liter of the resulting solution in
problem (17), what will be the OH~ ion concentration?

If .01 mole NaOH is added to 1 liter of the resulting solution in
problem (17), what will be the final OH~ ion concentration?

A hypothetical acid, HA, dissociates as follows:

HA = H* + A~

(2) If in a 0.1 M solution the degree of ionization is 1 percent,
calculate the ionization constant for the acid.

(b) Calculate the concentration of the H* ion in a .01 M solution.
(c) Calculate the degree of ionization in (b).

(d) Calculate the concentration of H* ion in a solution which
contains 0.1 M of the salt NaA and 0.1 M of the weak acid HA,
the total volume of the mixture being 1 liter.

Calculate the molar concentration of a sulution of NH,OH which
is known to be 4 percent ionized.

What is the molar concentration of a solution of HCN which
by experiment is found to be ionized to the extent of .01 percent?
Five ml. of 3 M HAc is added to 50 ml. of 1 M NaAc solution.
Calculate the concentration of the H+ ion in this solution. (The
total volume is 55 ml.)

Five grams of NH,Cl is added to 100 ml. of 0.1 A NH,OH solu-
tion. Calculate the concentration of the OH~ ion.

Fifty ml. of 0.1 M HCI is mixed with 75 ml. of 0.1 M NH,OH
solution. Calculate the concentration of OH~ ion in the mixture.
Repeat problem (25) using NaOH in place of NH,OH.

To 100 ml. of a .02 M solution of CeH;COOH is added 250 ml.
of .02 M solution of sodium benzoate (CeHzCOONa). What is
the concentration of the Ht ion in the resulting solution?

4.75 g. of NH,Cl is added to a solution already containing
2.5 g. of NH; and the total volume is made 500 ml. by the addition
of water. What is the concentration of the OH~ ion in this
solution?

Calculate the pH of the following solutions:

(a) 0.1 M HCI

(b) A solution containing 1 g. HCI per liter

(¢) 0.1 M HAc

(d) A solution containing 0.1 M HAc and 0.1 M NaAc per liter
Using HAc and NaAc in different amounts in each case, give
the concentrations of each of these substances for three dif-
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ferent solutions, each solution having a H* ion concentration
of 10—,

One hundred ml. of a 0.1 M HC) solution is added to 100 ml.
of a 0.2 M NH,OH solution.

(a) What fraction of the NH,OH does the HCI neutralize?

(b) What is the concentration of the NH,* ion? (Neglect that
amount of NH,* ion contributed by the NH,OH not neutralized.)
(¢) What is the concentration of the NH;OH not neutralized?
(d) Calculate the OH- ion concentration in the resulting solution.
In the following problem solid NaOH is to be added gradually
to a solution of HAc. As the NaOH is added part of the HAc is
neutralized. Even after the final addition of NaOH, the HAc
will not be completely neutralized. The H* ion concentration
and the pH of the solution are to be calculated after each addi-
tion of NaOH.

One-hundredth of a mole of solid NaOH is added to 1 liter of a
0.1 M HAc solution. (Neglect any volume change.)

(a) What fraction of the HAc is neutralized?

(b) What is the concentration of the Ac~ ion? (Neglect that
contributed by the HAc not neutralized.)

(¢) What is the concentration of the HAc¢?

(d) Calculate the H* ion concentration.

(e) What is the pH of the solution?

To the resulting solution another .01 mole of NaOH is added.
Again answer (a), (b), (¢), (d), and (e). NaOH is added portion-
wise (.01 mole at a time) until, in all, .07 mole has been added.
After the addition of each .01 mole portion calculate the H+
ion concentration and the pH of the solution.

Make a plot of pH as the ordinates (vertical axis) against the
number of moles NaOH added as abscissae (horizontal axis).
Note particularly that the pH does not vary greatly between .04
and .06 mole additions of NaOH. This phenomenon will be
discussed in a later chapter under ‘“Buffer Solutions.”

From the data given in Table 20 calculate the approximate
values of the indicator constants (Kina) for the following indi-
cators, assuming them to be weak acids:

(a) methyl orange

(b) brom cresol purple

(¢) brom thymol blue

(d) phenolphthalein

(e) thymolphthalein



CHAPTER

§

Heterogeneous Equilibrium — The
Solubility Product — Colloids

Any equilibrium which involves some kind of boundary
surface is a heterogeneous one. The evaporation of water in
a closed vessel is a simple example of this type of equilibrium.
Here the water vapor in the enclosing container is in contact
with the liquid water through the water surface. Although all
heterogeneous equilibria involve boundary surfaces, yet the
concentrations of the various substances involved are inde-
pendent of the area of this surface. For example, the con-
centration of the water vapor, or the pressure exerted by the
water vapor, in any container in which liquid water is also
present is independent of the amount of surface exposed by
the liquid. The rate at which water evaporates from the sur-
face is greater, the greater the extent of the surface, but the
condensation of the water vapor, i.e., the return of the water
molecules from the gaseous state to the liquid state, is also
greater, the greater the amount of exposed liquid surface. As
a result of increasing the surface both the rate of evaporation
and the rate of condensation are increased in such a way that
the concentration of water remaining in the vapor state is
constant.

For a given temperature the rate of evaporation depends
only upon the amount of surface exposed; in other words,

the rate of evaporation is proportional to the amount of surface
156
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exposed. This statement may be expressed in symbols in the
following manner:

Rate of evaporation = &S (1)

where k&, is some proportionality constant and S the amount
of surface.

The rate of condensation is proportional to the rate at which
vapor molecules strike a unit area of surface and to the amount
of surface. The rate at which molecules strike unit area of
surface will depend upon the pressure exerted by the vapor.
(If, for any given case, the pressure exerted by the vapor is
doubled, twice as many molecules strike a unit surface per
second.)

Rate on unit surface oc pressure
Therefore
Rate of condensation ¢ P X S

where P is the pressure.
Or Rate of condensation = kP X S (2)

where &, is some proportionality constant. At equilibrium the
rate of evaporation equals the rate of condensation and

kS = kS X P
Cancelling the surface term S from both sides of the equation,
k,
= :Ib—z =K eq (3)

This means that for a given temperature the vapor pressure
of water vapor (or of any liquid) is a constant and is inde-
pendent of the surface exposed, since the surface factor S does
not appear in the final equilibrium equation.

Another type of heterogeneous equilibrium with which we
are to deal to a very great extent is the equilibrium bhetween
a solid and its ions in solution, i.e., the solubility of some
electrolyte in water. To illustrate this type of equilibrium
let us consider a specific example, the equilibrium existing
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between solid barium sulfate and its saturated solution, and
let us apply the Law of Mass Action to this case.

According to the theory of complete ionization, the small
amount of barium sulfate which exists in water is present only
as barium ions and sulfate ions. Although barium sulfate is
very slightly soluble in water, it is nevertheless a salt and there-
fore is completely ionized. It would be considered as practi-
cally completely ionized even on the basis of the theory of
incomplete ionization, since its concentration is so small in the
saturated solution. When equilibrium conditions are attained,
that is, when the solution is saturated with the barium sulfate,
the rate at which barium sulfate passes into solution from the
solid crystals is equal to the rate at which barium ions and
sulfate ions collide and deposit on the surface of the crystal.
The rate at which barium ions and sulfate ions leave the solid
barium sulfate will depend upon the amount of surface of
barium sulfate in contact with the water. If in one case the
surface of barium sulfate exposed to the water is three times
as great as that in another case, the rate at which it enters the
solution will be three times as large.

Rate of solution = k.S 4)

where S is the amount of surface of barium sulfate exposed
to the solution.

The rate of deposition of the barium sulfate will depend upon
the rate of which barium ions and sulfate ions collide in
juxtaposition on the surface. For a barium ion to deposit, it
is also necessary that a sulfate ion deposit next to it, for in the
barium sulfate crystals these ions lie next to each other. It
would be impossible for only barium ions to deposit, since a
positive charge would then develop on the crystal and crystals
of barium sulfate could not be formed. The rate of combina-
tion of the barium and sulfate ions will then be proportional
to the rate at which they collide with each other on the sur-
face of the solid barium sulfate. The rate of formation of
the crystal will then be proportional to the concentration of the
barium ions, the concentration of the sulfate ions, and the
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surface. If the surface is doubled, twice as many collisions
between barium ions and sulfate ions occur on the surface in
a given period of time. We may then write

Rate of deposition = ky(Ba*t)(SO,~ )8 5)

Under equilibrium conditions the rate of solution equals the
rate of deposition, and

kS = ko:(Batt)(SO,~)S

The same amount of surface is involved in both processes of
solution and deposition; the S cancels from both sides of the
expression and we have

(Ba)(S0) = 1 = Ko (6)
Ky is an equilibrium constant which is designated more
specifically as the solubility product constant, while the prod-
uet (Batt)(SO,~~) under equilibrium conditions is known as
the solubility product.

Analvzing this expression we see that as the concentration
of the barium ion is increased, if equilibrium is to be main-
tained, the concentration of the sulfate ion must decrease in
the inverse ratio. For example, in a saturated solution of
barium sulfate in pure water the concentrations of both the
barium ions and the sulfate ions are each about 4 X 107
mole per liter. The value of Kgp for barium sulfate is then
4x10°x4x 107 =1.6 x 10°. If now the concentration of
the sulfate ions in this same solution is increased tenfold, that
is, to 4 X 10~¢ mole per liter by the addition of a small amount
of sodium sulfate, then to maintain equilibrium the concentra-
tion of the barium ions must be decreased tenfold to 4 x 10~¢
mole per liter, and now (Ba**)(SO,~~) =4 X 107® x 4 X 10~
=1.6 x 107°.

The product of the two concentrations must always equal
1.6 X 107°, the solubility product constant for the temperature
in question. A decrease in the concentration of barium ions
by the addition of sulfate ions, as just described, can only take
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place by the precipitation of barium sulfate. In other words,
the barium ions can be removed from the solution only by the
formation of solid barium sulfate. This general conclusion
can be qualitatively deduced from a consideration of the Rule
of Le Chatelier. The equilibrium is represented by the equa-

tion, BaS0(solid) = Bat* + SO~ ()

By increasing the concentration of the sulfate ions the equilib-
rium is shifted to the left, i.e., solid barium sulfate is formed,
and this shift proceeds until a new equilibrium condition is
established which, in the case cited above, results in a concen-
tration of 4 X 10~ mole per liter for sulfate ions and 4 X 107°
mole per liter for barium ions.

We may apply the Law of Mass Action directly to this
equilibrium without considering the rate processes involved
and arrive at the same conclusion. Applying the Law of Mass
Action to the equilibrium for equation (7) we may write

(BatH)(80) _
(BaSO,, solid) ™

or (Ba+t)(SOs~) = ki(BaS0,, solid)

But the concentration of solid barium sulfate does not change.
Its concentration depends only upon the density of solid barium
sulfate, which remains practically constant under all ordinary
conditions. Therefore the product k; X (BaSOs,, solid) is a con-
stant, which we designate as Kgp or
(Bat*)(S0,77) = Kge. 9
This is the same expression as that previously obtained (equa-
tion 6).
Applying these same considerations to silver chromate which
dissolves slightly in water to give two silver ions for each

chromate ion,
Ag,CrO4(solid) = 2Ag* + CrO,~~ (10)

(Agh)*(CrO47) = Kgp. (11)

In this case, however, for the deposition of silver chromate
from its solution it is necessary that two silver ions and one

®)

we obtain
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chromate ion collide on the surface of the solid silver chromate,
and therefore the concentration of the silver ion is squared.

Conditions Necessary for Precipitation. Every pure
substance has a definite solubility in water at a given tempera-
ture. When the concentration of the substance in water solu-
tion exceeds this solubility value, either precipitation of the
substance from solution or a supersaturated solution will be
the result. The solubility product is a quantitative statement
of the limit of solubility of any difficultly soluble substance
which forms ions. When the product of the concentrations of
the ions in the solution exceeds the value of the solubility
product constant either precipitation will ensue or a super-
saturated solution will be formed. Supersaturated solutions
form with difficulty and precipitation is the usual result of
excess concentration of the ions.

To illustrate this condition let us consider a specific example.
If a solution contains chloride ion at a concentration of 10~°
mole per liter in the form of dissolved sodium chloride or cal-
cium chloride, will a precipitate be formed when enough silver
nitrate is added to make the silver ion concentration equal to
10~3 mole per liter? The condition necessary for precipita-
tion is

(Ag")(CI7) = Kqp. (12)
The solubility product constant for silver chloride at room
temperature is 2.8 X 1071 In the solution under considera-
tion (Agh)(Cl7) = 1073 x 107 = 1078, which is greater than
2.8 x 1071, We see that the product of the silver ion concen-
tration and the chloride ion concentration exceeds the solu-
bility product constant; hence, either precipitation will follow
or a supersaturated solution will be formed.

If, in the above case, the concentration of the silver ion
were made 10~° mole per liter rather than 1072 mole per liter,
no precipitation would take place under any circumstances,
for now the product (Agt)(Cl~) would be less than the solu-
bility product constant,

(AgM)(Cl") = 1075 x 10~° = 1070 < 2.8 X 107°



162 EQUILIBRIUM — SOLUBILITY PRODUCT — COLLOIDS

Supersaturation of Difficultly Soluble Substances. As
we have already indicated, precipitation will not always occur
when the concentrations of the ions exceed the solubility
product constant, due to the slow rate of precipitation. How-
ever, once the small crystals are formed, the precipitation
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proceeds rapidly. The process of forming the first nucleus
about which crystallization takes place is entirely different
from the later crystallization. Any crystal which is within the
limit of visibility even with the best microscope contains
thousands of ions. Such a crystal is pictured in a general way
in Figure 8.1.

In this case the ions only need find their regular positions
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and thus build up the crystal. When the crystal is started,
however, the situation becomes entirely different. Figure 8.2
illustrates in a general way an incipient crystal. Here the forces
holding the ions are certainly different since each ion occupies
a corner and edge position. An additional condition is that
four or more ions be sufficiently close to each other simul-
taneously to allow the nucleus

to form. This situation is

probably rather rare. We see / 7‘/ 7
from these illustrations that J/ —
the process of incipient crystal-

lization is undoubtedly a more —I— *

/
complicated phenomenon than — /
is usually imagined. Barium *
oxalate, BaC,0,, and calcium / /
chromate, CaCrQ,, are two _I_
well-known examples of diffi-
cultly soluble salts which easily
form supersaturated solutions. y[G.8.2 Formation of first erystal

Solubility of Very Small nucleus.

Crystals.  Experiments have

shown definitely that small erystals of any substance are more
soluble than larger ones. Barium sulfate crystals, 10~ cm.
in diameter, are almost, twice as soluble as crystals twenty times
this diameter. The difference between the solubility of crys-
tals 1073 em. in diameter and the solubility of larger crystals
becomes inappreciable and it is only for very small crystals
that this factor must be considered. Calculations have shown
that ions in the interior of a crystal are bound with greater
forces than are those on the faces or edges. Evidently a greater
fraction of the ions occupy external positions for small than
for larger crystals, and therefore the average tendency to enter
the solution will be greater for the smaller crystal. From these
considerations it can be deduced that crystals will grow in such
a way as to produce as many interior ions (as few surface ions)
as possible. Such a condition is attained only by the growth
of larger crystals at the expense of smaller ones.
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Since small crystals are more soluble than large crystals, the
smallest crystals will in time dissolve and the larger ones will
grow still larger. No real equilibrium is attained until the
crystals are relatively large. Minute crystals will pass through
filters and it is often possible to ‘“digest’’ such precipitates to
remove this condition. Heat increases the rate of solution,
crystallization, and the rate at which the large crystals will
grow from the smaller ones. Very often the precipitate will
become sufficiently coarse, i.e., digested, either by heating or
allowing the suspended precipitate to stand overnight.

The fact that small crystals have a greater solubility means
that a different and larger solubility product constant must
apply to these than to the larger crystals. The solubility prod-
uct constants are calculated for solutions in contact with rela-
tively large crystals. When calculating the concentrations of
the different ions necessary for precipitation it must be borne
in mind that a slight excess concentration over that demanded
by the solubility product constant is required, since the first
crystals formed are necessarily small. However, after crystal-
lization has set in and relatively larger crystals are formed,
the concentrations of the ions left in solution will be in accord
with the solubility product constant.

Limit of Visibility of Precipitates Is Often the De-
termining Factor in Qualitative Analysis. Even though a
precipitate may form from very dilute solutions of the react-
ants, yet that precipitate may exist in such small quantities
that it is not visible. Such a precipitate would be of no conse-
quence in qualitative analysis. For example, calculations show
that a precipitate will be formed when a solution which con-
tains as little as 1072 mole per liter of copper ion, Cut*t, is
saturated with hydrogen sulfide. Obviously, such a precipitate
could not be seen. With silver chloride a precipitate is only
visible when the solution before precipitation contains either
silver ion or chloride ion at a concentration greater than
2 x 10~® mole per liter. For the detection of a precipitate it
is necessary that the ions producing the precipitate be present
at concentrations sufficient to render the solid phase visiblet
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The lower limit of ‘‘visible”’ concentration is about 10~* mole
per liter for most substances.

Increase in Solubility by the Formation of Weak Acids.
The addition of any acid to a saturated solution will increase
the solubility of the salt if the hydrogen ion combines with
the anion of the salt to form a weak acid. Thus, the equilib-
rium between silver acetate and its ions,

AgAc(solid) = Agt + Ac™ (13)

is shifted to the right by the addition of hydrogen ion in the
form of a strong acid, such as nitric acid since the hydrogen
ions combine with the acetate ions to form acetic acid.

All carbonates are soluble in acid solution due to the for-
mation of the weak acid, carbonic acid, H,CO;(CO. + H,0).
Barium carbonate is readily dissolved by hydrochloric and by
nitric acid solutions. The solubility of barium sulfate, on the
other hand, is not increased appreciably by the addition of
hydrochloric acid because sulfate ions show little tendency to
combine with hydrogen ions.

The solubility of any sulfide is increased by the addition of
hydrogen ion, since the weak acid, hydrogen sulfide, and its
weak ion, HS™, are formed. In some cases, however, the sulfide
may be so insoluble that an increase in its solubility as much as
a millionfold will not be appreciable. In other words, for the
very insoluble sulfides the addition of acid to the solution
does not allow an appreciable amount of the sulfide to dissolve
even though the solubility is increased enormously. Equilibria
involving the sulfides will be considered in detail in a later
chapter.

Colloids. 1If any relatively insoluble substance is prepared
in a finely divided state and added to a liquid, such as water,
a suspension of the solid in the liquid will be formed, which will
ultimately settle to the bottom of the container provided that
the suspended material is not too finely divided. Very finely
divided suspended material will remain in continued suspension
if no subsequent coagulation of the particles takes place. Such
a system is a heterogeneous one and the substance in the finely
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divided state is known as the dispersed phase and the liquid,
the dispersing medium.

When the particles in the dispersed phase are so small that
they can no longer be seen or detected with the microscope,
we may well ask whether this system is a suspension or a solu-
tion. If the particles were of molecular size, the system would
be a solution, and if the particles were visible, a suspension or
mixture would be formed. There is no sharp distinction be-
tween solutions and suspensions, and systems for which the
suspended particles lie in this intermediate condition are known
as colloidal suspensions or colloidal solutions. The finely
divided dispersed phase in such a system is known as a colloid.

As we have said previously, molecules or ions at the surface
of a crystal or particle behave somewhat differently from those
in the interior. The properties of any substance which has a
large surface compared to its volume are more like those of the
surface molecules. A very finely divided substance has a very
much larger surface than one consisting of large particles.
Since colloidal particles are very finely divided the increased
surface is responsible for some of the properties which dis-
tinguish this class of substances from substances as we ordi-
narily know them. For simplicity, let us consider the total
surface area of the cubic particles contained in one em.? of a
given substance. If only one particle is present, each edge
has a length of 1 cm. and the surface area of the cube is 6 cm.?
By decreasing the size of the particle, the number of particles
in one cm.® and the surface area are greatly increased, as is
demonstrated by Table 21 on page 167.

While the limit of distinct visibility with the microscope
is about 10~® cm., yet particles somewhat smaller than this
can be detected but not seen in outline. Such very small
particles when viewed through a microscope with illumination
from the side will reflect light and sparkle. Such a micro-
scopic arrangement is known as the ultra-microscope.

The Brownian Movement. When very small particles
are viewed through the microscope or ultra-microscope, they
appear to be darting about in constant zig-zag motion. This
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TaBLE 21

SURFACE OF ONE M.} OF MATERIAL FOR
DirFERENT PARTICLE SI1zES

Size of Cubic
Particle, cm.

Surface, cm.?

1 6
0.1 60
0.01 600
0.001 6000
0.0001 60000
0.00001 * 600000

0.000001 6000000

* Limit of visibility.

motion of small particles is known as the Brownian Movement
and is characteristic of all colloidal suspensions. When we
seek an explanation of this motion we are led back to the kinetic
theory of matter, which postulates that all molecules are in
motion. Any particle in suspension is bombarded on all sides
by the moving molecules of the dispersing medium. When
the particles are sufficiently large the impact of the molecules
on the side of the particle is not great enough to cause any
appreciable movement. Furthermore, the bombardment on
one side of the particle is counterbalanced by the bombard-
ment on the opposite side, so the net result is that there is
no appreciable momentum imparted to the particle in any
particular direction. When the particle is very small the
probability that it will be struck simultaneously with equal
force on two opposite sides becomes small, and since the particle
itself is small its velocity acquired by impact will be large and
a visible motion results.

Classes of Colloids. Colloidal systems are not confined to
the suspension of solids in liquids, although such suspensions
are of most importance in qualitative analysis and in most
problems in chemistry. One liquid dispersed in another is
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known as an emulsion; mayonnaise dressing is an example of

an emulsion, essentially an oil in water. The different general

types of colloidal systems are given below in tabular form.
TABLE 22

TypEs OF COLLOIDAL SYSTEMS

Dispersing Dispersed

Phase Phase Lype

gas gas none (homogeneous)

gas liquid fog

gas solid smoke

liquid gas foam

liquid liquid emulsion (mayonnaise dressing)
liquid solid suspension (muddy water)
solid gas solidified foam (pumice)

solid liquid

solid solid ruby glass

Adsorption. Any molecule, atom, or ion may be conceived
as being surrounded by a field of force, which field is not neu-
tralized or ‘‘satisfied” when the particle is existing alone in
space. This attractive force varies considerably with different
particles. Thus the helium atom has a very small field, as
evidenced by its very low boiling point, while the molecules of
a substance having a high melting point or high boiling point
possess relatively large attractive forces. When a molecule or
ion is situated in the interior of a crystal these forces are neu-
tralized or satisfied to the greatest possible extent. At the
surface of a crystal, however, the attractive forces are not
completely neutralized and the residual force of the surface
molecules attracts other particles and holds them fast to the
surface. This adherence of foreign particles to any surface is
known as adsorption. The smaller the particle the greater
will be the amount of surface and the larger the total effect
of surface forces. Not all finely divided particles are perfect
crystals and the less perfect the crystalline form the greater
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will be the adsorptive forces, for under such conditions the
the attractive forces of the molecules in the crystal are less
satisfied by each other. Gelatinous precipitates like aluminum
hydroxide and ferric hydroxide are very probably imperfectly
crystallized and these substances have very great adsorptive
capacities.

The small size of colloidal particles, because of the increased
surface arca, makes them particularly good adsorbents. Not
only are neutral molecules adsorbed to their surfaces but ions
ws well. The adsorption of ions on the surface of colloidal parti-
cles is preferential, i.e., not all ions are adsorbed alike. In
some cases negative ions are adsorbed more readily than posi-
tive ions. In such cases the colloidal particles become nega-
tively charged. Some colloids, on the other hand, become
positively charged through the adsorption of positive ions. If
all the colloidal particles have the same charge, they will repel
each other and prevent coagulation. The adsorption of ions
of like charge, therefore, stabilizes the colloidal solution. When
placed in an electric field — between two charged plates —
negatively charged particles will move toward the positive
plate and positively charged particles toward the negative
plate. Under some conditions these particles become neutral-
ized at the electrode and ““plate out’’ just as ions may be plated
from solution. By such a process rubber may be ‘“plated out”
of 1ts suspension.

Finely divided barium sulfate has a great tendency to adsorb
other ions from solution. In fact this tendency is so great that
it becomes very difficult to obtain pure barium sulfate by
precipitation.

Coagulation of Colloids. Not all colloidal suspensions are
stable. Many of them tend to coagulate through the adher-
ence of the particles for each other. When silver chloride is
precipitated from solution it first forms a very finely divided
suspension but in a short time these fine particles coagulate and
settle to the bottom of the container. This process is hastened
by heating, and in many instances this simple expedient is
sufficient to cause coagulation.
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When a negatively charged colloid such as arsenic trisul-
fide, As,S;, is in suspension, it may be coagulated by adding
certain positive ions to the solution in the form of salts, acids
or bases, which have a tendency to be adsorbed. The adsorbed
positive ions neutralize the negative ions already adsorbed and
the more nearly neutral particles then coagulate. In general,
the hydrogen ion is highly adsorbed and the addition of an
acid to this suspension precipitates it.

In general, those ions which are multiply charged are more
effective in causing coagulation than singly charged ions.
Aluminum ion is more effective than magnesium ion, Mg*,
and this ion in turn is more effective than sodium ion, Na*.

In qualitative analysis finely divided precipitates are often
very troublesome and annoying. Coagulation may often be
effected by either heating or by the addition of an acid. It is
evident that salts can very seldom be added to the solution,
since in most cases they will interfere with the analysis.

The applications of dyestuffs to cloth fiber is usually a
process of adsorption, the dyestuff being adsorbed on the fiber.
Dyes will not ‘““take’ to certain fibers and in such a case the
material to be dyed may be coated with a coagulant such as
aluminum hydroxide or stannic acid, which in turn will ad-
sorb the dye and bind it to the cloth fiber. Coagulants used
for such purposes are known as meordants and the combina-
tion between the mordant and the dye is called a lake.

In qualitative analysis use is made of the adsorptive proper-
ties of aluminum hydroxide in its detection. This substance
possesses the property of adsorbing a dyestuff known as
aluminon. When the latter is added to a suspension of alu-
minum hydroxide, AI(OH);, it is adsorbed preferentially by
the hydroxide and the suspension, which is a lake, assumes a
characteristic red color.

Catalysts. Preferential adsorption is the property that
gives contact catalysts their special effectiveness. The sub-
stances which react with each other are adsorbed on the surface
of the catalyst and the products formed are adsorbed to a
lesser extent and thus leave the surface of activity.
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The preparation of a catalyst usually greatly influences its
activity. If the catalyst is prepared in such a way that the
substance formed is not well crystallized, it usually becomes
more active. Thus, when iron is used as a catalyst it is most
active when prepared from iron oxalate. This compound is
broken down at low temperatures to ferric oxide, carbon
monoxide and carbon dioxide, and the ferric oxide in turn is
reduced with hydrogen at a low temperature. At the low tem-
perature perfect iron crystals form with difficulty; the im-
perfect crystals are the better adsorbers, hence the greater their
catalytic activity. The addition of foreign substances such as
sodium hydroxide or aluminum oxide often enhances this
activity of the catalyst. These substances, known as pro-
moters, very probably prevent the formation of perfect or
large crystals by keeping the iron atoms apart.

Examples of Problems Involving the Solubility Product Principle

Example 1.

The solubility of BaSO, in water is .00092 g. per 100 ml. What
is the value of the Ksp for BaSO,?

First, calculate the solubility of BaSO, in moles per liter. .00092 g.
per 100 ml. is equivalent to .0092 g. per liter.

The molecular weight of BaSO, is 233.4.

9.2 X 1073
233.4

This means that there is 3.9 X 10~° mole each of the barium ion
and sulfate ion in solution.
The solubility product constant is therefore

(Batt)(SO,~) =3.9X 102X 3.9 X 107%=1.5 X 10~°

mole per liter = 3.9 X 10~° mole per liter

Ezample 2.

Silver chromate, Ag,CrOy, is soluble to the extent of .0259 g. per
liter. Calculate the solubility product constant.

The molecular weight of silver chromate is 331.8. The solubility
in moles per liter is

0259 g. per liter
331.8 g. per mole

= 7.8 X 10~% mole per liter
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Since silver chromate is completely ionized there is 7.8 X 1075 mole
of chromate ion and 2 X 7.8 X 105 mole of silver ion in solution.
The Ks.p. is then

AgHH(CrO4 ) = (2X 78X 10752 X 7.8 X 107® = 1.9 X 10"

Example 8.

Calculate the solubility of SrSO, in g. per 100 ml. from its solubility
product constant. Ksp. = 7.6 X 1077,

Let X be the number of moles of SrSOy in 1 liter of solution.

Since SrS0; is completely dissociated. there will be X moles of Sr++
ion and X moles of SO,~— ion in solution.

SrS04(solid) = Srtt 4+ SO~
X - X X
(SrtH)(SO——) = X2

X?=76X107=76 X108

X = 8.7 X 10 mole per liter

This is not only the concentration of the strontium ion and of the
sulfate ion, but it also represents the concentration of the total
amount of strontium sulfate in solution. The molecular weight of
strontium sulfate is 184. There are therefore

8.7 X 1074 X 184 = 0.16 g. SrSO, per liter or .016 g. per 100 ml.

Ezample 4.

Calculate the solubility of Mg(OH). in g. per liter from the solu-
bility product constant. (Ksp. = 8.9 X 10712).

X = number of moles of Mg(OH). dissolved — (total)
X = number of moles of Mgt+ ion in solution at equilibrium
2X = number of moles of OH~ ion in solution at equilibrium

(MgtH)(OH™)? = X(2X)? =4X?*=8.9 X 1072
X?=22xX10"*
X = 1.3 X 10~* mole per liter

The molecular weight of Mg(OH). is 58.3. Therefore the solubility
is
1.3 X 107 X 58.3 = 76 X 10~ = .0076 g. per liter
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Ezxample 5.

What is the concentration of the Agt ion in moles per liter left
in solution if AgCl is precipitated by adding enough HCI to a solution
of AgNO; to make the final Cl~ ion concentration 0.1 molar?

Ks v (AgCl) = 2.8 X 10-10
(AgH)(Cl) = 2.8 X 1010
(Ag') X 0.1 = 2.8 X 10~

2.8 X 1071
(Ag) = =5

01 = 2.8 X 107 mole per liter

Example 6.
(a) A solution contains .01 mole Cl~ ion and .001 mole CrO,——

ion per liter. Ag™* ion is gradually added to this solution in the form
of AgNO;. Which will be precipitated first, AgCl or Ag.CrO,?

Ksp. (AgCl) = 2.8 X 1010
Kgp (nggCl'O‘;) = 1.9 X 1012

(1) Calculate (Ag*t) necessary to precipitate AgCl.
(Agh)(Cl7) = (Ag*) X .01 =28 X 10710

9 —10
(Ag*) = 1&)%1]*0* = 2.8 X 10~® mole per liter

(2) Caleulate (Ag*) necessary to precipitate AgsCrO;.

(AgH)2(CrOy) = (Agt)? X .001 = 1.9 X 1012
1.9 X 10~

(Ag+)2 = '—‘—'m:.;—“‘ =19X107%=19 X 1071

(Ag*) = 4.35 X 10~° mole per liter

A greater concentration of Ag* ion is necessary to cause precipita-
tion of Ag.CrOy than AgCl, so AgCl will precipitate first.

(b) What will be the concentration of the Cl~ ion in this solution
when the Ag,CrQOq begins to precipitate by the continued addition of
AgNO;? Bear in mind that as the AgCl is precipitated by the addi-
tion of Agt ion the Cl~ ion concentration is reduced.

The Agt ion concentration necessary to precipitate the Ag,CrO,
is 4.35 X 10~° mole per liter. For this concentration of Ag* ion the
Cl- ion concentration will be
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28X 100 _ 28X [0-1
(Agh) 135X 105

= 6.44 X 10~® mole per liter

CI) = = 0.644 X 10~

(¢) What fraction of the amount of Cl- ion originally present re-
mains in solution when Ag.CrO, begins to precipitate?

(CI7) (original) = .01 mole per liter
(CI") when precipitation of Ag,CrO, begins = 6.44 X 107® mole per liter

6.44 X 108

= —4 = )
ol 6.44 X 10 000644

= .0644 percent of original Cl~ ion present.

Calculations Involving Both the Ionization Constant
and Solubility Product Constant
Example 7.
How many moles of NH,Cl must be added to 100 ml. of 0.1 M
NH,OH solution to prevent precipitation of Mn(OH), when this
solution is added to 100 ml. of a .02 M solution of MnCl,?

Ksp. (Mn(OH);) = 2 X 1078
K; (NH,OH) = 1.8 X 10-°

In working this problem consider the concentrations of all sub-
stances in the final solution after the two original solution~ are mixed.
The concentration of the Mn*+ ion will be .01 M and the Oll- ion
just necessary to begin the precipitation of the Mn(OII), can be
calculated from its solubility product constant.

(Mn**) X (OH7)?2 = .01 X (OH")? =2 X 1071
(OH-)2 =20 x 1012
(OH™) = 4.5 X 10~® mole per liter

If the (OH™) exceeds this calculated value, Mn(OH), will be
precipitated. To prevent precipitation, the (OH~) must be less
than this value. The (OH-) can be diminished by the addition of
NH,* ion, in the form of NH,Cl. The concentration of the NH,*
jion is equilibrium with this low concentration of OH~ ion can be
calculated from the K; for NH,OH.

(NH#)(OH-) .
(NHom - 18x10
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The concentration of the NH,OH is practically .05 mole per liter.

(NH,*) X 4.5 X 10°®

= —5
o5 1.8 X 10
1.8 X 10~° X .05
+ =
(NH,*) 4.5% 1078

= 0.2 mole per liter
= .040 mole per 200 ml.

Since this is the total amount of NH,* ion which must be added

in the form of NH,Cl, it is this amount which must be added to the
original 100 ml. of NH,OH. The amount of NH4* ion formed by
the dissociation of NH,OH is negligibly small and therefore has
been neglected in the calculations.

e

Questions and Problems

(In all of the following problems in this Chapter the hydrolysis
of the ions is neglected)

What is a heterogeneous equilibrium?

If solid barium sulfate is in equilibrium with its ions, Ba*t

and SO, —, in solution, will this equilibrium be effected by the

addition of more solid barium sulfate?

If in a saturated solution of silver chloride, the concentrations

of the Agt ion and CI- ion are each 1.67 X 105 M, what will be

the final concentration of the Ag* ion if sufficient sodium chloride

is added to the solution to increase the Cl— ion concentration

one hundredfold?

What are the conditions necessary for the precipitation of a

relatively insoluble salt?

5. If the product of the concentrations of the ions exceeds the

solubility product will precipitation always occur? Explain.

6. Is the solubility product for very small crystals the same as

that for large crystals?

7. Explain why small crystals would be expected to be more soluble

than large crystals.

What is the order of magnitude of the concentration of the ions
necessary to produce a precipitate visible to the naked eye?

If a cube 1 cm. on the side is divided into one million cubes
each of the same size, how much is the total surface increased?
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10.
11.
12.
13.

14.

15.

16.

Why do the surfaces of imperfect crystals adsorb substances to
a greater extent than do those of perfect crystals?

How may colloids be coagulated?

Explain the use of ‘“aluminon’ reagent in qualitative analysis.
Why are catalysts more active when prepared at low tempera-
tures?

The solubility of each of the following salts is given below in
terms of grams per 100 ml. of solution. Calculate the solubility
product constant for each substance.

Substance Solubility in grams

per 100 ml.
(a) AgCl 2.40 X 10
(b) AgBr 1.35 X 10~®
(c) Agl 2.15 X 1077
(d) BaSO, 8.95 X 10—
(e) Ag.CrO, 2.56 X 10~8
(f) CaCoO, 8.3 X 10
(g) SrF. 7.3 X 1073

The solubility product constants are given below for a few diffi-
cultly soluble substances. Calculate the solubility of each in
terms of grams of solute per 100 ml. of solution.

Substance Solubtlity Product Constant
(a) Mg(OH), 8.9 X 10~
(b) BaCO, 1.6 X 10°
(C) AngPO4 1.9 X 10—2
(d) Fe(OH), 6 X 10~
(e) Mg0204 8.6 X 10—5
(f) SrSO, 7.6 X 1077
(g) Cul 1 X 1071
(h) AgCN 1.6 X 10~

The solubility product constant for BaCrO,4 is 8.5 X 10-1. If
the concentration of the barium ion in a solution is .04 M, calcu-
late the minimum concentration of the chromate ion, in terms
of moles per liter, that will be required to begin the precipitation
of barium chromate, assuming that a supersaturated solution
is not formed. How many grams of sodium chromate must be
added to 200 ml. of water to produce this amount of chromate
ion?
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How many grams of silver chromate will dissolve in 100 ml.
of 0.1 M potassium chromate solution?

(a) Calculate the number of grams of PbS that would precipi-
tate from 1 liter of saturated solution of Pbl,, if the solution is
saturated with H,S, assuming that the concentration of the sul-
fide ion is kept at 1 X 10~ mole per liter.

(b) How many moles of Pb*+* are left in solution?

Calculate the number of moles of AgCl that will dissolve (a) in
1liter of 0.1 M KCl solution; (b) in 1 liter of 0.1 M CaCl. solution.
If AgNO; is added slowly to each of the following solutions,
calculate the concentration of the Ag* ion in the resulting solution
just after the first trace of precipitate appears.

(a) 0.1 M KBr solution. (b) 0.1 M K.CrOjy solution.

(¢) A solution containing 1 mole HCI and .001 mole KI per
liter.

The solubility of Pbl, is .058 g. per 100 ml. at room temperature.
(a) What is the concentration of Pb++? Of I-?

(b) Write the solubility product expression for Pbl,.

(¢) Calculate the solubility product constant for Pbl,.

The solubility product constant for calcium oxalate at room
temperature is 1.3 X 107°.

(a) What is the concentration of Ca** and of C,O4 ~ in a satu-
rated solution of calcium oxalate?

(b) Calculate the number of grams of calcium oxalate dissolved
in a liter of saturated solution.

The solubility product constant for lead iodate at room tempera-
ture is 2.6 X 10~ How many grams of lead iodate are required
to make 200 ml. of a saturated solution?

Calculate the concentration of the OH— in a saturated solution
of silver hydroxide.

How many grams of NaOH are required to start the precipitation
of Mg(OH), in 100 ml. of a solution which contains 0.1 g. of
MgCl,?

If to a liter of solution containing 0.1 mole of Agt enough Cl-
is added to make the final concentration of the Cl~ ion remaining
in solution 1 X 10~* mole per liter, what fraction of Ag* is left in
solution? (Assume no volume change.)

AgNO; is added to a solution containing .001 mole Cl~ and
.001 mole Br~ per liter. What are the concentrations of ClI-
and of Br~ remaining when the AgCl just begins to precipitate?
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28.

29.

31.

32.

How many grams of Ag+ are present in (a) 5 ml. of a saturated
solution of AgBr?

(b) 5 ml. of a saturated solution of AgCI?

How many moles of AgCl would dissolve in 1 liter of the follow-
ing solutions:

(a) 0.1 M NaCl (d) 0.1 M AgNO,

(b) 0.1 M KNO; (e) 1 X105 M HCI

(¢) Pure water

Solid AgCl is added to a 0.1 M KBr solution. What is the ratio
of the (CI7) to the (Br~) in the solution when equilibrium is
attained?

The solubility of the Agl is 2.15 X 10~7 g. per 100 ml. in water,
and that of AgCl is 2.4 X 10~* g. per 100 ml. Assuming that
there is no volume change when pulverized solid AgNOj; is added
little by little to 1 liter of a solution containing 0.1 mole of KCl
and 0.1 mole of KI:

(a) At what concentration of Ag+ will Agl first precipitate?

(b) At what concentration of Ag* will AgCl begin to precipitate?
(¢) Which precipitates first, Agl or AgCl?

(d) What will be the concentration of I~ when AgCl starts to
precipitate”

(e) What percentage of the I- initially present will remain in
solution when AgCl begins to precipitate?

(f) What will be the ratio of the concentration of Cl- to that of
I- in the solution when AgCl begins to precipitate? (Use result
of (d) to obtain answer.)

(g) When half of the Cl~ initially present has been precipitated
as AgCl, what will be the concentration of (1) Ag* and (2) I~ in
the supernatant liquid?

(h) What is the ratio of the concentration of Cl- to that of I~
in the supernatant liquid of part (g)?

The solubility of Pbl, is 1.28 X 10~* mole per liter and that of
Agl 9.2 X 10™® mole per liter at room temperature. Assuming
that there is no volume change when solid Nal is added slowly
to 1 liter of a solution which is .01 M in Pb*+ and .01 M in Ag*:
(a) At what concentration of I~ will Agl first precipitate?

(b) At what concentration of I~ will Pbl, first precipitate?

(c) Which will precipitate first, Agl or Pbl,?

(d) What will be the concentration of Ag* in the solution when
Pbl, first starts to precipitate?
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(e) What is, therefore, the ratio of the concentration of Pb++
to that of Agt at this point?

(f) When the concentration of Pb*+ has been reduced to half
of its original value, what will be the concentration of [-?

(g) Then what will the concentration of Ag* be at this concen-
tration of Pb++?

(h) What is then the ratio of the concentration of Pb*+ to that
of Agt at the point described in parts (f) and (g)? Compare with
the answer to part (e).

(i) When Agl and Pbl, precipitate together, show from the
solubility product constants that the concentration of the Ag* is
always proportional to the square root of the concentration of
the Pb*+ under these conditions.

(j) Why are the ratios found in parts (¢) and (h) not the same,
whereas similar ratios in Problem 31 were found equal?

How many moles of AgAc will dissolve in a liter of a 0.1 M
HNO; solution? (The Ksp for AgAc is 4 X 1073.) (Note that
in the resulting solution the concentration of HAc (unionized)
is approximately 0.1 31.)

A solution contains .01 M Mgtt and .05 M NH,Cl. How much
NH,OH must be added to 1 liter of this solution to begin the
precipitation of Mg(OH),?

How many grams of NH,Cl must be added to 50 ml. of 0.2 M
NH,OH to prevent the precipitation of Mn(OH). when this
solution is added to 50 ml. of .02 3 MnCl. solution?

If 50 g. of MgCl; and 50 ml. of 6 M NH,OH are added to enough
water to make 1 liter of solution, how much NH,CI in grams
must be added to this same solution to prevent precipitation of
Mg(OH).? (Assume no volume change.)

A solution is .01 M in hydrogen ion and 0.1 M with respect to
acetic acid. Calculate the concentration of the silver ion, in
moles per liter, that will be required to just start precipitation
of silver acetate.
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]

Polybasic Acids — Precipitation with
Hydrogen Sulfide

Polybasic acids are those acids the molecules of which have
more than one replaceable hydrogen atom and therefore dis-
sociate to produce hydrogen ions in more than one step. Di-
basic acids and tribasic acids, which are special classes of
polybasic acids, have two and three replaceable hydrogen
atoms respectively. Phosphoric acid, an example of a tribasic
acid, dissociates to produce hydrogen ion in three steps, which
are represented by the equations:

H3P04 = H2PO4_ + H+ (l)
H,PO,~ = HPO,~— + Ht (2)
HPO,~—— = PO,~——— + H* 3)

The process represented by equation (1) takes place to a
greater extent than either (2) or (3), and (2) to a greater ex-
tent than (3). The ions, H,PO,~ and HPO,~~, resulting from
the dissociation of phosphoric acid, are likewise acids and the
relative strengths of H;PO, and these ions as acids can be
readily determined by a consideration of the three dissociation
constants for phosphoric acid. The dissociation constant for
the process represented by equation (1) is 7.5 x 1073; for the
process represented by equation (2), 6.2 X 10~%; and for (3),
1 X 1072 A 0.1 molar solution of phosphoricacid dissociatesac-
cording to equation (1) to the extent of about 25 percent, while

180
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the concentration of PO,~~~ in this same solution produced
by step (3) is only about 107 molar. This small concentration
of PO,~—~ ion is the reason that most insoluble phosphates
cannot be precipitated from phosphoric acid solution.

Sulfuric acid, the commonest example of a dibasic acid, is
100 percent dissociated into H* and HSO,~ ions. The bisulfate
ion, which dissociates according to the equation

HSO,~ = Ht* + 80,~~ (4)
behaves like a weak acid. Its dissociation constant is
1.26 x 1072 and in a 0.1 molar H,SO, solution the concentra-
tion of the SO, is approximately .01 molar; i.e., about
10 percent of the HSO,~ dissociates in sulfuric acid of this
concentration. The bisulfate ion in a 0.1 molar solution of
NaHSO,, on the other hand, dissociates to the extent of about
30 percent. The dissociation of the HSO,~ in sulfuric acid
solution is less than that in a solution of NaHSO, of the same
concentration because the excess H* has a common ion effect
in the H,SO, solution and represses the ionization of the HSO,~.
There are no polybasic acids which are 100 percent dissociated
in every step of the ionization.

Two common examples of dibasic acids which are weak in
both stages of ionization are hydrogen sulfide, H.S, and car-
bonie acid, HyCOs.

The first stage in the dissociation of hydrogen sulfide pro-
duces hydrogen and bisulfide ions.

H.,S = H* + HS~ 4)
The HS— formed in this reaction in turn dissociates to form
hydrogen ion and sulfide ion.

HS-=H*+ S~ (6)
The equilibrium expression for the first stage (equation 5) is
HYHHST) _ »
HS) - K,=1x10 @
and for the second stage,
+ ——
HIST) _ g, -1.3x 1071 ®)

(HS7)
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It will be observed that the constant for the second stage of
jonization is almost 10° times smaller than that for the first
stage; the HS~ ion is a very much weaker acid than is H,S.
The bisulfide ion is such a weak acid that of the amount
formed by the dissociation of hydrogen sulfide only a very small
fraction dissociates. For this reason, the concentrations of
the H* and HS- ions are practically equal to each other in a
solution of pure hydrogen sulfide. The concentration of hy-
drogen sulfide in a solution saturated with the gas at 1 atmos-
phere pressure is very nearly 0.1 molar at room temperature,
25° C. With this information it is not difficult to calculate the
concentration of both the hydrogen ion and the bisulfide ion
in a solution saturated with hydrogen sulfide. Since only a
very small fraction of the hydrogen sulfide dissociates we may
consider the concentration of the undissociated portion of the
hydrogen sulfide to be 0.1 molar (the amount which dissociates
is negligible compared with 0.1). If we let X be the concen-
tration of the hydrogen ion at equilibrium, X will also be the
concentration of the bisulfide ion. We then have:

(HH(HS)  X* .
TS 00 1x10
X?=1x10"*
X =1x10"* molar = (H*) = (HS")

If hydrogen ion is added to a saturated solution of hydrogen
sulfide, the concentration of the undissociated hydrogen sulfide
molecules will not be changed appreciably but the concentra-
tion of the bisulfide ion will be decreased and its concentration
will be inversely proportional to the concentration of the hy-
drogen ion. The greater the concentration of the hydrogen
ion, the smaller will be the concentration of the bisulfide ion.

A calculation of the concentration of the sulfide ion involves
the second stage of ionization. For a saturated solution of
hydrogen sulfide, we have just calculated the concentration of
the hydrogen ion and of the bisulfide ion to be 1 x 10~* molar.
Since the dissociation constant for the second stage is so small,
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only a very small amount of the bisulfide ion dissociates; that
is, the second dissociation (equation 6) does not lower the
concentration of the bisulfide ion appreciably. Its concentra-
tion may then be considered to be 1 X 10~* molar even after
the second stage of dissociation has been taken into account.
Likewise, the amount of hydrogen ion produced by the second
stage of ionization does not add appreciably to the hydrogen
ion concentration produced by the dissociation of the H,S.
Hence we may take the final equilibrium value of the hydrogen
ion concentration to be the same as that calculated for the
first stage of ionization, namely 1 X 107* mole per liter. In
other words, even after the second stage of ionization has been
considered, the hydrogen ion and bisulfide ion concentrations
are practically the same. We may then calculate the sulfide
ion concentration:

HHE™) o _ 13
————(HS_) =K,=13x10

1 x107(S™7) _ 13
<0 1.3 x 10

(S—7) = 1.3 X 1072 mole per liter (9)

Since the concentration of the hydrogen ion of the numera-
tor in this expression cancels the bisulfide ion concentration
of the denominator, the concentration of the sulfide ion is
1.3 X 1073 molar. It will be noted that this value will be the
approximate concentration of the sulfide ion even though the
solution may not be saturated with hydrogen sulfide, for even
under these conditions the concentration of the hydrogen ion
and the concentration of the bisulfide ion will be practically
equal to each other and will cancel in the equilibrium expres-
sion, leaving the sulfide ion concentration still 1.3 X 107" molar.
In fact, for any weak polybasic acid the concentration of the
doubly charged anion is practically equal to the second ioni-
zation constant.

The product of the equilibrium expressions for stages one
and two of ionization (equations 7 and 8) is
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HYHHST)  HHES™) _ (HHH(S)

S X HY) T Hy  ~OxK-EKe (10
K»=1%x107"%x13x107% = 1.3 x 10-*
or
H)(S™D) _ 2
() = 18%10 (11)

This last expression cannot be used by itself to calculate both
the concentration of the hydrogen ion and the sulfide ion in a
solution which contains only hydrogen sulfide beecause both the
concentration of the hydrogen ion and the concentration of
the sulfide ion are unknown quantities and two equations are
necessary to solve for two unknowns. The other equation
necessary would involve K, alone. If the hydrogen ion con-
centration is determined from K, alone, then the sulfide ion
concentration may be determined from equations (8) or (11).

Since a saturated solution of hydrogen sulfide in water is 0.1
molar with respect to the gas, we may write

HI*GT) _ 35 10-m
S = 1310

or
(HH2(S™) = 1.3 X 1072 = Kyy(sat.) (12)

Equation (12) may be used when the hydrogen ion concentra-
tion of the saturated solution of H.S is known or calculated
from equation (7).

When the hydrogen ion is added to the solution in the form
of a strong acid then the sulfide ion concentration may be
determined from equation (12), since the hydrogen ion con-
centration is now known from the amount of strong acid
added; the amount produced by the dissociation of hydrogen
sulfide is negligible. For example, suppose we wish to calcu-
late the sulfide ion concentration in a saturated solution of
hydrogen sulfide to which hydrochloric acid has been added
to make the hydrogen ion concentration 0.1 molar. Applying
equation (12), we have
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(H)2(S™) = (0.1)((877) = 1.3 x 107

—21
(S—) = 5”50—113— — 1.3 X 10 molar

In the same way we may calculate the sulfide ion concentration
for solutions of any hydrogen ion concentration. The concen-
tration of the sulfide ion is thus inversely proportional to the
square of the hydrogen ion concentration. If the hydrogen
ion concentration is increased tenfold over that in any given
case, the sulfide ion concentration will accordingly be decreased
one hundredfold. The following table gives the sulfide ion
concentration for different solutions containing hydrogen sul-
fide. For the sake of completeness the table includes solutions
of the sulfides for which calculations of the sulfide ion con-
centrations are considered in the next chapter on hydrolysis.

TABLE 23

CONCENTRATION OF THE SULFIDE IoN IN
DIFFERENT SOLUTIONS

e S )
Solution (Molar Concentrations)
0.1 molar HoS 1.3 X 10718
0.1 molar HoS and 0.001 molar H* ion 1.3 X 1073
0.1 molar H,S and 0.01 molar H* ion 1.3 X 10777
0.1 molar H,S and 0.1 molar H* ion 1.3 X 10~
0.1 molar H.S and 1.0 molar H* ion 1.3 X 10~
0.1 molar (NH,).S 2 X 105

0.1 molar NapS 5 X 1072

Precipitation of the Sulfides. The concentration of the
sulfide ion, in a solution saturated with hydrogen sulfide and
which contains hydrogen ion in 1 molar concentration, has the
exceedingly low value of about 1.3 X 107! mole per liter. Since
there are 6 X 102 molecules in one mole, 1.3 X 1072 mole
per liter corresponds to about 800 sulfide ions per liter —
roughly, one ion per ml. (milliliter). Yet when this solution
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is added to one containing .001 mole of copper ion, Cu**, per
liter, a black precipitate is formed immediately. It might
seem inconceivable that such a small concentration of sulfide
ions could cause this rapid precipitation of cupric sulfide, CusS,
if the reaction mechanism were the simple combination be-
tween sulfide and cupric ions as represented by the equation,

Cut* + S~ = CuS(solid) (13)

The concentration of the bisulfide ion in such a solution is
very much larger than the concentration of the sulfide ion,
and conceivably the bisulfide ion, HS™, could combine with
the cupric ions, and hydrogen sulfide would be liberated in
such a way that the final result would be

2HS~ + Cutt = CuS(solid) + HsS (14)

In fact, it is not out of the question that an unstable inter-
mediate compound, Cu(HS),, could be formed which immedi-
ately breaks down to form CuS and H,S. Such processes are
known in the formation of oxides by precipitation. For ex-
ample, when a solution of silver nitrate is added to one of
sodium hydroxide, there results a dark brown precipitate of
silver oxide, Ag,O. If the solutions used are dilute, a yellow-
brown precipitate is first observed, very probably AgOH, and
this changes to the brown precipitate of silver oxide with the
loss of water,

2AgOH = Ag20 + H,0 (15)

Likewise, cupric hydroxide, Cu(OH),, a blue precipitate formed
by the addition of a sodium hydroxide solution to one con-
taining cupric ion, such as a copper sulfate solution, slowly
changes to black cupric oxide, CuO, when the precipitate is

heated to 100° C.
Cu(OH), = CuO + H.O (16)

Sulfur and oxygen are in the same group in the periodic
system, and hydrogen sulfide is therefore the analogue of
water. Since hydrogen sulfide dissociates in two steps to give
sulfide ions, so water undoubtedly does the same to give the
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oxide ion, O™~ ion, but since we have no means of measuring
the oxide ion concentration, we have neglected it entirely. The
oxide ion must be present at extremely low concentration,
much lower than that of the sulfide ion in water solution. In
view of these considerations it would not be surprising if we
found that in the case of the precipitation of a sulfide the un-
stable hydrosulfide first formed and the breakdown of this to
the sulfide and hydrogen sulfide then occurred.

The mechanism of the formation of a sulfide precipitate, or
any precipitate for that matter, is immaterial in our calcu-
lations or reasoning involving the solubility product principle.
We always assume that equilibrium is maintained, and when
such is the case, the concentrations of the substances left in
solution are those calculated by this principle, provided of
course that the data upon which the calculations are based
(solubility product constants) are correct. The precipitation
of a given sulfide will take place for a given sulfide ion concen-
tration even though this sulfide precipitate is not formed
directly from its ions. The equilibrium involving a relatively
insoluble salt in solution behaves as though the reaction takes
place directly between its ions, regardless of what intermediate
compounds may be formed. Equilibrium has to do only
with the final result and not with the means by which
the result is obtained.

The Separation of Sulfides into Groups. If the concen-
tration of the sulfide ion in a solution containing some metal ion,
Me**, is so small that the product, (Me**)(S—~), does not
exceed the solubility product constant for the metallic sulfide,
then no precipitate will be formed. On the other hand, if the
sulfide ion concentration is such that this product exceeds the
solubility product constant, then a precipitate will appear
providing (1) that a supersaturated solution is not formed and
(2) that the amount of the metallic ion in the solution is suffi-
ciently great to give a visible effect. The largest concentration
of hydrogen ion which can be used conveniently in analysis is
about 1 molar. This concentration of hydrogen ion in a
saturated solution of hydrogen sulfide, as we have seen (see
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Table 23), provides & sulfide ion concentration ot about 107*
molar. It has been shown experimentally that sulfide precipi-
tates are not visible if they are precipitated from solutions
more dilute than 10~* molar. This concentration is therefore
taken as the limit of visibility of the precipitate. Therefore
any sulfide of a bivalent metallic ion for which the solubility
product constant is smaller than the product (107*x 107
= 10~%) should be precipitated in barely detectable amounts
in a solution which is 1 molar in hydrogen ion. By referring
to the table of solubility product constants for some of the
sulfides given in the Appendix, it will be observed that the
sulfides of cadmium, copper, lead and mercury are included
in this group. Other sulfides with greater solubility product
constants require a greater sulfide ion concentration, hence a
smaller hydrogen ion concentration, to bring about precipi-
tation.

The sulfides are then divided into two groups, (1) those which
precipitate in acid solution and (2) those which precipitate
in solutions of low hydrogen ion concentration. In practice
one group is often precipitated in acid solution and filtered,
the other group is precipitated by hydrogen sulfide after neu-
tralizing the solution and making it alkaline. This last pro-
cedure then increases the sulfide ion concentration sufficiently
to precipitate all sulfides that were not precipitated in the acid
solution.

In practically all cases the precipitation of a metallic sulfide
requires a much smaller H* ion concentration (larger S~ ion
concentration) than is necessary to dissolve the already precipi-
tated sulfide. This may be explained on the basis that crystal
nuclei of the sulfides are not present in the solution and that
higher concentrations of S~ ion are necessary to form them.
Once these have been formed the precipitation takes place
rapidly. In the case of some sulfides, notably NiS, CoS, and
ZnS, the freshly precipitated sulfide is not in the form of perfect
crystals — somewhat amorphous. This freshly precipitated
form of the sulfide is less stable than the crystalline form.
However, there is good evidence to indicate that the freshly
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precipitated form rapidly rearranges to the more stable crys-
talline form and therefore becomes less soluble in acid solu-
tion. The solubility product therefore varies with time. For
some purposes we need to know the solubility product of the
most stable form. However, for purposes of qualitative
analysis we should like to know the solubility product of the
freshly precipitated form, for it is with that form that we are
dealing. The solubility product constants given in Tables in
the Appendix, wherever data are available, are those of the
freshly precipitated product. The solubility products of the
sulfides are less reliable than those of other relatively insoluble
precipitates.

The Precipitation of Ferrous and Zinc Sulfides. If
acetic acid is added to a solution which is 0.1 molar with respect
to both ferrous, Fet*, and zine, Zn*™, ions, until its concentra-
tion is approximately 0.1 molar, and then hydrogen sulfide is
passed into this solution, a white precipitate of zinc sulfide will
be formed. Under these conditions ferrous sulfide, FeS, which
is black, is not precipitated. The hydrogen ion concentration
of a 0.1 M acetic acid solution is approximately 10~° M.
From equation (12) we calculate the sulfide ion concentration
to be about 10~ M. Since precipitation occurs we may now
conclude that the solubility product constant for zinc sulfide,
ZnS, is less than 1071 x 10~ or 107, Since the ferrous sulfide
does not precipitate under these conditions we might conclude
that the solubility product constant for ferrous sulfide is greater
than 10715, However, we should not be entirely justified in
this conclusion for (1) a supersaturated solution may form and
(2) the solubility product is different for the first formed small
crystals. The value given in the tables is usually determined
for large crystals. As a matter of fact, the solubility product
constant given in the tables (see the Appendix) for ferrous
sulfide (4 x 1077) is slightly smaller than 1076, The data from
which we made our calculation may be in error by this small
amount (a factor of about two or so) or the effects of super-
saturation and small crystals may play a significant role here.

If sodium acetate is added to the solution considered above,
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a black precipitate of the ferrous sulfide is obtained. The
effect of the addition of sodium acetate is to lower the con-
centration of the hydrogen ion through the formation of the

weak acetic acid.
H+ + Ac— = HAe

Lowering the hydrogen ion concentration raises the sulfide ion
concentration to a point sufficient to cause the precipitation of
ferrous sulfide. The same result could have been achieved by
the addition of either sodium hydroxide or ammonium hy-
droxide. The hydroxide ion is even more effective than the
acetate ion in reducing the hydrogen ion concentration.

When any metallic sulfide is precipitated with hydrogen
sulfide the hydrogen ion concentration in the solution is in-
creased during the course of the reaction.

H,S + Met* = MeS,* + 2H* a17)

This increase in hydrogen ion concentration may become great
enough to render the precipitation incomplete. However, if
hydroxide ion, acetate ion, ammonium hydroxide, or any ion
or molecule which combines with hydrogen ion, is present in
the solution the reaction proceeds readily with the formation
of the sulfide, MeS.

While a 10~* molar solution of the metallic ion is the approxi-
mate limit of visibility of a precipitate, yet this is not the
lower limit of concentration which will discolor some other
precipitate which might be formed. For example, if zinc sul-
fide, which when pure is white, is precipitated from a solution
which contains only a slight trace of ferrous ion, the resulting
precipitate will be gray. In fact, zinc sulfide seldom appears
pure white when other ions are also in the solution. The small
amount of ferrous sulfide which gives rise to the gray color
may be prevented from precipitating by dissolving the gray
precipitate in acetic acid and diluting to about 0.1 molar and
again adding hydrogen sulfide. The presence of the hydrogen
ions from the acetic acid lowers the sulfide ion concentration

* (8) is used to denote a solid phase.
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to a value which will prevent the formation of ferrous sulfide
and the zinc sulfide will now appear white.

The precipitation of zinc sulfide and ferrous sulfide have been
discussed here in order to show the important rdle that the
hydrogen ion concentration plays in the precipitation of sul-
fides. The solubility product constants of copper and mercuric
sulfides are so small that the hydrogen ion concentration can-
not be increased sufficiently to prevent precipitation. Any
sulfide which precipitates from acid solutions will of course
precipitate from alkaline solutions for which the hydrogen ion
concentration has a smaller, and the sulfide ion concentration
a larger value.

Carbonic Acid and the Precipitation of the Carbonates.
The ionization of carbonic acid in two steps is entirely analo-
gous to the ionization of hydrogen sulfide. These two steps are
represented by the equations:

H,CO; = H* + HCO;~ (18)
HCO:;_ = Ht + COs-__ (19)

and

The bicarbonate ion, like the bisulfide ion, is a very muck
weaker acid than the acid from which it is derived. The dis-
sociation constants for carbonic acid, however, are somewhat
larger than the similar constants for hydrogen sulfide.

(HY)(HCO;™)

Ao - 42X 107 (20)
and (H#)(COs)
\ ™ 3 - —11
GO~ = 48107 1)

By multiplying equation (20) by equation (21), we obtain
HH)HCO,T) | (HY)(CO7) _ (HH*(COs~7)
(H.COs) (HCOs7) (H:COs)
=42x107"x 4.8 x 10~

Therefore,
HH*COs )

dLCo)— ~ 2 X107 (22)
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A saturated solution of carbon dioxide in water at 1 at-
mosphere pressure and at 25° C contains about .034 mole per
liter. Since in this solution such a small fraction of the acid
dissociates, the undissociated portion is present at very nearly
the same concentration, i.e., .034 molar. Since the second
stage of ionization occurs to an extremely small extent, it may
be neglected in calculating the concentration of the hydrogen
ion or the concentration of the bicarbonate ion. If X is the
concentration of each of these ions then, according to equa-
tion (20),

(H*)(HCO;7) X

—_ —_ —7
(H,C0;) 034~ +2x10

X?=143x107°=1.43 x 10~®
X = 1.2 X 107* mole per liter = (H*) = (HCO;™)

In calculating the carbonate ion concentration in such a
solution from equation (21), we observe that since the hydro-
gen ion and bicarbonate ion concentrations are very nearly
the same, they cancel in this expression and the carbonate
ion concentration is equal in value to the second ionization
constant, namely, 4.8 X 107" mole per liter.

The insoluble carbonates differ markedly from the sulfides
in the magnitude of their solubility product constants; the
solubility product constants for the most soluble of the so-
called insoluble sulfides are considerably smaller in magnitude
than those for the least soluble of the carbonates. Whereas
most of the sulfides can be precipitated by the addition ol
hydrogen sulfide to solutions of their salts, this is not the case
for any of the carbonates. They cannot be precipitated by the
direct addition of carbon dioxide gas to solutions containing
the appropriate metal ions. The product of the concentrations
of the carbonate ion and the metal ion in such solutions is not
larger than the solubility product constants of the respective
carbonates. From an inspection of the values of the solubility
product constant of lead carbonate it might appear that it
could be precipitated from a solution containing lead ions by



Examples of Problems 193

the direct addition of carbon dioxide gas, but the salts of this
metal hydrolyze (subject to be considered in the next chapter)
sufficiently to give an appreciable hydrogen ion concentration,
which in turn lowers the carbonate ion concentration. Just
as in the case of hydrogen sulfide where an increase in the hy-
drogen ion concentration is accompanied by a decrease in the
sulfide ion concentration, so in this case increasing the hydrogen
ion concentration decreases the carbonate ion concentration.

The insoluble carbonates can then be precipitated only when
the carbonate ion concentration is increased. This may be
easily brought about by lowering the hydrogen ion concentra-
tion through the addition of a base. As a matter of fact, car-
bonic acid is not used for the precipitation of the carbonates
but rather solutions of soluble carbonates such as sodium
carbonate or ammonium carbonate, in which the concentration
of the carbonate ion is relatively high. In qualitative analy-
tical procedures these soluble carbonates are used to precipitate
CaCQ;, SrCO;, and BaCQOs;.

Examples of Problems Involving Polybasic Acids
and Sulfide Precipitation

Ezxample 1.

Calculate the CO;~— concentration in a solution which is 0.1 molar
in HCI and saturated with CO, at 1 atmosphere. In this solution
the solubility is practically the same as that in water, namely
.034 molar.

Since HCI is a strong acid the Ht concentration is 0.1 M. The
increase in the concentration of this ion, because of the dissociation of
H.CO;, is negligibly small and may be left out of consideration.

(HH)*(COs~7)

— —17
(009~ 2% 10
(0.1)*(CO5-) _ -
031~ 2x10
(C()s——) = w = 6.8 X 10~V M

10—
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Example 2.

Calculate the (H*) necessary to give a (S77) of 1 X 10~'® molar
in a saturated solution of hydrogen sulfide. H,S is soluble to the
extent of 0.1 M.

F)2(Q——
HDET) (%Ifg) ) _ 13 107

+)2 —18
A XX 13% 10w

(HH?2=13X%X 10" =13 X 10~*
(H) =3.6x 102 M
Ezxample 3.

Calculate the minimum (H*) necessary to prevent precipitation
of ZnS when a .01 M ZnCl, solution is saturated with H,S. The Ks.p.
for ZnS = 1 X 10~2.

The (S——) below which no precipitation of ZnS takes place can
be calculated from the solubility product constant.

(Zn*tt)(S~7) = .01 X (8—7) =1 X 107%,
(8—)=1x10"4
The (H*) which will be in equilibrium with this (S=~) may be
obtained from the expression
HH2S- ) _ (HND2X1X 1078
(H.S) 0.1

(HH)?2=13X10"*= 13 X 10™*

(Ht) = 3.6 X 10~% = .036 M

=13 X107

Note: This answer should be regarded as only an approximation,
inasmuch as the solubility product for freshly precipitated ZnS, like
that of many sulfides, is not accurately known.

Example 4.

A solution contains .02 mole of Cd+* ion, .02 mole of Zn** ion,
and 1 mole of HCI per liter, and is saturated with HsS at room
temperature.

(a) What is the concentration of the S~ ion in this solution?

(b) Will CdS precipitate?

(¢) Will ZnS precipitate?

Since the solubility of HzS in the solution is 0.1 M then we may
write
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(HH28—) _ (HH*S—) _
R 01 =13X 102

or (HH)2(S—-) = 1.3 X 1072
If the (H+) is 1 M, then
((S——) = 1.3 X 102 and (S—) = 1.3 X 1072

If precipitation of both sulfides takes place, then at equilibrium
the reactions are

CdS = Cd*+ + 8-~
ZHS(” = Zntt + S—-

The solubility product expressions are respectively

(Cd+)(S~) = 6 X 107
(Zn+)(8=7) = 1 X 10

In the case of CdS, the ion product, (.02)(1.3 X 107%) = 2.6 X 107%,
is greater than the solubility product constant, so CdS precipitates.
On the other hand, the ion product for ZnS, 2.6 X 10~%, is less than
the solubility product constant, so ZnS does not precipitate.

Example 5.

Calculate the concentration of the POy~~~ ion in a 0.1 M solution
of H;PO,.

The H3PO; ionizes in three stages, as follows:

H,PO, = H+ + H.PO,~ (1)
HgPOr = H+*+ HPO,~—— (2)
HPO - = H* + PO, —— 3)

The equilibrium expressions for the three stages of ionization are
respectively
(H*) (H-PO4)
(H;POy)
(HY)(HPO, )
(HsPOy)

=K, =75x10"*

=Ky, = 62X 10-®
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First calculate (H*) and (H.PO,~) from the first stage of ionization.
H3P04 = H+t + H2P04_
Concentrations: 01-X X X

(HH(H,PO) X2
(H;PO)  01-X

Since the ionization constant is relatively large, X cannot be neg-
lected in the denominator. Therefore

2=75X102(01-X)=75X10*—-75X 10?3 X

or X2475X103X —-75X 104 =0
Solution of the quadratic equation (see Appendix) gives X = 2.4 X
102 M = (H+) = (HzPO.f)

Now calculate the (HPO,~~) fram the second stage of ionization.

H2P04_ = H+ + HP()4_—

Concentrations: 24xX102-X) (24X102+X) X
Therefore

(HH(HPO, ) (2.4 X 102 + X)(X)
(H,PO) (24X 102-X)

Since the ionization constant is small, the value of X is negligible
as compared with 2.4 X 10~?; consequently, X may be neglected
when it is subtracted from or added to this number. Then

X =MHPO—)=62X10°M

Finally calculate (PO,~—~) from the third stage of ionization.

Therefore =7.5X10"%

=6.2X 108

HPO,— = H* + PO~
Concentrations: (6.2X 108 - X) (24 X 1024+ X) X
Therefore
HH(PO) _ (24 X102+ X)(X) _ 1 % 10-12
(HPO, ) (6.2 X 1078 — X)

Again neglecting X in comparison with 2.4 X 102 and with 6.2 X 108
on the basis of the extremely small value of the ionization constant
(1 X 102), the expression becomes

(2.4 X 10-%)(X)

- —12
G2xio® —1x10
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_ (1x1072)(6.2 X 10-9)
(24 X 107?)

Therefore X = (PO,~—~) = 2.6 X 10~8 M. The concentration of the
PO~~~ ion in a 0.1 M solution of H;PQy is approximately 10~'8 M.

X = 2.6 X 1078

Example 6.

To 50 ml. of 0.11 M CdSO, solution is added 5 ml. of 3 M HCI
solution. The mixture is then saturated with H.S at room tempera-
ture and CdS is found to precipitate. What is the concentration of
the Cd** ion left in solution? (Do not neglect the (H*) produced
by the reaction.)

Before precipitation the (Cd++) has a value of 22 X 0.11 or 0.1 M.
The (H*) is £ X 3 or 0.28 M. The reaction which takes place as
the CdS precipitates is

(jd'}"+~ + H2S = CdS (8) ‘+‘ 2H+

Since the reaction proceeds practically to completion, the increase
in the (IIt) during the course of the reaction is 0.2 M. Thus, the
total (H*) in the solution when equilibrium is reached is 0.28 M
+0.2 M or 0.48 M. In a solution of this (H*), saturated with H,S,
the (5—) is
(HH(S—) =13 Xx 10
(0.48)2(S—) = 1.3 X 10~
(S—) =5.6 X 1072

Since the Cd** ion is in equilibrium with the S—— ion,

(CdtH)(S~7) = Ksp. =6 X 1077
(Cd*+H) (5.6 X 10-2) = 6 X 10~
(Cd+) = 1.1 X 105 M

Therefore, the (Cdt+) left in solution is 1.1 X 10~¢ mole per liter.

Questions and Problems

1. Sulfuric acid is usually regarded as a strong acid. In what re-
spect could it be placed in the category of weak acids?

2. Explain without calculation why zinc sulfide cannot be precipi-
tated from a solution which is 1 molar with respect to H* while
copper sulfide can.

3. Is it necessary that we know the mechanism or steps by which a
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10.

11.

12.

given reaction takes place in order to apply the Law of Mass
Action to an equilibrium involving this reaction?

How could you precipitate ZnS from a solution containing Zn**
and Fett without precipitating FeS?

Why cannot insoluble carbonates be precipitated from solution
by CO. or H,CO; in a way that is analogous to the precipitation
of the sulfides by H.S?

Explain why it is not possible to precipitate slightly soluble
phosphates from solution with phosphoric acid.

Explain why BaCO; dissolves in dilute HCI solution while BaSO,
does not.

What is the concentration of the C,O,~~ ion in a 0.1 M H,C,0,
solution? Will such a solution precipitate MgC,04 if MgCl; is
added to make the solution 0.1 M with respect to Mg*+ ion?
(Note: in the H,C;O4 solution the concentration of the H* ion
is practically the same as that for the HC,O4~ ion.)

. What is the concentration of the S—— ion in a solution saturated

with H,S at one-half atmosphere pressure and room temperature?
What is the concentration of the H* ion in this solution? (The
solubility of a gas is proportional to the saturation pressure —
Henry’s Law.)

What is the Ht concentration in a water solution of H,CO;
saturated with CO, at a pressure of 500 lb. per square inch
(34 atmospheres)? (A solution saturated with CO. at 1 at-
mosphere pressure at the same temperature contains .034 mole
CO, per liter. Assume Henry’s Law applies.)

Calculate the concentration of the Ht ion in the following solu-
tions. Neglect all but the first step of ionization.

(a) 0.1 M H.,COs (e) 0.2 M CICH,COOH
(b) 0.01 M H,CO;, () 0.1 M HPO,

(d) 0.04 M H;BO;
Solutions of HCIl are saturated with H,S. From the total H*
ion concentrations given below, calculate the corresponding S——
ion concentrations.

H+ concentration

(a) 1X10* M d 1xX10'M
(b) 1 X10* M ) 1 M
(e) 1 X102 M



13.

14.

15.

16.

17.

18.

19.

20.

21‘

Questions and Problems 199

Plot the results of problem (12) using (H*) as ordinates and
(S——) as abscissae. It may be convenient to save this plot for
future reference.

Five ml. of 6 M HCI is added to 95 ml. of a solution containing
1g. ZnSO4 and 1 g. CdSO,, and the solution is saturated with H,S
at room temperature.

(a) What is the concentration of the H+ ion before H,S is intro-
duced?

(b) What is the concentration of the S—— ion after the solution
becomes saturated with H,S?

(¢) Will CdS precipitate?

(d) Will ZnS precipitate?

(e) Explain your conclusions in detail.

Hydrogen sulfide is gradually added to a neutral solution which
is 0.1 M in Cd*t+ ion and 0.1 M in Zn** ion. Calculate the con-
centration of the Cd++ ion when ZnS begins to precipitate.

To 100 ml. of a hot .03 M solution of PbCl, is added 5 ml. of
6 M HCIl solution. When the resulting solution is saturated with
H.S, PbS precipitates. How many moles of Pb*+ ion are left
in solution after it has cooled to room temperature? (Do not
neglect the H+ ion produced by the reaction.)

Hydrogen sulfide is added to separate solutions containing 50 mg
each of the following positive ions in 1 liter of solution. What
is the S~ ion concentration when precipitation begins?

(a) Cutt (b) Pb*+t (¢) Zntt (d) Hgtt (e) Cd+

A quantitative determination of zinc as ZnS is to be made
What must be the maximum concentration of the H* ion in the
solution if no more than 0.3 mg. of Zn*+ ion is to be left in a
J00 ml. sample of the solution when saturated with H.S?
Calculate the S—— ion concentration in a 0.1 M acetic acid solu-
tion which is saturated with H,S.

Calculate the approximate concentrations of the following ions
in a .05 M solution of phosphoric acid.

(a) H (b) H.PO,~ (¢) HPO,— (dy PO~~~

Ten ml. of 3 M HCI is added to 200 ml. of a solution containing
.05 mole of CuSO4 and .05 mole of CdSO,, and the solution is
saturated with H,S at room temperature. Both CuS and CdS
precipitate. How many moles of Cu** ion and of Cd*+* ion are
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23.

left in solution? (Do not neglect the H* ion produced by the
reactions.)
What must be the minimum concentration of a HCI solution to
dissolve .01 mole of freshly precipitated ZnS in a liter of the
solution?
What must be the minimum concentration of a HCI solution to
dissolve .01 mole of CuS in a liter of the solution? Would it be
possible to dissolve the CuS under these conditions?
One-tenth mole of Na,SO; and 0.1 mole NaHSO, are added to
enough water to make 100 ml. of solution. What is the H* ion
concentration in this solution? HSO, ion is a weak acid with a
dissociation constant equal to .0126

This solution is then made .02 M with respect to each of the
ions, Zntt, Cott, and Nit+. It is then saturated with I,S.
Show by calculation that all three sulfides should precipitate.
In practice only ZnS precipitates under these conditions. This
is due to the fact that the rate of precipitation of ZnS is rapid
whereas the rate of precipitation of CoS and of NiS is too slow
under these conditions.
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10

The lonization of Water — Hydrolysis

The Equilibrium between Water and Its Ions. Water
is often regarded as a non-conductor of electricity. When the
instruments used in measuring conductance are not exceedingly
sensitive and when the voltage used is not exceedingly high,
pure water shows no appreciable conductance. Very sensitive
instruments, however, show that pure water actually does con-
duct electricity to a very small extent. This conductance is
due to the dissociation of a very small fraction of the water
molecules into hydrogen and hydroxide ions, and in pure water
the concentrations of these ions must be identical. Therefore,
water may be regarded both as an acid and as a base.

Since water is the medium in which all electrolytes are
dissociated and since water solutions are by far the most com-
monly occurring solutions in chemistry, the equilibrium be-
tween water and its ions is one of the greatest importance in
all phases of chemistry that deal with solutions, not only in
qualitative analysis but particularly in the chemistry of all
plant and animal systems.

The reaction representing the equilibrium between water
and its ions is

H.0 = H* + OH~ n

If we followed the previously discussed rule regarding « ,uilib-
rium constants, we would write the equilibrium expression for

the reaction
201
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(HY) (OH-)
(H,0)
But the concentration of the hydrogen and hycroxide ions is
so small in comparison with the large concentration of un-
dissociated molecules that, for all practical purposes, the con-
centration of the undissociated molecules (denominator of
above expression) may be regarded as a constant. One liter
of water contains 55.5, i.e., 2932, moles of water, and if this
concentration should vary as much as 0.1 of a mole in any
given reaction, the change in the concentration of the water
molecules, (H:0), would be negligible. Suppose, for example,
that 0.1 mole of water was used up by some reaction which
also involved this equilibrium. The amount of water left in
the original 1 liter of solution, after the reaction was completed,
would now be 55.4 moles instead of 55.5 moles. The difference
between these two values is less than 0.2 percent and for all
practical purposes we may regard the concentration of the
undissociated water molecules as not having changed, i.e.,
(H:0) is constant. ‘
We may, therefore, write

(H*)(OH") = K(H0)

(H*)(OH™) = K X constant

(H*)(OH") = Ky (2)
where Ky = K X constant = K(H,0). K, is known as the
dissociation constant of water. It has a value of 1 x 1071
at room temperature. This means that for pure water

(H")(OH™) =1 x 10~

=K

and
(H*) = (OH™) = 1 x 1077 mole per liter

The equilibrium existing between water and its ions (not
the value of the equilibrium constant) can be shifted or changed

(1) by the addition of hydroxide ions in the form of a base
or by the addition of hydrogen ions in the form of an acid, or

(2) by the removal of hydrogen ions or hydroxide ions
through the addition of some other substance.

Let us consider the equilibrium between water and its ions
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(equation 1) and reiterate what is meant by the shifting of an
equilibrium. By increasing the concentration of any of the
substances on the right side of the equation, hydrogen ion or
hydroxide ion, the equilibrium is shifted to the left. The
equilibrium cannot be shifted to the right by increasing the
concentration of the substance on the left for there is no way
in which we can increase the concentration of water. The
water molecules are already as close together as it is possible
for them to be. By decreasing the concentration of either the
hydrogen ion or the hydroxide ion, however, the equilibrium
is shifted to the right.

Suppose some sodium hydroxide is added to pure water.
This increases the concentration of the hydroxide ion with
the final result that the hydrogen and hydroxide ions are still
in equilibrium with each other, but the conditions of equilib-
rium are not the same as those existing in pure water. Strictly
speaking, we should not say that the equilibrium is changed,
for in the end condition there is still an equilibrium involving
the same substances and the value of the equilibrium con-
stant remains the same, but the conditions of equilibrium are
changed. During the change in the conditions of equilibrium
it is necessary that the concentration of the hydrogen ion
decrease because the concentration of the hydroxide ion in-
creases. The only way that the concentration of the hydrogen
ion can decrease is by the combination of the hydrogen ions
with some of the hydroxide ions to form water. In other words,
the equilibrium under these conditions is said to shift from
right to left to establish the new conditions; i.e., referring to
equation (1), the reaction that re-establishes equilibrium is
that proceeding from right to left. The original concentrations
of the hydrogen and hydroxide ions were each 10~7 molar before
the extra hydroxide ions were introduced. If the final con-
centration of the hydroxide ions, after equilibrium was re-
established, was 1075 molar, i.e., 100 times larger, then the
final concentration of the hydrogen ion must be 10~° molar or
100 times smaller than originally. Thus, under these new
conditions,
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(H*)(OH™) = 10 x 1075 = 10~

The concentration of the hydrogen ion is always inversely
proportional to the concentration of the hydroxide ion. If
one is increased tenfold, the other must be decreased tenfold;
if one is increased fiftyfold, the other must be decreased fifty-
fold of the original concentration. In no case does the con-
centration of either the hydroxide ion or the hydrogen ion be-
come zero, because the Law of Mass Action would then require
the concentration of the other ion to be infinite. The con-
centration of the hydrogen ion in a 1 molar solution of sodium
hydroxide is about 107 molar. Likewise, the concentration
of the hydroxide ion in a .01 molar solution of hydrochloric
acid is 1072 molar.

In the process of removing one of the ions of water by the
addition of some other substance, new conditions of equilib-
rium are established by the dissociation of water to produce
more ions and the equilibrium is shifted to the right (equa-
tion 1). It is with this process of partial removal of one of
the ions of water that we are concerned in the problem of
hydrolyszs.

Hydrolysis. To understand better the process of hydrolysis
let us consider this same equilibrium from a kinetic standpoint;
i.e., from the standpoint of the motions of the molecules. In

the equilibrium
H.O = H* + OH~

we may regard the reaction proceeding from left to right, as
taking place through collisions of water molecules with each
other. In the reverse reaction it is necessary that hydrogen
ions and hydroxide ions collide with each other to react and
form water molecules. At equilibrium both processes are pro-
ceeding at the same rate; as much water forms as dissociates.
Now if it were possible to capture and remove a large part of
the hydrogen ions as fast as they are formed, how would this
equilibrium be affected? Water molecules would continue to
dissociate at the same rate as they did previously, and since
under these conditions the hydroxide ions could find fewer
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hydrogen ions, the reverse reaction would be temporarily
blocked and the hydroxide ions would accumulate and increase
in concentration.

There are substances which capture hydrogen ions and
thereby cause an increase in the hydroxide ion concentration.
The negative ion of any weak acid is a captor of hydrogen ions
since a weak acid is formed. This process of capture does not
go on indefinitely, for evidently the weak acid will itself dis-
sociate to some extent to give hydrogen ions and a negative
ion, eventually feeding hydrogen ions back into the medium at
the same rate at which they are removed. The net result is
that some hydrogen ions are removed and the number of hy-
droxide ions is increased.

This is the process taking place in hydrolysis. Let us con-
sider a specific case, that of adding sodium acetate to water.
The acetate ions, Ac™, from sodium acetate capture some of
the hydrogen ions from water to form weak acetic acid mole-
cules.

The acetic acid molecules dissociate to give back hydrogen
ions, but a great number have been effectively removed from
the medium and as a consequence the concentration of the
hydroxide ion is increased. Another way of expressing this is:
when acetate ions are added to the solution both acetate and
hydroxide ions are competing for the hydrogen ions and there-
fore the concentration of the hydrogen ion is lowered. Reason-
ing on the basis of the equilibrium expression for water, the
hydroxide ion concentration must be increased if the hydrogen
ion concentration is decreased.

Similarly, the hydroxide ion may be captured, thereby in-
creasing the concentration of the hydrogen ion. Ammonium
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ion, NH,*, is a captor of hydroxide ions. Any salt of am-
monium hydroxide, such as ammonium chloride, ammonium
sulfate, or ammonium nitrate, when added to water, will
hydrolyze to produce a small amount of NH,OH and give an
acid solution. It follows then that salts of weak acids and
strong bases give alkaline solutions (OH™ ions in excess) and
salts of strong acids and weak bases give acid solutions (H*
ions in excess).

Salts of strong acids and strong bases do not hydrolyze.
The ions of these salts do not have the ability to capture either
hydrogen ions or hydroxide ions. To illustrate this point let
us consider a solution of sodium chloride which is a salt of a
strong acid (HCIl) and a strong base (NaOH). In this solution
neither the sodium ion nor the chloride ion has any tendency
to capture either the hydrogen ion or the hydroxide ion, for
both HCl and NaOH in solution are 100-percent ionized.

The salts of weak acids and weak bases hydrolyze to a rela-
tively large extent, capturing both the hydrogen ion and the
hydroxide ion, and their solutions will be either basic or acidic
depending upon which is the weaker, the acid or the base
formed in the hydrolysis process. For example, a solution of
ammonium cyanide, NH,CN, will give an alkaline reaction
because hydrocyanic acid, HCN, is weaker as an acid than is
ammonium hydroxide as a base; that is, HCN tends to hold
the hydrogen ions more tightly than NH,OH holds the hy-
droxide ions.

We may write the reaction occurring during the hydrolysis
of sodium acetate as follows:

Ac™ + H.O = HAc + OH™ 3)

The reaction proceeding from left to right is that which repre-
sents the capture of hydrogen ions by acetate ions. It is to
be noted that this equation represents the over-all reaction.
By this we mean that it tells us only what disappears and
what is formed regardless of the intermediate steps. The
reaction for hydrolysis is not, as one might expect,

H+ + Ac— = HAe
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even though the water might first dissociate to give hydrogen
ion. It is only one step of the hydrolysis reaction. In the over-
all process water molecules and acetate ions ultimately dis-
appear while hydroxide ions and acetic acid molecules are
formed. ’

The equilibrium expression for reaction (3) is

(HAc)(OH™)

(AC_) = K}{ (4)

As in the case of the equilibrium expression for water, the
concentration of the water molecules, (H:.O), does not vary
appreciably and is therefore omitted from the denominator
of this expression. We may obtain the value of Ky from
the values for the ionization constants of water and of acetic
acid, the only two weak substances involved in the equilib-
rium. In every aqueous solution the H* and OH~ ions are in
equilibrium with each other and

(HH)(OH") = Kw or (OH") = (gi’)
o ... Ky
Substituting i) for (OH™) in equation (4), we obtain
HAOKw _ o
(Ac)(H?) ~ 7F
~ (HAc) 1 -
< l > °
But Ae)(HD is equal to o Therefore
K w o _1510“11 = 10
I\A Ky= 1.85 % 10-5 54 x 10~ (5)

We may verify this relationship in the following way

Ky _ (HY(OH?) _ (HAQ)(H")(OH-) _ (HAQ)(OHY) _ .
Ky (H"Y)(Ac) (H*)(Ac) - (Ac-) — 7H
(HAc¢)
Similarly, the equilibrium expression for the hydrolysis of
an ammonium salt,
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NH,t + H,O = NH,OH + H* (6)
becomes
(HH)(NH,OH) _
~EH R @
. . +
Substituting —~=r— (OH‘) for (H*) in equation (7) we obtain
K KW (8)

"= K (for the base)

A salt of a weak acid and a weak base hydrolyzes to a large
extent. This is to be expected since both H* and OH~ ions
are captured by the negative and positive ions of the salt.
Ammonium cyanide is a salt derived from ammonium hy-
droxide and hydrocyanic acid. In water ammonium cyanide
hydrolyzes in accordance with the equation,

NH,* + CN~ + H,0 = NH,OH + HCN 9)
The equilibrium expression for this reaction is
(NH,OH)(HCN)
(NH*)(CN")
By multiplying both the numerator and the denominator by
(H*)(OH"™), it can easily be shown that
~ K (acid) X K (base)

The salts of polybasic acids hydrolyze in two or more steps.
For example, sodium sulfide, Na,S, a salt of a dibasic acid,
hydrolyzes as follows:

S—— + H,0 = HS—+ OH~- (11)

=KH

K (10)

and
HS- + H,0 = H,S + OH~ (12)

The hydrolysis constant for reaction (11) is

(HSO)(OH-) Ky 1Xx107%
) K, 13x108°
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and that for reaction (12) is

(H:3)(OH™) _ Kw _ 1X107% _ 1 % 107
(HS™) K, 1x107
It will be observed that the hydrolysis constant for reaction
(11) is very much larger than that for reaction (12). This
fact is very significant, for it means that the hydrolysis pro-
duced by the second step is negligible as compared with that
for the first step, and in calculating the hydroxide ion concen-
tration or the sulfide ion concentration in solutions of soluble
sulfides only the first step of hydrolysis need be considered.

Note that in equation (11) for the hydrolysis of the sulfide
ion (first step) an equilibrium exists between the sulfide ion
and the bisulfide ion. The same ions are also involved in the
equilibrium for the second step of ionization of hydrogen sul-
fide (HS~ = Ht 4+ S~~). Therefore in calculating the hydroly-
sis constant for the first step of hydrolysis, Kw and the ioni-
zation constant for the second step of ionization are involved.
Conversely, the second step of hydrolysis (equation 12) is
concerned with the first step of ionization of hydrogen sulfide,
(H,S = HY + HS™).

The concentration of the hydrogen ion produced in solutions
of salts of weak acids and strong bases, besides varying with
the concentration of the salt, varies considerably from salt to
salt, depending upon the relative weakness of the acid which
is formed in the hydrolysis process. The larger the hydrolysis
constant for such a salt, the greater will be the degree or extent
of hydrolysis, and therefore the greater the hydroxide ion con-
centration. The degree of hydrolysis is the fractional amount
of the ions which hydrolyze, i.e., the fractional part of the ions
of the weak acid or base that have reacted with water. Equa-
tion (5) tells us that the hydrolysis constant will be larger the
smaller the dissociation constant for the acid, i.e., the weaker
the acid. The hydroxide ion concentration in a 0.1 molar
solution of sodium acetate is about 10~® molar; in a solution,
0.1 molar in sodium cyanide, about 10~ molar; in a 0.1 molar
solution of sodium carbonate, approximately 5 X 1073 molar,



210 THE IONIZATION OF WATER — HYDROLYSIS

while that in a 0.1 molar solution of sodium sulfide is almost
.06 molar. In the last case about 60 percent of the sulfide ion
hydrolyzes to produce the hydroxide ion. These examples are
summarized in Table 24. Note that as the constant for the
acid decreases the constant for hydrolysis and the hydroxide ion

concentration increases.
TABLE 24

HyproLysis oF SaLrs oF WEAK AcIps

. . (OH") in.

Solution Weak acid Ky Ku 0.1 M soln
formed

(approx.)

Sodium nitrite Nitrous 46 X107 22 X107 1.5 X 107

Sodium acetate Acetic 1.85 X 1078 5.4 X 10710 7 X 107®

Sodium carbonate Bicarbonate ion 4.8 X 10711 2.1 X 107 5 X 1073

Sodium sulfide Bisulfide ion 1.3 X 1078 077 6 X 1072

Examples of Hydrolysis. When a solution of ferric chlo-
ride is added to one containing sodium carbonate, a dark red
precipitate of ferric hydroxide is formed and carbon dioxide
is liberated from the solution. The hydroxide ion concentra-
tion in the sodium carbonate solution, formed by hydrolysis,
is sufficient to precipitate the ferric hydroxide. Even though
the carbonate ion concentration in the solution may be more
than 100 times as great as the hydroxide ion concentration,
the ferric hydroxide will still precipitate in preference to ferric
carbonate. If ferric carbonate were very insoluble as compared
with ferric hydroxide, this would not be the case. Then the
carbonate would precipitate in preference to the hydroxide.
(If a soluble silver salt is added to a solution containing
sodium carbonate, the carbonate and not the hydroxide (or
oxide) will precipitate.)

The reaction taking place when ferric hydroxide is precipi-
tated by a solution of sodium carbonate is

Fettt 4+ 3C0O;~~ + 3H,0 = 3HCO;~ + Fe(OH)s(,> (13)
This is followed by the reaction,
Fet++ -+ 3HCO;{_ -+ 3H20 = 3H2003 -+ FC(OH)s(s) (14)
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The carbonic acid formed in the last reaction breaks down into
water and carbon dioxide. It is to be noted that it is only by
virtue of the hydrolysis of the carbonate and bicarbonate ions
that the precipitation of ferric hydroxide takes place. These
reactions may be written:

CO;——+ H,0 = HCO;~ + OH- (15)
HCO;= + H,0 = H,CO; 4- OH~- (16)

The ferric ion may then be considered to combine with the
hydroxide ion produced by equations (15) and (16) to form
ferric hydroxide:

Fet**+ + 30H~ = Fe(OH);, 17)

However, the over-all reaction includes only those substances
which ultimately disappear and those which are formed and
is expressed by the summation of equations (13) and (14).

2Fet++ + 3005~ + 6H,0 = 3H,CO, + 2Fe(OH)s  (18)

The soluble aluminum and chromium salts behave in an
entirely analogous manner; aluminum hydroxide, Al(OH)s,
and chromium hydroxide, Cr(OH);, are formed in these cases.
The same argument that has been given for the precipitation
of ferric hydroxide by the carbonate solution may be applied,
part for part, to the precipitation of the hydroxides of these
two metals.

Ferric hydroxide is so insoluble that it may be precipitated
from a solution containing a ferric salt by the addition of the
relatively insoluble barium carbonate. The small amount
of carbonate ion which enters the solution (KgpBaCO; =
1.6 X 1079 is sufficient to produce enough hydroxide ion to
precipitate ferric hydroxide, but (COs;~~) is not great enough
to precipitate the carbonates of the zinc group. Therefore,
since the hydroxides of the aluminum group are precipitated
by this solution, BaCO; is sometimes used as a means for
the separation of the zinc and the aluminum groups.

Ferrous hydroxide, Fe(OH),, is not precipitated by solu-
tions of soluble carbonates. The basic ferrous carbonate,
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Fe,(OH):CO;, is sufficiently insoluble so that it precipitates
in preference to the normal carbonate when a solution of sodium
carbonate is added to one containing ferrous ion. If, however,
ammonium carbonate is used in place of the sodium carbonate
solution, ferrous carbonate rather than the basic ferrous car-
bonate will be precipitated. The presence of the ammonium
ion in the ammonium carbonate solution lowers the hydroxide
ion concentration (ammonium hydroxide is formed) to such
an extent that the precipitation of ferrous carbonate is favored.
As would be expected, the hydroxide ion concentration in a
solution of ammonium carbonate, due to the hydrolysis of the
ammonium ion, is smaller than the hydroxide ion concentra-
tion in a solution of sodium carbonate of the same concentra-
tion. The hydrolysis of the ammonium ion furnishes hydrogen
ions which in turn use up available hydroxide ions in the solu-
tion.

When salts are said to be unstable in solution, these sub-
stances usually are decomposed in solution through hydrolysis
with the formation of a precipitate or with the evolution of a
gas. Aluminum sulfide, for example, when dissolved in water
will form the insoluble aluminum hydroxide and hydrogen
sulfide gas will be evolved. The aluminum ion, Al**+*, first
formed reacts with the hydroxide ion of water, and the sulfide
ion with the hydrogen ion of water. The net result of this
double hydrolysis is

2A1++ 4+ 38—~ 4 6H,0 = 2A1(OH);() + 3H:S(,) (19)

There are many examples of salts of this kind that cannot
be dissolved in water and recovered again by crystallization.
In fact, many salts hydrolyze to such an extent that they are
decomposed by the water vapor in air.

When a relatively insoluble carbonate such as barium car-
bonate, BaCO;, is dissolved in water an appreciable amount
of the carbonate ion hydrolyzes to form the bicarbonate ion.
The concentration of the barium ion accordingly is not the
same as the concentration of the carbonate ion under these
conditions. The concentration of the barium ion is practically
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equal to the sum of the concentrations of the carbonate and
bicarbonate ions. Through this process of hydrolysis the
solution becomes very slightly alkaline. This equilibrium is
represented in the following equation:

BaCOs(solid) = Ba*t + CO;~—

+
H,0 = HCO;~ 4+ OH~-
or, BaCOj;(solid) + H,O = Bat* + HCO;~ + OH~ (20)

The hydrolysis of the bicarbonate ion to form carbonic acid
and hydroxide ion is negligible.

The relatively insoluble sulfides behave in exactly the same
way; the sulfide ion hydrolyzes to give bisulfide and hydroxide
ions. In calculating the solubility of either a relatively in-
soluble sulfide or carbonate from the solubility product con-
stant, account must be taken of this hydrolysis process which
involves the sulfide or the carbonate ion, as the case may be.

The concentrations of the different ions in equilibrium in a
solution of a soluble bicarbonate such as sodium bicarbonate,
NaHCO;, cannot be accounted for by a simple process of
hydrolysis. The equilibrium in this case is somewhat more
complicated. The bicarbonate ion hydrolyzes to produce
carbonic acid and the hydroxide ion,

HCO;~ + H,0 = H,CO; + OH- (21)

but the bicarbonate ion produces hydrogen ion through dis-

sociation.
HCO;— = Ht 4+ CO;—— (22)

The hydrogen ion and the hydroxide ion produced according
to equations (22) and (21) respectively, will combine to form
water. If processes (21) and (22) were to occur to the same
extent, then a solution of sodium bicarbonate would be neu-
tral. By experiment we find that a sodium bicarbonate solu-
tion is very slightly alkaline, a fact which indicates that process
(21) occurs to a slightly greater extent than process (22). By
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summing up the reactions considered above, we obtain the
over-all reaction,

2HCO;~ = H,CO; + COs—— (23)

The H,CO; and the CO;~~ ion concentrations in a solution of
sodium bicarbonate are very nearly the same.

Hydrolysis must also be taken into account to explain the
properties of some of the common' substances that are en-
countered in everyday life. Lye (sodium hydroxide) and
ammonium hydroxide are two well known cleansing agents.
The cleansing property of these substances is attributed in
part to the hydroxide ion which reacts with fats and oils to
produce soaps. Since the hydroxide ions can be produced by
the hydrolysis of salts of weak acids, these substances also
have the same property as that of the two hydroxides just
mentioned. The common salts used for this purpose are wash-
ing soda, Na,CO;, borax, Na,B,O;, water glass, Na,SiO;, and
tri-sodium phosphate, Na;PO,. The weaker the acid which is
produced by hydrolysis, the greater will be the concentration
of the hydroxide ions. Of the four substances just considered,
tri-sodium phosphate produces the greatest hydroxide ion
concentration, since the ion, HPO,~—, is the weakest acid in-
volved.

PO.{——— + Hzo = HPO4—_ + OH- (24)

Sodium silicate is one of the constituents of laundry soap and
through its hydrolysis action increases the concentration of
the hydroxide ion of the soap solution. Washing powders
contain some hydrolyzable salt.

The common constituent of all baking powders is sodium
bicarbonate. The other chief constituent is a substance which
in solution furnishes the hydrogen ion which reacts with the
bicarbonate ion to produce carbon dioxide gas. In some
brands of baking powders the hydrogen ion is produced by a
weak acid such as tartaric acid or an acid salt, while in others
aluminum sulfate is used, which through the process of hy-
drolysis produces the hydrogen ion and aluminum hydroxide,
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The Neutralization of Weak Acids and Weak Bases.
When 0.1 mole of hydrochloric acid is neutralized in solution
by 0.1 mole of sodium hydroxide, the solution produced could
be exactly reproduced by the addition of 0.1 mole of sodium
chloride to the same amount of water. When the acid and the
base have just neutralized each other, the solution is neither
acidic nor alkaline, for sodium chloride does not hydrolyze.
If, on the other hand, 0.1 mole of acetic acid is neutralized in
solution by exactly 0.1 mole of sodium hydroxide, the sodium
acetate solution does not contain the same number of hydrogen
ions as hydroxide ions. When a weak acid is neutralized by
a strong base the end point of the neutralization does not occur
when the concentrations of the hydrogen and hydroxide ions
are the same, but rather when the solution is slightly alkaline.
The concentration of the hydrogen ion or of the hydroxide ion
at the neutralization point will depend upon the concentrations
of the substances involved and upon the ionization constant of
the acid formed in the hydrolysis process.

The process of neutralization of weak acids by strong bases
may be illustrated by a specific example. Suppose 50 ml. of
a 0.1 molar solution of hydrocyanic acid, HCN, is to be neu-
tralized by 50 ml. of a 0.1 molar solution of sodium hydroxide.
What will be the hydrogen and hydroxide ion concentrations
at the point of neutralization? The final solution, through
the addition of the two equal volumes, will be .05 molar with
respect to sodium cyanide. The problem is then to calculate
the hydrogen ion and the hydroxide ion concentrations in this
solution. The equation representing the hydrolysis equilib-
rium is

CN~-+ H,O = HCN + OH~ (25)

Let X be the concentration of the hydroxide ion. Then X
must also be the concentration of the HCN, and .05 — X is
the concentration of the cyanide ion at equilibrium. Since
we might expect the amount of cyanide ion hydrolyzed to be
small as compared with the total amount of cyanide ion present,
we may simplify this and let the concentration of the cyanide
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ion be practically equal to .05 molar rather than .05 — X.
Then,
(HCN)(OH-) X* Kw 10—

= e—— = — = ———— —5
CN-) ~ ~ .08~ K. dxiom- 25%10

X?2=1.25x%x10"*°
X = 1.1 x 1072 mole per liter = (OH")

—14
The concentration of the hydrogen ion is —————=— = 9 X 107

1.1 x 1073
mole per liter. The hydrogen ion concentration in this solution
is 11,000 times smaller than that for pure water (10~7 molar),
and the hydroxide ion concentration is 11,000 times larger.

In selecting an indicator for this reaction under the condi-
tions stipulated above, we should choose one that changes
color as near as possible to the calculated hydrogen ion con-
centration. By referring to the table on page 137, we find that
thymol phthalein would be the most suitable indicator. If
methyl orange were used, the final solution obtained would
still contain a large excess of the acid at the end point and
would not be neutralized.

Buffer Solutions. Buffer solutions are solutions contain-
ing weak acids or weak bases together with the salts of weak
acids or bases and have the property of maintaining a hydrogen
ion concentration which is affected only slightly by the addi-
tion of appreciable amounts of either acid or base.

A solution containing 0.1 mole of acetic acid and 0.1 mole
of sodium acetate per liter is such a buffer solution. Its hy-
drogen ion concentration is about 1.85 X 10~5 molar. A solu-
tion containing 1.85 X 10~% mole of hydrochloric acid per liter
would also have the same hydrogen ion concentration as the
buffer solution described above, but its action toward acids
and bases would be entirely different from that of the buffer
solution. If 1.85 X 10~° mole of sodium hydroxide is added to
1 liter of the above hydrochloric acid solution, the resulting
solution would be neutral to the hydrogen ion, i.e., the hydro-
gen ion concentration would be 10~7 molar. Upon the addition
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of 1.85 X 10~* mole of sodium hydroxide to 1 liter of the buffer
solution, the hydrogen ion concentration would not be appreci-
ably affected.

To understand better the action of the buffer solution, let
us consider the equilibrium between the acid and its ions:

HAc = H + Ac™
(H*)(Ac™) _
—(m =1.85 x 105
(H*) = ((Iif_c)) x 1.85 X 10~ (26)

When the concentrations of the acetic acid molecules and of
the acetate ions are made equal as they were in the example
above, the concentration of the hydrogen ion has the same
value as the dissociation constant. If as much as .05 mole of
sodium hydroxide is added to 1 liter of the buffer solution
(0.1 mole acetic acid and 0.1 mole of sodium acetate per liter),
the hydrogen ion concentration will be affected relatively little.
Under these conditions, .05 mole of the acetic acid has been
neutralized by the added sodium hydroxide, and the solution
now consists of .05 mole acetic acid and 0.15 mole of sodium
acetate. Now the hydrogen ion concentration is

(HAc) .05

—5 — —5 — —5
(Ac) X 1.85 X 1075 = 015 x 1.85 x 10 0.6 x 10

(H) =

The hydrogen ion concentration has been lowered only three-
fold by the addition of the sodium hydroxide. In a like manner,
the addition of .05 mole of hydrochloric acid to the original
buffer solution will increase the hydrogen ion concentration
only threefold. In this case, the hydrogen ions produced by
the hydrochloric acid combine with the acetate ions and are
removed in the form of acetic acid molecules. After the
hydrochloric acid has been added, the final solution will con-
tain 0.15 mole of acetic acid and .05 mole of acetate ion and
0.15

(H*) = 05 < 1.85 x 107% = 5.5 X 10~° mole per liter
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The following table illustrates the buffer action of an
acetic acid-sodium acetate solution in its ability to absorb
either a strong acid, such as hydrochloric acid, or a strong
base, such as sodium hydroxide, with but little change in the
concentration of the hydrogen ion. By adding as much as

TABLE 25

BurrFeEr AcTiON OF A SorLurioN CoNTAINING 0.1 MOLE oF
AcEeTric Acip AND 0.1 MoLE oOF SoDIUM ACETATE

PER LITER
ml. of 0.1 molar ml. of 0.1 molar
NaOH added to  (H*) of final HCI added to (H*) of final
1 liter of buffer solution 1 liter of buffer solution
solution solution
0 0.0000185 0 0.0000185
5 0.0000183 5 0.0000187
10 0.0000181 10 0.0000189
25 0.0000175 25 0.0000195
50 0.0000167 50 0.0000204
75 0.0000159 75 0.0000215
100 0.0000151 100 0.0000226

100 ml. of either 0.1 molar hydrochloric acid solution or 0.1
molar sodium hydroxide solution to 1 liter of the buffer solu-
tion, the hydrogen ion concentration remains within the limits
1.51 X 107% and 2.26 X 10~® mole per liter. By this treatment
the hydrogen ion concentration of the original solution does
not vary more than 25 percent. In contrast to this, if 100 ml.
of 0.1 molar hydrochloric acid were added to pure water, the
hydrogen ion concentration would increase 100,000-fold.

The above solution was such as to maintain the hydrogen
ion concentration in the neighborhood of 10~® molar. If it is
desired to maintain the hydrogen ion concentration at a differ-
ent value, a different acid and salt should be chosen. If it is
desired to maintain the hydrogen ion concentration at about
10~ molar (OH~ ion concentration of 10~ molar), then hydro-
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cyanic acid and potassium cyanide might be used, for this
acid has an ionization constant equal to 4 X 107, However,
for most work this acid would be unsuitable because of its
toxic nature.

Ions and salts of polybasic acids also form buffer solutions.
For example, a solution of sodium bicarbonate is a buffer
solution. The bicarbonate ion, HCO;~, is an ion of a salt of
a weak acid; NaHCO; is the salt and H,CO; the acid from
which it is derived. Furthermore, the bicarbonate ion is itself
a weak acid, dissociating to form hydrogen ions and carbonate
ions. When hydrochloric acid is added to a solution of sodium
bicarbonate, carbonic acid is formed and the hydrogen ion
concentration of the solution is changed very little. If sodium
hydroxide is added to this same solution, the carbonate ion is

formed,
HCO;= + OH- = H,O + CO;—— 27)

and again the hydrogen ion concentration is little affected.

Blood is a good example of a buffer solution. The principal
ion and acid responsible for the buffer action of blood are the
HCO;™ ion and H,CO;. When excess hydrogen ion enters the
blood stream it is absorbed principally by the reaction

H+ + HCOs_ = HzCOs (28)

and when excess hydroxide ion is formed it disappears through

the reaction
OH_ + H2CO$ = H20 + HCOa— (29)

By this mechanism the hydrogen ion concentration in the
blood stream remains remarkably constant — very slightly
alkaline. Besides the HCO;~ and H,CO;, there are other
buffering substances, such as HPO,~—, H,PO,~, and hemo-
globin, which also help control the H* ion concentration.
When carbon dioxide is produced in the tissues by meta-
bolic processes, carbonic acid is formed, which in turn dis-
sociates to produce hydrogen and bicarbonate ions. The
hydrogen ion produced by this reaction is absorbed by the
buffer action of the blood. When oxygen is breathed into the
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lungs it reacts with the hemoglobin and as a result of this
reaction the hemoglobin becomes a stronger acid and a large
excess of hydrogen ions results. These hydrogen ions, which
locally cannot be completely absorbed by the buffer action
of the blood, now combine with the bicarbonate ions to form
excess carbonic acid (CO, and H;0). The carbon dioxide is
then exhaled from the lungs.

The Hydrolysis of Metal Ions. ' A large number of metal
ions hydrolyze to give acid solutions. We therefore conclude
that the corresponding bases of these ions are weak. Many
of these metal ions form polyacid bases, i.e., more than one
ionizable OH radical is associated with the metal ion. Before
considering the problem of the hydrolysis of these ions let us
first examine the properties of these polyacid bases. Most of
the polyacid bases are very insoluble, e.g., AI(OH);, Pb(OH).
and Fe(OH);. Without doubt these hydroxides ionize in two
or more stages just as polybasic acids ionize in more than one
stage. The equilibrium reactions between Fe(OH)s, for ex-
ample, and its ions, when it is dissolved in water, can be ex-
presscd by the following equations.

Fe(OH)s» = Fe(OH)s (soln) (30)
Fe(OH); (so1ny = Fe(OH),* + OH~ (31)
Fe(OH),* = Fe(OH)** + OH~ (32)
Fe(OH)*+ = Fett+ 4+ OH~ (33)

Just as there are no polybasic acids which in moderate
concentration ionize to the extent of 100 per cent in any but the
first stage of ionization so we may assume that polyacid bases
behave similarly. But it must be borne in mind that most of
the polyacid bases are very insoluble and therefore the con-
centrations of the ions in equilibrium with them must be very
small. Because of the small concentration — which is equiva-
lent to a very high dilution in solutions of soluble bases — all
stages can be considered as being practically completely dis-
sociated. '

Zinc hydroxide, for example, is very insoluble. Therefore
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the amount of undissociated and dissolved Zn(OH); in equi-
librium with the solid must be very small.

Zn(OH)y = Zn(OH)seo1ny (34)
The undissociated Zn(OH), will ionize first as
Zn(OH)2(so1ny = Zn(OH)* 4+ OH~ (35)
and then will be further ionized in the following manner:
Zn(OH)* = Zn** + OH~ (36)

Just as a 1 X 10~® M solution of HAc is ionized to the extent
of 70 percent, while a 1 M solution is ionized to the extent of
only 0.4 percent so, because of the low concentration, we might
expect these insoluble bases to be highly ionized in spite of
the fact that the ionization constants may be small. We
lack data on the ionization constants for the various steps in-
volved in the dissociation of most polyacid bases and therefore
we group all stages of dissociation into a single reaction. For
example, reactions (34), (35), and (36) may be grouped into
the one reaction

Zn(OH)y = Zn*t+ + 20H~ (37)

In view of the extreme insolubility of many polyacid bascs
this procedure will often be satisfactory. But when we con-
sider the hydrolysis of the metal ions the problem is quite dif-
ferent since the concentration of these ions is usually not small.

If 0.1 mole of ZnCl, is dissolved in one liter of water the solu-
tion is found to be decidedly acidic. The reason for this is that
the Zn*+ ion undergoes hydrolysis, the first stage of which may
be represented by the equation

Zn*t + H,O = Zn(OH)* + Ht (38)

The concentration of the Zn*+ ion is high (approximately
0.1 M) but since the amount of hydrolysis is relatively small
the concentrations of the Zn(OH)* and of the H* ions are
small. The second stage of hydrolysis is much smaller than
that of the first stage and may be neglected, since the concen-
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tration of the Zn(OH)* ion is itself very small. However, the
reaction for the second stage of hydrolysis is

ZD(OH)+ + HZO = Zn(OH)2(soln.) + H+ (39)

To calculate the hydrolysis constant for equation (38) it
is necessary that we know the value of the ionization constant
for equation (36). It cannot be calculated by using the ioniza-
tion constant for equation (37). The ionization constant for
(36) is known to have a value of 4 X 1075. The hydrolysis con-
stant for the reaction represented by equation (38) is there-
fore equal to

(Zn(OH)H(HY Ky  1x1074

= = —10 —
Tn™) = Komwe ~ & x 107 ~ 25X 107° = Ku

If we let X equal the number of moles of Zn** ion undergoing

hydrolysis, then at equilibrium (Zn(OH)*) will be X, (HY)

will also equal X, and (Zn**) will have a value of (0.1 — X).
Neglecting X as compared with 0.1 we have

X2

0.1

X = 5 % 107¢ mole per liter = (H*)

=25x10"1° or X?2=25X107"

—6

Therefore the degree of hydrolysis is —5%110— or 5x 107,

On a percentage basis the extent of hydrolysis is therefore
.005 percent. The solution is found to be decidedly acidic,
according to the calculation we have just carried out.

The constants for the different stages of ionization are not
known for most hydroxides. Therefore we cannot calculate
the hydrolysis constants for most positive metal ions which we
know are hydrolyzed in solution.

If the hydroxide of a metal ion is insoluble we may conclude
that the metal ion will hydrolyze to give an acidic solution.
We base this conclusion on the assumption that the insolu-
bility of the hydroxide is in part due to a firm binding between
the metal ion and the OH~ions. We may also assume that if all
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of the OH™ ions are held firmly, for example by the Al*++ ion
in forming Al(OH);, then there should also be a firmer binding
between the Al*** ion and the first OH~ ion to form AI(OH)*+.
If such is the case, AI*** ion in water should hydrolyze. This
reasoning can be applied to any ion which forms an insoluble
hydroxide; the facts are in accord with this postulate. Prac-
tically all metal ions other than those of the alkali or alkaline
earth groups hydrolyze to give acidic solutions.

It has been our custom to write the symbol for a multivalent
positive ion in its simplest form. For example, if SnCl, is
dissolved in water we often write the formula for the resulting
stannic ion as Sn*+*+. Certainly this cannot be correct.
Very probably most of the ions in such a solution are present
as SnClt+* and SnCl,** ions and very few of them are in the
form of Sn*t+**+ ion. If HCI is present in the solution in
excess, then the predominating ion is probably SnCls——.
However, we have no definite information relative to the
composition of many ions of this type and therefore we use
the simplest symbols or formulae possible. The same situation
undoubtedly exists with Fet*+, Al***+ and other trivalent and
higher valent ion salts.

Hydrolysis and the Bronsted Definitions.* If the Brgn-
sted definitions of acids and bases are to be adopted con-
sistently, then the term hydrolysis becomes superfluous. What
the older established definitions called hydrolysis becomes
merely an acid-base reaction. But the terms hydrolysis and
salt have become so firmly entrenched in chemical thought
and in chemical literature that hydrolysis cannot be brushed
aside without consideration. The introduction of this term
into the Brgnsted definitions, however, is apt to lead to some
confusion if hydrolysis is not already understood in the light
of the older definitions.

According to the older established definitions ions which
hydrolyze in water solution can be divided into two classes;
those which produce acidic and those which produce basic

* Before reading this section the student is advised to review the section on
the Brgnsted Definitions of Acids and Bases on pages 139-147.
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solutions. Let us consider these two types of hydrolysis sepa-
rately and as an example of the first kind let us consider the
hydrolysis of the ammonium ion. According to the older defi-
nitions the equation for the hydrolysis reaction is

NH,* + H.O = NH,OH + H* (40)

The mental picture for the process is that of competition
between the H* ion and the NH,* ion for the OH~ ion. As
the result of this competition, some H* ions are left in excess
of OH~ ions and the solution is acidic.
According to the Brgnsted definitions this same hydrolysis
reaction is expressed as follows.
NH,+ + H,O = NH; + H;0* (41)
Acidy Base: Basei Acid2
Examining equations (40) and (41) formally we see that the
difference between them is that in equation (40) the water
molecule is associated with the NH; molecule to form NH,OH
(a formula which emphasizes the basic nature of ammonia
in water solution), and in equation (41) the water is asso-
ciated with the H* ion, which is written as H;O*. According
to the Brgnsted definitions equation (41) represents merely
an acid-base reaction and the NH,* ion is regarded as a weak
acid. The NH; and the H.O molecules are competing for the
proton. Equation (40) does not represent the actual process
taking place any more than does equation (41); these details of
the reaction are not known. Whether one uses equation (41)
or equation (40), i.e., Brgnsted or the older established defi-
nitions, is merely a question of convenience and ease of ac-
quiring an understanding of the acid-base reaction in solution.
According to the older definitions hydrolysis is the reverse
of neutralization, i.e., equation (40) reading from right to left
represents a process of neutralization while from left to right,
it represents hydrolysis. With the Brgnsted definitions the
reactions represented by both directions of equation (41) are
acid-base reactions. Only if we borrow the concepts of hy-
drolysis and of neutralization from the older definitions may
we define the process from left to right in equation (41) as
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hydrolysis and the process from right to left as neutralization.
In general, on the basis of the newer definitions, hydrolysis is
defined as a proton transfer reaction between a cation-acid or
an anion-base and water, to produce the hydronium ion or the
hydroxide ion respectively. But again it must be emphasized
that if the Brgnsted definitions had been common usage for
many years the term hydrolysis in inorganic chemistry would
not be necessary.

Let us consider the equilibrium expression for reaction (41)
and show the relationship between the constant for this ex-
pression and the constants for other reactions from which the
value of the former may be calculated. As has been previously
pointed out, reaction (41) may be regarded as one of dissocia-
tion of a weak acid, and its constant may then be designated
as KIB(acid)-*

_ (NHy)(H,0%)

KIB(ncld) - (NH4+) (42)

The concentration of the water molecules is omitted from the
expression since its value remains constant for all practical
purposes. Consider next the two reactions

H,0 + H,O = H;0* + OH~- (43)
and
NH; + H.O = NH,t + OH~ (44)

The equilibrium expressions for (43), (44) are (H;O*)(OH™) and
(NH,*)(OH")
(NHas)
equilibrium constant for water and is denoted by Ky, the
second we shall denote merely by K..".

respectively. The first of these is equal to the

Ky® = (H,0*)(OH") (45)
» _ (NH)(OH")
K. = T (NHy) (46)

* Constants referring to the Brgnsted definitions are distinguished from those
of the older definitions by the superscript B.
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X K®
+) — 7
From cquation (45) (H;O0%) = (OH)
B
Substituting Z—g—}‘}'—_j for (H;0%) in equation (42), we obtain
s _ (NH)Kw® Ky*®
Kiwo = w0 ~ NIHomy ¢
(NH;)

But the denominator in the last expression in equation (47)
is equal to K.® (equation 46). Therefore

KB
Ilzacld) = ’K‘*:ii (48)

Let us now return to the older definitions with which we
previously showed that

Ky = K

A I(base)

What was previously called the hydrolysis constant is now the
acid constant (Kf..q 15 equivalent to Ku), and what was
previously known as the dissociation constant for the base is
designated merely as an equilibrium constant, (K.," is equiva-
lent t0 Kipase). Obviously Kw® is the same as K. Again we
see only different names for the same phenomena; the rela-
tionships are the same.

Let us next consider the hydrolysis of an anion to produce
an alkaline solution, and as an example we shall again use the

acetate ion.
H,O + Ac- = HAc¢ + OH- (50)

Acidi Base: Acd2 Baser

(49)

The hydrolysis reaction is expressed by the same equation
(50) whether the Brgnsted or the older definitions are used;
the terminology only is different. The equilibrium expression

(HAc)(OH™)
(AcT)
By the older terminology this expression is equal to the hy-

drolysis constant. By the Brgnsted definitions it would more
properly be called an acid-base equilibrium constant. Thus,

for the reaction is
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(HAc)(OH™) .. 4
T Aer) = Ko (51)
It can be shown that
Kof® = o2 (52)
Kl(ucld)
where K, is the constant for the reaction
HAc + H,O = H;Ot + Ac™ (53)
Using the older definitions, we previously showed that
Kw
Ky=- 4
. Kl(acld) (5 )

In this case the older Ky is equivalent to the newer K.

The Ac~ ion is known as a strong base; it has a great tend-
ency to take up protons. The strongly basic character of the
Ac~ ion may be visualized in terms of the older concepts if
we consider it in its hydrated form. Suppose that instead of
representing the acetate ion by the symbol Ac™ we used
AcHOH- (Ac~ + H,0); i.e., included in its formula one
molecule of water. Then it is easy to see that if the OH™ ion
dissociated from this complex the HAc molecule would be
formed and the stronger the base, the greater the concentra-
tion of OH~ ions produced. The tendency to acquire protons
is equivalent to a tendency to produce OH~ ions.

AcHOH- = HAc + OH~ (55)

This reaction is effectively the same as that represented by
equation (50). This procedure, however, is not conventional.
The hydrolysis of positive metal ions, according to the Brgn-
sted definitions, will be considered in the next chapter.

Examples of Hydrolysis Problems
Example 1.
(a) Calculate the concentration of the OH~ ion in a 0.1 M NaAec
solution.
(b) What is the value of the concentration of the H* ion in this
same solution?
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(¢) What is the degree of hydrolysis?

Sodium acetate is the salt of a strong base and a weak acid and
therefore its solution will show an alkaline reaction. The equation
representing the hydrolysis reaction is

Ac™ + H,O = HAc + OH~-

Concentrations: 0.1 - X) X X
Therefore
(HAc)(OH-) = X* Kw 1X10% _
(Ac)  01-X Ky 185 108~ 0-54x107

Neglecting X as compared with 0.1 in the denominator of the second
expression, we have

X? L
m =0.54 X 10
2=0.54 X 10710

X = 0.75 X 107® mole per liter = (OH~) = (HAc¢)
To calculate (H*) we use the dissociation constant for water.

i —14
(H*) = (é{ﬁ—) - 0.17g<>i°10_5 — 1.3 X 10~* mole per liter

It is also possible to calculate the (H*) in the following way. The
HAc in solution is in equilibrium with its two ions, H* and Ac~.
The concentration of the undissociated HAc in this solution is the
same as that of the OH~ ion and was found to be 0.75 X 10~% M.
The value for (Ac™) is practically 0.1. We may therefore use the
ionization constant for HAc to determine the (H).

(HY)(Ac) _ (HY) X 0.1
(HAe)  0.75 X 103

1.85 X 10~% X 0.75 X 10~5
0.1

(Ht) = 1.3 X 10~ mole per liter

= 1.85 X 10~

(HY) =

The following short-cut method may be used to obtain (H*) in
a solution which hydrolyzes to produce a basic solution:

(HAc)(OH-) _  X* Ky
(Ac) T 01-X K
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For generalization let (Ac~) = C; C being the final concentration of
the hydrolyzing ion — in this case .01 — X, or for practical purposes
0.1, (X is neglected as compared with 0.1). Therefore

(HAc)(OH™) _ Kw

C K;
Since
(HAc) = (OHM)
= KwXC
(OH")? = K,
_ (Kw)?
(H9* = {omy
Therefore

iy = Kot XK _ Kw X Ky
KwxC C

@ =/ Ko X M

Calculating the (H*) from this last equation we obtain

_ /1074 X 1.85 X 108

(H*) 1

(H+) = V1.85 X 10—8
(H*) = 1.3 X 10~° mole per liter

The degree of hydrolysis is the fractional amount of the Ac— jon
hydrolyzed. The amount of Ac~ ion which hydrolyzed was X or
0.75 X 10~ M. Therefore the degree of hydrolysis is X divided
by the total amount of Ac~ ion.

—5
Degree of hydrolysis = X 015X107 7.5 X 1078
. 0.1 0.1
The percent hydrolysis is equal to the degree of hydrolysis multiplied
by 100.
Percent hydrolysis = 7.5 X 10~5 X 100 = .0075 percent

Ezxample 2.
To 250 ml. of & 0.4 M HCN solution is added 250 ml. of a 0.4 M
NaOH solution to give 500 ml. of the mixture. What will be the
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value of the (H*) when the acid and base exactly neutralize each
other? K;(HCN) =4 X 10~

Due to the fact that both the HCN and the NaOH solutions
have been diluted to 500 ml., the resulting solution would contain
these two substances each at a concentration of 0.2 M assuming
no reaction to take place. After the reaction takes place and when
equilibrium is reached a solution is obtained which would be the
same as that produced by adding 0.2 mole of NaCN to a liter of
water, or 0.1 mole NaCN to 500 ml. of water. Therefore, the con-
centration of the CN— ion in this solution is approximately 0.2 M,
but it will be slightly less than this value due to the hydrolysis, as
the following equation indicates.

CN-+ H,0 = HCN + OH~

Concentrations: (0.2 — X) X X
Then
(HCN)(OH-) X = Kw _1X107% s
CN)  ~02-X  Kiaeg _dx 100 20X%10
Neglecting X in comparison with 0.2
X2 ~ g = —5
02-X =02~ 20X10
X?2=5X10"¢
X = 2.2 X 10~ mole per liter = (OH™)
Since
HYHOH) =1Xx 104
1 X 10~ 1X 10~
+) = =
HY = ~0m) ~22% 107
(H*) = 4.5 X 1072 mole per liter
Example 3.

(a) Calculate the concentration of the S—— ion in a 0.1 M Na,S
solution.
(b) Calculate the degree of hydrolysis of the S—— ion.
The hydrolysis of the HS~ ion (second step) is negligible as com-
pared with the hydrolysis of the S—— ion (first step).
The reaction is
S—- + H,0 = HS- + OH~-
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“.et X be the number of moles of S—— ion undergoing hydrolysis.
'Then, at equilibrium, (HS™) = X, (OH™) = X, and () = (0.1 — X).
We then have

(HS)(OH) _  Xx* Kw_ 1x10" _
o —oi-x Ke=F, " iaxigw - TXI07

Since the value of Ky is large, X will be large as compared with
0.1 and we cannot neglect X in the expression (0.1 — X). Accord-
ingly, we must solve this equation by the use of the quadratic solu-
tion. Clearing of fractions, we have

X2="77Xx1072-77X10%X

Transposing,
X24779X102X -7.7X103=0

X = .058 mole per liter = (HS—) = (OH")
(0.1 — X) = (S7) = .042 mole per liter

(Sec Appendix for the solution of the quadratic equation.)

The degree of hydrolysis is the amount of 8=~ ion hydrolyzed
divided by the total amount of S=~ ion originally present. There-
fore

Degree of hydrolysis = —g——? =0.58

The percent hydrolysis is 0.58 X 100 or 58 percent.

Example 4.

What is the pH of a solution which contains 0.535 g. of NH,Cl
in 250 ml. of solution?
0.535

0.535 g. NH,Cl is equal to —+ F35 OF .01 mole. .01 mole of NH,Cl

in 250 ml. of solution is equivalent to .04 mole of NH,Cl per liter.
Thus, the concentration of the NH,* ion is .04 M. The NH,* ion
undergoes hydrolysis to produce the H* ion according to the following
equation.

NH,++ H.0 = NH,OH 4+ H*

Let X be the number of moles of NH,* ion undergoing hydrolysis;
then, at equilibrium, (NH,*) = (.04 - X), (NHOH) =X, and
(H*) = X. Then we have
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(NHOH)(HY) | X* _ . _ Kw _ 1X10%
(NH) 04—X %7 Krgwe 18X 107
d X _56x 10w
an 04-x

Neglecting X as compared with .04 we have

& = —10
3= 56x10
2= 922.4 X 10712

X = 4.7 X 10~¢ mole per liter = (H*) = (NH,OH)
- 1 _ +
pH = log o log (H*)

log (H*) = log (4.7 X 10-%) = log 4.7 + log 10—
=0.674+ (- 6) = — 533

Therefore
pH = — log (H*) = — (- 5.33) = 5.33

Ezxample 5.

How many grams of NaAc must be added to 500 ml. of water
to give a solution having a pH of 8.52? (Neglect the volume change
due to the addition of the salt.)

The reaction is
Ac™ + H,O = HAce + OH~-

From the value given for the pH of the solution, the (H*) may be
calculated. Then (OH-) may be obtained from Ky = (H*)(OH™)
=1X 107" In the NaAc solution (HAc) = (OH-). Having this
information, the (Ac~) in equilibrium with HAc and OH~ ion may
be determined from the hydrolysis equilibrium.

pH = —log (H*) = 8.52
log (H*) = — 8.52 = — 9.00 + 0.48
antilog (- 9) = 10~° and antilog 0.48 = 3.1
Therefore (HY) =31X10°M
HHOH)=1Xx10™

1X1074 _ 1X 1074
(OH-) = @ ~31x100 - 32X 10 M
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If (OH-) =3.2 X 10~® M, then (HAc) has the same value. The
equilibrium expression for the hydrolysis reaction is

(HAc)(OH-) _ ,, _Kw _ 1X10™% _ o
Ac) - Ke=g =Tgsxios - 24 X107
Then
HA - . —6) (3. —6
( (ix)é?)H ) _ (82X 10(1£c(§)2>< 107) _ 5 4 5 10-10
—6)2 —12
(Ac) = (32X 1079*_10.2 X 107 _ 1.9 X 10~2mole per liter

54 %1071 ~ 54X 107

.019 mole per liter = -022 mole per 500 ml. = .0095 mole per 500 ml.

The molecular weight of NaAc is 82. Therefore, .0095 mole per
500 ml. is equivalent to .0095 X 82 or 0.78 g. NaAc per 500 ml.

Example 6.

{a) What is the concentration of the H* ion and of the OH-
ion in a solution which is .05 M with respect to NH,CN?

(b) What is the degree of hydrolysis of the NH,CN?

Ammonium cyanide is a salt of a weak acid and of a weak base.
Both ions undergo hydrolysis in accordance with the equation

NH,* + CN~ + H,O = NH,OH + HCN

The cquilibrium expression is

(NH,OH)(HCN) _ 0 _ Kw B 1X 10~
(NH¢+)(CN-) B Krioase Kigetay 1.8 X 1075 X 4 X 1071
1X 101
Ku=g5xiom =14

We shall assume that for every NH4* ion which hydrolyzes, a
CN- ion also hydrolyzes. It can be shown readily that this as-
sumption is a justifiable one provided the concentration of the
NH,CN is not exceedingly low. Let X be the number of moles of
NH,* ion undergoing hydrolysis; then X is also the number of moles
of CN- ion hydrolyzed. Since the initial concentration of the
NH,CN is .05 M and since the salt is completely ionized, the initial
concentration of NH,* ion and of CN— ion is each .05 M. But at
equilibrium, (NH*) = (.05 — X), and (CN~) = (.05 — X). Then
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(NH,OH)(HCN) _ XXX _ X? _
(NHMH)(CN-) (05— X)(05—-X) (05—-X)?

Taking the square root of both sides of the equation, we have

X

1.4

X =.059 — 1.18X
2.18X = .059

X = .027 mole per liter = (NH,OH) = (HCN)

The value for the (H*) may be calculated from the known amount
of HCN produced and from the amount of CN~ ion remaining un-
hydrolyzed. The (HCN) was found to be .027 M ; while the value
for (CN-) is (.05 — X) or (.05 — .027) or .023 M. The equation for
the ionization of HCN is

HCN = H* 4+ CN—
while the equilibrium expression is

(H*)(CN7)
(HCON)

Substituting in this expression the known values of (HCN) and
(CN-), we have

=K;=4X10"1

(H+)(.023) _ Y
027 X0
027 X 4 X 1010
+ =
(H?) 023

(H*) = 4.7 X 107 mole per liter
The (OH-) then must be

1 X104

(OH7) = =% 1om

= 2.1 X 105 mole per liter

The value for (OH™) could have been calculated from the known
amounts of NH;OH and NH,* ion present in the solution.

NH,OH = NH,* + OH~

(NH,*)(OH")

- N = - —5
and (NH,0H) Ki=18X10
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Since (NH,OH) has a value of .027 M and the (NH,*) a value of
.023 M, then

023(0H~) _

= —b
027 1.8 X 10
—5
(OH-) = 027 X (1)283X 107 _ 2.1 X 10~5 mole per liter

This value is the same as that obtained in the first calculation.
The degree of hydrolysis is the number of moles of NH,CN
hydrolyzed divided by the total amount of NH,CN originally present.
X .027

Degree of hydrolysis = 05" 05 = 0.54

The percent hydrolysis = 0.54 X 100 = 54 percent

Experiments show that the concentration of the H* ion in a
solution of NH,CN is the same for all concentrations of the salt,
nrovided the concentration is not too high, in which case the Law
of Mass Action fails to hold, and provided that the concentration
of the salt is not excessively low, in which case the degree of hy-
drolysis of the NH,* ion cannot be regarded as the same as that
of the CN~— ion. At intermediate concentrations of NH,CN the
(H*) is independent of the salt concentration and has a value which
is determined by the values of the three equilibrium constants,
namely, Kw, Kipase), and Ki@eiay. This relationship is

KW 3 Kl(aold)
Kx(ba.se)

(H*) =

We may arrive at this conclusion in the following manner. From
the equilibrium expression for the ionization of HCN

(HY) _ (HON)
Kl(acld) (CN—)

From the hydrolysis equilibrium we have

(NH,OH)(HCN) _ K«
(NH,)(CN-) K1 base) K1cacta)

(NH,0H) _ (HCN)
(NH) ~ (CN)’

But since and since the latter expression

_ _(HY)

K I(acld)

)
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HCN\? H+ \2 Kw
we have (CN‘) - (Kl(aold)) ~ Krwwse Kieas
Then (H+)? = R%%

(H+)? = Klvéﬁ:::d)
and (H+) = Kl\zf:::)m

Substituting into this expression the values for the constants, we
have

1 X 1071 X 4 X 1010

+ =
(H) 1.8 X 10—

= 4.7 X 107'° mole per liter

This value for the (H*) is the same as that originally obtained
directly from the hydrolysis equilibrium. It may be advantageous,
as the occasion arises, to make use of this expression for calculating
the concentration of the H* ion in a solution containing the salt
of a weak acid and of a weak base.

Example 7.

Calculate the solubility of PbS in water:

(a) Neglecting the hydrolysis of the S~ ion.

(b) Considering the hydrolysis of the S—— ion.

The hydrolysis of the S—— ion becomes a very important factor in
calculating the solubilities of sulfides from their solubility product
constants and, conversely, in calculating the solubility product con-
stants from solubility data. When hydrolysis is taken into account
the solubility of any slightly soluble sulfide is about one thousand
times greater than that calculated by neglecting hydrolysis.

(a) First calculate the solubility of PbS neglecting hydrolysis.
(Ks.p. for PbS = 4 X 10-%))

PbS(a) = Pbt+ 4 S—-—

Let X equal the number of moles of PbS dissolved in 1 liter of
solution. Then X will be equal to (S——) and (Pb++).

PbtH)(S—) = X2 =4 X 10"
X =2 X 10~ mole per liter
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Therefore, the calculated solubility of PbS in water is 2 X 10~13 M
if the hydrolysis of the S—— ion is neglected.

(b) In considering the hydrolysis of the S—— ion we can assume
that only the first step of hydrolysis is important, since the second
step is negligibly small.

$~- + H.0 = HS~ + OH-

The value for Ky for this reaction as calculated previously in Ez-
ample 3 is .077, and we found the S—— ion to be hydrolyzed to the
extent of 58 percent in 0.1 M Na,S solution. At lower concentrations
the hydrolysis of the S—— ion is even greater than this. If the con-
centration of the S—~ ion were extremely small, of the order of magni-
tude of the concentration of the OH~ ion in water, then the hy-
drolysis would be reduced somewhat due to the common ion effect
of the OH~ ion. Nevertheless, the S—— ion at a concentration of
1 X 107" M would be practically completely hydrolyzed. In such
an event the concentration of the OH~ ion produced by the hydrolysis
would be only 1 X 10~ M. This value is small compared with the
concentration of the OH~ ion already present in water, namely,
1X 1077 M. Therefore, though the hydrolysis of the S—— ion in a
saturated solution of PbS may be complete, the (OH-) in the solution
will still have a value of 1 X 10~ M. Accordingly,

(HS-)(OH-) _ (HS™) X 1 X 1077

== = & = Kg = .077
(HS-) " __\_ (HSY)
—_(S"“) =77X10% or ()= TESCI0F

From this ratio we see that there are almost one million times
as many HS~ ions as S~ ions in solution and that the hydrolysis
is almost complete. From the two equilibria involved here

PbS(‘) = Pb++ + S_—
$--+ H;0 = HS- + OH-

it is evident that for every S—— ion which is removed by hydrolysis,
one Pb** jon and one HS~ ion are produced. Therefore, the con-
centration of the Pb*+ ion will be practically the same as the con-
centration of the HS~ ion in solution.

Substituting the value for the S—— ion concentration in the solu-
bility product expression, we have
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oy o HS) _ - _
(Pb++)(s ) - (Pb++) 7‘7 X 105 = KS.P. =4 X 10 »
Since (Pb*+) = (HS"),
(Pbt)? _ _
7.7><10“—4t><10 *

(Pbt+)2=3.1 X 107%
(Pbt+) = 1.8 X 10~ mole per liter

Therefore, the solubility of PbS in 1 liter of solution is also
1.8 X 10~'° mole per liter, which value is approximately one thousand
times greater than that obtained (2 X 10~ M) when hydrolysis is
neglected.

If we were to consider the second step of hydrolysis,

HS- + H.O = H,S + OH-

the calculated solubility would be further increased but the order
of magnitude of the solubility would not be appreciably changed.
In addition, the Pb** ion undoubtedly hydrolyzes to give Pb(OH)+
ion and Pb(OH),, and these effects would also increase the solu-
bility of PbS.

Ezxample 8.

Calculate the concentration of (a) the Ht ion, (b) the OH~ ion,
(¢) the HCO;~ ion, and (d) the CO;~~ ion in a solution which contains
0.1 mole of NaHCO; per liter.

Since NaHCO; is a salt it is completely ionized to give Na*
and HCO;~ ions. The HCO;~ ion is not only a weak acid itself but
it is also an ion of another weak acid, H,CO;. Therefore, the HCO;~
ion takes part in two reactions in water solution,

HCO;~ + H,O = H.CO; + OH- 1)

and
HCOs~ = CO;~ + H* 2
Reaction (1), the hydrolysis of the HCO;~ ion, produces OH~
ion, while reaction (2), the ionization of the HCO;~ ion, produces

H+ ion. As both reactions proceed, the H+* and OH~ ions formed
are practically all used up in the formation of water,

H+ + OH- = Hzo (3)
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Adding equations (1), (2), and (3), we have
2HCO;~ = H,CO;3 4+ CO5—— 4)
The equilibrium expression for (4) is
(HgCOg) (CO:}“ _)
(HCO;5™)?
When equations are added, the corresponding equilibrium expres-
sions are multiplied. Therefore the numerical value for K, is
(H:CO,) (OHT) (COs—7)(HY) 1
(HCO;7) (HCO37) (H+)(OH™)
Cancelling (H*) and (OH™) in the numerator and denominator,
(HzC();;) (C():;—' —)
(HCO;3™)?
Ky is the hydrolysis constant for the HCO;~ ion and has a value of
1 X107
4.2 X 107"’
ionization of carbonic acid and is equal to 4.8 X 10™"; and K,

= Ky

=Kgy X Key X K

=Koy XKegXKg =Ky

K @, is the ionization constant for the second stage of

1
equals Ko TX 0%
pression, we have

(H,COx)(COy—7) _ 1 X 107H % 4.8 X 101 > 1
(HCO37)? 4.2 X 1077 1 1x10™™

=1.14 X 10 = K 4 )

Referring to equations (1), (2), and (3), it is seen that for every
OH- ion which reacts with H* ion to form water, one H,COs molecule
and one CO;—— ion are produced. Therefore, for practical purposes
we are justified in making the assumption that at equilibrium the
(H,CO3) will be the same as the (CO;~~). We can also assume that
since reactions (1) and (2) take place to a limited extent, the (HCO;™)
remains practically unchanged; therefore, in this case the value for
(HCO;™) will be for all practical purposes 0.1 M.

Making use of equation (5) and letting (H:COs) and (COs~")
each be X, we have

X2
(O
X?=114%X10"®
X = 1.06 X 10~% mole per liter = (H,CO;) = (CO5~ )

Substituting these values in the above ex-

1.14 X 10
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Having obtained the values for (H,CO;) and (CO;~~), (H*) and
(OH-) may then be calculated from the equilibrium expressions of
(1) and (2). Taking reaction (2), we have

(H+)(COs~-) _ (H¥) X 1.06 X 10~

= K(Q) =48 X 1011

(HCOa—) 0.1
—11
Ht) = 0'11>:)g >8< >1<O£("") = 4.5 X 10~° mole per liter

The value for (OH~) may then be obtained from the water equi-
librium as follows.
—14
(OH-) = 1X10

4.5 X107

The NaHCO; solution is found to be basic.

The value for the concentration of the hydrogen ion in this solution
may be obtained more conveniently by making use of a general
rule which can readily be shown to hold for acid salts of the type
NaHCO;. The rule states that the (H*) is equal to the square
root of the product of the two ionization constants for the dibasic
acid. Thus, in the present case,

(Ht) = \/KI1 X Ki,
(H+) = V42 X 1077 X 4.8 X 10~
(H+) = V20 X 10
(H*) = 4.5 X 10~° mole per liter
This value is the same as that obtained in the previous calculation.
Since the latter calculation does not involve the concentration of
the dissolved NaHCO;, the value obtained for (H*) must be the
same for all concentrations of the salt.
The rule, in this case, may be derived from the first and second
ionization constants for carbonic acid.
(HH%(CO3~7)
(HCOs)
Remembering that for all practical purposes (COs~~) and (H.COs)

are essentially the same, we therefore cancel them in the above
expression, and

= 2.2 X 10~® mole per liter

=K1XK2

(HY) = VK, X K,

At intermediate concentrations, this relationship applies to such
ions of weak acids as HC.0,~, H,PO,~, H.PO;~, HSO;~, and HS-.
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Questions and Problems

Write the equatiun representing the dissociation of water into
H+ and OH- ions. Explain why the addition of more water will
not shift this equilibrium. How may it be shifted?
Why is the equilibrium expression for the dissociation of water
written (H*) X (OH-) and not {H) X (01D,

(H20)
When solid sodium acetate is added to water why do not all
of the Ac~ ions combine with Ht ions to form acetic acid?
Does (a) the salt of a weak acid and a strong base, (b) the salt
of a strong acid and a weak base, (¢) the salt of a strong acid
and a strong base, produce an acidic, basic or neutral solution?
Show that the hydrolysis constant for a salt of a strong base
and a weak acid is equal to the ionization constant for water di-
vided by the dissociation constant for the acid.
Show that the hydrolysis constant for the first step of hydrolysis
for the salt of a strong base and a weak dibasic acid is equal to
the ionization constant for water divided by the second dissoci-
ation constant for the acid.
Explain why aluminum hydroxide and not aluminum carbonate
is precipitated from solution when a solution of sodium carbonate
is added to one of aluminum sulfate.
Why is BaS not stable when added to water?
Why is the carbonate ion concentration in a solution of am-
monium carbonate less than it is in a sodium carbonate solu-
tion of the same molarity?
Explain by the Rule of Le Chatelier why the degree of hydrolysis
of sodium acetate increases as the solution is diluted.
Write equations for the hydrolysis reactions occurring when
sodium carbonate is dissolved in water.
If a 0.1 molar solution of HCN is neutralized by a 0.1 molar
solution of NaOH the two solutions do not neutralize each other
when the Ht ion concentration is 10~ molar but rather when
the H+ concentration is about 107! molar. Explain.
What is a buffer solution? Explain its action.
Write the ionic equations for the reaction representing the hy-
drolysis of each of the following salts:
(a) Ammonium chloride — NH,Cl
(b) Sodium acetate — NaC.H;0;
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15.

16.
17.
18.
19.
20.
21.

22.

23.

24.

25.

26.

27.

(¢) Methyl ammonium chloride — CH;NH;Cl

(d) Sodium benzoate — NaC¢H;CO,

(e) Potassium cyanide — KCN

(f) Sodium phenolate — NaCgH;O

(g) Barium nitrite — Ba(NOy),

(h) Lithium formate — LiCHO,

(i) Dimethyl ammonium chloride — (CH;),NH,CI

(j) Potassium propionate — KC;H;0.

Calculate the hydrolysis constant for each of the salts listed in
problem 14. (K;i for the corresponding acids or bases are given
in tables in the Appendix.)

Calculate the (H*) for (A) a 0.1 molar, (B) a .01 molar solution
of each of the salts listed in problem 14.

What is the pH value for each of the solutions in problem 16?
What is the degree of hydrolysis for each salt in problem 16?
How many grams of sodium acetate must be added to 1 liter
of water to give an OH~ ion concentration of 1 X 10~% mole per
liter?

How many grams of NH,CI must be added to 1 liter of water to
give an OH~ ion concentration of 10~ mole per liter?

How many moles of NH4Cl must be added to 1 liter of water
to give the same pH value as a 0.1 molar solution of HCN?

(a) Using only Ki(HAc), calculate the H+* concentration in a
solution containing 0.1 mole sodium acetate and 0.1 mole acetic
acid. (b) Repeat the calculation using Kg.

What is the concentration of the undissociated HAc in a solution
containing 1 mole NaAc per liter?

A .01 molar solution of NaCN is found to be hydrolyzed to the
extent of 5 percent. What is the value of the ionization constant
for HCN?

Show by calculation whether it is possible to make a solution of
sodium formate concentrated enough to produce the same OH-
concentration as that of a .001 molar solution of KCN. (In
this case assume the Law of Mass Action to hold for concentrated
solutions.)

Calculate (a) the hydrolysis constant, (b) the H* ion concentra-
tion, and (c) the degree of hydrolysis for a 0.1 M Na,CO; solu-
tion. (Neglect the second hydrolysis step.)

What will be the minimum concentration of a NaAc solution
necessary to begin the precipitation of Mg(OH), if equal quan-
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tities of this solution and one containing 0.2 mole Mg++ ion per
liter are mixed?

Solid Na,S is added slowly to a .01 M FeSOy solution. Which
will be precipitated first, Fe(OH), or FeS?

Calculate the H* ion concentration in the resulting solution
when equal amounts of the following are mixed:

(a) 0.1 M HCl and 0.1 M NH,OH

(b) 0.1 M HCI and 0.1 M NaOH

() 0.1 M H.,SO4 and 0.1 M NaOH (see p. 181)

(d) .02 M HAc and .02 M NaOH

(e) 0.1 M H,S and 0.2 M NaOH

Calculate the CO;~— ion concentration and the OH~ ion con-
centration in a .01 M solution of NaHCOQO;. (See Example 8,
page 238.)

If MgCl, is added slowly to a solution which is 0.1 M with
respect to NaHCOj;, which will begin to precipitate first, Mg(OH),
or MgCQO,? (See Example 8, page 238.)

Calculate the solubility in moles per liter of the following sulfides
in water, (A) neglecting the hydrolysis of the S—— ion, (B) con-
sidering the hydrolysis of the S—— ion.

(a) CdS (b) CuS (c) PbS (d) Ag.S (e) CoS
What must be the ratio of (Ac™) to (HAc) in a buffer solution
made up of acetic acid and sodium acetate if the H* ion con-
centration is to be maintained at 10-% M?

What is the concentration of the H* ion in a solution which is
.01 M with respect to ZnCl? (Ki(Zn(OH)* has a value of
4% 10-5.)

Calculate the ratio of the (HPO,~~) to (H.PO,) in a solution
in which these two ions are used as a buffer, if the pH of the
solution is to be maintained at (a) 6.0, (b) 7.0, and (¢) 8.0.
Assume that the H* ion concentration is controlled entirely by
the reaction H.PO,~ = H+ + HPO,~—.



CHAPTER

1

Complex lons

For the sake of simplicity and because of a lack of definite
information we designate an ion in solution merely by the
symbol of the element or radical and by the charge which the
ion carries. Thus, hydrogen ion is written as H*; sodium
ion, Na*; chloride ion, Cl~; sulfate ion, SO,~~, etc. There
is sufficient evidence for the argument that no ion exists in
solution as a simple charged atom or group as its chemical
symbol might imply. It has been shown by experiments
designed to determine the relative amounts of electricity carried
by various ions in solution that ions carry with them relatively
large quantities of water. Although it is not possible as yet
to dctermine the absolute amount of water carried by each,
these experiments do allow calculations to be made concerning
the amount of water carried by an ion of one element or group,
relative to that transported by an ion of another element or
group. For example, if we arbitrarily assume that the fastest
moving ion, the hydrogen ion, carries a minimum amount of
water, one molecule, then the potassium ion carries on the
average about five; the 'sodium ion, eight; the lithium ion,
fourteen; while the chloride ion carries about four molecules
of water. These numbers are known as the hydration numbers
of the ions. These hydration numbers vary with the concentra-
tion of the solution. They are related to the speeds of the

ions, in that an ion carrying a large amount of water moves
244
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slowly in comparison with an ion which carries a relatively
small amount of water.

From what has been said in earlier chapters regarding the
attractive forces between ions of opposite charge, it would
seem reasonable to expect that these attractive forces also
exist between ions and water molecules to give rise to hydrated
ions, since the water molecule is a dipole having separated
positive and negative centralizations of charge. Polar mole-
cules tend to attract each other to form aggregates of molecules
and, similarly, we might conclude that polar water molecules
are attracted to charged ions in solution. Accordingly, we
may look upon all ions as solvated in solution, i.e., having
molecules of solvent attached to them.

The union between most ions and water is not a very firm
or stable one, and the law of definite proportions does not
apply in the cases cited, namely, the hydration of such ions
as Lit, Nat, and Cl=. The binding force between water mole-
cules and these ions is of the dipole moment type. The
sodium ion, for example, attracts the negative end of the water
molecule, thus binding the water molecule to it. If one were
able to see these hydrated molecules with a sub-microscopic
eye, he would find that some sodium ions have six H,O mole-
cules associated with them; some, seven; some, eight; others,
nine; etc. The average number would be about eight.

In the case of the cobalt ion, however, a definite number of
water molecules are associated with each metallic cobalt ion.
This definiteness in the number of water molecules associated
with the cobalt ion indicates that the bonding is primarily of
the covalent type, i.e., by shared electrons. When we speak
of complex ions we usually are referring to the coordinately
bonded, exactly defined type of ion. Examples of such com-
plex ions involving other than H,O molecules are: Zn(NH;),*,
Fe(CN)s~——, AgCl,~, and Co(NH;)ett.

It is possible to produce complex ions which are made up of a
positively charged metallic ion and more than one kind of
negative ion or neutral molecule associated with it. For ex-
ample, the following complex molecules or ions are known:
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[Co(NH;); Cl;], [Co(NHj;), Cl]~, [Co(NHj;), Cl,t, ete. (in all
combinations). Note that, for the first example given, the
charge on the ion is zero; it is a neutral molecule. The charge
on the next ion is —1 (it is an anion), and for the third, + 1
(a cation). Thus complex ions made up from positively charged
metallic ion cores are not necessarily positively charged. They
may be neutral molecules, anions, or cations.

The Hydronium Ion. Since the hydrogen ion moves much
faster than any other ion in solution when subjected to an
electric field, we believe that it has associated with it less
water than other ions. If we assume that it combines with
one molecule of water, we may write its formula as H*(H,0)
or H30+.

H* + H,O = H;O* (1)

The iatter ion is known as the hydronium ion and is believed
by many to represent the condition of the hydrogen ion in

water.
One argument for this structure for the H* ion in water
is that the H,O molecule possesses an extra pair of bond-
ing p electrons which are

28 available to combine with
the H* ion. This process is
1s gt illustrated schematically in

H||2p 2p e Figure 11.1.

The H;0* ion thus formed
can have other H,O molecules
2p attached to it through the
H action of dipole forces. Only
FIG. 11.1 The electronic concept Ot.le H.0 mOIec.ule I.S associated
of the formation of the H;O* ion. with the H* ion in the form
of a covalent bond. Other
arguments for believing that the H* ion exists in water solution

as H;O% are given in the following paragraphs.
When two substances react with each other to form a third
substance, an energy change takes place which usually mani-
fests itself in the form of heat; heat is either liberated or ab-
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sorbed. The former is the more usual case. This heat effect
is usually large when the substance formed possesses great
stability. In general, the smaller the heat effect the less stable
is the product. When one substance dissolves in another, an
energy change likewise results. Heat is usually, not always,
absorbed in the process of solution, but the magnitude of the
energy change is usually very small compared with that in-
volved in a chemical reaction. When HCIl, H,SO,, HBr,
HNOj;, and similar substances are placed in water a very large
amount of heat is liberated, much more than one would expect
from the simple process of solution. On the contrary, when
sodium chloride is placed in water, a small amount of heat is
absorbed. Many other salts behave similarly. Where the
hydrogen ion is involved in the process of solution, the amount
of heat liberated is comparable with that of many chemical
reactions. This behavior may be ascribed to the formation of
the hydronium ion.

If we assume that one molecule of water is associated with
the hydrogen ion, the resulting hydronium ion may be repre-
sented structurally as being similar to the ammonium ion.
The hydronium ion is a complex ion and is the fundamental
particle used in the Brgnsted definitions for the explanation
of acid-base reactions.

The Ammonium Ion. Pure liquid ammonia, boiling point
-33.5° C, is a poorer conductor of electricity than is pure
water; the conductivity of water is at least 10,000 times greater
than that of ammonia. When hydrogen chloride is placed in
pure ammonia the resulting solution is found to be an excellent
conductor of electricity; the value of its conductivity is of the
same order of magnitude as that of hydrogen chloride in water.
In this case a reaction takes place which involves the formation
of a new ion. The ion produced is quite familiar to us, the
ammonium ion, and its formation may be expressed by the

equation, H+ + NH, = NH/* 2)

The ammonium ion is a complex ion and may be looked upon
as an analogue of the hydronium ion. It differs from the
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hydronium ion in that it forms salts with negative ions which
possess considerable stability. When the excess ammonia
from the solution just considered is allowed to evaporate, a
solid remains which upon examination is found to be am-
monium chloride. It is known that solid ammonium chloride
may be heated to several hundred degrees before it noticeably
dissociates to give ammonia and hydrogen chloride. Am-
monia reacts in a similar manner with many other hydrogen
compounds; thus HBr, HI, H,SO4, and HNO; form ammonium
salts with ammonia, all of which are highly stable in that they
may be crystallized from solution.
Pure ammonia ionizes very slightly in accordance with the
equation,
NH; = H* + NH,"- 3)

The hydrogen ion formed in this process combines with am-
monia, as expressed in equation (2). The NH,~ (amide) ion
in liquid ammonia corresponds to the OH™ ion in water, and
metal ions in combination with the NH,™ ion helhiave as bases.

Like hydrogen chloride in water (hydronium chloride),
ammonium chloride behaves as an acid in liquid ammonia.
It will react with ammono bases such as potassium amide,
KNH,, sodium amide, NaNH,, etc., to form salts and am-
monia. These reactions are analogous to those between hy-
drochloric acid and hydroxides in water. Typical reactions
in the two solvents may be written:

H;O0+ + OH~ = 2H,0 4)
NH4+ + NHZ_ = 2NH3 (5)

One of the characteristic properties of an acid in an aqueous
medium is its ability to react with certain metals with the
displacement of hydrogen. Thus,

Zn +2H* = Zn*t + H, (6)
or, using hydronium chloride,

Zn + 2H;0* = Zn++ + H, + 2H,0 (7)
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Ammonium chloride in liquid ammonia behaves in a similar

manner,
Zn + 2NH,* = Zn*t + H, + 2NH; (8)

Like the hydronium ion in water, the ammonium ion in am-
monia is an acid. The only essential difference between the
two is that the ammonium ion possesses a far greater stability
at ordinary temperatures than does the hydronium ion. The
similarity of water to ammonia leads to the assumption of the
hydronium ion as the analogue of the ammonium ion. How-
ever, for most purposes it is immaterial which formula we use.
Simplicity recommends the use of the symbol H* rather than
H,Ot for the hydrogen ion in water solution.

Solid llydrates and Ammonates. The ability of ions to
combine with water and ammonia molecules is not limited
to the hydrogen ion. As we previously stated, attractive
forces exist between ions and polar water molecules, and all
ions are more or less associated with water in this medium.
In most cases the resulting combination, which is not a definite
one, is capable of existence only in solution. Sometimes a
crystalline product containing water may be obtained from
solution. The number of such compounds is relatively large;
only a few familiar examples may be mentioned here, such as
CuSO0; - 5H,0, CaCl, - 6H,0, Na,S0, - 10H,0, and CrCl; - 6H,O.
These addition compounds, made up of salts and water mole-
cules, are commonly called hydrates. The fact that these
solids contain water in definite proportions is no assurance that
definite proportions hold true in solution. The crystal lattice,
i.e., the space distribution in the crystal, allows a definite
number of water molecules to be associated or trapped with
each particle (ion or atom) in the crystal. Such restrictions
do not prevail in solution.

Ammonia shows an even greater tendency to combine with
ions both in water and in liquid ammonia to form analogous
solid compounds, called ammonates. Characteristic exam-
ples of such combinations are CuSO,-4NHs, CaCl; - 8NH;,
CrCl; - 6NH;, and CoCl; - 6NH;.  All of these ammonates may
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be crystallized from solution and upon analysis they have
been shown to be definite compounds. In general, the am-
monates are more stable, both in solution and in the solid
state, than are the analogous combinations containing water
molecules. This property of ions or molecules to combine with
solvent molecules is not confined entirely to water and am-
monia. Molecules of many other solvents show the same tend-
ency to a greater or lesser degree. This fact is demonstrated
clearly when one considers that there are known in well-
crystallized form several thousand combinations similar to
those mentioned above, in which water, ammonia, alcohols,
amines, and many other solvent molecules assume a definite
part in the crystalline solid complex.

Valence and Complex Molecules. An examination of
complex molecules reveals that the valence relationships among
their atoms cannot be explained by the ordinary concepts which
apply fairly well to other types of molecules. It appears that
in each instance the ion in the complex molecule exhibits a
combining capacity which exceeds the primary or ordinary
valence. Thus in [Cu(NH,),]** the copper ion displays the
ability to acquire four additional molecules of ammonia. On
the other hand, the cobalt ion takes on six molecules of water
or ammonia. A similar situation exists in many other known
compounds. This additional combining capacity is usually
spoken of as the auxiliary or secondary valence, which for
the copper ion is four and for the cobalt ion, six. What is the
nature of this auxiliary valence and what explanation can be
offered to account for it?

In an earlier chapter we considered the electronic structures
of atoms and molecules and on this basis explained the differ-
ence between the main and sub-groups of the periodic system.
It is the elements of the sub-groups, with their shells of 18
rather than 8 electrons in the next to their outermost shells,
that we shall now consider with respect to the formation of
complex ions and molecules.

When the periodic table is followed into the third series of
elements (beginning with argon), scandium appears in the



Yalence and Complex Molecules 251

third group. This element is not very closely related to the
preceding elements in the same group. Since it is in the first
long series, between argon and krypton, which series is com-
posed of 18 elements, a shell of 18 electrons must be taken into
consideration. In the case of scandium one electron falls back
into a shell which already possesses a stable grouping of eight
electrons; this shell then contains nine electrons (see p. 82).
This is the first step in the formation of an inner shell of 18
electrons. The same shell for the element titanium (atomic
number 22, one greater than that of scandium) contains 10
electrons, for vanadium it contains 11 electrons, etc., until
zine (atomic number 30) is reached, which has 18 electrons.
This number persists in this shell as far as the next rare gas,
krypton (atomic number 36). The fourth series of the periodic
table is likewise a long series and contains 18 elements, while
the fifth series contains 32 elements, due to the 14 rare earth
elements which occupy a single position in the table. The
elements in these long series have more than 8 electrons in the
next to the outermost shell. The outermost shell contains the
normal valence electrons. In the long series we find the ele-
ments which make up the sub-groups of the table and, in addi-
tion, the transition elements, such as iron, cobalt and nickel.

Ions which show no auxiliary valence have a completed group
of eight electrons in the outermost shell. Those displaying
secondary valence have in their outermost shells either a com-
pleted or partially completed group of 18 electrons. Thus, the
magnesium ion (magnesium atom minus 2 electrons) has an
outer group of 8 electrons while the zinc ion has an outer group
of 18.

The secondary valence which is displayed in the formation
of complex molecules is undoubtedly due to forces which result
from the electrons of that shell immediately within the one
containing the valence electrons of the atoms, i.e., the outer-
most shell of the ions. The binding between the metal ion
and the peripherally attached molecules or ions is probably of
the coordinately bonded type. This fact is strongly suggested
when one considers the properties of these complexes. (We



252 COMPLEX IONS

shall consider the electronic structures of complex ions in a
later sccticn of this chapter.)

The Coordination Theory of Werner. About the begin-
ning of the century, Alfred Werner, a German chemist, made
a thorough study of complex molecules and proposed a theory
which fits their observed properties in a remarkable manner.
He first introduced the concept of auxiliary or secondary
valence, thus explaining the behavior of these compounds. Let
us examine this theory in order to explain the properties of a
typical complex molecule such as CoCl; - 6NH;. This molecule
is a salt, a good conductor of electricity in water solution, and
its anion may readily be identified as the chloride ion by the
precipitation of silver chloride when silver nitrate is added to
its solution. All the chlorine is found in the anion form, and
sulfuric acid converts the complex into the corresponding sul-
fate salt. Contrary to what might be expected, sulfuric acid
fails to remove ammonia molecules very rapidly from the
complex, even though ammonia and hydrogen ion have a
great tendency to combine with each other to form the am-
monium ion, NH,*.

This complex ion is not as stable as one might think. The
dissociation constant for the equilibrium, Co(NH;)s*+t =
Cot+t 4+ 6NH;, has a value of 2.2 X 1073; however, the Cott+t
ion appears to the first power and the concentration of NHj
to the sixth power. (These high powers or exponents make the
equilibrium constant seem inordinately small.) On standing,
dissociation becomes appreciable; it so happens that the rate
of dissociation is low, which effect makes it appear that the
complex is much more stable than it actually is. On the basis
of these properties and according to the theory of Werner the
molecule is represented as [Co(NH;)]Cls, or

- NH, -

NH,
N
/ l\

" NH,

Cls
NH;
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It is assumed that the addition of the six molecules of am-
monia takes place through the secondary valencies. The
complex grouping contains only a cobalt atom and ammonia
molecules, and as a unit it does not possess properties char-
acteristic of either constituent. The chlorine atoms, however,
retain their characteristic properties, in that all three are
readily removed by silver ions with the formation of silver
chloride. Consequently, all three chlorine atoms must exist
in solution as chloride ions. The conductivity of this complex
in water solution has a value similar to that of a typical tri-
univalent electrolyte such as ferric chloride, FeCl;; hence the
complex must produce four ions. Accordingly, we may indicate
its structure in solution as
r NH, 7 4+
NH; ‘ NH;

AN

/
Co +3CI-
/ . N
NH,
NH,

One molecule of ammonia may be easily removed from the
cobalt complex discussed above by heating the solid to 250° C.
This procedure produces the compound CoCl; - 5SNH;. When
this molecule is treated with silver ion in water solution, only
two chlorine atoms are readily removed through the precipita-
tion of silver chloride. In addition, the conductivity of this salt
shows it to be a bi-univalent electrolyte, producing only three
ions. Its structure may be represented as

NH;

Cl 7+
NH; \ NH;
N |/
Co
/ ‘\
NH3 NH3
L NH; a

In like manner [Co(NHj;),CL]Cl is found to be a uni-
univalent clectrolyte, because of its conductivity and because

+ 2CI~
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silver ion reacts rapidly with only one chloride ion per mole-
cule. [Co(NHs);Cl;] is quite insoluble in water and is a non-
conductor of the electric current. Silver ion fails to precipitate
silver chloride rapidly when added to a solution of this com-
pound. Continued removal of ammonia and the addition of
potassium nitrite produces K[ Co(NH;).(INO,),], which is found
to be a uni-univalent electrolyte and to ionize as

KECO(NHa)z(NOz)4] =K+t + [CO(NH3)2(NO‘Z)4]— (9)

The resulting charge on the complex ion is negative because the
nitrite ions replacing the ammonia molecules in the complex
are themselves negatively charged. By this process a neutral
molecular complex is changed into a negatively charged ion.
The resulting charge on any complex ion can easily be de-
termined by taking the algebraic sum of the charges on the
constituent parts of the complex ion. Thus, in this case,

Cot+tt contributes 3 +

2NH; contribute 0

4NO,~ contribute 4 —
resultant charge 1 —

The next member of the series is not known, but its formula
would be K[ Co(NH;)(NOs)s], a uni-bivalent electrolyte. The
last member of the series is well known as potassium co-
baltinitrite which is only slightly soluble in water. In one
of the analytical tests for potassium ion, the sodium salt,
Na Co(NOy)s], is added to a solution of the unknown. In
dilute solution NaK,[Co(NO.)s] is precipitated if potassium
ion is present; in concentrated solution K; Co(NO.)s] may
be formed. The latter is a uni-trivalent electrolyte, as shown
by the magnitude of its conductivity, and ionizes in solution
to produce four ions,

Kj[Co(NO:)s] = 3K+ + [Co(NO,)e]~~~ (10)

The following series of platinum compounds is also well estab-
lished : [Pt(NHs)stL;, [Pt(NH;;) 501:1013, [Pt(NH3)4Cl2]Cl‘2,
[Pt(NH;);Cl;]Cl, [Pt(NH,),ClL], [Pt(NH;)Cl;]K, and



The Coordination Theory of Werner 255

[PtCls]K,. It will be observed that the number of single con-
stituents associated with the central atom in the complex
cation or anion, as the case may be, in both the cobalt and
platinum series, is always six. This number is known as the
coordination number, which for most ions is usually 4 or
6. In the case of the well-known copper-ammonia complex ion,
[Cu(NH;),]**, the coordination number of the copper is 4.

The coordination number of an ion in many instances is
equal to twice the charge on the ion. Thus the coordination
number of Cu*t is 4; that of Zn**, 4; that of Ag*, 2; that
of Cut, 2; and that of Co***, 6. This rule is not a rigid one;
the most common exception is the coordination number of 6
for Fe*t in the ferrocyanides.

The complex anion or cation or molecule is sometimes desig-
nated as the coordination sphere. Thus the coordination
sphere of the compound [Co(NHj;);CI]Cl, contains one cobalt
atom, five molecules of ammonia and one chlorine atom.
Polyvalent acid radicals, such as SO,~—, CO;~~, C.0,~~ (oxa-
late) ions, may be taken up by the central atom and occupy
two positions in the coordination sphere; for example, in the
complex [Co(NH;),SO,]Cl, the coordination number of the
cobalt ion remains as 6. Although the examples given above
for the cobalt and platinum series contain only ammonia
molecules, it must be remembered that water and other solvent
molecules can occupy positions within the coordination sphere.
The ammonia complexes are chosen here since they are well
defined and relatively simple.

The following list includes some of the molecules and ions
which form complexes with metallic cations:

NH;, RNH,, R,NH, R;N

I‘Igo, ROH, Rzo

CO, NO

CN-, SCN-, F-, OH-, Cl, Br—, I~
(The symbol R refers to an organic radical)

The student is very probably familiar with some of the com-
plexes formed with negative ions, such as: ferricyanide ion,
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Fe(CN)¢—~; ferrocyanide ion, Fe(CN)s~~~~; aurous cyanide
ion, Au(CN),~, formed in the extraction of gold by the cyanide
process; nickel carbonyl, Ni(CO),, an intermediate compound
in the extraction and purification of nickel; and Ag(Cl.)™.
The Geometrical Configurations of Complex lons.
Previously we indicated schematically the structure of the
[Co(NH;)s]t*t ion as lying in
one plane. Actually the dis-
tribution of the NH; molecules
about the (Co**t) coreis that of
anoctahedron. Infact,allcom-
plex ions with a coordination
number of 6 have octahedral
structures. The octahedral
structure of [Co(NHj)e "+ is
FIG. 11.2 The octahedral struc- that given ll>l I'lgure'll.2 A
ture of the Co(NHy)s** * ion. The Co*** core lies within
the octahedron. All edges of
the octahedron have equal lengths. Suppose that we substitute
two of the NH; groups by Cl~ ions. It will be apparent that
substituting the C1~ ions in positions 1 and 2 will result in the
same configuration as in 1 and 4, 1 and 5, 1 and 6, 2 and 3,
2and 4, 2 and 6,3 and 4, 3 and 5, 3 and 6, 4 and 5, and 5 and 6.
In each of the above cases one gets the same configuration by
twisting the molecule around.* However, if the two C1~ ions
occupy positions 1 and 3, they are different from those cited
above, but exactly like those configurations in which the C1-
ions occupy positions 4 and 6, and 2 and 5. There are there-
fore two kinds of [Co(NH;)4(Cl)]* ions. The former are
known as the cis and the latter as trans forms. These two dif-
ferent kinds of compounds have been isolated and shown to
be different. The fact that two different compounds and no
more than two are known confirms the octahedral structure
of cobalt complexes and, in fact, all complexes with a coordi-

* Note that this twisting-of-the-molecule viewpoint does not apply in the case
of resonance. With resonance the electron is conceived of being in both positions
at the same time, or oscillating so fast as to be practically in this condition.
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nation number of 6. These complex ions or compounds having
the same empirical formulae, i.e., built up of exactly the same
constituents, but having different configurations and dif-
ferent properties, are known as geometrical isomers (com-
pounds which differ only in the geometrical location of the dif-
ferent components).

Let us now consider the complex ions having a coordination
number of 4 (four molecules or ions about the central core).
In this case two possibilities present themselves. Let us con-
sider the generalized compound or ion [ A(X),] where A repre-
sents a metallic atom or ion and X the peripheral groups.

The first case to consider is @ 4
that in which all the X groups X ——=>X0)
lie in a plane, at the corners / A
of a square. This condition is (HX X®
illustrated in Figure 11.3. If FIG.11.3 Planar structure of com-
two of the X groups are sub- plex ions with coordination number

. , .. of four.
stituted by Y groups, giving
the compound or ion [A(X)2(Y).], then if the Y groups are in
positions 1 and 2,2 and 3, 3 and 4, and 1 and 4, they are equiva-
lent. But if the Y groups are in positions 1 and 3 or in 2 and
4, the compound is different from
that formed when the Y groups are in
the positions previously cited. Again,
geometrical isomers are formed.
An example of such geometric
isomers is found in the compound

/ [ Pt(NHj;).ClL ]Cl..
// The other case to consider is that
X in which the peripheral groups are
FIG. 11.4 Tetrahedral strue- located at the corners of a tetra-
ture of complex ions with }oqron a5 illustrated in Figure 11.4.
coordination number of four. . . .

In this case, if two Y groups are
substituted for two of the X groups, all configurations are alike
and no geometrical isomers are formed. This is one criterion
in determining the geometrical shapes of the complex ions with
coordination number of four.

X

|
[
!
!
X
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Only if all four outer groups in the tetrahedral configura-
tion are different can isomers be formed. This condition is
illustrated in Figure 11.5. Configuration I cannot be twisted
around in any way to be the same as II. This type of iso-
merism is treated very fully in the study of organic chemistry.

B B

e ————

FIG. 11.5 The two kinds of isomers formed when all four groups in a
tetrahedral structure are different.

The Electronic Structures of Complex Ions — General
Concept. Although the theory of auxiliary valence from the
standpoint of electronic structure is not as clear-cut as the
simple valence theory heretofore discussed, yet several impor-
tant correlations present themselves.

Let us consider the structure of the zinc ammonia complex
ion, Zn(NH;),**, as a basis for our discussion. The K, L, and
M shells of the Zn** ion contain 2, 8 and 18 electrons, re-
spectively. Let us assume that each of the four ammonia
molecules shares 2 electrons with the central Zn** ion. The
zinc-ammonia complex ion structure would then be that il-
lustrated in Figure 11.6. The configuration of electrons about
the zinc nucleus in the complex ion would be: 2, 8, 18, and 8,
the same structure as that of krypton.

Although it is difficult to find many complex ions the struc-
tures of which fall into as clear a picture as this, a rather large
number exist for which the total outside electrons contributed
as a sharing process by both the central ion and the comple-
mentary groups, equals 26 (18 + 8). All the complexes of the
Co**+ ion fit this scheme. As an example consider the
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el 4+ +

FIG. 11.6 Zinc-ummonia complex ion.

Co(NH;)et+* complex ion. The outermost shell of the Cott+
ion contains 14 electrons (see table, p. 82) and the six NH;
groups contribute 12 electrons. The same is true for the
Co(NH;);Cl*+ ion and the Co(NO,)s~~~ion. Some of the other
jons and molecules which fall into this category are the plat-
inum ion complexes previously listed, Fe(CN)s~~~, CdClL~7,
HgBr,—, and Ni(CO),. Many other examples of this kind
can be found. The assumption usually made in these cases is
that when the electrons assume the 18- and 8-electron outer
structure there is little distinction between the electrons in the
18 and the 8 groups.

There are many cases also known for complex ions having
less than 26 electrons in the outer shells. The Cu(NH;),** ion,
for example, has only 25. Apparently, the 18 shell need not be
completely filled to obtain a stable structure. Very seldom,
however, do complex ions display more than 26 electrons in
the outer two shells. Complexes of the cobaltous ion, Cot*t,
such as Co(CN)s~—~", are examples of the latter type, but
these complex ions are very good reducing agents, i.e., they
have a strong tendency to lose this extra electron.
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Orbitals and Configurations of Complex Structures.
The foregoing general considerations give us a rough picture
of complex ion formation through the tendency of the inner
metallic ion to form a rare gas structure by the addition of
extra electrons contributed by the peripheral groups. In the
last few years a great deal of attention has been paid to the
more detailed structure of these ions in terms of their orbitals.
All the answers are not yet complete. Yet we present these
considerations, not because they explain all the facts un-
equivocally but rather as a point of view which is gaining more
and more importance and one with which the student, teacher,
and professional chemist will be concerned if he is to keep
abreast of the development of structural chemistry. Ob-
viously, in a course such as this, only the viewpoint and the
feeling for the subject can be presented. The student should
not expect his instructor to explain what may seem to him
anomalies. In many cases, nobody knows the answers, as yet.

Let us reconsider the electronie structure of Zn(NH;),** in
terms of the orbitals involved. To do this, we refer to Figure
11.7. Here we present the many electrons of the zine atom, the
zinc ion, and the zinc ammonia complex core in terms of the
energies of the electron orbitals. The energies of the various
orbitals are plotted as ordinates (up and down positions). The
lowest orbital (1s) is the most stable, i.e., electrons in this
orbital require the greatest energy to knock them out, or re-
move them, by any means, from the atom. The higher up the
orbitals are in the figure, the more easily the corresponding
electrons are removed. The nearer the lines, representing the
various energy states, are to each other, the more alike arc
the energies of these two states. Electrons can be promoted
from a lower to a higher level only if external energy is applied.
Such energy is often provided by the bonding of the peripheral
groups.

There is also a correlation between the ordinates (the up and
down positions) of the orbitals and their distance from the
nucleus. The lowest orbitals in the charts are the nearest to
the nucleus.
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FIG. 11.7  The electronic orbitals of the zine atom, the Zn** ion, and the
core of the Zn(NH;),** jon. The open cireles indicate both the bonding
electrons and the number of electrons contributed by the peripheral groups.

The numbers associated with the levels represent the prin-
cipal quantum numbers; thus for the 3s orbital the principal
quantum number n =3. Note that the only difference be-
tween the electronic energy structures of the Zn atom and the
Zn'*t jon is that, in the structure of the Zn** ion, the two 4s
electrons (the valence electrons) are missing. In the case of
Zn(NH;)#t ion eight extra electrons are added by the NH;
molecules (see structure of NH; on p. 54). These added
electrons are indicated by open circles and act as the covalent
bonding electrons holding the NH; molecules to the Zn** ion.
Before joining the complex these electrons (on the NH; mole-
cule) were 2s electrons, but in this combination they have lost
that identity, i.e., they have changed their character. Note
that only s and p electrons are involved in the bond. The s
electrons have become identical with the p electrons and are
said to be promoted; their energies are the same. Four pairs
of electrons which are of the s and p type (promoted) give



262 COMPLEX IONS

rise to a tetrahedral structure (see p. 258 on carbon atom).
The 3d electrons do not take part in the bonding. In fact, the
tetrahedral structure involving only s and p electrons is the
invariable rule, when the d shell is filled as in the case of Zn**
ion and also Hg**, and when the coordination number is 4.
When the d shell is involved in a d, s, p coupling, and when
the coordination number is 4, the resultant structure is planar;

Ni*Ion Core of Ni (CN),~~ Ion Core of Ni (NH,)," *Ion
Orbitals | s | # d Orbitals | s | 2 d Orbitals | s 4 d
Shells Shells Shells
3d 3d 3d
v | | 0000881 ,, 5150 |ceeee|| + |olooo
“ 0081 + [o]co [ceess|| * [olooo|2eeee
[)
3 ( X 1] 3 (1 1) (X 1)
? o|®®®] " |o[®®® R o|®®®
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FIG. 11.8 The electronic orbitals of Nit+ ion, the core of the Ni(NH;),++

ion, and the core of the Ni(CN),~~ ion. The open circles indicate both the

bonding electrons and the number of electrons contributed by the peripheral
groups.

in the form of a square. To illustrate this, let us consider the
ions Ni(NH;),** and Ni(CN),~. The electronic energy
structures for these ions, together with that for the Ni*+ ion
is given in Figure 11.8. Note that in the Ni** ion there are
only eight 3d electrons two of which are unpaired (according
to the rule given on p. 81). These unpaired electrons, which
line up magnetically, should give rise to a magnetic moment,
i.e., the Ni** should be attracted into a magnetic field (as is a
bar magnet). Quantitative magnetic measurements indicate
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that there are two unpaired electrons in the Ni** ion, as indi-
cated in Figure 11.8. Only s and p electrons are involved in
the Ni(NH;),** complex ion. This electronic structure is
assigned to the ion both because X-ray diffraction analysis
indicates that the molecule is tetrahedral (like the carbon atom)
and magnetic measurements indicate that there are two free
electrons, as in the Ni** ion. The bond type here is sp.

On the other hand, Ni(CN),~~ has a structure involving d, s,
and p bonding electrons. In this case the bond type is dsp?
This configuration, according to calculation, indicates a square
structure. This is confirmed by X-ray analysis. As would be
expected from the structure indicated in Figure 11.8, magnetic
measurements indicate that there are no free electrons in the
Ni(CN), ~ ion.

In analyzing these diagrams, the student should realize
that when electrons are contributed to the central atom by the
peripheral groups these electrons lose their identity. They
are not labeled. The two electrons which are added to the
Nit* ion by the NH; molecules to fill in the 3d level (or shell)
are not necessarily the bonding electrons. The bonding elec-
trons (those indicated by circles) are determined after the
structure is completed. The energy or quantum number
assignment of any electron does not depend upon its past
history.

Let us now consider an example which illustrates the limi-
tations of our knowledge in this subject. For this we shall
consider the Cu(NH;),++ ion. In Figure 11.9 we give the elec-
tronic energy structures of the Cu atom, the Cu** ion, and the
core of the Cu(NH;),**+ complex ion. Looking at the struc-
ture of the Cut* ion we might expect that the eight electrons
contributed by the NH; groups would fall in the 4s and 4p
orbitals and that these orbitals would be responsible for the
bonding. If this were so, and if our original postulates were
correct, we should expect that the Cu(NHj;),++ would be tetrahe-
dral in structure. However, X-ray analysis indicates that
the structure is a square one. Again, if our original postulate
is correct, namely, that a square structure involves, s, p, and
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FIG. 11.9 The electronic orbitals of the copper atom, the Cu** ion, and
the core of the Cu(NH;),#+ ion. The open circles indicate both the bonding
electrons and the number of electrons contributed by the peripheral groups.

d electrons, we are forced to the structure indicated in the
diagram. In this structure the one odd electron is left in the
4p level. Magnetic measurement gives us no information,
inasmuch as these measurements give only the number of
unpaired electrons and no information as to whether any one
is in the d or p level.

The structure of the Co(NHj)st** ion is a regular one. In
Figure 11.10 the electronic energy structures for the Co atom,
the Cott* ion, and the core of the Co(NH;)st** are given.
In forming the Co*** ion the Co atom loses its two 4s elec-
trons and one d electron, leaving four unpaired d electrons.
The addition of six ammonia molecules to the complex adds
twelve electrons; four in the 3d, two in the 4s, and six in the
4p shell. Twelve valence electrons are necessary, and we
might guess that these valence electrons would be those indi-
cated in Figure 11.10. The structure is octahedral, and there
are no unpaired electrons. The facts presented here corre-
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FIG. 11.10 The electronic orbitals of the cobalt atom, the Co*** ion, and
the core of the Co(NH;)¢**+ ion. The open circles indicate both the bonding
electrons and the number of electrons contributed by the peripheral groups.

spond with the structures determined by X-ray analysis and
magnetic measurements. Similar measurements indicate that
all complex ions with coordination number six have octahe-
dral structures and are bonded by d’p® orbitals (here the
superscripts indicate the numbers of pairs of electrons).
Fe(CN)sg~~~~ and Fe(CN)g~—~ are well known examples.
The arguments given here also apply to other elements with
similar outer-electron structure, such as Pt, Au, and Hg.
These examples illustrate the state of the science of com-
plex ions. In most cases, with the exception of the A(X,)
complexes which are always octahedral, we cannot predict
offhand the geometric structure of these ions. In many cases
the geometric structure can be predicted if we know the mag-
netic data concerning the number of unpaired electrons. At
the present state of our knowledge in this field we are able to
rationalize the facts quite well, but we cannot predict from
general knowledge with any certainty what the geometric
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structure of any given ion is. At the present time we are in
the hypothesis stage. We guess, we rationalize, we draw
analogies, and we coordinate all the known experimental facts
which bear upon the problem.

When we can lay down some principle which allows us to
predict these structures from very fundamental considerations
we shall have a ‘““law’”’ — then the problem will be in hand.
A study of the theory of complex ions is a living example of
the growth of a scientific theory.

Homoatomic Anions. Many complex anions are known
which are formed by the combination of negative ions with
neutral atoms or molecules. When the neutral atom or mole-
cule and the negative ion of such a complex involve only a
single element, then the complex anion is known as a homo-
atomic anion. Potassium iodide is a salt which in water
solution ionizes completely to give potassium and iodide ions.
Although iodine displays a very low solubility in pure water,
when added to an aqueous solution of potassium iodide it dis-
solves readily. Properties of the solution, such as the lowering
of the freezing point and the conductivity, indicate the pres-
ence of only two ions. This and other evidence points to the
conclusion that a tri-iodide ion is formed through the reaction,

I+ L =1I) (12)

The combining weights are also in agreement with this equa-
tion. Thus it appears that the negative iodide ion takes up a
molecule of iodine, I, to form a complex anion, the type which
has already been designated as a homoatomic anion. Although
this reaction proceeds only as far as the tri-iodide stage in
water solution, in the solid condition iodide ions of greater
complexity are easily produced. Thus, the iodide ion under
suitable conditions will take up molecules of iodine to form
complex anions, Is~, I;7, and I,~. As might be expected, an
odd number of iodine atoms is always present in the complex
anion. Ions having an even number of iodine atoms are not
known.

Many other negative ions show properties conforming to
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those of the iodide ion, one of which we shall consider in rela-
tion to analytical procedures and problems of analysis, namely,
the sulfide ion, S~—. This ion in water solution reacts with
sulfur to produce complex anions which contain only sulfur
atoms and bear a charge of — 2; the first stage of the reaction
is represented by the equation,

ST +8=8"" (13)

Evidence points to further reaction to form S;=—, S,7=, S;~
ions, and perhaps anions containing a larger number of sulfur
atoms. It will be observed that each ion carries a charge of
— 2, regardless of the number of sulfur atoms it contains.

In the separation of arsenic from the copper group, yellow
ammonium sulfide may be used, since this reagent dissolves
the sulfides of the arsenic group but not those of the copper
group. The exact composition of the ammonium polysulfide
is not known; the solution undoubtedly consists of a mixture
of several of the complex sulfide ions mentioned before. For
simplicity we shall regard it as containing chiefly S,”~ ions.
Taking arsenous sulfide as typical of the arsenic group, we may
illustrate the action of the ammonium polysulfide (yellow
ammonium sulfide) by the equation,

ASQS3(SOlid) + 382__ = 2ASS4—_— + S (14)
The arsenous sulfide is oxidized by the polysulfide solution
to the thioarsenate ion, AsS,~~~. The sulfur formed in

reaction (14) is again dissolved by the sulfide solution.
Ammonium or sodium sulfide will dissolve As,S; readily but
will not dissolve As,S; to any appreciable extent. We may
regard the process of solution of As,S; by the polysulfide as
one of oxidation by the dissolved sulfur with subsequent solu-
tion of the As,S;, as illustrated by the equations,

As,S; + 2S(dissolved) = As,S; (15)
AsySs + 387~ = 2As8, - (16)

The role played by complex anions and cations in procedures
of qualitative analysis will be described in Part II of this text,
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when we consider the properties of individual ions, the proper-
ties of analytical groups and the methods used for their
separation.

Equilibria Involving Complex Ions. When ammonium
hydroxide is slowly added to a solution of silver nitrate, therc
is first observed a brown precipitate of silver hydroxide (or
silver oxide). In the presence of a large number of silver ions,
there are sufficient hydroxide ions from the ionization of the
ammonium hydroxide to exceed the solubility product con-
stant of silver hydroxide. However, the continued addition
of ammonium hydroxide to this same solution is found to dis-
solve the silver hydroxide with the formation of the complex
silver ion.

Experiments show that the ammonia molecule is responsible
for the dissolving of the silver hydroxide. The original solu-
tion of silver nitrate contains only silver and nitrate ions,
while the ammonium hydroxide solution introduces four new
constituents, ammonium ions, hydroxide ions, free ammonia,
and ammonium hydroxide molecules, all of which are in
equilibrium with each other:

NH; + H.O = NH,OH = NH,* + OH~ (17)

Neither the ammonium ion nor the hydroxide ion is respon-
sible for the dissolving of silver hydroxide by an excess of
ammonium hydroxide. The only two constituents left are
free ammonia and ammonium hydroxide molecules. We are
not able to distinguish between the two, the equilibrium
between them never having been determined with any degree
of certainty. We may consider ammonia in water as con-
sisting entirely of free ammonia, NH;, or of ammonium hy-
droxide, NH,OH, molecules, whichever is more convenient.
For our purposes it matters little which we choose. The
silver-ammonia complex ion, Ag(NH;).*, is the substance
formed. (It is to be noted that the names of these complexes
are ammonia complexes and not emmonium complexes.
Ammonia refers to the molecule NH;; ammonium to the
radical NH,.) The coordination number of the silver ion in
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the silver-ammonia complex is 2. The original experiment
may now be expressed in the form of two equations,

Ag* + NH,0H = AgOH(solid) + NH,* (18)
AgOH(solid) + 2NH; = Ag(NH,);* + OH- (19)

Since silver ion and ammonia combine to form the silver-
ammonia ion, we would also expect this ion to dissociate some-
what into its constituents,

Ag(NH;),t = Ag*t + 2NH; (20)

The dissociation process is in a general way like the dissocia-
tion of weak acids and bases. Lacking sufficient information,
the dissociation is expressed by the over-all reaction (equa-
tion 20), rather than by steps. According to the equation
three kinds of particles are in equilibrium with each other,
the silver-ammonia complex ion, silver ion, and ammonia
molecules. If an additional amount of silver ions was added
to this system, the equilibrium would shift to the left, with
the formation of more silver-ammonia ions. The addition of
ammonia molecules would have the same effect. Dilution
with water would favor the dissociation of the complex to pro-
duce more ions. We may write an equilibrium constant for
this reaction in the usual way, with the products appearing
in the numerator and the reactants in the denominator as

follows:
(Ag*)(NH;)?

(Rg(NHy),) =K=6x10"* (21)

The dissociation constant has a value of 6 X 10~® which is
sufficiently low to signify that the dissociation of the com-
plex ion is slight. What then is the amount of dissociation of
this complex ion in a solution in which it is present at moderate
concentration?

Let us take, for example, a solution which is 0.1 molar with
respect to silver-ammonia and nitrate ions, Ag(NH;),* and
NO;~. The concentration of the silver-ammonia ion would be
very nearly 0.1 molar provided it were not appreciably dis-
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sociated. Since we know from the small value of the equilib-
rium constant that its dissociation must be very low, we can
assume that the concentration of the silver-ammonia ion is
practically 0.1 molar at equilibrium. Let X be the number of
moles of the complex which dissociate, then the concentration
of the silver ion at equilibrium will be X and the concentration
of the ammonia molecules, 2X. Therefore,
(AghH)(NH;)* X(2X)* 4X?

A —8
(Ag(NHy)") ~ 01 ~ o1 " 8x10

4X%=6x 10" and X®=15x10""°
X =115%x10"% and 2X = 2.3 X 10% mole per liter

In a 0.1 molar solution of the silver-ammonia nitrate, the con-
centration of the silver ion is then 1.15 X 10~® mole per liter
and the concentration of the free ammonia is twice as great.
These values appear to be quite large, larger than one would
expect for a highly stable complex. As a matter of fact the
silver-ammonia complex is about the least stable of the known
ammonia complexes. It will be recalled that in the case of the
cobalt-ammonia complexes the addition of sulfuric acid merely
converted the original salt to the sulfate and failed to remove
readily any ammonia from the complex ion. However, in the
case of the silver-ammonia complex the situation is entirely
different. When a strong acid is added to a solution of the
latter the complex is destroyed due to the combination of the
ammonia with hydrogen ion. In this process the equilibrium
(equation 20) shifts to the right. Addition of sulfide ion, 1odide
ion, and other ions which form very insoluble salts with silver
ion will also destroy the complex.

But now consider the situation in the presence of the chloride
ion. Suppose we attempted to make a solution 0.1 molar with
respect to silver-ammonia and chloride ions. What would
the concentration of the silver ion be in this solution? It is
obvious that the concentration of the silver ion could not be
1.15 X 10~% mole per liter as it was in the case of the silver-
ammonia complex nitrate solution, for with a concentration of
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chloride ion in the solution as high as 0.1 mole per liter, the
solubility product constant would be exceeded for silver
chloride (Kgp = 2.8 X 107°) by more than one millionfold.
Hence, silver chloride would precipitate from solution and the
concentration of the silver ion would be greatly reduced. It
is apparent that in such a case the silver ion concentration
must satisfy both equilibria, the complex ion equilibrium and
the solubility product equilibrium of silver chloride. In order
to prevent the precipitation of silver chloride in this solution,
it is evident that the concentration of the Ag* ion must be
less than 2.8 x 107°, for

(AgH)(CID) = (Agh)(0.1) = 2.8 x 10710
or (Agt) =28x10° M

This amount of silver ion must likewise be in equilibrium
with the silver-ammonia complex ion, which in turn requires
a fairly high concentration of ammonia in solution to prevent
the dissociation of the complex ion. In other words, a rela-
tively high concentration of ammonia is required to dissolve
silver chloride, the quantitative calculation of which is to be
found in the following examples and problems.

Examples of Problems Involving Complex lons

Example 1.

How many moles of NH; must be added to 1 liter of water to
enable this solution to dissolve .001 mole of solid silver bromide?
The solubility product constant for AgBr has a value of 5 X 10713,
and the value for the dissociation constant for the silver-ammonia
complex ion is 6 X 1073,

The reaction which takes place when the solid AgBr dissolves is

AgBr,, + 2NH; = Ag(NH;).* + Br- 1)
Two equilibria are involved in this process,
AgBr, = Agt + Br- 2)
and
Ag(NH;),t = Agt + 2NH;, 3)
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The concentration of the Ag* ion must be the same for both equi-
libria as long as solid AgBr and Ag(NHj;),* ion are present. From
the equation for the reaction we see that .001 mole of AgBr, when
it has just dissolved, produces .001 mole of Ag(NH;);* ion and
.001 mole of Br-ion. From equation (2) we have

(AgH)(Br-) =5 X 10~%
When (Br-) becomes .001 M, then

~13
(Ag*) = 5—50%)%—- = 5 X 10~ mole per liter

This latter value will also be the concentration of the Ag* ion which
is in equilibrium with the complex ion when the AgBr has just dis-
solved, since both equilibria are confined to the same solution.
Practically all of the silver in the solution is in the form of Ag(NHj;).*
ion. Therefore, we may assume that the concentration of the
Ag(NH;),+ ion is .001 M. Then, from the equilibrium expression
for reaction (3), we have

(AgH(NH;)? 5 X 107 X (NH;)?

= P —8
(Ag(NHy).*) 001 6X10
6 X 108 X 103
2 — = ~2
(NH;)? = 5% 10-1 12X 10

(NH;) = 3.2 X 107! = 0.3 M (approximately)

In this calculation the amount of ammonia consumed in forming
the complex ion is .002 mole, which is negligible compared with
0.3 mole. However, it should be emphasized that the total amount
of ammonia required to dissolve the AgBr is the sum of the com-
bined and free amounts; in other words, it is 0.320 + 0.002 or
0.322 mole. Since the application of the Law of Mass Action is
not valid when the solutions become too concentrated, the value
of 0.3 M is sufficient, though approximate.

Example 2.

What is the concentration of the Zn*+ ion in a solution made by
adding 0.1 mole of ZnCl; and 0.4 mole of NH; to water to make
1 liter of solution?

Since the formula for the zinc-ammonia complex ion is Zn(NH;),++,
the amounts of Zn*+ ion and NH; given here are just sufficient to
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form 0.1 mole of the complex ion. Let us assume that this amount
of the complex ion is formed and that it dissociates until equilibrium
is reached, in accordance with the equation

Zn(NH;)st = Zn*t+ 4+ 4NH;

The dissociation constant for this complex ion has a value of
3.4 x 107 If X moles of the complex ion dissociate, then, at
equilibrium, (Zn*t+) = X, (NH;) = 4X, and (Zn(NH;)+t) = 0.1 — X.
We then have

(ZntH)(NHy)*  X(4X)* (4)iX°® 256 X%

- = = = 10
Zn(NH)r ) 01-X 01-X_01-x_34x10

Neglecting X as compared with 0.1, the expression becomes

256X
0.1

=3.4x 101
yo = 34X 107X 0.1
T 7256 X 108

34 x 10
T 2.56 X 102

=133 X 10—
X = 2.7 X 10~% = .0027 mole per liter = (Zn*t)
(NH;) = 4X =< .01 mole per liter

=133 X 10~8

The student might encounter some difficulty in finding the fifth
root of 133. All that is necessary to do in this case is to obtain the
logarithm of 133 which is 2.124. Dividing this by 5 we have 0.425
and the antilog of 0.425 is very nearly 2.7.

Example 3.

(a) How many moles of Agl will dissolve in 1 liter of 1 M NH,OH
solution?

Silver iodide is very slightly soluble in pure water (Ks.p.
= 8.5 X 10~Y), but in NH,OH solution there is some tendency for
the Ag* ion to combine with the NH; to form the Ag(NHs).* ion,
according to the equation

AgIm + 2NH3 = Ag(NHa)z + I- (l)
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However, the amount of complex ion formed will be very small
since Agl is so insoluble. From the equilibrium expression for the
complex ion we have

(Agh)(NHy)?

Ade JARYA —8
(Ag(NHy 0% 10

Since such a small amount of the complex ion is formed it may be
assumed that practically all of the ammonia exists in the free con-
dition in solution and has a value of 1 . Then

(Ag?) = 6 X 10-5(Ag(NH;):*)

From this expression it is seen that the concentration of the
Ag(NHj;),* ion is very much larger than the concentration of the
free Agt ion. This means that practically all of the silver in solu-
tion is in the form of the complex ion. Also the concentration of
the I- ion in solution must be practically the same as the concen-
tration of the complex ion.

(I") = (Ag(NHs),")
From the solubility product expression, we have
(AghH)I) = (Agh)(Ag(NH;).") = 8.5 X 1077

Substituting in the second expression the value for the (Ag(NH;):")
above,

(Agh) ~ _
+ = = 17
(Agh) 6% 10— 8.5 X 10

(Agh)?2=85X10"7X 6 X 108 =5 X 10~
(Agt) =22 X101

—12
(AR(NHy)4) = (1) = 220
Thus the concentration of the I- ion is 3.7 X 10-5 M ; this value
is also the solubility of the Agl in the 1 M NH,OH solution.

The same result could have been obtained in the following man-
ner. Since two equilibria are involved in this system, let us divide
one equilibrium expression by the other. Then

(Agh(I) _ _ (Ag(NHy),H)(I7) _ 8.5 X 107
(Agh){NH;)* (NH,)? 6 X 10-8

(Ag(NH,):")

= 3.7 X 1075 mole per liter

=14 X 1071
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This is the equilibrium constant for reaction (1). But since (NHjy)
has a value of 1 M and (Ag(NH;).*") equals (I7),
(Ag(NHy) ) X (I7) = (I7)? = 14 X 107
(I) =3.7X 107 M = (Ag(NHs).%)
= solubility of Agl
(b) What concentration of NH,OH would be necessary to dis-

solve .01 M of Agl in 1 liter of solution?
Using the value obtained in (a) we have

(Ag(NH,) ) (I7)
(NH;)®
If .01 mole of Agl were to dissolve, (I7) and (Ag(NHj).*) would
each have a value of .0L M. Then

(0D(0D)

=14 X 1071

'“(—N"H")é— =14 X 10-1°
3
—4
(NH)* = 1250 = 7 104

(NH;) = 2.6 X 102 = 260 J/ (impossible)

This value of 260 M is obtained on the assumption that the
Law of Mass Action holds in very concentrated solutions. Evi-
dently, the Agl will not completely dissolve, since it is not possible
to obtain at room temperature a solution of ammonia in water of
higher concentration than about 18 1.

The method used in (b) could also have been applied in Fxample 1.

Example 4.

A given solution contains .01 mole of CI~ ion and .07 mole of
NH; per liter. If .01 mole of solid AgNO; is added to 1 liter of
this solution will AgCl precipitate? The solution of this problem
involves two equilibria,

AgCl,, = Agt + CI-
and Ag(NH;),t = Agt + 2NH;,
The equilibrium expressions are

(AgH)(Clm) =28 x 1071

(Ag+) (N I“I:}) 2

A8 AN 10-#
(Ag(NIL) ~ 0% 10

and
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Due to the great stability of the complex ion we shall first assume
that .01 mole of this ion is formed from .01 mole of Agt ion. This
process would consume .02 mole of NHj; then .05 mole of NH;
would be left in solution. Under these conditions, we can calculate
the concentration of the free Ag* ion in solution.

(Agh)(.05)?

01 =6 X 10—
—8
(Agh) = %—%%;39—1 = 2.4 X 107 mole per liter

Since .01 mole of Cl- ion is present per liter of solution, the product
of the ion concentrations is (2.4 X 1077)(.01) or 2.4 X 10~°. This
value is greater than the solubility product constant; therefore,
AgCl precipitates.

This problem could be solved in another manner. Let us calculate
the amount of Agt ion necessary to start the precipitation of AgCl
when .01 M CI- ion is present. This would be

—10
(Agh) = ?éi:nl_o_ = 28X 10 M
With this amount of free Ag* ion in solution and making the assump-
tion that .01 mole of Ag(NH;).* is formed, we can then calculate
the amount of free NH; which would be required to maintain these
conditions. Then

(2.8 X 10~%)(NHjy)?
.01

(NHy)? =

=6 X 108

6 X 10— X .01
2.8 X 108
(NH;) = 1.4 X 10 =0.14 M.
This value for the amount of free ammonia necessary to maintain

.01 mole of the complex in solution is much larger than the available
ammonia; therefore, AgCl precipitates.

=21X10"?

Questions and Problems

1. Is there any definite experimental evidence for the existence of
the hydronium ion?

2. Compare the properties of water and ammonia. What is the
water analogue of the ammonium ion?

3. What is the ammonia analogue of the hydroxide ion?
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5.

6.

10.

11.

12.

13.

14.

15.
16.
17.
18.
19.

20.
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What are hydrates and ammonates?

How does the electronic structure of ions which form complex
ions differ from those which do not?

On the basis of the coordination theory of Werner, give the
structures (not electronic) of the respective complex ions formed
when the following salts are dissolved in water: CoCl;-4NHj,
CoCl;-6NH;, Cu(NO;),-4NH;, K;Fe(CN)s, and PtCly- 5NHs.
Give examples of four complex anions.

What is a homoatomic anion? Give two examples.

. Why does ammonium polysulfide dissolve SnS readily while

ammonium sulfide will not?

What experiments could be designed to show that the ammonia
molecule and not the NH,* nor the OH— ions is responsible
for the solution of silver oxide by excess ammonium hydroxide?
If 0.1 mole AgNO;, 0.1 mole NaCl, and 0.2 mole NH; were
added to 1 liter of water, show by calculation whether AgCl
would precipitate.

If it were possible to prepare solid Ag(INHj;).Cl and if 0.1 mole
of this were added to 1 liter of water, would AgCl precipitate?
Explain.

What is the Znt+ concentration in a solution that has been
made by adding 0.1 mole ZnCl, and 1 mole of NH; to enough
water to give 1 liter of solution?

Which gives the greater concentration of Ag*; a solution made
by adding 1 mole AgNO; and 2 moles KCN to 1 liter of water
or a solution made by adding 0.1 mole AgNO; and 1 mole NH;?
(Note: In the first solution neglect hydrolysis of CN~ ion. In
the second solution 0.2 mole NHj; is used in making Ag(NH;).*.
Assume the Law of Mass Action for these more concentrated
solutions.)

Will 0.1 g. AgBr dissolve in 100 ml. of 1 M NH,OH solution?
Will 0.1 g. Agl dissolve in 100 ml. of 1 M NH,OH solution?
How much ammonia (expressed in grams) is necessary to dis-
solve 1 g. AgCl in 100 ml. of water?

Calculate the concentration of Ag* ion in a solution which is
.05 M with respect to Ag(NH;):NOs.

Calculate the Cut ion concentration in a solution which contains
.02 mole K;Cu(CN), per liter.

What is the CN— ion concentration in a solution 0.1 M with
respect to K;Cd(CN),?
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21.

22.

23.

24.

25.

26.

What is the concentration of NH; in a solution which contains
.04 mole Ag(NH;).NO; per liter?

(a) Which solution furnishes the higher concentration of Cd+*
ion, a 0.1 M solution of Cd(NH;)sCl, or a 0.1 M solution of
K,;Cd(CN)4?

(b) Give the ratio of the Cd** ion concentrations in these two
solutions.

If to a liter of a solution, which is .06 M with respect to
K;Cu(CN)4 and .06 M with respect to KsCd(CN)s, CN— ion is
added to increase its concentration to .005 M, what will be the
concentration of (a) the Cu? ion, and (b) the Cd** ion?

One liter of a solution contains 0.1 mole of CI~ ion and 0.1 mole
of CN— ion. To this solution solid silver nitrate is added little
by little.

(a) What happens?

(b) How many moles of AgNO; must be added before a pre-
cipitate begins to appear?

(¢) When a precipitate first appears, what will be the concen-
tration of the Cl~ ion, of the CN— ion, and of the Ag* ion?
(Note: AgCN does not precipitate in this solution.)

Give the electronic structure for the CdCl,~— ion, as was done
for the Zn(NH;)s*+ ion in Figure 11.6.

(a) Give the electronic orbital structures for Fe(CN)s~—— and
Fe(CN)e———~ ions as given for Co(NHj)s+++ ion in Figure 11.10.
(These ions have octahedral structures.)

(b) How many unpaired electrons are there in each of these
ions?
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12

Amphoteric Substances

The metals of the alkali and alkaline earth groups of the
periodic table are often classified as highly electropositive
elements. They exhibit a pronounced tendency to lose elec-
trons and thereby form positive ions. Sodium in its reactions
with other elements loses one electron readily to give sodium
ion, Na*, while calcium of the alkaline earth group loses two
electrons with the formation of a positive calcium ion, Ca*+.
These elements are among the first few of the electromotive
force (E.M.F.) series of the elements, since this series is one in
which the elements are arranged according to the decreasing
tendency to lose electrons and form positive ions. In contrast
to the alkali metals, sulfur and chlorine of the sixth and seventh
groups respectively show a decided tendency to acquire elec-
trons in their reactions with other elements and thereby form
negative ions. The latter elements are accordingly termed elec-
tronegative; e.g., chlorine can acquire one electron and sulfur
two electrons to give ions bearing one and two negative charges,
respectively.

Sodium and calcium on the one hand, and sulfur and chlo-
rine on the other, represent extreme types in the classification
of the elements according to their tendencies to lose or gain
electrons. A large proportion of the elements of the periodic
table show dual properties which are characteristic of both
sodium and chlorine. They may react with some elements to

lose electrons and with other elements to gain them. Hydrogen
279
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under favorable conditions reacts with chlorine to form hydro-
gen chloride. In this reaction we regard the hydrogen atom
as partially giving up an electron to the chlorine atom, and we
may regard the hydrogen chloride molecule as one containing
hydrogen in the more electropositive condition and chlorine
in the more electronegative condition. Likewise, hydrogen
reacts directly with lithium to form lithium hydride, LiH.
This substance is an excellent conductor of electricity in the
fused state in which it must be ionized as positive lithium
ions and negative hydrogen or hydride ions, H~, since upon
electrolysis hydrogen is liberated at the anode. In this reac-
tion the hydrogen atom acquires an extra electron to form a
negative hydrogen ion. Apparently the hydrogen atom has a
greater tendency to acquire an electron and a smaller tendency
to lose an electron than has the lithium atom. So far as
chemical evidence goes, the lithium atom shows no tendency
to form negative ions. Thus, hydrogen may behave in a dual
manner, it may gain or lose electrons depending upon its en-
vironment. If it is in the presence of a strongly electro-
negative element such as chlorine it will behave electro-
positively, while in the presence of a strongly electropositive
element, for example lithium, it will behave electronegatively.
Such elements lie in an intermediate position in the E.M.F.
series and are sometimes spoken of as amphoteric elements,
a designation which implies this dual character.

Many other elements show amphoteric properties in their
reactions. Thus, sulfur, selenium, and tellurium of the sixth
group of the periodic table react with chlorine and oxygen to
form chlorides and oxides. They likewise react with sodium,
potassium, and other electropositive elements to form sulfides,
selenides, and tellurides which are salts. Examples of such
compounds are: Na,S, Na,Se, Na,Te, K:S, K;Se, and K,Te.
Phosphorus, arsenic, antimony, and bismuth of the fifth group
of the periodic table behave in a similar manner, while germa-
nium, tin, and lead may be mentioned as typical examples of
the fourth-group elements. Even elements in the second and
third groups such as zinc, cadmium, mercury, gallium, indium,
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and thallium will combine with sodium and other strongly
electropositive elements to form definite compounds. This
dual behavior is the general case rather than the exceptional
one.

Amphoteric Hydroxides. Many of the elements which
show this dual behavior in the ability to acquire and to lose
electrons in their reactions show another, but somewhat dif-
ferent, type of duality in the reactions of their hydroxides.
It is well known that the oxides of strongly electropositive
elements such as Na,O, K,O, Ca0, and MgO form strong bases
in water solution, NaOH, KOH, Ca(OH),, and Mg(OH).,
respectively. However, oxides of strongly electronegative
elements such as SO;, N,Os, and Cl,O; in water solution are de-
cidedly acidic in character; they are the anhydrides of the
acids, H,SO;, HNO;, and HCIO,, respectively.

Oxides of most of the elements which lie in an intermediate
position in the E.M.F. series of elements, which are neither
strongly electropositive nor strongly electronegative, show
both acidic and basic properties in water. As would be pre-
dicted, such acids and bases are extremely weak. Thus lead
oxide, PbO; aluminum oxide, Al;O;; chromic oxide, Cr,Os;
zine oxide, ZnO; stannous oxide, SnO; and antimonous oxide,
Sh,0s, are the anhydrides of the very weak hydroxides,
Pb(OH)., Al(OH);, Cr(OH);, Zn(OH);, Sn(OH)., and Sb(OH)s,
respectively, which hydroxides may also be regarded as very
weak acids. To emphasize the acidic properties of these hy-
droxides their formulae could be written H.PbO,, H;AlO;s (or
HAIO. + H,0), H;CrO; (or HCrO. + H.0), HyZnO., H.SnO,
and H;SbO; (or HSbO, + H;0). In the cases of H3AIO;,
H,CrOs, and H;SbO; only one hydrogen is replaceable in water
solution, the simpler and more informative formulae HAIO,,
HCr0,, and HSbO,, respectively, are usually used. In each
of these cases the same substance may be represented by two
differently arranged formulae; by convention, one emphasizes
the basic properties and the other, the acidic properties.

All of these hydroxides are very slightly soluble in water
but dissolve readily when either a strong acid such as hydro-
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chloric acid or a strong base such as sodium hydroxide is
present. Taking Al(OH); as an example, we may write,

Al(OH); + 3HCI (in solution) = AICls(in solution) + 3H:O (1)

and
Al(OH);+NaOH (in solution) =NaAlO.(in solution)+2H.0  (2)

Both of these reactions appear familiar in that the products
in each case are a salt and the solvent, water; in other words,
they are neutralization reactions. Since both HCI, an acid,
and NaOH, a base, are used, it must necessarily follow that
the aluminum hydroxide is functioning in equation (1) as a
base and in equation (2) as an acid. Hydroxides which show
properties characteristic of both acids and bases are known as
amphoteric hydroxides.

The ionization of aluminum hydroxide when acting both
as a weak acid and a weak base is expressed in the following
equation:

A+ 4+ 30H- = { Al(OH),

H.AIO, } = AlO,~+ H*+ H,O (3)
(solid)

For lack of definite information regarding the ionization of
aluminum hydroxide as a base we have expressed the reaction
as one producing 30H~ ions. It is a weak polyacid base and
undoubtedly would not be expected to ionize highly even in
the first stage, let alone in the two successive stages. How-
ever, at present it is not experimentally feasible to determine
the exact extent of ionization of aluminum hydroxide for each
of the three steps. Equation (3) also shows the aluminate
ion, AlO,™, a product of the ionization of aluminum hydroxide
as an acid.

We may now predict, with the aid of Le Chatelier’s Rule,
the effect of strong acids and of strong bases upon the equi-
librium. If a strong acid, such as hydrochloric acid, is added
to a suspension of aluminum hydroxide in water, the hydro-
gen ions which are in excess combine with some of the hydroxide
ions to form water. According to the Rule of Le Chatelier,
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we would predict a shift in the equilibrium to the left. The
tendency is for the equilibrium to shift in such a way as to
attempt to retrieve the loss of hydroxide ions. This can be
done only by the further dissociation of aluminum hydroxide
from the solid phase. As fast as hydroxide ions are produced
by this process, they are removed by hydrogen ions. Finally,
all the solid dissolves and the concentration of the hydroxide
ions in solution still remains at a very small value due to the
continued removal of the hydroxide by hydrogen ions. Al-
though the hydroxide ions are depleted as fast as they are pro-
duced by the ionization of the aluminum hydroxide, the latter
reaction also yields large amounts of aluminum ions which
remain as such in solution. Therefore, when hydrochlorie
acid is used as a source of hydrogen ions, the final result is
that the solid aluminum hydroxide dissolves and the solution
contains aluminum and chloride ions. Hydrogen and hydrox-
ide ions will also be present in concentrations which must
satisfy the water equilibrium, (H*)(OH™) =1 x 1074,

The addition of a strong base such as sodium hydroxide fur-
nishes a large concentration of hydroxide ions. According to
Le Chatelier’s Rule the equilibrium should shift in such a
direction as to use up hydroxide ions; that is, it should shift
to the right as equation (3) is written. Naturally, hydrogen
ions will be removed from the reaction medium by their com-
bination with hydroxide ions to form water. When this hap-
pens more aluminum hydroxide will dissolve to give hydrogen
ions and aluminate ions in an attempt to retrieve the loss of
hydrogen ions. The hydrogen ions are removed as fast as
they are produced and finally, when all of the solid aluminum
hydroxide has dissolved, sodium ions and aluminate ions will
be left in solution in large quantities, and the hydrogen ion
and hydroxide ion concentrations will be in accord with that
demanded by the water equilibrium.

Aluminum hydroxide has been taken here as a typical
example of an amphoteric hydroxide. Others previously men-
tioned, Pb(OH)., Cr(OH);, Zn(OH),;, Sn(OH)., and Sbh(OH),
behave similarly in that they dissolve and function as bases
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in the presence of a strong acid, and also dissolve and function
as acids in the presence of a strong base. The latter reaction
is the more unfamiliar one and in the presence of sodium
hydroxide the following ions are produced: HPbO,~, CrO,™,
Zn0,~~, HSnO,~, and SbO,~, namely, biplumbite, chromite,
zincate, bistannite, and antimonite ions.

As was previously stated the amphoteric hydroxides are
derived from elements occupying an intermediate position in
the E.M.F. series. They must necessarily occupy a similar
intermediate position in a given series of the periodic table
since the elements of the main groups to the left are strongly
electropositive, while those of the main groups to the right
are strongly electronegative. Those elements which show
both properties lie in between these two extremes. As one
passes from one extreme position of the table to the other, the
change in properties is not an abrupt one; on the contrary,
it is very gradual. As an example, let us choose the series of
the table beginning with the inert gas argon, atomic number
18 (see back cover); the next element, potassium, forms a
very strong base, potassium hydroxide. Under ordinary con-
ditions of temperature it acts only as a base in water solution.
Calcium hydroxide, representative of the second group, like-
wise possesses only basic properties in water. Scandium
hydroxide is also a strong base, but titanium hydroxide,
vanadium hydroxide, and chromium hydroxide, hydroxides
of the fourth, fifth, and sixth groups, respectively, in the
series under consideration, show amphoteric properties in that
they form titanates, vanadites, and chromites with strong
bases. Vanadates and chromates are also known, being de-
rived from the higher valence hydroxides, which, however, are
distinctly more acidic than basic in nature. In the seventh
group manganous hydroxide, Mn(OH),, is a moderately strong
base and possesses very little acid properties; while HaMnOj,
manganic acid, is a weak acid and HMnO,, permanganic acid,
is a very strong acid. In general, the higher the valence of the
metal in any two or more similarly derived acids the more
acidic properties it will display. Thus, stannic acid is a stronger
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acid than stannous acid, arsenic is stronger than arsenous,
chromic stronger than chromous, etc. Ferric, ferrous, co-
baltous, nickelous, and cuprous hydroxides are distinctly basic
in aqueous solutions and acid properties are almost entirely
lacking. The next element of the series, zine, atomic num-
ber 30, forms a hydroxide, Zn(OH),, which is well known for
its amphoteric properties. Following zinc hydroxide are
Ga(OH);, Ge(OH);, and AsO(OH);, all of which dissolve in
sodium hydroxide solution to produce gallate, germanate,
and arsenate ions. H,SeQy, selenic acid, and HBrQO;, bromic
acid, are decidedly acidic in water. Thus, in this series of
eighteen elements, many of their hydroxides are amphoteric.

Within a given group, occupying an intermediate position
in the periodic table, the amphoteric properties change as
one proceeds from the element of lower to one of higher atomic
weight. Thus HNO, shows only acid properties; H;PO; like-
wise is acidic; H3AsO; or As(OH); and H;SbO; or Sb(OH);
are amphoterie, while Bi(OH)j; is basic in its reactions. Thus,
in passing from nitrogen to bismuth in the main fifth group,
the hydroxides change from strong acids to weak acids and
moderately strong bases, but the change is a gradual one.

Amphoteric Sulfides. Sulfur occupies a position in the
sixth group of the periodic table just below oxygen. Hence,
many of the compounds of sulfur contain the sulfur atom in a
position similar to that occupied by oxygen in the more familiar
oxygen compounds. In qualitative analysis we are particularly
interested in the amphoteric nature of analogous sulfides and
oxides. Since hydrogen sulfide is the analogue of water, the
bisulfide ion of the hydrogen sulfide system corresponds to the
hydroxide ion of the water system, as the following equations
readily demonstrate:

H,O = H* + OH~ 4)

H,S = H* + SH- %)
Likewise, the metal sulfides are analogues of the metal oxides;

K,S, CaS, As;S;, and Sbh.S; in the hydrogen sulfide system
correspond to K,O, CaO, As;0;, and Sb.O;, respectively, in
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the water or oxygen system. On the basis of these analogies,
one might expect sulfides to dissolve in the presence of bisul-
fide ions in the same way that oxides or hydroxides, in an
aqueous medium, dissolve in the presence of hydroxide ions.
When the sulfides behave in this manner, they are exhibiting
acid properties. A few examples will serve to illustrate this
type of reaction.

ASgSs + 6HS— = 2:&SS4—‘— + 3st (6)
or AsoSs + 2HS— = 2AsS;~ + H.S (7)
Sb,S; + 6HS™ = 2SbS,~~~ + 3H,S (8)

Actually the H,S produced in the above equations reacts
with the OH~ ions to produce HS~ ions and water. 'There-
fore the equation for the process of the solution of As.S; by
HS- ions in alkaline solution is

ASQSﬁ + 3HS- 4+ 30H- = 2ASS4~"—~ + 3H30 (9)

rather than that given by equation (6). The same would be
true for the reactions represented by equations (7) and (8).

Another explanation may be given for the fact that arsenic
and antimony sulfides dissolve in alkaline sulfide solution. In
such a solution, the concentration of the sulfide ion is certainly
appreciable and much larger than the concentration of the
oxide ion, O~ 7, in solutions containing alkali hydroxides, since
the bisulfide ion is dissociated to a much greater extent to
give hydroger and sulfide ions than is the hydroxide ion to give
hydrogen and oxide ions. As a matter of fact, it has not been
possible through experiment to determine the concentration
of the oxide ion. Due to the presence of sulfide ions in alkaline
sulfide solutions, it is possible, however, to explain the solu-
bility of arsenic and antimony sulfides as follows:

AsySs + 357 = 2AsS,—— (10)
AsS; + 35— = 2AsS; (11)
ASQS5 + S— = 2ASS:;_ (12)

ShySs + 38—~ = 28bS,~—— (13)
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Antimony and tin in the lower valence states are much
more strongly basic or more weakly acidic than in the higher
valence states. Accordingly, antimonous sulfide dissolves
with difficulty in ammonium sulfide solution and stannous
sulfide is practically insoluble in this medium. However,
antimonic and stannic sulfides are readily soluble in this same
solvent.

Just as oxygen can oxidize a lower valence oxide to a higher
valence one, so sulfur can oxidize a lower to a higher valence
sulfide. Ammonium polysulfide is ammonium sulfide contain-
ing dissolved sulfur (chemically combined with the sulfide
ion). When the lower sulfides are treated with ammonium
polysulfide they are oxidized to the higher valence state in
which they are readily soluble. This process of solution has
already been discussed in the previous chapter, as an illus-
tration of complex ion formation. The process of solution of
the amphoteric sulfides may be explained on the basis of the
amphoteric properties of the sulfides and on the basis of sulfur
in sulfide solution acting as an oxidizing agent.

Application of Amphoteric Substances to Analysis.
Suppose we consider a solution which has been obtained as a
hydrochloric acid extraction of an ore known to contain iron,
zinc, and aluminum. We wish to separate these elements
from each other in solution by methods which will reduce the
difficulties to a minimum. The solution contains all three
elements in the form of their chlorides and is slightly acidic.
We might first add sodium hydroxide to the solution to the
point of neutralization and obtain a precipitate containing all
three substances in the form of hydroxides, Fe(OH);, AI(OH);,
and Zn(OH),. Knowing that both zinc and aluminum hy-
droxides are decidedly amphoteric in nature, let us continue
the addition of the sodium hydroxide solution. Both Al(OH),
and Zn(OH). dissolve immediately with the formation of
aluminate and zincate ions, respectively; however, ferric
hydroxide is not amphoteric and does not dissolve in the pres-
ence of excess hydroxide ion. Accordingly, the ferric hy-
droxide can be separated at this point by filtration. Ammo-
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nium hydroxide would not behave in the same way as the
sodium hydroxide since the former does not furnish sufficient
hydroxide ions to dissolve aluminum hydroxide.

If it should appear desirable to separate the aluminum from
the zinc, the filtrate could be treated with hydrochloric acid
until the zinc and aluminum hydroxides dissolve, and to this
solution could be added excess ammonium hydroxide. Under
these conditions the aluminum hydroxide would precipitate
and the zinc would stay in solution in the form of the zinc-
ammonia ion, Zn(NH;) .

Thus, through the application of the amphoteric proper-
ties of the aluminum and zinc hydroxides and the subsequent
use of the ability of the zinc ion to form complex ions, it is
possible to readily separate these three elements from each
other. The hydroxides, Fe(OH);, A1(OH);, and Cr(OH); may
also be separated from each other by the same general pro-
cedure; Al(OH); and Cr(OH); are amphoteric while Fe(OH);
is not. Chromium and aluminum may be subsequently sepa-
rated from each other by the oxidation of the chromite ion,
CrO,™, to the chromate ion, CrO,~—. Chromium ion combin-
ing with other elements displays two principal valences of
+ 3 and + 6, while aluminum has only the one valence of + 3.
Other examples to illustrate the behavior of amphoteric hy-
droxides and sulfides in the separation and identification of
ions are too numerous to mention here. However, several
illustrations will be given in Part II of this text relating to
the separation of the analytical groups and the properties of
individual ions.

Amphoteric Hydroxides as Coordinated Complexes.
To illustrate the application of the Brgnsted definitions to
problems involving amphoteric hydroxides, let us choose alu-
minum hydroxide as the example for consideration.

Many hydroxides do not have a constant and definite com-
position. Nevertheless we use definite formulae to designate
them. In our previous discussions, for the sake of conven-
ience we designated aluminum hydroxide by the formula
Al(OH);. According to this formula this substance should
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consist of 34.58 percent aluminum, 61.55 percent oxygen, and
3.87 percent hydrogen. Under most circumstances an analysis
of aluminum hydroxide would not give these percentages but
other rather widely different values. The reason for this dis-
crepancy is that aluminum hydroxide when freshly precipitated
contains additional water not indicated in the formula,
Al(OH);. This additional water may be chemically bound to
the aluminum atom or it may merely be adsorbed. When
the aluminum hydroxide is dried it loses water, and upon
continued drying the loss of water does not stop when the
composition corresponds to the formula AlI(OH);, but rather
when its composition is such as to correspond more nearly to
the formula AlIO(OH) or Al,0;-H,O. Upon excessive drying
(by heating) all the water is lost and only the oxide ALO,
remains. The formula for aluminum hydroxide is therefore
often written as Al;O;-XH,0. But for convenience, most
chemists have adopted the formula AI(OH); for this substance.

To explain the hydrolysis of the aluminum ion by the Brgn-
sted definitions we may write its formula as Al(H,0)¢
assuming a coordination number of six for the aluminum ion.
In keeping with this same concept we can also write an analo-
gous formula for aluminum hydroxide in the hydrated form,
again using the coordination number of six. Its formula would
then be AI(H,0);(OH);. Using this formula let us explain the
amphoteric nature of aluminum hydroxide as we have done
with the older definitions. As an amphoteric hydroxide this
substance is both a proton donor and a proton acceptor. When
dissolved in water it may be regarded as accepting protons
from and donating them to water molecules.

Acidi Base: Basei Acid:

Al(H,0);(OH)3 + H.O = Al(H.O).(OH),~ + H,O+  (14)
3H,0 + Al(H,0)¢t** = 3H;0* + Al(H.0)5(OH)sey  (15)

Base: Acids Acds Baser

In the first equilibrium (14) aluminum hydroxide is repre-
sented as a weak acid, i.e., as a proton donor. In equation
(15) reading right to left, it is represented as a proton ac-
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ceptor or as a base. This latter process could be expressed in
three stages, i.e., aluminum hydroxide is a tri-acid base, but
for convenience we have combined all three steps in this single
equation. Both reactions (14) and (15) are acid-base reac-
tions. If aluminum hydroxide is treated with a strong acid
the equilibrium (15) is shifted to the left; the solid is dis-
solved and the aluminum ion, AI(H.O)t** is formed. If a
sodium hydroxide solution is added to a suspension of alumi-
num hydroxide, the OH~ ion of the solution combines with
the H;O* ion, shifting the equilibrium reaction (14) to the
right, and aluminate ion Al(H.0).(OH),” is formed. The
over-all reaction for this latter process is

Al(HgO)a(OH)a(x) + ()I_I~ = ‘\l(Hgo)g(OH).;— + H‘ZO (16)

The amphoteric nature of zine hydroxide can be explained
in an analogous way. In this case the formula of zinc¢ hy-
droxide can be written as Zn(H.0),(OH).; the coordination
number of zinc is assumed to be four. Then the equilibrium
reactions representing the amphoteric nature of zinc hydrox-

ide are
Acid: Base: Base; Acid:

Zn(H,0),(OH)»» + 2H.O = Zn(OH), 4 2H;0*t  (17)
Zn(H20)4++ + QH_)O = 2H30+ + Zn(Hz())g(OH)z(a) (18)

Acidr Base: Acid: Baser
In acid solution the equilibrium of the lower equation is
shifted to the left; Zn(H.0).(OH)., dissolves and Zn(H.O)**
is formed. In alkaline solution the OH~ ion combines with the
H,0+ ion and the equilibrium of reaction (17) is shifted to the
right. The over-all reaction for the dissolving of solid zinc
hydroxide by a solution of sodium hydroxide is then

Zn(H,0),(0OH)s + 20H- = Zn(OH),~— + 2H,0  (19)

All amphoteric hydroxides may be treated in the same way.
In each case the accepted coordination number of the metal
ion should be used.

The structural form of zinc hydroxide in solution is similar
to that given for zinc ammonia complex (see Fig. 11.6) except
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that two of the NHj; groups are replaced by OH~ ions and two
by water molecules. Structurally, equation (19) may be
represented by the equation

H H
H:0: H :0:
:0:Zn:0: + 2:0:H = H:0:Zn:0: H+ 2H:0: H  (20)
HOH O

H H

In this reaction each of the two water molecules in the com-
plex may be thought of as losing a hydrogen ion, which com-
bines with the OH~ ion to produce water. As a result
Zn(OH)s]~~ complex ion is formed. The latter ion is essen-
tially hydrated zincate ion.

Examples of Problems Involving Amphoteric Substances

FExample 1

How many moles of NaOH must be added to 1 liter of water to
dissolve completely .001 mole of zine hydroxide?

The reaction is expressed by the equation

Zn(OH)a(, + 201~ = ZnOs~~ + 2H,0
Zine hydroxide is a weak acid and ionizes to give H* and ZnOs=—
ions.
Zn(OM)a = ZnO,~~ 4 2H*

The equilibrium expression for the ionization of Zn(OH):; as an
acid 18

(ZnO,=~)(HH)2=1X 1072
If .001 mole of Zn(OH), dissolves, then .001 mole of ZnO:~~ ion
will be produced.
(ZnOy~—)(H*)? = (.001)(H*)? =1 X 10~%®
(+)2 =1 X 10-%
(H*) = 1 X 10~ mole per liter

From the water equilibrium (OH-) may be calculated.

I X107% _1X 10—
(H*) TIX107"

(OH-) = = 0.1 mole per liter
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This value for (OH™) is the amount in solution at equilibrium
after the .001 mole of Zn(OH). has dissolved. But to dissolve the
Zn(OH); an additional amount (.002 mole) of OH—- ion was re-
quired. Therefore the total amount of OH- ion needed to dis-
solve .001 mole of Zn(OH); and to maintain it in solution as ZnO,~—
ion is 0.1 + .002 or 0.102 mole.

(The constant used in this calculation is not accurate enough
nor is the Law of Mass Action sufficiently valid to warrant taking
into account the amount of OH— ion consumed in the reaction.
Therefore the answer 0.1 mole, instead of 0.102 mole, is more ap-
propriate.)

Example 2.

A solution is .05 M with respect to OH~ ion and is in equilibrium
vith solid Pb(OH),. What is the concentration of (a) the Pb+*
ion, (b) the HPbO,~ ion, and (¢) the H* ion in the solution? (Dis-
regard the second step of ionization of Pb(OH), as an acid.)

In this solution the following equilibria are present.

Pb(OH)y(,, = Pb+*+ 4+ 20H- (1)
Pb(OH)2uy = HPbO.~ + H* (2)

Since (OH-) has a value of .05 A and the value for the solubility
product constant for Pb(OH). is 4 X 1078, we have from equation (1)

(Pb++)(OH-)? = (Pb*+)(.05) = 4 X 10~

Therefore

—15
(Pb) = 520 = 16 X 1072 M

From equation (2) we may write
(HPbO;~)(H*) =2 X 106
Since the value for (OH™) is .05 M, (H*) must be

1X 1074 1X 107"

O ~5x107 - 22X M

Then
(HPbO;)(2 X 1013) = 2 X 1071®

2 X 10718

- ==Y = —3
(HPbO:) = 530 = 1 X 10 M



Questions and Problems 293

Example 3.

How many moles of Cr(OH); will dissolve in 1 liter of 0.2 M
NaOH solution? The equation for the reaction is

CI'(OH)s(,) + OH— = CrO;~ + 2H,0

According to this equation the number of moles of Cr(OH); which
dissolves will be equivalent to the number of moles of CrO;~ ion
in solution.

As an acid Cr(OH); ionizes as follows:

Cr(OH)34y = CrO~ + H* 4+ H,O
The ionization constant has a value of 1 X 10-1%; therefore
(CrO,-)(HY) =1 X 10718

IX 1071

Since (OH™) has a value of 0.2 M, (H*) is 02 o 5X 1074 M.

Then

(CrO,7) (5 X 1074) =1 X 1078
1X 1071
S X 10—
Therefore .002 mole of Cr(OH); dissolves in 1 liter of 0.2 M NaOH

solution.

(CrOy) =

= 2 X 1073 mole per liter

Questions and Problems

1. What are the anhydrides of the following substances: (a) HNO;,
(b) Ca(OH),, (¢) NaOH, (d) HSOy, (e) Mg(OH)., and (f) HCIO,?

2. Give the formulae of the hydroxides of which the following are
the anhydrides: ZnO, Cr,O;, PbO, Al:O;, and Sb.0;.

3. Rearrange the formulae of the hydroxides given in question 2
in such a way as to emphasize their acidic properties.

4. Write the equations for the equilibrium involved when aluminum
hydroxide acts both as an acid and as a base.

5. How may the equilibrium in problem (4) be shifted so as to
produce (a) a large concentration of Alt** ions, (b) a large
concentration of AlQy~ ions?

6. Are the elements in the first main group of the periodic system
more electronegative than those of the fourth group or vice
versa?
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1.

8.

9.

10.

11.

12.

13.

14.

15.

16.

17.

18.
19

20.

21.

In the series of 18 elements of the periodic table beginning with
argon, name those the hydroxides of which are not amphoteric.
Which hydroxide acts as a stronger acid, Sn(OH), or Sn(OH),?
Predict which hydroxide would act as the stronger acid, Ge(OH),
or Ge(OH)s. Explain the basis of your prediction.

Write the formula for the sulfur analogue of each one of the
following oxygen compounds: (a) H.O, (b) SnO, (¢) K0,
(d) CO,, (e) OH~.

Give equations for the reactions involved when As,Os is dis-
solved by a solution containing OH~ and when As,S; is dissolved
by a solution containing HS— ions.

Why will SnS dissolve readily in ammonium polysulfide while
in ammonium sulfide it is soluble only to a very small extent?
Making use of the amphoterism of Zn(OH), and AlI(OH);
and the complex-forming properties of Zn*+* show how Zn(OH),,
Al(OH);, and Fe(OH); may be separated from each other.
How many moles of NaOH must be added to 100 ml. of water
to dissolve completely .001 mole of Zn(OH),?

A saturated solution of Zn(OH): in water contains the following
ions in equilibrium with each other: Zn*+, ZnO,~—, 1+, and OH-.
Calculate the concentration of each ion in such a solution. (Note:
from the solubility product constant for Zn(OH). calculate
(Zn**) and (OH™), then obtain (H*) from the water equilibrium,
and finally calculate (ZnO.,~~) from the equilibrium for the
ionization of Zn(OH), as an acid.)

What is the concentration of the Zn** ion and of the ZnO,~— ion
in a solution which is .01 molar with respect to O~ ion and
which is in equilibrium with solid Zn(OH).?

A solution is 0.1 molar with respect to OH— ion and is in equi-
librium with solid Pb(OH).. What is the concentration of (a) the
Pb*+ion, (b) the HPbO,~ ion, and (¢) the H* ion in this solution?
Will .002 mole of Cr(OH); dissolve in 1 liter of 0.1 molar NaOH?
Excess AI(OH); is added to 1 liter of a solution of NaOH. After
equilibrium is reached .01 mole of AI(OH); is dissolved. What
is the final concentration of the OH- ion?

Write equations (17) and (18) in structural form, similar to
equation (20).

Calculate the concentrations of the Cutt, HCuO,~, and CuO,~~
ions in equilibrium with solid Cu(OH), and with a NaOH solu-
tion for which the OH- ion concentration is 0.1 M.



CHAPTER

13

Oxidation-Reduction Equilibria

In Chapter 5 we considered oxidation and reduction only
from the standpoint of balancing equations, and we learned
that any equation can be balanced just as easily when reversed,
i.e., from right to left as well as from left to right. Therefore,
the fact that an equation can be balanced does not mean that
it necessarily proceeds as indicated. This question can be
determined only by experiment. Experiments to determine the
course of a reaction are made in a variety of ways. The com-
monest of these involves the use of electrical cells, but the
detailed method by which such experiments are carried out is
too involved for this course. It is possible to correlate all such
equilibrium experiments in such a way that one hundred ex-
periments will serve to determine the course of thousands of
other reactions. In this chapter we shall see how this is done.

Relative Strengths of Oxidizing and Reducing Agents.
The metals are regarded as good reducing agents since they all
exhibit a tendency to lose electrons and form positive ions.
This tendency varies considerably from metal to metal. The
alkali and alkaline earth metals show a great tendency to lose
electrons while this tendency is much less pronounced in the
case of the noble metals such as platinum and gold. The
so-called electromotive series of the elements is an arrange-
ment, based upon the tendency of elements to lose electrons
and is accordingly also an arrangement of the elements as re-

ducing agents. The alkali and alkaline earth metals are found
295
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at the beginning while platinum and gold are at the end of
the series of metals. Hydrogen occupies an intermediate
position.

It is possible to determine the order of the metals in this
series by displacement reactions, since the elements which
show a great tendency to lose electrons and form positive ions
will displace elements from solution which show this same
tendency to a lesser degree. The following are a few familiar
examples of displacement reactions:

Ca + Zn**t = Zn + Catt (1)
Zn + Fett = Fe 4+ Zn** (2)
Fe + Sn** = Sn + Fet+ 3)
Sn + Cu** = Cu + Sn** 4)
Cu + 2Agt = 2Ag + Cutt 5)

The order of the decreasing tendency of these elements to
lose electrons is Ca, Zn, Fe, 8Sn, Cu, and Ag, which is also the
decreasing order of these elements as reducing agents. Since
every reducing agent must react with an oxidizing agent in
an oxidation-reduction reaction, the ions of these particular
elements are therefore the oxidizing agents. The ion of the
best reducing agent is itself the poorest oxidizing agent, for if
a metal has a great tendency to lose electrons its ion must
have a small tendency to acquire them. When both the metal
and its ion are listed as an oxidation-reduction couple we
obtain a table of oxidizing and reducing agents as follows:

£ 4Ca — Cat*+ £
& | Zn Zntt | &
:*; Fe Fett 1
£ | Sn Sn*t | &
S | Cu —— Cutt| =5
= u u =
S | Ag — Ag* &

Most of the non-metals have a pronounced tendency to
gain electrons, that is, to behave as oxidizing agents. Those
elements which show a greater tendency to acquire electrons
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and form negative ions will displace elements from solution
which show this same tendency to a lesser degree, For ex-
ample,

Cl, + 2Br- = 2Cl~ + Bre (6)
BI'Q + 21— = 2Br- + Iz (7)
L +H,S=21"+S+2H" (8)

As far as the ability to gain electrons is concerned these sub-
stances fall in the decreasing order of Cl,, Bry, I,, and S. Sul-
fur is the weakest and chlorine the strongest oxidizing agent
of this group. The ions of these elements may be regarded
as reducing agents. On the basis of reactions which are known
to take place between these non-metals and the metals, both
may be included in a single table.

TAaBLE 26
Ox1pATION-REDUCTION COUPLES
b Ca —— Catt
Zn ——7Zn** "
£ | Fe Fe++ =
&% | Sn Snt+ )
< | HS—8+2H | g
g Cu Cutt é
= - —1L =
& | Ag Agt 3
Br- Br.
Cl- — Cl 7

Any substance on the right side of the table (oxidizing
agent) will react with any substance on the left (reducing
agent) provided that the reducing agent lies above the oxidiz-
ing agent. For example, iodine will react with zine to produce
iodide ion and zinc ion in solution.

I, + Zn = Zn**+ + 21~ 9)
It has already been shown that oxidizing and reducing

agents are not limited to the elements alone. Many ions of
the elements and groups of elements (radicals) may take the



298 OXIDATION-REDUCTION EQUILIBRIA

part of reducing and oxidizing agents. Thus MnO,~ ion, in
the presence of H* ion, will oxidize Fe't, I~, CI~ and Br~
ions; Cr.0;~~ ion, in the presence of H* ion, will oxidize
Br-, I~ and many other ions; Sn*+ ion will reduce NO;,
Cl0-, AsO,———, Bitt*, Fe™*+ and other ions.

Oxidation-Reduction Equilibria. Table 27, which is an
extension of Table 26, includes all of the principal oxidizing
and reducing agents commonly used in inorganic chemistry.
By the use of this table, in conjunction with the tables which
list the solubility product constants of difficultly soluble sub-
stances and the ionization constants for weak acids, it is possi-
ble to predict the course of more than 10,000 reactions. Such
predictions may be made on a quantitative as well as a qualita-
tive basis. In other words, it is possible to calculate the
equilibrium constants for all of these oxidation-reduction reac-
tions. To obtain some idea of the significance of Table 27,
the meaning of the symbols involved, and the manner in which
it was constructed, it is necessary to consider some specific
oxidation-reduction equilibria.

Suppose, for example, that we consider the equilibrium be-
tween Fet+ ion, Fet*+ion, H* ion and Hs, which is represented

by the equation
2H* + 2Fett = H, + 2Fet** (10)

This oxidation-reduction reaction, as written in equation (10),
involves an increase and decrease of two charges or two elec-
trons. Dividing this equation by two in order to obtain an
oxidation-reduction change of only one charge or one electron,

we have
H+ + Fett = 1H, + Fett+* (11)

This equation represents an equilibrium which in every
respect is like the equilibria discussed in previous chapters.

* In equation (11) the coefficient of H; is 3. When considering any equation
from the standpoint of molecules and single ions we eliminate all fractional co-
efficients. However, if the equation is interpreted in terms of moles it is quite
permissible to use fractions. In this latter sense equation (11) is interpretad;
one mole of hydrogen ion when reacting with one mole of ferrous ion produces
one-half mole hydrogen gas and one mole ferric ion.
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Likewise, the expression for the equilibrium constant will
contain the concentrations of the products of the reaction in
the numerator and the concentrations of the reactants in the
denominator.

(_gl)j.@‘?if_) =K. =10731% (12)
(HY)(Fer) ~ e~

The value of the constant, 107!, has been determined
experimentally by measuring the pressure of the hydrogen
gas (expressed in atmospheres) and the concentrations of the
Fett, Fett+ and H* ions (in terms of moles per liter of solu-
tion). In many oxidation-reduction reactions the equilibrium
is displaced so far in one direction that the small concentra-
tions of the recactants cannot be determined by ordinary
analytical methods. However, in many cases the voltage de-
livered by an E.MLF. cell, consisting of the ions and molecules
of an oxidation-reduction system in equilibrium, can be meas-
ured. This voltage depends upon the concentrations of the
constituents of the oxidation-reduction equilibrium and serves
as a means of determining the equilibrium constants for the
reactions. Such cells are similar to the familiar Daniell cell.
For our present purpose we shall omit any discussion of the
analytical method of determining the concentrations of sub-
stances involved in equilibria of this kind.

In equation (12) there are two oxidation-reduction couples
involved, namely, 3H. H* and Fett Fettt. For
convenicence these couples are to be regarded as half-reactions,
the equilibrium expressions for which are

(Hy)* (Fettt)

(—ﬁ+) = Kl and —(—F‘éﬁ‘)— = 2 (13)

It is impossible to obtain absolute values for the equilibrium
constants for the half-reactions since oxidation can proceed
only when accompanied by a reduction reaction and vice versa.

* 10-13! i3 a pure exponential number and is equal to 10+% X 10~* which
in.turn is equal to 7.95 X 107, For the present purpose 1t 1s very much more

convenient to use these fractional exponents rather than mixed numbers. For
a complete discussion of exponential numbers see the Appendix.
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In this particular case Fet* ion can be converted to Fett+t
ion only in the presence of an oxidizing agent which in equa-
ion (11) is the H* ion. The identical argument applies for the
reduction process. However, if we could obtain relative
values for the half-reactions it would then be possible to use
combinations of these relative values to calculate equilibrium
constants for oxidation-reduction reactions involving any two
or more of the half-reactions. Such a procedure ts possible.

To illustrate the significance of the half-reaction constants
given in Table 27, let us consider the equilibrium expressions
of equation (12). It is not possible to obtain a definite numer-
ical value for either of the half-reaction constants, yet we can
obtain relative values of these ratios by assuming some arbi-
trary value for one of them. For convenience, allow the ratio

o)} : o *
(-IE‘;LL to be equal to L 1.e., the inverse of this ratio —(—}L)—,
(H) o (H.)
to be equal to a. Substituting this value in equation (12) we
(Fettt) .

" o since
(Fett)

(Hy)t  (Fet+t) 1 (Fet)

obtain 108!« for the value of the ratio

(7 X (Ferr) " aX (e T 107
et
and '((‘I;%Iﬂ) = 107"

Now consider another reaction involving Fett and Fet*t
ions.

MnO;~ + 5Fe** + 8H* = Mn**+ + 5Fet*+ + 4H,0 (14)

This equation involves an oxidation-reduction change of five

units of charge or five electrons. Changing equation (14) so

that only one unit of charge, or one electron, is involved, we

have
3MnO,~ + Fe*t + §H* = tMn*+ + Fet** + $H.0 (15)

The equilibrium constant for this reaction is

(Fet++)(Mn*+) $H,0t
(Fe**)(MnO, ")} (H*)}

= K., = 10?5 (experimental) (16)
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In this expression we have included the term H,0! where
nwormally it would be omitted, as in past examples, for the
concentration of the water molecules does not change ap-
preciably in such reactions and for all practical purposes may
be regarded as remaining constant. Although the term can
be omitted from equation (16) we shall see later that its in-
clusion will be very convenient in the selection of the proper
half-reactions required for the calculation of the oxidation-
reduction equilibrium constants in question. All such terms
which can be omitted appear in ttalics. Formally each of these
italicized terms may be regarded as being equal to unity. Sub-
stances which do not change appreciably in concentration
during the course of a reaction, such as water, and all sub-
stances existing in a separate phase (not in solution), such as
relatively insoluble solids, come under this classification.

The value of the term Co) was previously found t
e value of the term “Fe) was previously found to

+
be equal to 107 'a (maintaining the value EE ))% as a).

Thus,
(Fet+) _ (M0t (nt) H0!
S = = 1078 la X

(Fe'*) 7 (MnO, ) (HHE (MnO,)}(H*)?

and therefore

= 1025

(\1n++)s1120! 1025 10%°
(MnO,7)s (H+)% 107 'a a
The inverse of this value is 10% %, as given in Table 27.
We shall next consider the reaction represented by the
equation

3Fett + NO;~ + 4H* = 3Fett* + NO + 2H,O0  (17)

Reducing this equation to represent one electron change, we
have

Fett 4+ 3NO;~ + $H+ = Fet** + NO + §H,O  (18)
the value for the equilibrium constant of which is
(Fet+H) (NO)¥H,0}
(Fet)(NOy ) d(H)!

103! (experimental) 19)
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(Fet++)

: NO,~)}(HH)?
Since ”(F”e‘r_*‘_—)— (—————-—-)—-—(——)—-

equals 1078-1q, the value for
(NO)H,0!
is accordingly 1076 *«, as given in Table 27.

In this way it is possible to build up values ror the half-
reaction constants for all oxidation-reduction couples. It will
be observed that for every completed reaction the alphas
(a’s) always cancel. The reason for reducing every half-
reaction to one which involves a change of only one unit of
charge or one electron is to allow for this cancellation. Since
the alpha term always cancels it can be omitted. The values
of the half-reaction constants in Table 27 therefore include
only the coefficients of alpha.

TABLE 27

OxipatioN-Repucerion Hanr-Reacrions

For convenience in locating the half-reaction in the table,* each
equation is given in terms of whole number coefficients. The equi-
librium expression for the half-reaction, however, is for a one electron
loss, or a gain of one unit of valence number. The exponent of the
half-reaction constant is given to the first place following the decimal
point. In some cases the experimental data for the determination
of this value do not warrant a significant figure of this magnitude,
while in other cases they do. Therefore the figure following the
decimal point is not always significant; it represents an estimated
value of the average accuracy. For convenience, the solid phases
such as L7 and the practically non-varying components such as H.0
are included in the equilibrium expressions for the half-reactions
and appear in ttalics. These will either cancel in the calculated
equilibrium expression for a complete reaction or they are to be
omitted after the equilibrium expression has been finally set up.
They are included here for convenience in manipulating the half-
reaction expressions. The exponents for the solid and non-varying
components have no significance. These are also included for con-
venience. The concentrations of gases, for example (Hs), are to be
expressed in terms of pressures (atmospheres).

* Compiled from data obtained from Ozidation Potentials, by Wendell M.

Latimer (Prentice-Hall), Second Edition, 1952, and by correspondence with the
author.
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As in Table 26 the right-hand member of each half-reaction is
an oxidizing agent, and the left-hand member a reducing agent.
The best reducing agents are at the beginning of the table and the
best oxidizing agents at the end. Any given oxidizing agent will
oxidize any reducing agent lying above it in this table.

It is possible to predict qualitatively whether or not some of the
simpler reactions will proceed merely by inspecting the relative
positions of the appropriate half-reactions in the table. In many
cases, however, the complete reaction in question will involve more
than two half-reactions. Under such conditions a quantitative cal-
culation of the equilibrium constant is necessary. In any event the
extent to which a given reaction will proceed can only be determined
by making a quantitative calculation involving the half-reaction
constants.

Havr-REAcTION EquiLisrivM VI:)I;«UE
ALFERE EXPRESSION
CONSTANT
i+
1. Li—- Li* (IIAI) 10% 5
+
2. Rb -—— Rb* @%—)- 10404
3. K — K+ (II{:) 10% 4
3q tt %
4. Ba — Ba** (lil‘;—'-)— 10%.0
a2
Q413
5. Sr —-— Srtt (b:’ %) 10%-8
Dr
at+)3
6. Ca —- Cat* (Cg %) 10%.5
a
Tat
7. Na— Nat gﬁ,\—%—) 10%-9
\o++)3
8. Mg — Mg*+ (lelg ) 10%:1
+++)3
9. Al — Al+++ (Aiili ) 1081
In++)4
10. Mn — Mn*+* QIn)? 1o

Mn}



304

11. CN- 4+ 20H- — CNO~ + H;0
12. 805~ + 20H- — 80, + H,0
13. Cr — Cr+*

14. H, + 20H- — 2H,0

15. Zn — Zn**

16. Cr — Cr+*+

17. H,Te — Te + 2H*

18. Ga — Ga**+*

19. 85— —8

20. Fe — Fett

21, Cr+* — Cr++t

22, Cd — Cd+*

23. H;Se — Se + 2H*

24, Titt — Ti+++

25. Pb + 8SO,—— — PbSO,

26, In — In**++

HALF-REACTION

OXIDATION-REDUCTION EQUILIBRIA

EqQuiLiBRIUM
IEXPRESSION
(CNO-)} 1,04
(CN-)3(OH")
(8O, 3,0}
(SO:—)3(OH")
(Cr+h}
crd
H.0
(Hy3(OH")
(Zn*+)}

VA n%—
(Crrih}
o
Ted(11+)

(Gat+4)b

Ga}

Si
Cawk
(Fet)}

Fed
(Crt++)
(Cr+)
(Cd++)}

Ccd?
Se(H*)
(HsSe)
(Tit+)
(Ti*)

PbSOA
Po}(S0, )}
(In+++)}
In}

VALUE
OF
CONSTANT

1016 4

10187

10154

1014 0

10129

1012.5

10122

100 ©

107 ¢

1074

106.9

106.8

1088

1083

108.0

1088



27.

28.

29.

30.

31.

32.

33.

34.

35.

36.

37.

38.

39.

40.

41.

42,

Oxidation-Reduction Equilibria

HALF-REACTION

Tl — TI+

Co— Co**

H;PO; —— H;PO, + 2H*

Ni — Nit*

S:06~ — — 280,~~ + 4H*

Sn —- Sn**

Pb — Pb*+

90H- + NH; — NOs;~ 4+ 6H,0
Cu0 + 20H~ — 2Cu0 + H0
HO,~ + OH™ —- 0. + H0
Mn(OH); 4+ 20H~ — MnO, + H,0
H, — 2H*

NO,” + 20H- — NO;~ + H,0
28,0, — 8406~ "

Co(NH;)et Co(NH;)e***
Mn(OH): — Mn(OH)s

EQUILIBRIUM
EXPRESSION

(TI%)
Tl
(Cott)}
Cot
(HsPOY)I(H*)
(H;PO3) %
(Nt}
N1k
(80,~~)(H*)?
(8:0 )}
(Sn*h)}
Sni
(Pb*r)4
Pb}
(NO;)3H,08
(OH")3(NH,)#
Cu0 H0%
Cu:0*(OH")
__(02iH0%
(HO.")#(OH")}
MnO}H 0}
Mn(OH)4(OH")
(HY)

(Hy)?}
(NOs)H,0%
(NO;")¥(OH")
(8:0s )}
(8:0s77)

(Co(NHj)e*)
(Co(NHy)e*)

Mn(OH),
Mﬂ(OH)g
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VaLuE
OF
CONSTANT

1057

104.7

104‘7

104.3

103.7

1023

1021

1020

101.4

1013

1008

10°

1002

1014
10—1.7

107
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EqQuiLiBRIUM VaLug
HaLrF-REACTION OF
IEXPRESSION
CONSTANT
i . (TIO*++)(H*)? -
+++ 20 — ++ + A -
43. Ti++ + H,0 — TiO** + 2H IO 101
M. S —S + 2H* Sh(Hn 10-24
(HoS)3
45. Sn++ — Sn++++ (Q,n? Y ')2 10-2.5
(Snti)b
16. 2Sb -+ 3H0 —— $by0; + 6H* Sbsb (1) 102
Sba 1,03
47_ Cu+ —_ Cu++ g.g}l:j_) 10—2 [
()
, B . BIOCH(IT)3 B
48. Bi + H.O + Cl- — BiOCl + 2H* 10-27
i+ HO+ ’ BAMLOMC1)
L (30, )(H)? B
19. HsS0; + H.0 —— S0 4H* 10-29
19. H:S0s + H0 —— 50,77 + (HS0,)3 1,04
-  Co(OH)y -
50. Co(OH), + OH Co(OH), CoOMTOHT 10-29
-y}
51. Hg + 4Br- — HgBr,—~ (HgBr )2 10-9 5
Hg*(Br-)?
= AuC _AgCl_ -
52. Ag + Cl AgCl (I 10738
3| l .
53. As + 2H.0 —- HAsO, + 3H* (HAO.)3(H) 10742
ASMLOG
p)
L0}
54. PbO + 20H- — PbO, + H.0 PhOAILOY 1042
PbO(OH-)
55. I~ + 60H- — 10,~ + 3H,0 10y ) HH,03 1044
(I-)4(OH")
. . (BiOH) ("3 -
56. Bi + H,0 — BiO* + 2H* AP 10754
L+ H : BitiL.0}
o~ _ _ (ClOs~ Vi HL0% ~
57. Cl0,~ + 20H- — Cl0;~ + H,0 )T 10~
ot ’ ’ (C10,7)4(OH")
58, U++++ + 2H,0 — U0, + 4H* (U0 H(H)? 10756

(U+++ +)§”2()



59.

60.

61.

62.

63.

61,

65.

66.

67.

68.

69.

70.

71.

72.

73.

4.

Oxidation-Reduction Equilibria

Havr-ReacrioN
Cu — Cutt
2Ag + 20H- — Ag0 + HO
Cl0;~ + 20H™ -— CIO,~ + H:0
Fe(CN)g™ =~ -—— Fe(CN)g™~
V+tt + H,0 — VO + 2H*
5:0,7~ + 3H, 0 — 2H,S03 + 2H*
OH- + HO,” — 0, + H.0
4OH~ —- 0, + 2110
S 4+ 3H,0 —— H.S0; + 4H*
Ni(OH), + 20H~ — NiO: + 2H,0
I~ 4+ 20H-— 10~ + H,0
C'u —- Cu*
Te + 2H,0 ~ — TeO, + 4H*
2I-—-1,
CuCl—- Cutt + ClI~

HAsO, + 21,0 — H:AsO, + 2H*

EQUILIBRIUM
ExXPRESSION

(Cuth?

Cut
Ag:0%H,0%
Ag(OH)
(ClO,)2H,0%
(Cl05~)3(0OH™)
(Fe(CN)s™™)
(Fe(CN)¢™™™7)
QrO.H).g.(HJr)
(VO*++) H,0%

(S:05~")4H.,0%
_(0:)1.0%
(OH-)3(HO, )}
(02)4H,0%
(OH7)
(FL805)} (H)
S{HL0%
NiOM0__
Ni(OH).#(OH")
(107)3H,0%
(I1)}(OH")
(Cut)
Cu
Te0:4(HY)
Telll 0%
I}
(I
(Cu—)(CD)
CuCl
(H;AsO) 3(HY)

(HAsO.) 31,0
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VALUE
OF
CONSTANT

10-5¢

10—5 6
10*5.8

106!

10*6 1

10-6+

1068

1058

10-7-6

1083

10-83

10~8 8

1089

1091
1091

1095



308 OXIDATION-REDUCTION EQUILIBRIA

HaLr-REACTION

75. MnOy,~~ — MnO4~

76. Ag:0 + 20H- — 2Ag0 + H.0
77. 25b0+ + 3H,O — Sb,0s + 6H*
78. MnO, + 4OH~ — MnO,~~ + 2H,0
79. Br- + 60H- —- BrO;~ + 3H.0
80. U++*++ 4 2H,0 — UO,**+ + 2H*
81. CuBr — Cu** + Br~

82. C10~ + 20H~ -— ClIO,~ + H,0
83. H;0, — 0. + 2H*

84. Se + 3H,0 — H,SeO; + 4H*
85. Br— + 20H- — BrO~ + H:0
86, Fet* — Fet++

87. 2Hg — Hg,*+

88. Ag — Ag*

89. N,O, + 2H,0 — 2NO;~ + 4H*

90. 30H- — HO.,~ + H;0

EquiLiBriuM
ExPRESSION

(MnO,~)
(MnO )

AgOH 0%
Ag.0}(OH")

(SbO 1,01
(MnO~ )0
MnO.4(OH-)?
(Br0;7)¢ 08
(Br-)s(OH")
(VO H)H(ITY)
(U++++) 51,0
(Cut*)(Br-)
CuBr
(C10,7) 1,04
(C107)3(0OH")
(02)4(HY)
(H0.)}
(H:Se05)4(H*)
SetH,0t
(B10-)}H.,0%
(Br)}(OH")
(Fe''™)
(Fet¥)
(Hg,' )}

Hg

(Agh)

Ag
(NO;, ) (H')*
(N0)3H.,0
(HO,™)#H,0%

(OH)}

VALUE
OF
CONSTANT

10—9 &

10—9 [

10—0 8

10—10 1

10—10 5

10—10.5

10—10 ?

10——]1.2

10—-]1 []

]0—12 b

10—12 9

10—'13 1

10—13 3

10—18.§

10-13.8

10-14.9



91.

92.

93.

94.

95.

96.

97.

98.

99.

100

101

102

103

104.

105

106

Oxidation-Reduction Equilibria

Havr-REACTION

Cl- + 20H-— CIO~ + H:0
NH+ 4+ 3H,0 — NO;~ + 10H*
Hg,++ — 2Hg++
HNO; + H,0 — NO,;~ + 3H*
NO + 2H;0 — NO;~ + 4H*
NO + H,0 — HNO. + H*
2Br- — Br,
HoSeO; + H.0 — SeO4~~ + 4H*
Cl0;~ + H,0 — ClO,~ + 2H*
. HCIO; + H.0 — CIO;~ + 3H*
. 2H,0 — O, + 4H*
. Mn** 4+ 2H,0 — MnO; + 4H*
. 0; + 20H-—Os + H0

Tl — TI++
. N;0 + 3H,0 — 2HNO; + 4H*

. 2Crttt 4+ TH0 —- Cr, 0~ ~ + 14H*

EQUuUILIBRIUM
EXPRESSION

(C10-)}H,0}
(CI")}(0H")
(NO,)(H* )42
(NH#) H,0t
(Hg*")
(Hg:+)}
(NO;~)d(HH)}
(HNO,)}H,0%
(NO,H ¥t
(NO)¥H,0%
(HNO,)(H*)
(NO)H:0
(Bry)}
(Br-)
(Se0,~ )} (H)2
(H:Se0s) H 0%
(ClO)}(HY)
(C1057)3H,0%
(Cl10) d(HH
(HCI0,)¥H,0}
(0)¥(HY)
H,0%
MnO}(H*)?
(Mn**)3H,0
(03)}H,0}
(02)}(OH")
(Tl*"’*)*
(T}
(HNOy}(HY)
(N:0)H.01
(Cr:0;— D) b(HH™

(Cr***)* oni

309

VALUE
OF
CONSTANT

10—16.1

10—15.3

10165

10159

10182

10—!6‘9
10179

10—19.4

10-2.10

1025

1008

10—20.8

10—2.0
102

1028

10225



310

Havr-REACTION

107. 2C1- — Cl,

108. Au + 3H.0 — Au(OH); + 3H*

109. 31, + H,0 — HIO + H*

110. Pb++ + 2H,0 — PbO. + 4H*

111. Au— Auttt

112. Mn*++ — Mnt++

113. Mn**+ 4+ 4H,0

MnOs~ + 8H*

114. 3Br, + 3H,0 — BrOy~ + 6H*

115. %Brg + HzO — HBrO + H+

116. Ce*+t — Cet**+

117. 3Cl, + H,0 — HCIO + H*

118. HCIO + H,O — HCIO. + 2H*

119, Au — Aut

120. Ni*+ 4+ 2H,0 — NiO, + 4H*

121. PbSO,+2H,0—Pb0,+80,~ ~+4H*

122. MnO, + 2H20 — MnO,~ 4 4Ht

OXIDATION-REDUCTION EQUILIBRIA

EQuiLiBRIUM
ExPRESSION

(Cly}
(Cl)
(Au(OH).)$(H*)
Autl,0
(HIO)(H")
(Pb+*)3H,0
(Au* ++)§
Aut
(Mn*+)
(Mn™)
(MnO, )3 (H
“(Mn)31L,0t

(Bro,7) 3 (1)
T(Bry)™i,0%
(HBrO)(11*)
(Br)311,0
(Ce™**)
(Cet+t)
(HCIO)(H)
(Clp) 1,0
(HCI0)}(HY)
(HCL0) 1,0}
(Au*)

Au
Ni0 A (H+)?
(Ni*H)3H,0

Pb0,}(S0,~ )} (H+)?

PS030

(MnO)}(H?
MnOAH 0%

VaLue
OF
CONSTANT

10-20

10—24.5

10—24.5

10—24.6

10—25.4

10 -2 6

10258

10258

10—26,9

10-772

1 0215

l() R

1024

10—28 4

10—28.4

10-28.7
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VALUE
HavLr-REAcTION EquiLisriom OF
ExXPRESSION
CONSTANT
123. 2H,0 — H.0, + 2H* (_H_zQ}%)foiIf) 10~
124, Cot+ — Cot++ ((C—C";g 10-%
_ (FeO,)}(H"E -
+++ —_— + St ST S 32.1
125. Fettt 4 4H,0 FeO,~—— + 8H (For ) H0f 10
-4
126. 280, ~ — $;05~ (%%“))" 109
(On}HY -
_— + A 70 Sl 4 .
127. 02 + I‘Igo 03 + 2H (02)%}{20% 10—3.0
3
128. 2F- — F, ((I‘P:’Z : 10-4s
3
120, 265 — B, + 21 iy t0-ss

Examples to lllustrate Use of Table 27
Ezxample 1.

Is it possible for hydrochloric acid to dissolve copper to form hydro-
gen gas and cupric ion? We know from experience that it is not
possible. While a qualitative examination of the relative positions
of the couples in the table above will give us this information, we
may confirm this fact and observation by a calculation which uses
the values given in the table for the equilibria involved. The equation
for this reaction is

Cu + 2H* = Cut* + H, (1)
The corresponding equilibrium expression is
(Cuth)(H,) _
Cutiihe ~ Kea @
(Cu++y}

From the table we find that has a value of 10—%¢ and

(Hy)*}

(H*)
expressions, we obtain

(Cutht (Hy!

X H*

cut T (HY)

out

the value of 10° or 1. Combining these two half-reaction

= 10-5¢ X 10° = 1038 3
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Squaring both sides of equation (3) we obtain equation (4) with
a numerical value for the constant of 10—''% Then omitting Cu,
since it is in the solid phase, we obtain

(Cutt)(Hy) . e
i - Keq = 1071 4)

The small value of this constant indicates that this reaction will
not proceed from left to right to any appreciable extent. If the
value of any equilibrium constant were 1, then the reaction would
proceed about halfway toward completion before equilibrium would
be reached. At this point the concentrations of the products would be
of the same order of magnitude as the concentrations of the
reactants. If the constant were greater than 1, the concentrations
of the products must exceed those of the reactants at equilibrium
and therefore the reaction would proceed to a greater extent to the
right. When the value of the constant is less than 1, the concentra-
tions of the reactants exceed those of the products at equilibrium.
Any reaction proceeds to a lesser extent from left to right, the smaller
the value of the constant. The small value of the constant (10-"2)
for the equilibrium considered in FErample I indicates that the re-
action proceeds to the right only to an inappreciable extent. We
may then conclude that the reaction has a pronounced tendency to
proceed from right to lef{. In other words, it should be possible to
precipitate copper from solutions of its salts by merely passing
hydrogen gas into the solution. However, this reaction does not
take place at ordinary temperatures because its speed is too slow.
It should be possible to affect this change by means of a catalyst.
This is not feasible with a contact catalyst since its surface would im-
mediately become covered with metallic copper, rendering it in-
active. But by increasing the temperature to 150° C the velocity
of the reaction is increased sufficiently to bring about the reduction
of cupric ion to free copper by hydrogen.

Example 2.

Let us determine the extent to which metallic copper dissolves
in nitric acid solution to form cupric ion and nitric oxide. The
equation for the reaction is

3Cu + 2NO;~ + 8H* = 3Cu+* + 2NO + 4H,0 (5)
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Consequently,

(Cut+)3(NO)2H:0* _ (Cut*)’(NO)?
C3(NO; 2(ITF)* — (NOy~)2(HH)8
In equation (6) the equilibrium expression is written in two forms.
In the first, solid Cu and H,0 are included but it is to be understood
that they have no significance and are to be disregarded in that the
concentration of H,O does not change appreciably. They may be
regarded as always being equal to 1. This is the same as eliminating
them from the expression finally obtalned
(Cutt )
ut
change (see #59 of Table 27). For a change of two electrons the
value is 10712, which when raised to the third power becomes

=Keq (6)

The value for the half-reaction is 1039, for one electron

, . : (NO)*H 0"
—33 6 r alf- » » —_
10-%6, The value for the half-reaction constant for NOs 2 (H)
is that for (NO) JHfQJ (the inverse of #95 of the table) raised

(NO 31!

to the sixth power,

_(\t(__))il IQ_Oiv = 16 2)6 — 1()97 2

NO, iy~ (10797 =10
Therefore
(Cuthy? . (NO)PH,0* _ (Cut*)*(NO)?

e (NO;)2 (H) T~ (NO;)2(HY)?

With such a high positive value as 109 ¢ it is evident that the reaction
will take place. Experiment verifies this conclusion.

=10"386X 102 = 1086 (7)

Example 3.

Is it possible for nitric acid to react with metallic zinc with the
formation of zine and ammonium ions? The balanced and com-
pleted equation for the reaction is

47Zn + NO;~ + 10H+ = 4Zn++ + NH + 3H,0 )]
The equilibrium expression is

(Anf_t)j > (NHMH,0°  (Zn+H)Y(NH*) _ K 9)
int (NO)(HD® ~ (NOy)(HHW — & {

( ++)4

The value for e for a two electron change taken to the fourth
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power is (1029)3 or 10 (see #15 of Table 27), while the value for

3
the half-reaction, w((I:YOP;,I:;)(g:(;“’
(#92 of Table 27). Therefore the value for the equilibrium con-
stant of equation (8) is 10'® X 10?2 = 10?%. This value is so much
greater than unity that the reaction readily proceeds and the equi-
librium position is practically completely to the right. This does
not mean that the ammonium ion is the only possible product. Cal-
culation would show that other compounds with different valence
states of nitrogen, such as NO and NO, can be formed by the action
of nitric acid on zinc. Which of the nitrogen compounds are formed
to the largest extent will depend upon the relative speeds of the
different reactions involved.

Making the same calculation but using copper instead of zinc
we find that the reaction which produces cupric and ammonium
jons is likewise possible but the tendency for the reaction to proceed
is not so great. The fact that ammonium ion is not found to a large
extent when copper reacts with nitric acid must be attributed to
the slow speed of this reaction as compared with the speed of those
reactions which produce nitric oxide and nitrogen dioxide.

Ezample 4.

Table 27 may also be used in conjunction with the solubility
product constants and with the ionization constants of weak acids
and weak bases. Ezxamples 4 and 5 are designed to illustrate the
use of this application.

Is it possible for nitric acid to dissolve an appreciable amount
of cupric sulfide with the formation of nitric oxide, cupric ion and
free sulfur? The equation for the reaction is

3CuS + 2NO;~ + 8H+ = 3S + 3Cutt + 2NO + 4H,0  (10)
Therefore

is (10138 which is equal to 10'%

(Cu++)3(NOYH,048° an
CuS’(NO;-)2(H+)y» ~ 7%
Since solid CusS is involved we must use the solubility product expres-

gion for CuS which is (Cu*+)(8—-) or (—CL:%(SS—-_—)- This demands

that a (S—-)? appear in the numerator. Likewise, it is necessary to

which in turn demands a

use the half-reaction expression (S‘E

)
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(8—-)?in the denominator. To satisfy both these conditions multiply
both numerator and denominator by (8—)3.

(Cut*)3(8—-)3 % S3 (NO)*H,0*
CusS? (8=7) 7 (NO;™)¥(H*)®

Equation (10) involves a six electron change and the expressions
(11) and (12) are likewise for a six electron change. Therefore all
half-reaction constants must be raised to the sixth power. The
solubility product constant for CuS is 107%4 (see Table in the
Appendix).
(Cu++)3(s——)3
C'uSs

=Ke (12)

= (10-3%4)3 = 10106
S3
J 2H .04

&% = (10%2)8 = 1072 (495 of Table 27)

(Cut+)3(S—-)* S*  (NO)H.0*

Cus? S (NOzy2 (I
1071% X 10474 10%2 = 10%¢ (13)

Omitting all solid phases and H;0, we have

(NOY2(Cut+)?
(NO,—)2(H)?

= (107%)8 = 1044 (#19 of Table 27)

= 108

Consequently this reaction can proceed in accordance with equa-
tion (10). Experience in the laboratory verifies this conclusion.

Carrying out a similar calculation using mercuric sulfide instead
of cupric sulfide we find that this substance has a relatively small
tendency to be dissolved by nitric acid.

Example 5.
Is it possible for a solution containing 0.1 mole of acetic acid

and 0.1 mole of sodium nitrate per liter to dissolve cadmium sulfide
appreciably? The equation for the reaction is

3CdS + 2NO;~ + 8HAc = 3Cd** + 3S + 2NO + 8Ac~ + 4H,0 (14)
and the corresponding equilibrium expression,

(Cd+) N0V (Ac~) H0'S®
CaS (NOy-y(HAcy  ~ Ke (15)
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Multiplying the numerator and the denominator of this expression
by (8—7)% X (H*)%, we obtain

(CdHH3S0) 8 (NOPH.0*  (HY)M(Ac)® _

CaS O (NO T (A K (16)
++)3(]——)3
@—Ez)ib%,s——)— = (10-22%)3 = 10-™¢ (from solubility product
constant)
2 4
(—ISI—I\I(‘)'O‘:))—;I?I%—)‘S = 10%2)¢ = 10” 2 (#95 of Table 27)
3
J3
@ff)a = (107%)8 = 1074 (#19 of Table 27)
+)8 —\8
%%%l = (1078 2~ 10~% (from the ionization con-

stant for acetic acid)
The value of the above expression then becomes
1076 X 1072 X 1044 X 10~ or 10%

(CA+)3(NO)*(Ac)®

Therefore (NO; ) (HAC)

= 10*. If the (NO3;~) and (HAc)

were each 0.1 mole (i.e., 10~ mole) per liter, the denominator be-
comes 10—° and the numerator then has a value of 10". If the
(Ac-) should reach a value of 0.1 mole per liter as a maximum and
the (NO) a pressure of one atmosphere (since it is a gas), (Cd**)?
would be 10%/10~% or 107 at equilibrium. Therefore cadmium
sulfide would readily dissolve in this solution to form free sulfur
and cadmium ion provided, of course, that the rate of the reaction
is sufficiently great. The values given above merely show that
such a reaction is possible and that there is a pronounced tendency
for it to take place, but they give no information concerning the
speed of the reaction.

Carrying out a similar calculation using cupric sulfide instead of
cadmium sulfide, we find that the above solution will not dissolve
the cupric sulfide appreciably.

Restrictions in the Interpretation of Results of Cal-
culations. The calculations made from the foregoing table
only show what the equilibrium will be when it is attained, but
they do not indicate in any way that the equilibrium will be
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attained in a reasonable period of time. The time necessary
to reach equilibrium will depend upon the speed of the re-
action. The velocity of a reaction is a factor which is inde-
pendent of the equilibrium. If, however, calculation shows
that a reaction cannot take place because of equilibrium re-
strictions, then the veloeity of the reaction does not become
a consideration, for no reaction can proceed beyond its equi-
librium value. In other words, calculations from Table 27
show definitely when a reaction does not take place to any
appreciable extent and show which reactions will take place only
if the velocity is great enough.

Often several different products can be formed from the
same reactants. For example, zinc reacting with nitric acid
produces NO, NO, or NH,* ion. The relative amounts of
these substances formed will depend upon the relative veloci-
ties of the respective reactions involved.

Do Reactions Take Place Completely? 1f a reaction
takes place completely its equilibrium constant must be equal
to infinity. Strictly speaking, no reaction goes to completion
but many reactions have such large values for their equilibrium
constants that for all practical purposes we may regard them
as complete. For example, the reaction

S5H.S + 2MnOy~ + 6H* = 2Mn*+ + 55 + 8H,O  (20)

has an equilibrium constant equal to 10%2. Such a large
value of this constant is practically equivalent to complete
reaction. Likewise, the equilibrium constant for the reaction

3H.S + Cr,0;7~ 4+ 8H* = 2Crtt+ + 3S + TH.O  (21)

is 10", It is not entirely meaningless to use such large nu-
merical values. These two values show that MnO,~ ion, in
the presence of HY ion, is a better oxidizing agent than is
Cr,0;7~ ion in the same medium, and that it is even possible
for MnO,~ ion with H* ion to oxidize Cr**+ion to Cr,O;~~ion.

Problems and Exercises

1. Calculate the equilibrium constant for each of the following oxi-
dation-reduction reactions. In each case determine whether it is
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possible for the reaction to proceed from left to right to any
appreciable extent.

Ref. Nos.
Equation for Reaction in
Table 27 *
(a) 2Fet+++H,S0;+H,0=80,~~+2Fet+41H+ 49, 86
(b) 2H28+H2803=3S(.,)+3H2O 44, 67
(¢) 3C1=4+2NO;~+5H+=3HCIO+2NO+H,0 95, 107, 117
(d) 3MnO,~ ~+2H,0=MnO;,+2MnO;~+40OH~ 75,78

(e) 2Cr++++6Co++++7H,0=Cr:0r~~+6Co+t++14H*+ 106, 124
(f) 3ZnS)+2NO;—+8H+=3Zn+++38,+2NO+4H,0 19, 95
(8) 4ZnSw+NO;—+10H*=4Zn*++48,, + NHH+3H,0 19, 92

(h) CdS w-+S0,~—+4H*=Cd*++S )+ H:S0+ Hy0 19, 49
(i) Br—+MnO;,,+3H+*=HBrO+Mn**+H,0 97, 102, 115
() CuS+SOs——+4H*=Cut++S 4 +HoSO5+HoO 19, 49

(k) Cuw+2HNO4+2H+=Cu*++2N0+2H,0 59, 96

(1) PbS+4H:0,=PbSO4)+4H:0 19, 49, 67, 123
(m) Sn+++H,0,4+2H*+=Sn++++4-211,0 45, 123
(n) COS(.)+2N03—+4H+=CO+++N204+S(,)+2H20 19, 89

(0) 10Br—+2MnO,~+16H*=2Mn*++5Br,+8H,0 97, 113
(p) HsAsO+21-+2H+=I,+HAsOx+2H,0 72, 74

2. Is it possible for metallic tin to be dissolved appreciably by nitric
acid to produce Sn*t ion and NH4* ion?

3. Is it possible for mercuric sulfide to be dissolved appreciably by
nitric acid with the production of Hgt+ ion, nitric oxide, and
free sulfur?

4. A solution is 0.1 molar with respect to each of Cr,O;~—, H*, and
Cl- ions. Can a reaction proceed to an appreciable extent in
this solution to form free chlorine and Cr*++ ion?

5. Can cupric sulfide be dissolved to any appreciable extent by a
solution containing hydrogen peroxide and hydrochloric acid to
form Cut+ ion, free sulfur, and water?

6. Can silver sulfide be dissolved to any appreciable extent by con-
centrated nitric acid with the formation of Ag* ion, free sulfur,
and nitric oxide?

* In addition to the half-reaction constants, the solubility product constants
for slightly soluble substances are also required for several of these calculations.
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7. From the half-reactions, Nos. 91, 107, and 117 in Table 27,
calculate the ionization constant for hypochlorous acid, HCIO.
8. From the half-reactions, Nos. 19 and 44 of Table 27, and Kw
(water), calculate the value of the equilibrium constant for the

reaction,
S— 4+ 2H,0 = S(,) + 20H- + H,

9. From half-reaction No. 44 and the first and second ionization
constants for H,S, determine the value of the constant for half-
reaction No. 19, and compare your answer with that given in
Table 27.

10. From the half-reaction No. 67, together with the first and second
ionization constants for sulfurous acid and Kw, determine the
value of the half-reaction, S, + 60H— —— SO;~— + 3H:0, i.e.,
for the expression

(S0s~-) 4,01

StOH-)T

11. Using the result obtained in (10), together with half-reaction
No. 19 and the solubility product constants for Fe(OH);, Fe(OH)s,,
and FeS, determine whether the following reaction can proceed
from left to right.

7Fe(OH)s( + SO; 4+ 3H:0 = FeS,, + 6Fe(OH);(,, + 20H-

A solution containing Fe*++ jon is reduced with metallic iron.
At equilibrium the concentration of the Fet* ion is found to be
.01 M. What is the concentration of the Fe*t* jon in this
solution when it is in equilibrium with the Fet+ ion and metallic
iron?

12



CHAPTER

14

Nuclear Chemistry

In the last two decades research chemists and physicists
have given a great deal of attention to the study of the nucleus.
The atomic or nuclear bomb and nuclear power are the direct
result of these studies. Not only has the nucleus of the ura-
nium atom been exhaustively studied but a great deal of re-
search has been devoted to the nuclei of all the elements.
Today there is such a wealth of information in this field that
it has been classified as a new branch of chemistry. This
branch has to do with the reactions of the nuclei and the
fundamental particles such as the neutron and the proton.
Such reactions are known to take place in the hot stars. They
can be studied in the laboratory only by the use of high voltage
machines such as the cyclotron which have the ability to im-
part high velocities, i.e., large kinetic energies, to the elec-
trically charged particles.

The products of nuclear reactions very often are radio-
active, and are used as a convenient and rapid means of analy-
sis. The study of this radioactivity is often referred to as
radiochemistry. It is a branch of the general field of nuclear
chemistry.

The Neutron and the Structure of the Nucleus. In
1932 the English physicist, Chadwick, discovered a new funda-
mental particle, the neutron. This discovery was of the great-
est importance to the study of the nucleus. It changed our

concept of nuclear structure and brought about a tremendous
320
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advance in the study of nuclear reactions — one of these re-
actions being the fission reaction of uranium in the atomic bomb
and in the nuclear power reactor.

The neutron has a mass of 1.00893, while the mass of the
proton is 1.008123 — their masses are very nearly alike.
(These values are based upon the weight of the oxygen atom
as a standard. This is taken to be 16.00000.) The size or
cross section of the neutron is very small as compared with
that of an atom — it is of the same order of magnitude as the
nucleus of the hydrogen atom; i.e., the proton. It has no
charge; therefore it is not repelled nor is it attracted by the
positively charged nuclei or by the negatively charged elec-
trons that make up the atom. Consequently, neutrons travel
relatively great distances through matter without collision or
reaction, and, therefore, neutrons cannot be contained in a
bottle, or in any container, as can the atoms and molecules of
ordinary matter. Many neutrons, produced by cosmic rays,
pass through the human body every second.

The average time that a free neutron lives is about 15
minutes. At the end of this time it decomposes into a proton
and an electron.

Neutron — proton + electron
orn—p+e-

(1

However, this instability applies only to free neutrons and not
to those combined in the nucleus.

Previous to the discovery of the neutron, the nucleus was
assumed to be composed of protons (the nuclei of hydrogen
atoms) and electrons. Thus the nucleus of the nitrogen atom
with an atomic weight of 14 was assumed to be composed of
14 protons and 7 electrons (the weight of the electrons is
negligible). This combination would account for an atomic
weight of 14 and a charge on the nucleus of plus 7. However,
we now assume that the nucleus of the nitrogen atom is com-
posed of 7 protons and 7 neutrons. There is an experimental
basis for this new concept, which is roughly the following. The
nucleus as well as the atom is quantized, and the outer electrons
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are coupled with the nucleus. From the quantized character-
istics of the whole atom it is possible to determine whether
there is an even or odd number of fundamental particles making
up the nucleus. In the case of the nitrogen atom it is found
that the nucleus is made up of an even number of fundamental
particles. Hence the concept that it is made up of 14 protons
plus 7 electrons is ruled out for 14 + 7 is an odd number whereas
7 protons plus 7 neutrons gives an even number. This rule
applies to all nuclear species that have even atomic weights
and an odd number of positive charges (i.e., odd atomic
numbers).

Isotopes. The mass spectrograph is an instrument which,
by means of a combination of electric and magnetic fields, has
the ability to separate and distinguish particles with different
e/m ratios (e is the electric charge on the particle and m is its
mass). Thus, if singly charged atoms (not nuclei) of O* and
N+ (produced by removing one electron from the atom) are
analyzed by this instrument it is found that the ratio of the
two masses is 16 to 14. By means of this instrument it was
found, for example, that not all oxygen atoms found in nature
have the same mass. Three species were found. Those with
a mass of 16 constituted the greater part of the ‘“mass spec-
trum.” The other two species have masses of 17 and 18, re-
spectively. These different species are called isotopes. An
isotope is a member of a group or family of atoms which have
the same nuclear charge or atomic number; thercfore, the same
number of outer electrons. The relative amounts of these dif-
ferent oxygen isotopes present in our universe, or at least on our
planet, are: 50, 99.76 percent; 0, 0.04 percent; 50, 0.20
percent. In the designation sO'% as an example, the left-hand
subscript refers to the atomic number and the right-hand
superseript to the mass number, i.e., the total number of pro-
tons and neutrons. The nucleus of the ;O isotope is made up
of 8 protons and 8 neutrons; that of 0!, 8 protons and 9
neutrons; and for O, 8 protons and 10 neutrons.

The gross chemical properties of these different isotopes are
the same, for the charges on the nuclei are the same — plus
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8, in the case of oxygen, and therefore the number of external
electrons — is the same in each case. All elements with the
exception of about twenty, are characterized by two or more
isotopes. Some of the most interesting isotopes, together with
their exact masses, are given in Table 28.

TAaBLE 28

THE PROPERTIES OF IsoTOPES OF SOME OF THE ELEMENTS

Atomic Mass

Number Element Number Isotopic Weight Packing Fraction
0 Neutron 1 1.0893 +89.3
1 Hydrogen 1 1.0081 +81
1 Deuterium 2 2.0147 +23
1 Tritium 3 3.0171 +57
2 Helium 3 3.0171 +57
2 Helium 4 4.0039 + 9.8
3 Lithium 6 6.0167 +27.8
3 Lithium 7 7.0180 +25.7
4 Beryllium 8 8.0078 + 9.8
4 Beryllium 9 9.0149 +16.6
4 Beryllium 10 10.0164 +16.4
5 Boron 10 10.0161 +16.1
5 Boron 11 11.0128 +11.6
6 Carbon 12 12.0036 + 3.0
6 Carbon 13 13.0073 + 5.6
7 Nitrogen 14 14.0073 + 5.2
7 Nitrogen 15 15.0048 + 3.2
8 Oxygen 16 16.0000 0
90 Thorium 232 232.020 + 3.0
92 Uranium 235 235.084 + 3.6
92 Uranium 238 238.088 + 3.7

The Stability of the Isotopes. When we speak of the
stability or instability of any substance we must always have
in mind some change, — i.e., some chemical reaction. When
we say that TNT (trinitrotoluol) is unstable, we mean that it
is unstable with respect to its usual dissociation products that
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result from explosion; namely, CO, CO., NO, NO., and H,O.
In saying that TNT is unstable with respect to its dissociation
products we mean that when TNT explodes it releases energy.
This release of energy is a measure of its instability.

There is another distinctly separate factor that must be
considered when we consider the stability of any molecule or
mixture of molecules. That is the velocity of the reaction. A
mixture of gasoline and oxygen is unstable, for, if a reaction
were to take place, energy would be released. Yet a sealed
flask containing these substances could be kept indefinitely
at room temperature without explosion occurring. Likewise
TNT, while unstable, must be triggered off by a detonator,
or by a percussion cap. The N,, O,, and H,O in our atmos-
phere are unstable with respect to nitric acid. In other words,
if the reaction were fast enough, these substances would com-
bine to form nitric acid. There are, therefore, the two aspects
of stability to consider: (1) the energy release if reaction
takes place, and (2) the probability or the conditions under
which the reaction can be made to proceed. Let us first con-
sider stability in terms of the energy released, assuming the
reaction can be made to take place.

Einstein deduced from his Theory of Relativity that mass
and energy are related by the equation

E = me? (2)
where E is energy in ergs; m is mass in grams; and c is the
velocity of light (3 X 10 em. per second). For any reaction
the change in mass of all the atoms or molecules involved
(my — my) or Am multiplied by c¢? equals the energy, E, — E,
or AE, in ergs. In terms of change in mass and energy change,
Einstein’s equation is written as

AE = c¢*Am

When 12 grams of carbon combine with 32 grams of oxygen
to form carbon dioxide, 96,00C calories or 3.94 X 10'? ergs of
energy are released. The weight of the carbon dioxide formed
does not exactly equal the weight of the carbon and the oxygen
but is less than this amount by
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12
Am = écfj = 3-%{%61% = 4.4 x 107° gram
This small difference in weight is much too small for us to
weigh accurately. However, nuclear reactions are thousands
of times more energetic than are ordinary chemical reactions,
and this mass and energy relationship can he determined ex-
perimentally. Therefore the relative stabilities of the nuclei can
be determined by their exact masses. The exact masses of
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FIG. 14.1 The packing fraction of the isotopes as related to the mass
number.

the various isotopes from which energy evolution can be calcu-
lated are given in Table 28.

The isotopic masses can be expressed in another way, i.e.,
by the “packing fraction.” The packing fraction of the
elements is also given in Figure 14.1. The relationship shown
in this figure is very important for it is by means of these
data that the potentialities of the A-bomb and atomic power
were predicted.

The packing fraction is defined as the fractional deviation
from the mass number. The packing fraction for helium can
be determined in the following way. Since the mass of ;He!
isotope 1s 4.0039, the packing fraction is
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4.0039 — 4.0000 _ 0.0039
4 T4

The packing fraction is usually expressed as the number
multiplied by 1074, or, in this case, +9.7. Another way of
expressing this valueis: the packing fraction of the ;He*isotope
is plus 9.7 parts in 10,000.

Since, in changes of mass, we are not interested in the absolute
mass but only in the changes, it does not make any difference
what standard or what value we assume as the zero point —
the difference will always be the same. So we arbitrarily
assign to the mass of 3O isotope the value of 16.0000. . . .
The student will note that the packing fraction for O is zero.

As can be seen from Figure 14.1, some of the packing frac-
tions have negative values. The packing fraction of ;Ba'®® is

137.916 — 138.000 _ —-.084 I . .
138 =38 = 6.1 x 1074, or —6.1, as expressed

in Figure 14.1.

When Otto Hahn, the German chemist, found that one of
the dissociation products of U%% was barium, the tremendous
potentialities and consequences of this discovery were realized
by him and particularly by his colleague Lise Meitner. To
better understand the Einstein equation relating mass and
energy and to appreciate how the work of many contributes to
our general knowledge of science, let us trace, as best we can,
the thinking of Dr. Meitner, when she first learned that
barium was one of the products found in the fission of U%5,

The reaction under consideration was

0UB5 4 n — gBa' + 6Kr'+? (3)

It was assumed that only two atomic nuclei were formed. If
Ba with an atomic number of 56 was one of these, then the
other must be the element the atomic number of which is
92 — 56 = 36, or krypton. (This assumption was later con-
firmed by experiment.) But it was apparent that in this
reaction there were too many neutrons. These were spilled
over, so to speak. It was this deduction that led to the idea

= 0.00097, or 9.7 X 1074,
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of the chain reaction and to the great possibility of the A-bemb
and atomic power. The other factor in Dr. Meitner’s considera~
tion was the energies involved. To follow her reasoning fur-
ther, let us now calculate the energy released when U%%, reacting
with a neutron, dissociates into barium and krypton. To do
this, we shall consider only the average line — the solid line —
of Figure 14.1, and, therefore, make a very rough calculation.
The packing fraction of uranium is +3.6; that of barium is
about —6; and that for krypton is about —8. The average
(=6) + (-=8)
2
= —7. So the difference in packing fraction between gU%®
and its products is roughly +3.7 — (=7) = 10.7. The differ-
ence, 10.7, means that in the reaction involving one gram atom

packing fraction for the products of the reaction is

of U5 the mass has decreased i (1)00(7)0 X 235 or 0.25 gram. Ac-

cording to equation (2) this mass change is equal to 2.5 X 107!
grams X 9 X 102 em = 2.2 X 10* ergs. This value is equiva-
lent to about 220 Mev (million electron volts). Within our
rough calculations this checks with the experimentally de-
termined energy release. This is an added confirmation of
equation (2). One gram of TNT upon explosion releases about
4 % 10" ergs. So one gram atom of U*® if every atom under-
2.2 Xll(go = 5.5% 10°,
grams, or about 5,000 tons of TNT. The A-bombs explod-
ed in World War II were rated at 20,000 tons of TNT or
equivalent to about 1 kilogram (2.2 pounds) of exploding U5,
Of course, the efficiency of exploding the U%* was not 100 per-
cent, so a greater amount than this was used. Later we shall
use Table 28 to consider the energies possible with an H-bomb.

Radioactivity. The ‘“mass defect’’ or the packing fraction
forms one criterion of the stability of the nucleus. Another
criterion is that involving the ‘“decay’ of the most unstable
of the isotopes.

In 1896, long before we were able to make artificial radio-
active isotopes in the laboratory, Becquerel, a French physicist,

went fission, would yield the equivalent of =-
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discovered radioactivity in uranium ores. His first results
showed that uranium ores and particularly uranium salts had
the property of blackening a photographic plate, even though
the photographic plate was protected by an ordinary wrapper
against light. In 1898, Pierre and Marie Curie began their
experiments of isolating the radioactive substance which was
contained in these ores. It was found to be radium.

Later it was shown that radioactivity could be ascribed to
other elements related in a way to uranium and thorium, and
that it manifested itself in three ways. In terms of knowledge
gained later, these three processes involve the emission from
the nuclei of radioactive elements of (1) alpha particles (the
nuclei of helium atoms, .He*); (2) beta particles (electrons);
and (3) gamma rays or short X-rays (electromagnetic waves
of very high frequency, i.e., high energy quanta). It was
found, for example, that uranium 234 ‘““decayed” into thorium
230 by emitting an alpha particle:

U2 — o Th®0 4 ,He* (4)

Note that the subscripts (+ charges) and superscripts (mass
nurnbers) must balance in an equation of this kind. Thorium
230 (or ionium) then decays into radium 226 by the emission
of another alpha particle:

o0Th?0 — g Ra?® + ,He? (5)

This process of decay continues but not always with the emis-
sion of an alpha particle. In some cases beta particles or
electrons are emitted from the nucleus. When an alpha par-
ticle is emitted, the nucleus loses 2 plus charges and therefore
the outer electronic shell must rearrange in order to lose two
electrons. Likewise when the nucleus loses an electron it
gains one positive charge and an additional electron must be
added to the electronic structure. From these radioactive
observations it seems clear that the alpha particles, ,He?, are
particularly stable.

From our more modern concept of the structure of the
nucleus we must conclude that the emission of a beta particle
involves the disruption of a nuclear neutron
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n (nuclear) — p (nuclear) + e~

The emission of gamma rays usually accompanies the emission
of either alpha or beta particles. The final stable product of
disintegration of uranium and thorium is lead, sPbh*®, 4Ph??
and Pb?*8 It should be noted that the naturally occurring
radioactive, and therefore unstable, isotopes are among the
heaviest elements known.

The rate of decay of these isotopes varies greatly. In general,
the greater the instability, as measured by the kinetic energy
of the emitted particles, the faster is the rate of decay. The
rate of decay, i.e., the rate of nuclear reaction, is measured in
terms of ‘‘half life.” The half life of any isotope is the period
which is necessary for the number of the existing particles of
the species to be reduced to one-half. The half life of U is
7 X 10% or 700,000,000 years. This means that after a lapse
of 7 X 10% years one-half of the »U%% atoms originally present
are still in existence. After another 7 X 10® years one-half of the
second batch are still ‘““alive.” In other words, after 2 X 7 X10°
years, 3 X % or } of the original amount are still existent.
One-half of any number present will decay in 7 X 10® years
regardless of past history.

The half lives of some examples of the naturally occurring
radioactive isotopes are:

9 U8 7.07 x 108 years
ssla* 1590 years

9o U8 4.5 X 10° years
sgRn?2 3.825 days

s P08 3.05 minutes
gsPo?14 1.5 X 107* seconds

In the above illustrations it must be apparent that the shor:
lived isotopes cannot be present in any appreciable quantitic-
in nature. Their properties must be caught ““on the fly” in the
laboratory.

While most of the naturally occurring radioactive elements
are present among the heaviest elements known, there are a
few among those with lower mass numbers; notably K% with



330 NUCLEAR CHEMISTRY

a half life of 4.5 x 10 years and Rb% with a half life of 6 x 101
years.

When the elements were first formed undoubtedly a large
number of them had radioactive isotopes, but these have de-
cayed into the stable non-radioactive isotopes now present
on earth.

Today it is possible to produce a great number of different
kinds of isotopes by irradiating the non-radioactive isotopes
with neutrons in our atomic piles or nuclear reactors For ex-
ample, »;Co® can be readily produced by irradiating ,;Co®
with neutrons. Cobalt-60 is a very active emitter of high
energy gamma rays but it also emits befa rays with a half
life of 5.3 years. As a result, it is today replacing radium for
therapeutic purposes. The reaction for the formation of Co® is

27C0% + n = »,Co% + v (gamma rays) (6)
Equation (6) can be written in the abbreviated foria
Co® (n, v) Co® )
The decay reaction is
27C0% — ,4Ni% + B3~ (beta particle) + v (8)

A very useful isotope, Na*, with a half life of 14.8 hours can
be produced by the reaction

uNa® +n = yNa* + vy (9)
The decay reaction of Na? is
111\Ia.24 - 121\/Ig24 + ﬁ_ + 7y (10)

By means of such reactions many useful isotopes are now pro-
duced by the Atomic Energy Commission and are available
to science and industry for research, analytical, and medical
purposes.

The Fission Reaction. The most important nuclear re-
action of our time is that of the fission (splitting) of the U5
nucleus. Previous to Hahn’s and Strassman’s discovery of
fission in 1939, the largest particle emitted by the nucleus was
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the alpha particle with a mass number of 4. In the fission
process the nucleus of the uranium atom breaks into two major
parts with a sprinkling of extra neutrons. The fission reaction

is U™ +n — A + B+ an (11)

A and B are related in that the sum of their charges must be
equal to 92. There are more than twenty different ways in which
92U? can undergo fis- 10
sion. One of these has 5
been mentioned al-

ready, i.e., U* breaking 10

up into barium and o5 4

krypton. About 6 per-

cent of all fissions of U»5 \ } ,
result in the formation 107 1

of barium and krypton.

The others distribute ) J
themselves in accord- 1072

ance with the curve
shown in Figure 14.2.
The fission products are 103
not usually the ordinary
stable isotopes but are
radioactive. However,

Fission Yield in Percent

—o1—

10—
the end products of de-
cay of the fission prod-
ucts are stable isotopes. 10-5
One can visualize the 60 80 100 120 140 160
fission process in the Mass Number

following way. When FIG. 142 The fission yield as related to
the neutron enters the mass number. The two peaks represent

U nucleus it momen- related ion pairs.

tarily forms U*¢.  This nucleus is very unstable and undergoes
vibrational motion just as a drop of water undergoes vibration
when it is disturbed. This vibration gets so severe that, like the
water droplet, it breaks into two parts but, in doing so, some
minute droplets, neutrons, are splashed out. For every U®*
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fission which takes place, about two and one-half neutrons, on
the average, are splashed out. In the A-bomb and in the nuclear
reactor these two and one-half neutrons serve as potential
triggering particles for the fission of more U** nuclei. These
two and one-half neutrons could, under ideal conditions, pro-
duce 2.5 x 2.5 X 2.5 or 15.6 neutrons, on the average and
these in turn could trigger the fission of this same number

| Initiating

4 o0 eutron O« .
p : /‘/ é\ko - a . °
° —e o——'@ ®
T SR SO
@ Uranium Nuclel
O Fission Products

o Neutrons
FIG. 14.3 The fission chain reaction.

U?5 nuclei. Thus a chain reaction is set up, as shown sche-
matically in Figure 14.3. In the A-bomb the whole reaction
takes place in less than 10~¢ (or one-millionth) second.

Transuranic Elements. Previous to World War II the
heaviest element known was uranium, with an atomic number
of 92. The heaviest element now known is Californium with
an atomic number of 98.

Discoveries early in the war years led to the establishment
of a huge plant for the production of plutonium-239, an
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isotope which, like U%® is capable of neutron fission. ¢Pu®® is
produced by the following reactions:

WU 4 1 5, 20 (12)
2U?® — Np®® + 3~ (23 minutes half life) (13)
aNp? — o Pu® + B~ (2.3 days half life) (14)

Uranium-238 is converted into uranium-239; this decays to
neptunium-239; which, in turn decays to plutonium-239.
The neutrons are supplied by the fission of U-235 in accordance
with equation (11). These reactions were all carried out in
nuclear reactors. By the time the war ended two new ele-
ments were officially added to the periodic table, namely,
neptunium and plutonium. Since 1946, four more transuranic
elements have been produced by Professor G. T. Seaborg and
his collaborators at the University of California. These ele-
ments are americium, curium, berkelium, and californium,
with atomic numbers of 95, 96, 97, and 98, respectively.
They are all radioactive.

Fusion Reactions. These reactions involve the reactions
between two light nuclei. Because of the electrostatic re-
pulsions between nuclei, these reactions can only take place
when the kinetic energies of the two nuclei, with respect to
each other, are so great that penetration of one into the other
is possible. At low relative velocities the two colliding nuclei
repel each other and are deflected apart. Fusion, as well as
fission, reactions can be made to take place in the laboratory
by accelerating one nucleus by an electric field to a very high
velocity and then directing it at a target which contains the
nuclei to be bombarded. These reactions also take place in
the hottest stars and in the heat center of an A-bomb. The
temperature must be in the neighborhood of 100,000,000° C.
Only the lightest nuclei can undergo such reactions, for with
nuclei of greater charge the electrostatic repulsive forces be-
come too great for the penetration of one nucleus into the
other.

Let us calculate the energies evolved for a few of these re-
actions. In all cases we shall assume that the relative velocities
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of the particles are great enough for penetration of the nuclei.
The first reaction for consideration is that between two deuter-
ons (deuterium nuclei) to produce ;He® and a neutron.

1I’I2 + 1112 hand QI‘IC3 + 0111 (15)
Referring to Table 28, we determine the sum of the masses of

the members of the left-hand side of the equation and sub-
tract the sum of the masses on the right-hand side.

Mass of two H? = 2 x 2.0147 = 4.0294

Mass of ,He? = 3.0171
Mass of n = 1.0090
Difference = 0.0033

Therefore, when ahout 4 grams of deuterium react, according
to equation (13), the loss in mass is 0.0033 grams. If one kilo-
gram of this substance reacts, then the loss in weight is

104?0 % 0.0033 = 0.825 gram.

Using the Einstein relationship that AF = Am X ¢

AE = 0.825 x 9 X 10% gram cm.? sec.™?
= 7.4 X 10% ergs.

Let us compare this energy release with TNT. One gram of
TNT, on exploding, releases 4 x 10" ergs. So one kilogram
(about 2.2 pounds) of deuterium reacting in the above fashion
7.4 x 10%
4 x 10
1.85 X 107 kilograms, or 1.85 x 10* metric tons, or about
20,000 tons of TNT. This is about the same amount of energy
released by 1 kilogram of U%? upon fission.

Another possible fusion reaction to consider is that between
tritium ;H3, and deuterium, ;H? nuclei. The reaction is

1I’{3 + 1H:2 — 21’184 + onl (16)
The sum of the masses on the left-hand side of the ‘“‘equa-

tion” is 2.0147 + 3.0171 = 5.0318. The sum of the masses
on the right side is 4.0039 + 1.0090 = 5.0129. The difference

releases a TNT equivalent of or 1.85 X 10 grams —
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in mass, i.e., the mass lost in the reaction, is 5.0318 — 5.0129
= .0189 gram. For 2 grams of ;H? plus 3 grams of \H?, the loss
in mass is 0.0189 grams. For one kilogram of the mixture
(400 grams of ;H? and 600 grams of ;H?), the loss in mass,
upon reaction, is —1—(25@ 0.0189 = 3.78 gm. Pound for pound
this is about four and one-half times the energy released by the
fission of U%>,

These are some of the reactions that probably take place in
the explosion of the H-bomb. A very high temperature is
necessary to initiate these reactions. The explosion of an
A-bomb is one means for providing this temperature.

Applications of Radioactive Isotopes to Analysis. The
radioactive isotopes differ from the non-radioactive isotopes of
a given element in that the nuclei are difterent. The outer
electronic structures of the different isotopes are the same
and hence the chemical reactions are the same. However,
the radioactive atoms differ in that they emit radioactive
particles upon decay. Radioactive isotopes can then be used
as tracers to follow the course of a reaction and, in fact, to
make analytical determinations of a particular element. They
are used in a great variety of ways in scientific research
work. The following are only a very few examples.

Suppose we should like to determine the solubility of FeS
in a very dilute acid solution. We would first add a known
amount of radioactive iron atoms to a relatively large amount
of non-radioactive iron atoms. (Suppose that one iron atom
in every million is radioactive.) We would then convert the
iron atoms to FeS. The FeS would then be placed in the dilute
acid solution and equilibrium attained by shaking the mixture
for a long time. The undissolved FeS then would be filtered
off and the solution tested for its radioactivity by means of a
Geiger counter. From the intensity of the gamma radiation
emitted, the amount of FeS that had dissolved can be cal-
culated.

Again, suppose we wish to determine the amount of iron in
blood by the tracer technique. One procedure for carrying out
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this analysis is as follows. A known amount of a radioactive
iron salt is added to the drawn blood. The blood solution is
then dried and ignited to burn away all the organic matter.
Through the appropriate chemical reactions the iron (not
necessarily all of it) is converted into relatively pure Fe,O;
and weighed. The radioactivity of the Fe.O; is also deter-
mined. Since we know how much radioactive iron was added
to the solution we can determine the total iron in the blood.
To illustrate: suppose that the iron added to the blood con-
tained one radioactive atom out of every hundred iron atoms
and suppose we add 0.1 mg. of this tracer. Suppose further
that the Fe,O; formed was found to contain one atom of
radioactive iron for every 10,000 iron atoms. We then know
that the tracer solution had been diluted 100 times; i.e., there
was 100 times as much iron in the blood as was added. There-
fore the amount of iron in the blood sample would be 100 x 0.1
mg. or 10 mg.

Suppose that the inner wall of the cylinder of an automobile
engine is made radioactive. The wear of the cylinder wall
upon running the engine can be readily determined by measur-
ing the radioactivity found in the lubricating oil after different
periods of time. This technique can measure the loss of one-
millionth of an inch from the cylinder wall and it is, therefore,
a very rapid method as compared with an old technique of
running the engine hundreds of hours, tearing it down, and
measuring the diameter of the bore.

The most useful of all the tracers is carbon-14; or (C%, with
a half-life of about 5,700 years. This isotope is now produced
and distributed in the form of various compounds by the
Atomic Energy Commission in relatively large quantities. The
formation reaction is

N1 4 ! — CH 4+ H! (17)

The decay reaction is (C'* — ;N + 8-. By making biological
compounds of this tracer it is possible to determine many of
the reactions which take place in the life processes of plants
and animals.
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Radiocarbon Dating. The cosmic rays, that originate
in interstellar space and penetrate the earth’s atmosphere,
collide with matter in the atmosphere and produce neutrons.
It has been shown that the number of such neutrons that
reach the earth’s surface is approximately one per second
for each square centimeter of area. These neutrons encounter
nitrogen atoms of the atmosphere (the atmosphere is com-
posed of approximately 80 percent nitrogen) and, as a result,
carbon-14 is produced in accordance with equation (17).
This carbon combines with the oxygen of the atmosphere
(20 percent composition) to form carbon dioxide containing
radioactive carbon-14 nuclei having a half-life of about 5700
years. Carbon dioxide of the atmosphere is absorbed by
plants to form starches and sugars with the liberation of
oxygen. All animal life consumes plants for food; further-
more, the human race not only consumes plants but meat
from animals as well. In other words, there exists in the
plant and animal kingdoms an equilibrium as far as carbon-14
is concerned. It is produced as fast as it disappears by radio-
active decay.

When any part of the plant or animal kingdom is removed
from the equilibrium cycle, either by death or by its inacces-
sibility to carbon dioxide (containing radioactive carbon)
necessary for growth, the carbon-14 present decays with a
half-life of about 5700 years. By measuring the carbon-14
content of ancient materials, that have been removed from
the equilibrium cycle, it is readily possible to determine the
age of the materials. The material may be the cloth wrap-
ping of an Egyptian mummy, the wood of an ancient red-
wood, the wood buried in a glacier of the last ice age, or the
hemp of sandals found in caves used by early western habita-
tion in the United States.

It is evident that carbon-14 may be used as a tracer to
determine the age of many objects of archaeological interest,
as they refer to ancient peoples, the last ice age, and to
ancient civilizations. Professor W. F. Libby of the Uni-
versity of Chicago has developed and made use of this pro-
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cedure to date hundreds of events of archaeological interest.
He has been somewhat limited in the extent of his studies
by the half-life of carbon-14. Twenty-thousand years is
about the limit of time for dating since this is nearly four
half-lives of carbon-14. Since 2! equals 16 and {¢ equals
about 7 percent, it means that the decay of carbon-14 in
20,000 vears takes place to the extent of 93 percent, and that
only 7 percent of the radioactive carbon remains. It is very
difficult indeed to measure the activity of any sample lower
than this. One thousand years is about one-sixth of a half-
life. Accordingly, it is very difficult to determine the age of
samples less than 1000 years old. As a result, most of the
reliable results fall in the age range of 1000 years to 20,000
years.

While radioactive tracers are not usually employed for
routine analysis, they have already demonstrated their use-
fulness in scientific research.

The Age of the Earth and the Origin of the Elements.
From the products of radioactive decay of some of the heavy
radioactive elements occurring in minerals it is possible to
determine the length of time that has lapsed since that mineral
solidified. The radioactive elements which may be considered
for this purpose are U%8 U5 and Th*2 Each of these ele-
ments decays through a chain of radioactive reactions and the
chain stops when lead is formed. The lead isotopes which are
the end products of the decay reactions of the above named
isotopes are Pb?¢ Pb?7 and Pb?3, respectively.

Since we know the half lives of all the members of the chain
then, if we can determine the relative amount of, e.g., U%5
and Pb?” in the same mineral, we can calculate the age of
the mineral containing the radioactive isotopes. In making
such determinations we must be sure that the mineral con-
tains no naturally occurring lead. To ascertain this it is
necessary to determine the amount of Pb** present. This
particular isotope does not result from radioactive decay.
What is really determined is the ratio of Pb*” to Pb**. An-
other factor the investigator must take into account is the
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possibility that some of the lead has been leached out of the
rock. He can check this by getting the ratio of the amounts
of the isotopes Ph?® to Pb?’. One is the result of the decay
of U8 and its ‘“daughter” and the other comes from U?%®%.*
Since the two chains do not decay at the same rate, this ratio
may be used to calculate the age of the mineral. By these
means the oldest age of various minerals has been determined
to be between two and three billion years.

Another method is that of determining the helium and ura-
nium contents of the minerals. Since the process of decay of
the uranium isotopes, as well as the rates, is known, it is possible
to determine the age of the mineral by analyzing the mineral
for both uranium and the alpha particles which have become
trapped as helium. In this case the assumption is made that
none of the helium atoms have escaped. Obviously a small
amount of helium will nevertheless escape so the value ob-
tained by this method is a minimum one. The age of the crust
of the earth and the age of meteorites has been determined by
this method to be about two billion years.

These observations, together with the astronomical obser-
vations of the expanding universe, have led many scientists to
seriously consider the hypothesis that our whole universe was
formed in one gigantic explosion some three and one-half billion
years ago. Astronomers have shown that all the stars and even
other universes are receding from us at a very rapid rate. This
rate is determined by the Doppler shift of the spectral lines.
Everyone has noted the fact that the pitch of the whistle of
a locomotive is lowered as it is going away from the listener.
As the locomotive approaches the listener, the whistle is high-
pitched, and as soon as it passes it abruptly changes to a low
pitch. The lowering of the pitch is related to the ratio of the
velocity of the locomotive to the velocity of sound. Likewise,
a star moving away from us gives off a lower frequency of any
one of the hydrogen lines than it would if it were stationary

* The student is advised to consult a text in general chemistry for a descrip-
tion of the decay processes of the three radioactive series originating with U,
U, and Th®2, respectively.
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with respect to the earth. By observations of this kind we
find that all stars are moving outward. On the basis of these
observations it has been calculated that all the stars, and even
the other galaxies, began moving out from a region not too
far from our solar system about three and one-half billion
years ago.

One theory proposed by G. Gamow, an American astrophysi-
cist, 1s that there once existed a great concentration of energy
or mass (the two are equivalent; see equation 2), the dictionary
name for which is ylem. It is defined as the primordial sub-
stance from which the elements are supposed to have been
made. Perhaps in this explosion great quantities of neutrons
were formed. The neutrons then decomposed into protons
and electrons (half-life 15 minutes), and these then combined
to form the nuclei and then the atoms. These nuclei were
mostly radioactive and decayed into the present stable isotopes.
Logical explanations of the formation and the distribution of
our present elements can be made on this hypothesis.

This hypothesis is, of course, highly speculative. However,
the two entirely different sets of data corroborate rather than
deny such an hypothesis. Such an assumption nevertheless
emphasizes the fact that there is much about, nature that we
do not yet know.
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Mathematical Operations

In designing the problems for this course, simplicity of mathe-
matical operations has been one of the chief objectives. Since the
primary purpose of these problems is the development of an under-
standing of chemical equilibrium, difficulties with mathematies would
tend to impair the progress of the student. There are, however, a
few simple mathematical operations, notations and concepts with
which it is impossible to dispense. These are given in the nature of
a review since it is assumed that the student is familiar with the
simplest algebra and the use of logarithms.

The Use of Exponents. The small size and the large num-
bers of molecules with which we have to deal make it necessary
to use numbers that are often bevond everyday range of
thought. Ior example, there are 606,000,000,000,000,000,000,-
000 molecules in 1 mole or 1 gram molecule of any substance.
Instead of expressing the number in this manner we use an
abbreviated form, 6.06 x 10* (6.06 times ten to the twenty-
third power). The factor 10% is equivalent to moving the
decimal point twentyv-three places to the right in the number
6.06. The number 2000 may be written 2 x 103, that is,
2 % 1000, for 10% is the product obtained when 10 is multiplied
by itself 3 times; i.e., 10 X 10 X 10. One million would be 108,
and one billion, 10°. The number 206,000 could be written in
any one of the following ways:

0.206 x 10° 206 x 103
2.06 x 10° 2060 x 10?
20.6 x 10¢ 20600 x 10

The first, second, or third of these are obviously the most
convenient.

Numbers very much smaller than 1 are expressed in a similar
manner. Two-millionths may be written .000002, but for

convenience it is better to write it as 2 X 10-% (2 times ten to
34
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the minus sixth power). In order to convert the second form
to the first it is necessary merely to move the decimal point
six places to the left. It is the same as 2/108, that is, two
divided by one million. Again, this number could be written
in any of the following forms:

2.0 x 10-¢ .002 x 103

0.2 x10-° 0002 x10-?

02 x 10 .00002 x 10-!
.000002

The first two of these forms are the most convenient. The
number 10-¢ is the same as 0.1 X 0.1 X 0.1 X 0.1 X 0.1 X 0.1.
The use of the exponential form greatly facilitates the multi-

plication and division of either large or small numbers. In
multiplying two purely exponential numbers the exponents
are added, and this algebraic sum is used as the exponent of
the answer. Examples:

10°x  10° = 10°

10° X 102 = 10

102 x 10-% = 10V

Multiplying 4 X 10” by 6 x 10* becomes 24 x 10", that is,
(4 X 6) x (10'*"). Likewise,
6000 x 210 = 6 X 10° x 2.1 X 10* = 12.6 x 10°
420 x 0.000036 = 4.2 x 10> X 3.6 X 1075 = 15.12 x 103
.00012 x .00007 = 1.2 X 10~*x 7.0 X 107 = 8.4 X 10~°.

The reverse operation is performed by dividing one number
by another. For the purely exponential part of the number
the exponent of the divisor is subtracted algebraically from
that of the dividend and the algebraic difference is used as the
exponent of the answer. Thus,

10° divided by 10? = 10¢

Examples of division are:

4 x10* (4 10*
4-3— 2 = — —_—
(a) 4x 100+ 2x10 35 10° <2)><(102)

=2 X 10?
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(b) 4% 10°+8x 106 = (4) (1100 ) — 0.5 X 10+

= 0.5 x 106 = 0.5 X 10"

(@ 32x10%+4x107 = (32) x (j55) - 0.8 x 10

=0.8x 107" = 0.8 X 10* = 8 X 10?

Since the squaring of any number is the operation of multi-
plyving the number by itself, (2 X 10°)? becomes,

2%x10°-2 % 10° or 4 x 100

In extracting a square root of a purely exponential number,
the exponent is merely divided by two and used in the answer:

V10" = 102

The square root of 4 X 10~ = vV4 X V10~ = 2 x 102 It is
essential that the exponent be an even number in order to
simplify the procedure; if it should not be an even number it
may be easily changed as shown in the following cases:

(a) V0.4 x 10° = v/4 x 10*

(or (4 X 10)}) = V4 x V10 = 2 x 102

(b) V2.5 X107 = V25 x 101
(or (25 X 10719 = 5 x 10~
(¢) V81 X 10° = (81 x 10%)% = 9 x 10

The exponent ¥ may be substituted for the usual square root
sign. Thus V2 is the same as 2}, and V/3 X 10%, the same as
(3 x 1024

The Use of Logarithms and Exponential Numbers. -
The common logarithm of any number is the power to which
the number 10 must be raised to equal that number. Thus
the logarithm of 1000 is 3, that is, the number 10 must be raised
to the third power to be equal to 1000. Examples:
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Number expressed

Number . Logarithm
exponentially
1000 108 3
100000 109 5
10 10t 1
1 10° o*
.01 102 -2
.00001 10 )

To what power must 10 be raised to equal 507 Obviously,
the value of this exponent must be between 1 and 2, for 50
lies between 10, the common logarithm of which is 1, and 100,
the common logarithm of which is 2. The logarithm of 50 is
1.6990, that is, 50 = 10'**,  When the exponent of 10 is not
a whole number, we cannot give it the same simple interpre-
tation as was done in the previous section. For example, to
move the decimal point 1.6990 places to the right has no mean-
ing. Nevertheless, any number may be expressed entirely in
the exponential form. Examples are:

Number Logarithm of Number ex prwssed
number exponentially
20 1.3010 10t 3010
310 2.4914 1032401
.013 —1.8861 1018861

What was stated previously regarding the multiplication of
exponential numbers applies here; that is, for multiplication
the exponents are added, and for division, the exponents are
subtracted. Thus,

20 X 310 = 103010 x 10291 = 103™* = 6200
(The logarithm of 6200 is 3.7924.)

The exponent in question may be found in logarithm tables
provided for this purpose. Accordingly, the procedure used
to obtain the product of any two or more numbers by the use of
logarithms is as follows: The logarithms of the numbers are

* Any finite number raised to the zero power is equal to 1.
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taken from the tables and added. This sum of logarithms is
the logarithm of the product of the original numbers which
again may be obtained from the tables. Thus, to multiply 20
by 310 we add the logarithms of these numbers, 1.3010 and
2.4914, which gives 3.7924. By referring to the logarithm
tables we find that the number 6200 corresponds to the
logarithm 3.7924.

Similarly, in the process of division, the logarithms are
subtracted. In order to divide 6240 by 39 we first find the
logarithms for these numbers, 3.7952 and 1.5911, respectively.
Subtracting the second from the first we obtain 2.2041 which,
by referring to the tables, we find corresponds to 160, the
answer. Another example is: Divide 3913 by 13.*

Logarithm of 3913 = 3.5925
Logarithm of 13 = 1.1139
Logarithm answer = 2.4786

The answer is 301 since it is the number which corresponds
to the logarithm whose value is 2.4786.

Ivery logarithm is made up of two parts, the characteristic
and the mantissa. The characteristic is that part of the
logarithm which lies to the left of the decimal point, and the
mantissa that part to the right of it. If the logarithm of a num-
ber is 4.3060, the characteristic is 4 and the mantissa is .3060.
Only the mantissa is found in the logarithm table since the
characteristic merely depends upon the position of the decimal
point. For example, the logarithm for 316 is found in the
tables to be 4996, which is only the mantissa. The char-
acteristic is one less than the number of digits in the number
3106, that is, 3 =1 or 2. So the logarithm for the number 316
is 2.4996 (or .4496 + 2). It will be observed that the mantissae
for the logarithms of the numbers 316, 31.6 and 3.16 are all
the same; only the characteristics are different: 2, 1 and 0
respectively.

The significance of the mantissa and the characteristic can

* In actual practice it would not be practical to use logarithms for such a
simple case.
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perhaps be better understood from the following considerations.
The number 316 may be written 3.16 x 10°

logarithm of (3.16 x 10%) = logarithm of 3.16 + logarithm of 10?
logarithm of (3.16 x 10*) = .4996 (mantissa)+2 (characteristic)
or logarithim of 316 = 2.4996

The logarithm of any number less than 1 has a negative
value and great care must be used in dealing with such loga-
rithms to avoid mistakes and confusion. The logarithm of
such a number may be obtained easily by the same procedure
as that given above. For example, the logarithm of .00316 is
obtained as follows:

.00316 = 3.16 x 10~°
logarithm of .00316 = logarithm of 3.16 + logarithm of 10~?
=.4996 + (-3) = .4996 — 3 = — 2.5004

The logarithm of any number less than 1 is usually not ex-
pressed entirely as a negative number. For example the loga-
rithm of .00316 usually would not be expressed as —2.5004 but
rather as 4996 — 3. The abbreviated form for this last ex-
pression is 3.4996 or 7.4996 — 10. The reason for adopting
this usage is that in this form the mantissae are alwayvs added
in the process of multiplication; only the characteristics have
negative values.

The characteristic of the logarithm of a number less than 1
is equal in magnitude to one more than the number of zeros
between the first significant figure and the decimal point, and
has a negative value. Thus the characteristic of the logarithm
of .0013 is — 3, and that of the logarithm of .00006 is — 5. The
logarithm of .0013 is then .1139 — 3. (This would be equal to
— 2.8861 but for convenience is written as 3.1139 or usually
7.1139 - 10.)

I

Ezxamples:
Number Logarithm

(a) 0167 8.2227 — 10 or 2.2227
.000003 4.4771 = 10 or 6.4771

764 0.8831 — 10 or 1,8831
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(b) Divide 6309 by .0009

Logarithm 6300 = 3.7993 or 13.7993 — 10
Logarithm .0009 = 4.9542 or  6.9542 — 10
Log of answer 6.8451 6.8451

Answer is 7,000,000 or 7.00 X 108,
(¢) Multiply .0016 by .0131
Logarithm .0016 = 3.2041 or  7.2041 — 10

Logarithm 0131 = 2.1173 or 8.1173 — 10
Log answer = 53214 15.3214 — 20 (or 5.3214 — 10)

Answer is .00002096 or 2.096 X 105

To convert any number into a exponential number on the
base 10, it is necessary to use logarithms. Thus, to convert
the number 50 into an exponential number we first find the
logarithm of 50, which is 1.6990. The logarithm then becomes
the exponent of the number 10,

50 = 1016990

The exponential number corresponding to .000005 or 5 x 1078
is 1072%0_ The logarithm of (5 X 107%) =log 5+ log 10~°
=0.6990 — 6. So 5 X 107% = 10.9%-6 = 1023010,

The Evaluation of the Hydrogen Ion Concentration
(pH values). For convenience, the concentration of the hy-
drogen ion is often expressed in terms of pH values. The pH
value for any solution is defined as the logarithm of the
reciprocal of the concentration of the hydrogen ion, that is,
[)H = 10}.’; (r}—rj .
solution for which the concentration of the H* ion is known
is a simple operation if the text of the foregoing paragraph
is understood. For example, let us find the pH of a solution,
the hydrogen ion concentration of which is 5.3 X 107% mole

per liter.

R . -
pH = log 53107~ log 1 — log (5.3 X 107%)

—log (5.3 X 107%) = — log 5.3 — log 10~®
—0.72 (approximately) — (-=6) = — 0.72 + 6 = 5.28

The calculation of the pH value of any

]
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The pH value is 5.28 or approximately 5.3. Without regard
for the thought processes or definitions involved, the procedure
is to find the logarithm of the concentration; change the sign,
and the result is the pH value. Example: Find the plI value
of a solution the hvdrogen ion concentration of which is

7 %X 107°.
log (7 X 10~%) = log 7 + log 10 = 0.85 — 9 = — 8.15

The pH value is accordingly 8.15.

Conversely, the hydrogen ion concentration may be found
by reversing the process. Ixample: F ind the hydrogen ion
concentration for a solution the pH value of which is 4.3.

log concentration H* ion = — 4.3 = 0.7 -5 =54
= log 5 + log 10~*
(log of 5 is approximately 0.7)

So the concentration of the hydrogen ion is 5 x 1075,

Significant Figures and Precision Necessary in Solving
Equations. If the population of a city were given as 576,334.
it is obvious that the last three figures have no meaning, for
enough deaths and births took place during the making of the
record to change these figures an unpredictable amount. Tt
would, therefore, be quite as accurate — even more accurate —
to say that the population of the city was 576,000. At a given
time, only the first three figures would have any meaning and
possibly the third figure would also be of no significance, de-
pending upon the time and method of taking the census. In
giving any information in terms of numerical values only as
many significant figures should be used as the accuracy war-
rants. It would be incorrect to say that one’s weight is 126.3
pounds if it is known that the scale used was not accurate to
more than a pound. Even though the scale registered 126.3
pounds it could not be relied upon to be accurate enough for
this figure, so 126 pounds would give better information. Al-
though the scale might be very accurate, the weight of the
human hody varies sufficiently during the day to make this
accuracy of no significance.
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In giving the concentration of a substance in solution, again
as many significant figures should be used as the experimental
information justifies. Thus, if approximately 200 ml. of 1
molar HCI solution were mixed with approximately 800 ml.
of water, the concentration of the HCI in the final solution
would be expressed as 0.2 molar and not 0.20 molar. The
addition of the zero after 0.2 would indicate that the accuracy
with which the concentration of the solution was known was
about .01 molar, that the solution was not 0.19 molar nor 0.21
molar, but nearer 0.20 molar. Obviously, the manner in
which the solution was prepared does not justify this accuracy.
To know what figures are to be regarded as significant is often
too much to ask of students in the more elementary courses of
chemistry. Tt involves a complete understanding of the
methods emploved in obtaining the data from an experiment.

The precision employved in making any calculation should
depend upon the expected accuracy of the result. For most
problems in this course an accuracy of 10 percent in the answer
is quite sufficient. In most cases the experimental conditions
are such as to render any greater accuracy unnecessary. With
this in mind, calculations and algebraic solutions can be
greatly simplified.  Example: Find the value of X in the
following equation. (Only an accuracy within 10 percent is
required.) ¥
Gox " .003
By neglecting the X in the term (3 — X) and letting 3 — X
be approximately equal to 3, we have

X

5= .003

X =.009

We neglected X in the term (3 — X) because it could be seen
by inspection that X was small as compared with 3. The X
can only be neglected in a term in which it is added to or sub-
tracted from some number which is much larger than X itself.
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Further consideration of such solutions applied to specific ex-
amples is given in the main text of this book.

The Solution of Quadratic Equations. All quadratic
equations may be expressed in the following form:

aX?+bX + ¢ =0,

in which equation the coefficients a, b, and ¢ may have positive
or negative values. Such an equation has two roots; some-
times these roots are imaginary. However, equations con-
structed from physical data always have real roots, and of
these real roots only those having positive values are of any

significance.
The general solution of the above equation is given as
. —b+ Vb —dac
D
2a

The value of X may be obtained by merely substituting the
numerical values of a, b, and ¢ into the above form. IExample:
Solve the equation
X:+.01X-4%x10°%=0
(a=1,b=.0landc=—-4x107%

— .01 = V(012 + 16 x 107
QTN S E A
2
—.01 = V1.16 x 10~
()

-~

- .01 = .01077
2
= — .010385 or + .000385

If X in this problem represents some physical quantity such
as the concentration of the hydrogen ion, only the positive
value of X has a physical significance, and

X =3.85x 10~

The Slide Rule. The slide rule is an instrument consist-
ing of two fitted pieces each of which is ruled with lines
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which are numbered; the divisions between the different
numbers and zero are proportional to the logarithms of the
numbers. By sliding one piece along the other, the sum of
the logarithms of two numbers can be obtained. Since the
process of adding the logarithms of two numbers is the same
as multiplying the numbers by each other, the slide rule can
be used for multiplication. It follows that the reverse operation
of division can also be performed on the slide rule.

Students are strongly urged to obtain a slide rule and use
it in making the computations necessary in the course. The
solutions of problems are enormously expedited by its use.
The ordinary 10-inch slide rule has an accuracy of about one
part in 500 which is sufficiently accurate for most work in
chemistry. Complete directions for its operation accom-
pany every slide rule.

Proportion. The three statements,

(1) A is proportional to B
2) A xB

A
(3) A = constant X B, or A = KB, or B K,
are identical in meaning. The statements (2) and (3) are
abbreviations of statement (1). In statement (3), K is known
as the proportionality constant. If we write

d=Ks

where d is the distance covered in a given time and s is speed,
we are saying that the distance covered in a given time is
proportional to the speed.

The rate of formation of hydrogen iodide from its ele-
ments, hydrogen and iodine, is expressed by the following
equation:

rate = k X (concentration of Hy) X (concentration of I,)

This means that the rate of formation of hydrogen iodide is
proportional to the product of the concentrations of the
hydrogen and iodine.
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Dimensional Formulae. Most physical quantities with
which we deal in this text have associated with them dimen-
sional formulae expressed in the fundamental quantities or
units of length (I), time ({), mass (m), and temperature (7).
Thus, velocity may be expressed in miles per hour, or in
centimeters per second, to mention only two of many expres-
sions for velocity. In any event, the dimensional formula for
velocity is I/t or lt™'. Acceleration is defined as the change in
velocity (v) per unit of time. The dimensional formula for
acceleration is It (i.e., v/t = lt72).

The sciences of chemistry and physics use the gram, centi-
meter, second, degree centigrade system of units. When we
adhere to one system we can use more specific fundamental
quantities to express dimensional formulae. Thus, instead of
time, ¢, we use the second (sec.); instead of mass (m), the
gram (g.); for length we use centimeter (em.); and for temper-
ature, the degree (deg.).

The following dimensional formulae are those for the
centimeter, gram, second (the cgs) system: length (cm.),
area (cm.?), volume (cm.?), velocity (em. sec.™'), and acceler-
ation (cm. sec.”2). Force is defined as mass X acceleration; so
the dimensions of force are g. em. sec.™ Work is defined as
force x distance; therefore, the dimensions of work are
g. cm.? sec.”?. Knergy and work have the same dimensions.
We know that kinetic energy is equal to 1/2 m® The
dimensions of this quantity are g. em.?/sec.?, or g. cm.? see.™,
the same as those for work. Potential energy is equal to mgh,
where h is the height above the earth’s surface expressed in
centimeters and g is the acceleration due to gravity. Potential
energy, therefore, has the dimensions g. cm.? sec.”%.  Concen-
tration may be expressed in grams per milliliter. The dimen-
sions of concentration are g. em.™3.

Very often it is convenient to use derived dimensions instead
of the more fundamental ones. For example, we often use
gram per liter instead of gram per milliliter for concentration.
In this case the dimensions may be written g. liter™! where
liter! is equal to (1000 cm.?)~. Also, we often use the term
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mole instead of gram. Thus, the concentration can be ex-
pressed in terms of mole per liter or mole liter™

Pressure is defined as the force per unit area. The dimen-
sions of pressure are, therefore, g. em. sec.” em.”? or g. cm.™
sec.”2. If a gas expands under constant pressure and constant
temperature, the work done is equal to p(v, — 1) or pAv. The
dimensions of pAr should be those of work. Multiplying the
dimensions of pressure and volume we get g. em. ' sec.™ X em.?,
or g. em.2 sec.”?, the dimensions of energy or work.

The gas law states that PV = nRT, where n is the number of
moles of gas and R is a constant. What are the dimensions
of R?

PV
T
The dimensions of both sides of an equation must always be
the same. The dimensions of R are therefore,

g. em. ~!see.”? X em? 0 1 - -1
o2 = g, em.? sec.”! mole™! degree
“mole X degree

The fundamental unit of work is the erg. So instead of
g. em.? sec.”? we may write (erg). The dimensions of R are
sometimes given as erg mole™ degree™. In this case the er
s £
is used as a derived unit.

Problems. Mathematical Operations

1. Express the following numbers in the exponential form:

(2) 1,000,000 (m) .01

(b) 400,000 (n) .0032

() 50,000 (0) .000007
(d) 9,000 (p) .00107
(c) 600 (q) .0000000009
(f) 70 (r) .00000678
(g) 1,450,000 (s) 0.103

(h) 946,000 (t) 1.0

G 59,000 (u) 0.1

M 9,627 (v) .00045
(k) 450 (w) .000006

1 563,200
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2. Express the answers of the following in the exponential form:

(a) Multiply 4.2 X 10* by 3.0 X 10*
(b) Multiply 2.5 X 10~2 by 2.0 X 105
(e) Multiply 6.06 X 10* by 1 X 10~
(d) Multiply 4.0 X 10—* by 7.0 X 103
(e) Multiply .00005 by 10

(f) Multiply .00025 by 400

(g) Multiply .000007 by 1 X 10
(h) Multiply 60 by 5,000,000

(1) Multiply 2500 by .0025

(j) Multiply .00003 by .006

(k) Multiply 1 X 10® by .0005

3. Express the answers of the following in the exponential form:

(a) Divide 1 X 10® by 2 X 10¢

(b) Divide 3 X 10 by 3 X 103

(¢) Divide 4.2 X 10~* by 1.3 X 10—*
(d) Divide 4.5 X 10~¢ by 1.5 X 10—
(e) Divide 9 X 10~ by 2 X 1071
(f) Divide 4.2 X 10% by 210,000

(g) Divide 2.5 X 10° by .00005

(h) Divide 6.6 X 10~7 by 1.1 X 10°
(i) Divide 5.0 X 10~ by 2,500,000
(j) Divide 4 X 10~ by .0008

(k) Divide 64,000 by 2 X 10°

() Divide 2,500,000 by 5 X 10~
(m) Divide .000034 by 1.7 X 103

(n) Divide .00065 by 1.3 X 10~*

4. Express the answers of the following operations in terms of the
significant figures only: (The quantities represent experimental
values.)

(a) Add the quantities 1834.56, 50 and 0.765

(b) Subtract 6.0 from 22.45

(¢) Subtract 6.00 from 22.45

(d) Multiply 0.675 by (.02)?

(e) Solve for X in the following: X (6 — X) = .0006
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. Find the logarithm of the following:

(a) 2156.3 (e) 67.25
(b) 310 (f) 0.387
(¢) 1035 (g) .004
(d) .0000067 (h) 400

. Give the number (antilogarithm) corresponding to the following

logarithms:

(a) 3.6745 (e) 6.4632 — 10
(b) 2.4362 (f) 1.2697

(¢) .2875 (g) — 2.3628
(d) 9.3476 — 10 (h) — 0.2756

. Solve the following expressions with the use of logarithms:

r_arg e 203 T4
(a) ¥V =350X 302 X =60

. 6.06 X 102 .
(b) N = 1000 X 22.4 X 760 X 105 Find N
224 X 10° X 2.456

150

(3.65)2 X 24.5 X 104 X 376.2
= 3.0 X 26.5 X 500

Find V

() M= Find M

@) X Find X

Solve the following expressions; use logarithms where desirable:

(2) (2.54 X 10°)?2
(b) (3.6 X 10-4):
() (1.2 X 10-%)?
(d) (6.56 X 102)2(3.5 X 10%)?
(e) (9.2 X 10-2)%(2.6 X 1092

Extract the square root of the following; use logarithms where
desirable:

(a) +X 10°¢ (e) 25X 1073
(b) (4% 107%)? (f) 6.942 X 10®
(c) 3.6 X 10° (g) 24.53 X 107
(d) 0.25x 10~ (h) 1.44 X 10~

Solve the following equations for X:

@) X*+4X+7=0
(b) X*+0.15X = 2.53
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11.

12,

13.

14.

15.

(©) X2+ (1X109X —3.6X10°=0
(d) X4 (1.8 X 105X — 1.8 X 10 =0

Calculate the pH of solutions which contain the following con-
centration of the hydrogen ion respectively:

(a) 1X 10 (d) 11077
(b) 2 %X 10~ (e) 2.56 X 10~
(c) 3.5 % 10-¢ #) 0.1345

From the following pH values calculate the concentration of
the hydrogen ion:

(a) 7.0 (d) 6.87
(b) 8.4 (e) 9.25
(¢) 5.3 (f) 2.46

Express the following statements in the form of an equation:

(a) At constant temperature, the pressure of a gas varies in-
versely with the volume.

(b) At constant pressure, the volume of a gas varies directly
with the absolute temperature.

(c) At constant volume, the pressure of a gas varies directly with
the absolute temperature.

(d) The speed of diffusion of a molecule in the gaseous condition
is inversely proportional to the square root of its mass.

(e) The force of attraction between two bodies is directly pro-
portional to the product of their masses and inversely propor-
tional to the square of the distance between them.

What is the dimensional formula for (a) density, (b) frequency,
and (c) power (energy per second)?

Show by dimensional formulae that the following statement is
incorrect: ‘“the work done per second is equal to the potential
energy of the body.”
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Ion1zaTION CONSTANTS OF WEAK ACIDS

The equilibrium constants given in this and the following tables
appear in two forms. In the column to the right, the value of the
constant is given in exponential form for convenience when used in
calculations involving the half reactions of Table 27. Some of the
data have been taken from the International Critical Tables, but
most of the data have been obtained from ‘“Oxidation Potentials”
by Wendell M. Latimer, published by Prentice-Hall, Inc., 1952.
Other data have been selected after a careful evaluation of the litera-
ture references.

Ionization Constant

Acid Equilibrium (at Room Tem-
perature)

Acetic CH;COOH = H* 4+ CH;CO0~ 1.85 X 10 1077
Arsenice H3As0, = H* 4+ H,AsO,~ 2.5 X 104 1073¢
Dihydrogen Arsenate

ion H:AsO,~ = H* + HAsO,~~ 5.6 X 1078 10773
Monohydrogen — Ar-

senate ion HAsOy,— = HY + AsO,—— 3.0 X 1018 10125
Arsenous H;AsQ; = HY 4+ H,AsO3™ 6.0 X 10710 10?3
Benzoice CsH,COOH = H* + CsH;COO~ 6.6 X 1078 1074?
Borie H;BO; = HY + H.BO,;~ 6.0 X 10710 1093
Carbonic H.CO; = H* + HCO;~ 4.2 X 1077 10784
Bicarbonate ion HCO3= = HY + CO;~— 4.8 X 1011 10703
Bisulfate ion HSO,~ = HY 4+ SO, 1.26 X 1072 107!?®
Chloracetie CICHCOOH = H* 4+ CICH.COO~ 1.4 X 103 107?¢
Chlorous HCIO:, = H* 4+ Cl0,~ 1.1 X 10 107te°
Bicuprate ion HCuO.” = H* 4+ CuO,~ 8 X 107 10-11
Cyanic HCNO = H* 4+ CNO- 2.0 X 104 10737
Dichloracetic Cl,CHCOOH = H* + CL,CHCOO~ 5.5 X 10 10713
Formic HCOOH = H+* 4+ HCOO- 2.1 X 10~ 10737
Hydrazoic HN; = H* 4+ N;— 1.9 X 1078 1047
Hydroceyanic HCN = H* + CN~ 4.0 X 10710 10794
Hydrofluoric HF= H* + F- 6.9 X 10~ 10732
Hydrogen peroxide H,0. = H* 4+ HO;~ 2.4 X 1012 1016
Hydrogen selenide H.Se = H* 4+ HSe™ 1.9 X 107¢ 107%7
Hydrogen sulfide H.S = H* + HS~ 1.0 X 1077 1077
Bisulfide ion HS- = H* 48— 1.3 X 10718 10~189

357
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Ionization Constant
Acid Equilibrium (at Room Tem-
perature)
Hydrogen telluride H.Te = H* + HTe~ 2.5 X 1073 10728
Bitelluride ion HTe- = H* + Te~— 1.0 X 101 101
Hypobromous HBrO = H* 4 BrO- 2 X 10 1087
Hypochlorous HCIO = H* + ClO~ 32X 1078 10773
Nitrous HNO. = H* 4+ NO,~ 45X 107 10733
O-Nitrobenzoic C;H;NO, = H* + C;H{NO,~ 6.1 X 1073 10722
Oxalic H.C,0, = H* 4+ HC,O,~ 3.8 X 1072 10714
Monohydrogen
oxalate ion HC.0,— = H* + C,0,~~ 5.0 X 1075 1073
Phenol CeH,OH = H* + C¢H,O~ 1.0 X 10710 1010
Phosphoric H;PO, = H* + H.PO,~ 7.5 X 107% 107!
Dihydrogen phos-
phate ion H,PO,~ = H* 4+ HPO,~~ 6.2 X 1078 1077*
Monohydrogen phos-
phate ion HPO,— = H* + PO~ 1 X 10712 1012
Phosphorous H;PO; = HY + H.PO;™ 1.6 X 102 10718
Dihydrogen phos-
phite ion H,PO;- = Ht + HPO;~~ 7.0 X 1077 1072
Propionic C.H;COOH = H* 4+ C.H,COO~ 1.4 X 1078 10—4°
Salicylic C;HeO; = H* + CH 05~ 1.1 X 103 103
Selenious H,SeO; = H* 4+ HSeO;3~ 27 X 1078 10-2s
Biselenate ion HSeO;~ = H* + SeOQ;—— 25 X 1077 1086
Sulfurous H,S0; = H* + HSO;~ 1.25 X 1072 1071°
Bisulfite ion HSO;~ = H* 4+ SO;~~ 56 X 1078 10773
Tartaric C,H,O¢H, = H* + C,HOH~ 1.1 X 1073 103
Bitartrate ion CH, OH- = H* + CH O~ 6.9 X 1078 1042
Telluric H,TeO, = H* + HTeQ,~ 6 X 1077 107%2
Bitellurate ion HTeOy~ = Ht + TeOy 4 X 10™1 JQw0¢4
Tellurous H.TeO; = H* + HTeO3~ 2X 1073 10?7
Bitellurite ion HTeO;~ = Ht + TeO;~~ 1 X108 108
Aluminum hydroxide Al(OH), = H* + AlO.,~ + H.O 4 X 10713 107124
Antimony hydroxide Sb(OH); = H* + SbO,~ + H,0O 1 X101 101
Chromium hydroxide Cr(OH); = H* + CrO,~ + H:0 1 X 1071 1016
Cobaltous hydroxide Co(OH); = H* + HCoO.~ 8 X 1072 10!
Bicuprate ion HCuO,;~ = H* 4+ CuO,™~ 8 X 1071 10-11
Cupric hydroxide H,CuO; = H* + HCuO,~ 1.5 X 10716 10°%-¢
Lead hydroxide Pb(OH); = H* + HPbO,~ 2 X 10718 107187
Manganous hydroxide Mn(OH), = H+* + HMnO,~ 1 X 10719 10~
Mercuric hydroxide Hg(OH), = H* + HHgO,~ 1 X 10718 1015
Nickelous hydroxide Ni(OH), = H* 4+ HNiO;~ 6 X 1071 10182
Silver hydroxide AgOH = H* + AgO~ 2 X 10718 107177
Stannous hydroxide Sn(OH), = H* + HSnO,~ 4 X 10718 10144
Zine hydroxide Zn(OH), = 2H* + ZnO,~~ 1 X 10~ 102
Zn(OH)z) = Zn(OH)* 4+ OH~ 1.2 X 10712 1019
Zn(OH)* = Zn** 4+ OH~ 4 X 1075 10744
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ToN1zATION CONSTANTS OF WEAK BASES

Ionization Constant

Base Equilibrium (at Room Tem-
perature)

Ammonium hydroxide NH(OH = NH* + OH~ 1.8 X 10~% 107
Methyl ammonium

hydroxide CH;NH;OH = CH;NH;* 4 OH~ 5X 10~ 10733
Dimethyl ammonium

hydroxide (CH;).NH.OH = (CH;).NH,*+OH~ 7.4 X 10™* 10731
Trimethyl ammonium

hydroxide (CH;);NHOH = (CH;);NH*4+OH~ 74 X 10% 10741
Ethyl ammonium hy-

droxide »HiNH,OH = C,H;NH;* + OH~- 5.6 X 10™* 10733
Phenyl  ammonium

hydroxide CeH:NH;OH = CeHsNH;t 4+~ OH- 4.6 X 107 1073

Hydrazine hydroxide H.N NH;OH=H.N - NH;*4+OH~- 9.8 X 107 10°%
Zinc hydroxide (1) Zn(OH)am = Zn(OH)* 4+ OH- K = 1,2 X 1072 and 10711°
(2) Zn(OH)* = Zn*t* + OH- K =4 X 107% and 4 X 10-4¢

TaBLe 31

SoLusBIiLITY Propucer ConsTANTS AT RooM TEMPERATURE

Solubility Product

Substance Equilibrium Constant
Acetates
Silver acetate CH;COOAg, = Agt + CH;COO~- 4 X 1073 10724
Bromates
Silver bromate AgBrO;n = Agt + BrO;~ 6 X 105 107+
Bromides
Cuprous bromide CuBr¢) = Cu* + Br- 6 X 10 10°8%
Lead bromide PbBry,y = Pb*+* + 2 Br~ 46 X 1078 10°3
Mercurous bromide Hg:Bryw = Hgtt 4 2Br- 1.3 X 102 1029
Silver hromide AgBru), = Agt + Br- 5 X 1071 1071
Carbonates
Barium carbonate BaCO30 = Batt 4+ COy,~— 1.6 X 10— 10788
Cadmium carbonate CdCOy) = CdHt + COs™ 5.2 X 10712 10713
Juleium carbonate CaCOs = Catt + COs™ 6.9 X 107 10782
Cobalt, carbonate C0CO34 = Co*t 4+ COy— 8 X 1071 10121
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APPENDIX

Solubility Product

Substance Equilibrium Constant
Cupric carbonate CuCOsy = Cu** + CO,-- 25 X 1070 j9-9s
Lead carbonate PbCO;y = Ph++ 4 CO;— 15 X 19— 19128
Magnesium carbonate MgCOsy = Mg++ + COs;—~ 4 X108 1p-e4
Manganous carbonate MnCOsy = Mnt+ 4+ CO,—- 9 X 101 J0-w1
Mercurous carbonate Hg:COypy = Hg,t+ + CO;—- 9 X 1077 19181
Nickelous carbonate NiCOyq) = Nit* + CO,—- 14 X 107 10-s¢
Silver carbonate Ag:COy) = 2Ag* + CO,—- 82 X 1012 10-1u1
Strontium carbonate SrCOyy = Srt+ + COy—- 7X 10710 10912
Zine carbonate ZnCOy) = Zn*+ 4 COy=- 2 X 10710 10-97

Chlorides
Cuprous chloride CuCl(,, = Cu* + CI- 32X 107 10-8s
Lead chloride PbCly,, = Pb+*+ + 2C1- 1.6 X 1078 10—«
Mercurous chloride Hg:Clsy = Hg.*+ + 2C1- 1.1 X 10-18 [g-179
Silver chloride AgCl,) = Ag* + CI- 28 X 10~ ]0-9s
Chromates
Barium chromate BaCrOy.) = Bat+ + CrO,~~ 85 X 101 j0-w.
Calcium chromate CaCrOy,y = Ca*t + CrO,~—- 7.1 X 10 10-32
Lead chromate PbCrOy. = Pb*+ + CrQ,—- 2.0 X 10-16  10-s
Mercurous chromate Hg.CrOy = Hg** + CrO,—- 2X 10 10—n
Silver chromate Ag:CrOyy = 2Ag* + CrO,~—- L9 X 10~2 jp-ur
Strontium chromate SrCrOyq) = Sr+* + CrQ,—- 3.6 X 107t 104
Cyanudes
Mercurous cyanide Hg:(CN)awy = Hge*+ 4+ 9CN - S5X 107 10-»3
Silver cyanide AgCN) = Ag* + CN- 1.6 X 10-# 10-138
Fluorides
Barium fluoride BaFy, = Ba*+ + 2F- 24 X 1078 10~
Calcium fluoride CaFa,) = Cat* + 2F- 1.7 X 10710 1g-es
Lead fluoride PbFo.y = Pb++ 4 2F- 4 X 1078 10-74
Magnesium fluoride MgF,., = Mg*+ + 2F- 8 X 108 1071
Strontium fluoride Sr¥a,y = Sr++ 4 2F- 7.9 X 10710 1p-s1
Hydroxides
Aluminum hydroxide Al(OH);¢,y, = Al*++ 4+ 30H- 5X 1073 10-223
Cadmium hydroxide Cd(OH)sy = Cd+* + 20H- 20 X 10 19-u7
Chromic hydroxide Cr(OH);,) = Cr*++ + 30H- 7X 10731 jp-012
Chromous hydroxide Cr(OH),) = Crt*+ + 20H~ 1 X 10717 10-17
Cobaltic hydroxide Co(OH)suy = Co**+ + 30H- 1 X 10~ 10-4
Cobaltous hydroxide Co(OH)yy = Co*+ + 20H- 2.5 X 10718 [p-156
Cupric hydroxide Cu(OH),,, = Cut** + 20H- 1.6 X 1071 10185
Ferric hydroxide Fe(OH);uy = Fet++ + 30H - 6 X 10~ ]0-372
Ferrous hydroxide Fe(OH)z, = Fet* + 20H- 2X 1078 10-17
Lead hydroxide Pb(OH)z,y = Pb*+ 4+ 20H- 4 X 10715 10~ 4
Magnesium hydroxide Mg(OH),,, = Mg** + 20H- 89 X 1012 1p-u




Solubility Product Constants at Room Temperature 361

Solubility Product

Substance Equilibrium Constant
Mangunese hydroxide Mn(OH)y,y = Mn*+ 4+ 20H~ 2 X 10718 107127
Manganic hydroxide Mn(OH)s4) = Mn*++ 4+ 30H~ 1 X 107% 10-%
Mercuric hydroxide HgO, + H,O = Hg** + 20H~ 3 X 107 105
Nickel hydroxide Ni(OH)2my = Ni** + 20H~- 1.6 X 10716 10158
Silver hydroxide (A0 + 3H,0 = Ag* + OH~ 1 X108 10777
Stannous hydroxide Sn(OH)ay = Sn*+ + 20H- 3 X 1077 107%5
Zine hydroxide Zn(OH)s,y = Zn** + 20H- 5X 10717 107183

Todates
Barium iodate Ba(IOs)ay = Batt 4 210;~ 1.3 X 10— 1078?
Caleium iodate Ca(IO03)2sy = Catt + 2105~ 1.7 X 107 10758
Cupric iodate Cu(103)2s = Cutt + 210,~ 1.4 X 1077 10-¢°
Lead 1odate Pb(I03)awy = Pbtt 4+ 210;~ 2.6 X 10713 10126
Mercurie iodate Hg(105): = Hgtt + 2I0,~ 3 X 10718 107125
Mor(-ur()us i()dzlt,e Ilgz(l()z)g(.) = Ilg-_-“‘ + 2103— 1.9 X 1074 107187
Silver iodate AglOsy = Agt + 105 3 X108 1078

Todides
Cuprous iodide Culyy = Cut +1I- 1 X 10 1072
Lead iodide Pbly,y = Pb*+ 4 21~ 83 X 10™ 10781
Mercurous iodide Hg.lomy = Hgott + 21 4 X 1072 107+
Silver iodide Agliy = Agt + 1~ 8.5 X 10717 107181
Thallous iodide T, = TI* +1- 25X 1078 1077¢

Oralates
Barium oxalate BaCyO4 = Ba*t 4+ C.0~ 1.5 X 107¢ 10778
Cadmium oxalate CdCy0y1yy = Cd*+ + C0 1.5 X 107¢ 1077¢
Calcium oxalate CaC:04y = Catt + C04—— 1.3 X 107 10-¢8
Cupric oxalate CuC.sOyyy = Cutt + C0,~ 3 X 1078 10775
Ferrous oxalate FeCyO4p = Fett 4+ CO 2X 1077 10787
Lead oxalate PbC,04 = Pbt+ 4+ C,0,~ 8.3 X 101t 1011
Magnesium oxalate MgCaOqg = Mgttt + C.O4— 8.6 X 1078 104!
Manganie oxalate Mno(CoO4)sy =2Mn*++4+3C,0,~= 7 X 107» 107192
Manganous oxalate MnC:O4 = Mntt 4+ C.O 1 X107 1071
Mercurous oxalate HgCoOyy = Hgott + C0™ 1 X 1078 1078
Silver oxalate AgCiOuy = 2AgT + C.04~~ 1 X 1071 10
Strontium oxalate SrC;04 = Srtt + C0~ 56 X 108 1072
Zince oxalate ZnCuQOyy = Znt* + C,0~ 1.5 X 10® 10788

Sulfates
Barium sulfate BaSOy, = Batt 4+ SO~ 1.5 X 10 10788
Calcium sulfate CaSOyy = Catt + SO~ 24 X 1075 10747
Lead sulfate PbSO«w = Pb*+ 4+ SO 1.3 X 1078 10778
Strontium sulfate Sr80« = Srtt 4+ SO 7.6 X 1077 107%!
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Solubility Product

Substance Equilibrium Constant
Sulfides

Bismuth sulfide BiSsey = 2Bit+t + 357~ 1 X 10”7 10-7
Cadmium sulfide CdSy = Cdt+ 48—~ 6 X 1077 10732
Cobalt sulfide CoS = Co*tt 4+ 8-~ 5X 1072 103
Cupric sulfide CuSy = Cu*tt + 8-~ 4 X 1073 10-%4
Ferrous sulfide FeS = Fett 4+ 8-~ 4 X 10717 107184
Lead sulfide PbS) = Pb** 4+ 8~ 4 X 107 1074
Manganous sulfide MnS¢) = Mn**+ + S—~ 8 X 101 10~181
Mercuric sulfide HgS = Hgtt + 87~ 1 X 107% 107%
Mercurous sulfide Hg.Su) = Hg.tt + 8~ 1 X 1074 104
Nickelous sulfide NiS¢ = Nitt 4+ 8-~ 1 X 1072 102
Silver sulfide Ag:S) = 2Agt +- S~ 1 X 1078 10-%
Thallous sulfide TS, = 2T + 8-~ 1 X107 102
Zince sulfide ZnSyy = Zn*tt + 8 1 X 107® 10

Thiocyanates

Cuprous thiocyanate ~ CuCNS8,,, = Cu* + CNS~ 4 X 1074 10713+
Mercurous thioeyanate Hg:(CNS):. = Hgot" + 2CNS~ 3 X 107 Qw6
Silver thiocyanate AgCNS,, = Agt + CNS- 1 X 10712 1012
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DI‘S%O(‘IATION ConsTANTS OF CoMPLEX ToNs

Equilibrium

Al¥g—— = Alt++ 4 6F -
AlF;— = Al*++ 4 5F~
All‘u— = Alt++ + 4F-
(:d(N113)4++ = Cd* + + 4NIIa
Cd(CN)y~— = Cd*+ + 4CN~-
Cdly - = Cd*++ + 41-
CdCl~ = Cd**+ + 3Cl—
'r(CNS), = Crt++ 4 3CNS-
Co(NHy)ett = Cot+ 4+ 6NH;
Co(NH)et+ = Cott+ + 6NH,

Co(NHy)sH. 01t = Cot*++ + 5NH; + H,O

Co(NHy)ClH+ = Cot+*+ 4+ 5NH; + Cl—
Cu(CN).~ = Cut + 20N~
Cu(NHp* = Cu* + NH;
Cu(NHj),t = Cu* + 2NH;
Cu(CN)g— = Cut 4+ 4CN~
Cu(NHyg) = Cut*+ 4NH;
Cu(CyOyg)e™ = Cutt 4+ 2C0
Fe(CN)e— = Fett 4+ 6CN~
Fe(CN)g~—~ = Fett+ 4+ 6CN-
Fel'y—— = Fet++ 4+ 5K~
Fe(CNSH+ = Fet++ 4+ CNS—
Fe(C'NS)s = Fet++ 4+ 3CNS-
Fe(ONS)g™ = Fet+t+ 4+ 6CNS—
PbhCly— = Pbt+ 4+ 3Cl—
Pblsz~ = Pbtt 4 31—
l\lll((‘g()4)+ = Mnt+t + (7-3()4-_
1\1]1((‘2()4)2- = Mnt+t++ + 2(\2()4——
Mn(C204)3-—- = Mn*+++ 4+ 3C.04
Hg(CN)~ = Hgt+ + 4CN~
Hgl, = Hgt+ + 41—
HegBro = Hg*+t + 41Br—
HegCli— = Hgtt 4+ 41Cl~
Hg(CNS)— = Hg++ + 4CNS-
Ni(NHg) = Nit+ + 4NH;
Ni(NHz)e™ = Nit+ + 6NH;
Ni(CN)— = Nit+ +4CN~
Ag(S()s)z"—_ = Ag* + 2805
Ag(NHj),* = Agt 4+ 2NH;
Ag(S'z()s)Q_—'_' = Ag+ + 28,03~
Ag(CN),~ = Agt + 2CN~
SnFe = Sn++++ + 6F-
Zn(NH;) = Zntt 4+ 4NH;
Zn(CN)— = Znt+ + 4CN-
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Dissociation
Constant

x 10 20 10—]9 8
X 10 —20 10—19 4
X 10-18 10-177
X 1077 1077
X 10—¥® 10~®
X 107 10743
X 103 102+
5 10-%  10-57
X 10— 1048
X 103 10737
X 1073 1073%°*
X 10—3% 10-%
X 10~ 10
X 1077 107%*
X 1 —11 10—10 8
X 10—‘27 10—.’6 7
x 10—15 10'14 3
>< ]0—]1 10—10 3
X 10—% 107%
X 1074 10—
x 107716 10—-45 3
X 10 1073
X 10-¢ 10755
X 10~ 10791
X 10— 107'¢
X 10—¢ 10—3%+4
X 1010 101
X 10-—17 10—16 6
X 10—20 10—19 2
X 10— 104
5% 1073t Q303
>< 1022 1027
X 10~ 1016
X 10—‘30 10—19 3
X 10—% 10°8
X 10— 10787
X 10— 10~
X 10—°* 10-37
X 108 10772
% 10-14 10182
X 10 -19 10—187
X 10-%¥ 10—
X 1071 10-9°%
X 107% 10—
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INDEX

A-bomb 327
Acetate ion, hydrolysis 205, 227
Acetic acid,
conductance of 37
ionization constant 127, 132, 360
ionization equilibrium 126-130
Acids and bases, Brgnsted definitions
139
Acids,
common ion effect 129
ionization constants of weak 133, 360
ionization of strong 33
ionization of weak 126, 133
list of 560
polybasic 180
Adsorption 168
Age of Earth 337
Alpha particles 328
Aluminate ion 292
Aluminum  hydroxide,
properties 282
Aluminum ion 43
hydrolysis of 212
Americium 333
Amide ion 248
Ammonates 249
Ammonia 13, 247
Ammonia complexes 252
Ammonium ion 53, 247
hydrolysis of 208
structure of 54
Ammono bases 248
Amphoteric elements 280
Amphoteric hyvdroxides 281, 283
Amphoterie substances 279, 280
appheation to analysis 287
an equilibrnum 282
as coordinated complexes 288
Amphoteric properties
aluminum hydroxide 282
and periodic system 284
Amphoteric sulfides 283
Anthracene, structure of 59
Atomic binding forces 62
Atomic number 41
Atomic orbitals 84
Atomic spectrum 74
Atomic weights. See inside front cover
Atoms, structure of 41, 67
Attractive forces between molecules 15
Auxiliary valence 250

amphoteric

Baking powder 214
Balancing of equations 89
Bases,

equilibria involving weak 135

ionization constants of 359
Benzene, structure of 58
Berkelium 333
Beta particles 328
Bicarbonate ion, hydrolysis of 219, 238
Binding forces, inter-atomic 62
Bisulfate ion 181
Bisulfide ion, hydrolysis of 208
Black body radiation 67
Blood, buffered 219
Body-centered close packing 5
Bohr Theory 75
Boiling point 11

and polarization 63
Bonds, conjugated 60

covalent 46

ionic 45, 64

metallic 64
Brgnsted definitions 55, 139, 223
Brownian movement 166
Buffer solutions 216-220

Calculations, equilibrium,
complex ions 271-276
hydrolysis 227-240
oxidation-reduction 311-316
polybasic acids 193-198
slightly soluble substances 171-175
weak acids and bases 146-152

Californium 333

Carbon-14 337

Carbon atom, structure of 85

Carbon dioxide, structure of 58

Carbon tetrachloride, structure of 46

Carbonate ion, 191

Carbonates,
precipitation of 191

Carbonic acid 189

Catalysts 104, 120, 170

Chemical equilibrium 100, 108

Chloride ion 46

Chlorine molecule, structure of 51

Chlorophyll 71

Cobalt ammines 252

Cobalt atom orbitals 265

Cobalt complex ions 253

Cobalt, radioactive 330

365
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Colloids 165
classes of 156
coagulation of 169
Common ion effect 129
Complex anions 254
Complex ions 244
equilibrium involving 268
geometrical configuration of 256
geometrical structure of 258
orbitals 260
platinum 254
structure 260
zinc-ammonia 259
Complex molecules, valence 250
Concentration 17
Condensation, rate of 157
Conductance 25
and concentration 27
of electrolytes 25
of solutions 36
of weak electrolytes 35
Conjugated bonds 60
Continuous spectrum 24
Coordination
number 255
sphere 255
theory 252
Copper-ammonia complex ion, orbitals
of 264
Copper atom orbitals 264
Covalent bond 46
Covalent radii 64
Crystal coordination number 3
Crystal nuclei 6, 163
Crystal nuclei in metals 3
Crystal structure of metals 5
Crystalline solids 2
Crystallization 163
mechanism of 162
rate o1 159
Crystals, body centered close packing 5
Crystals, cubic close packing 5
Crystals, hexagonal close packing 5
Cupric ion,
orbitals 264
Curium 333
Cyanide ion, hydrolysis of 208, 215,
230

Dating, by radiocarbon 337
Deuterium 334

Deuteron 334

Diamond, structure of 60

INDEX

Dichromate ion,
as an oxidizing agent 95
Dielectric constant 10
Dipole moments, induced 60
Dissociation constants, tables of,
complex ions 363
weak acids 357
weak bases 359
Doppler shift 339
Double bond 56
Drag effect 32

Einstein equation 324
Electrolytes 25
conductance of 25
electronic structure of 45
solubihity of 33
strong 31, 38
weak 35, 39
Electromotive series 279
Electronegative elements 280
Electron configurations of elements
82
Electron pairs 84
Electron spin 80
Electronic orbitals (See orbitals)
EKlectronic structure 41, 82
ammonium ion 54
carbon tetrachloride 46
chloride ion 46
chlorine molecule 51
electrolytes 46
elements 82
hydrogen chloride in solution 50
hydrogen chloride, liquid 50
hydronium ion 54
inert gases 43
iodine chloride 47
methane 40
sodium ion 46
sub-groups 56
sulfate ion 48
water 52
Electrons in shells 80
Electrons, promoted 86
Electrons, unpaired 85
Electropositive elements 279
Elements,
amphoteric 280
atomic weights.
cover
electronegative 280
electropositive 279

See inside front



INDEX

Elements, (Continued)
origin of 338
periodic table of.

cover
transuranic 332
Energy, related to mass 324
Equations,
balancing of 89
ionic 38
oxidation-reduction 88, 295
quadratic 350
Equilibrium 100
acetic acid 125
acids and bases 125
ammonia 100, 108
and amphoteric substances 279
and reaction velocity 100
barium sulfate and ions 158
bicarbonate ion 213
calculations 121-123, 146-152, 171-
175, 193-197, 227-240, 271-276,
291-293, 311-316

carbonic acid 134

catalysts and 120

changing concentration 116

common ion effect 129

complex ions 268

derivation 109-115

effect of temperature on 119

evaporation of water 156

factors influencing 115

heterogeneous 156

homogeneous and heterogeneous
105

hydrocyanic acid 134

ice-water 118

oxidation-reduction 295-317

oxidation-reduction  half-reactions,
table of 303-311

shift in 116

silver-ammonia complex 269

gilver chromate 160

solubility product 156

strong acids 130

water and its ions 201

weak acids and bases 135

Equilibrium constant 111
complex ions 366
oxidation-reduction 303-311
solubility product 359-362
weak acids 357
weak bases 359

Exponential numbers 341-343

See inside back

367

Fission 326, 330

Fission products 331
Fission yield 331

Formula weights 16
Freezing point lowering 28
Fusion reactions 333

Gamma rays 328

Geometric configuration and orbitals
256

Glass, structure of 7

Goniometer 2

Graphite, structure of 59

H-bomb 335
Hahn, Otto 326
Half-life 329
Heterogeneous equilibrium 156
Heterogeneous reactions 105
Hexagonal close-packing 5
Hohlraum 67
Hollow 67
Homoatomic anions 266
Homogeneous reactions 105
Hydrates 249
Hydration of ions 244
Hydrochloric acid 132
Hydrogen chloride 50
Hydrogen iodide 71, 104
Hydrogen ion concentration 138, 146,
347
evaluation of 347
pH 138, 347
in water 204
Hydrogen sulfide,
ionization of 181
Hydrogen, spectral series 77
Hydrogen spectrum 74
Hydrolysis 201-243
aluminum salts 211
aluminum sulfide 212
Brgnsted definitions 223
by steps 209
chromium salts 211
degree of 209
examples of 210, 214
ferric chloride 210
of metal ions 220
of phosphate ion 214
of salts of weak acids 210
of salts of weak acids and bases
208
of sodium acetate 206



368

Hydrolysis, (Continued)
of sodium carbonate 210
Hydronium ion 39, 53, 54, 246

Ice, formation of in cloud 8
Indicators 136
table of 137
induced dipole moments 60
Inert gas structures 43
Inter-atomic binding forces 62
Iodine 17
Iodine chloride 47
Tonic equations 38
Ionic radii 64
Ionization,
acetic acid 127
and conductance 25
and freezing point lowering 29
Arrhenius theory 33
‘“drag effect’” 33
interionic attraction theory of 32, 33
theory of 30-32
Tonization constants 133-135, 357, 359
Isotopes 322
table of 323

Kindling temperature 103

Lake 170
Law of Mass Action 109, 158, 160
Le Chatelier’s Rule 282
Lead, radioactive 329
Light 68
Light, emission by atoms 74
Line spectra 75
Liquid state 6
Lithium hydride 280
Logarithms,

tables of 371

use of 343
Lowering of freezing point 28

Mass Action, Law of 109
collisions and 110
derivation of 110-115

Mass number 331

Mass, related to energy 324

Mathematical operations 341-356

Meitner, Lise 327

Metallic radii 64

Metals, crystal nuclei 8

Metals, crystal structure of 5

Methane, structure of 47

INDEX

Molal solution 17

Molar solution 18

Molarity 17

Molecular weights 16

Molecular weights, and boiling point
13

Molecules, structure of 41, 67

Mordants 170

Naphthalene, structure of 59

Neon atom 61

Neptunium 333

Neutralization, weak acids and bases
215

Neutron 49, 320

Nickel carbonyl 259

Non-electrolytes 25

Non-polar substances 14

Normal solutions 18

Nuclear chemistry 320

Nucleus, structure of 320

Orbitals 84
cobalt atom 265
cobaltic-ammonia complex ion 265
cobaltic 10n 265
complex ions 260
copper atom 26+
cupric ion 264
geometric  structure

256

nickel ion 262
nickel-ammonia complex ion 262
nickel-cyanide complex 1on 262
zinc ion 261

Origin of elements 338

Origin of Universe 340

Oxidation number 89

Oxidation-Reduction 88, 93
couples 297
equilibria 295
in acid solution 93
in basic solution 97
Table of half-reactions 302

Oxidizing agents 89

Oxygen isotopes 322

configuration

Packing fraction 323, 325

Pauli Exclusion Principle 80

Periodic system and amphoteric prop-
erties 284

Periodic table. See inside of back cover
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Permanganate ion as an oxidizing
agent 93, 310, 317
Peroxides, valence number of 91
pll 138, 347
Phosphate ion,
hydrolysis of 214
Phosphoric acid 180
Photochemical Equivalence Law 71
pK values 139
Planck’s constant 70
Planck’s theory 69
Platinum complex ions 254
Plutonium 332
Polarization, effect upon boiling point
63
Polar molecules 8, 50, 51
Polybasic acids 180
Polysulfide ion 267
Potassium chloride crystal 4
Precipitation,
conditions necessary for 161
of carbonates 191
of cupric sulfide 186
of ferrous sulfide 189
of silver chlonde 161
of silver oxide 186
of sulfides 185
visibibty of 164
zine sulfide 184
Problems,
amphoterie substances 293
answers to 373
complex ions 277
electroly tes and non-electrolytes 40
hydrolysis 241
mathematical operations 353
oxidation and reduction 98
oxidation-reduction equilibria 317
polybasic acids 196
quantized atoms and molecules 86
solubility product 175
states of matter 21
structure of atoms and molecules 64
weak acids and bases 152
Promoted electrons 86
Proportion 351
Propylene, structure of 58

Quadratic equations 350
Quanta 69

Quantized atoms 67
Quantized molecules 67
Quantum numbers 77-79

369

Quantum theory 67
Quartz glass 7

Radiation 70
Radii of atoms 64
Radioactive isotopes, application to
analysis 335
Radioactivity 327
Radiocarbon dating 337
Reactions,
completeness of 317
heterogencous 105
homogeneous 105
involving iops 106
reversible 107
Reaction velocity 100
effect of concentration on 103
effect of temperature on 102
of ionic reactions 106
Reactivity 101
Reducing agents 88, 89-99, 295-319
Relativity 324
Resonance 56
Reversible reactions 107
Rotational quantization 86
Rule of Le Chatelier 117, 129
Rydberg constant 74, 76

Secondary valence 258
Sharing of electrons 46
Shells, designation of 77, 78

electrons in 80

in atoms 41

number of electrons in 43
Significant figures 351
Silver oxide, precipitation of 186
Slide rule 350
Sodium chloride, structure 3
Solids 2
Solubility 13

in acid solution 165

of electrolytes 33

of very small erystals 163

product 156, 159

product constants, table 359
Solutions,

buffer 216-220

conductance of 36

molal 17

molar 18

normal 18

process of 34

rate of 158
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Solutions, (Continued)
supersaturated 162
weight percent 17

Spectrum,
atomic 74
continuous 74
hydrogen 74
line 74

Spin of electron 80

Stability of isotopes 323

Stability by conjugation 60

States of matter 1

Strong acids 33

Strong electrolytes 31, 38

Structure (See also electronic structure)

Structure of
ammonium ion 54
anthracene 59
atoms 41, 67
benzene 58
carbon atom 85
carbon dioxide 58
carbon tetrachloride 46
chloride ion 46
chlorine molecule 51
diamond 60
elements 82
glass 8
graphite 59
group I 43
group VII 44
hydronium ion 54
inert gases 43
iodine chloride 47
methane 47
molecules 41, 67
nucleus 320
oxygen 57
propylene 58
sodium chloride 3, 47
sub-groups 55
sulfate ion 48
water molecule 85

Sub-groups, structure of 55

INDEX

Sulfate ion,

structure of 48
Sulfide ion,

hydrolysis of 208, 210, 212, 230
Sulfides, amphoteric 285

precipitation of 185

separation of 187

solubility product constants of 362
Sulfuric acid, ionization of 181
Supercooled liquids 7
Supersaturation 162

Transfer of electrons 45
Transuranic elements 332
Tritium 333

Uranium, fission of 326

Valence,
auxiliary 250
complex molecules 250
number 89
secondary 250
states 89
Van der Waals forces 60
Vibrational quantization 86

Warburg 71

Water,
equilibrium 201
ionization of 201-204
structure of 53, 85

Weak acids, 124-155
extent of ionization 133
ionization constants (table) 357
neutralization of 215

Weak bases, 124-155
extent of ionization 135
ionization constants (table) 359
neutralization of 215

Weak electrolytes 35, 39

Werner 252

Ylem 340
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CHAPTER 1. Pages 21-24.

(8)
(9)
(10)
(11)
(12)
(13)

(14)

(15)
(16)
17)
(18)
(19)
(20)
(21)
(22)
(23)
(24)
(25)
(26)
(27)
(28)
(29)
(30)
(31)
(32)
(33)
(34)
(35)
(36)

@7

1.37 M.
0.1 mole.
0.392 g.
.0565 M.
(a) 0.1 mole; (b) 0.1 M; (c) 0.2 M.
(a) 3.15 g.; (b) 245.2 g.; (¢) 5.30 g.; (d) 0.204 g.;
(e) 13.0 g.
(a) 1709 ml.; (b) 1176 ml.; (c) 368 ml.; (d) 310 ml.;
(e) 40 ml.
(a) 20 ml.; (b) 475 ml.; (¢) 54 ml.; (d) 140 ml.; (e) 0.4 ml.
75 ml. 0.1 M AgNO; and 175 ml. water.
75 ml.
37.5 ml.
10 ml.
7.5 ml.
(a) 17.4 M; (b) 6.15 M; (c) 13.15 M; (d) 4.72 M.
152 em.
(a) 92.89; (b) 86.6¢%; (c) 89.69¢; (d) 90.7%.
6.4 g.
F(‘Q():;.
178.4 g.
6.6 g.
1398 1bs.
2 atoms; Cu,S.
(‘1'2()3.
19.9.
11.0 M.
9.1 ml.
58.9 ml.
200 ml. each of AgNOs, Pb(NO;). and Hg(NOs): solutions.
(8) pwit/M = pws*/M; vy2/vs* = p2/py; or /v = \/m

p2/p1 = 750/760 X 273/311 = 0.866

v/ve = 0.93; v, equals 215 miles per hour.
(b) p;vg/Ml = p202/M2 or M;/M, = Pﬁ,/Pl = (0.866

M, = 86,600 pounds.

Smaller load on a humid day. The molecular weight of water
373
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vapor is less than that of either oxygen or nitrogen. p is
therefore smaller.

CHAPTER 2. Pages 65-66.
(1) (a) Xe; (b) Xe; (¢) Kr; (d) n or He; (e¢) Ne; (f) none;
(g) none; (h) Xe; (i) Ne; (j) none.
(4) Na.

CHAPTER 4. Pages 86-87.

4 v= ( 3 5—2): where n is greater than 3.
6) (a) 2; (b) 3.

CHAPTER 6. Pages 121-123.

(2) 256 times faster.
(4) 16 times faster.
(11) 105.
(12) K=04; 1)d=3; (2)d=15;, B)a=15;, 4) a=6
(5) b=8; (6) b=16; (7) d =24; (8) d=96.

(HH)(CN-) _ .. (NHH(OH) .
1) O —qeny— = K @ —wmom ~ K
HH2A(S—) _ . (Fet*)?(Hgt+)* ..
® —me K @ g ey ~
(CO)HO) . NOROY) _ ..
®) o) - K ©®) N0y ~ K
_(NHy)*

@ Ny
(17) Absorbed.
(18) More soluble.

CHAPTER 7. Pages 152-155.

(7) (a) 5; (b) 9; (c) 1; (d) 7.38; (e) 2.1.

(8) (a) 1.36 X 103 M; (b) 43X 10 M; (c) 43X 103 M,
(d) 45X 10°M; (e) 191 X102 M; (f) 2X 103 M;
(g) 14X 10*M; (h) 1 X10*M; (i) 1.27 X 10 M;
(G) 5.5% 10~ M.

9) (a) 42X 103M; (b) 1.3X103M; (c) 42X 10 M;
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(d) 1.3X10*M; (e) 85X 10 M; (f) 22X103M;
() 1.2X102M; (h) 75X103M; (i) 96X 10" M.

(10) (a) 1.85 % 10-5; (b) 1.84 X 10-3; (c) 1.80 X 1073,
(d) 1.80 x 10-5; (e) 4.6 X 10 (f) 4.2 X 10710,
(g) 4.2 X 10710

(11) 8 X 10—* M each.

(12) (H*) =25X10°M; (Ac™) =24 X 102 M.

(13) (a) .068; (b) .0002; (c) .019; (d) .03; (e) .08.

(14) 074 M.

(15) 5.7 %X 10 M.

(16) 0.72 M.

(17) 0.18 mole.

(18) 8.5 x 10~¢ M.

(19) 1.2 X 105 M.

(20) (a) 1xX10°®% (b) 3.2X 10 M; (c) .032; (d) 1 X105 M.

(21) .011 M.

(22) .04 M.

(23) 5.5 x10-¢ M.

(24) 1.9 X105 M.

(25) 9 X 108 M.

(26) .02 M.

(27) 2.6 X 105 M.

(28) 29X 10 M.

(29) (a) 1; (b) 1.56; (c) 2.87; (d) 4.75.

(30) Condition necessary for correct answer is that

(Ac)

mc—) = 0185
(31) (a) One-half; (b) .05 M; (c) .05M; (d) 1.8 X 10~5 M.
(32) First addition of NaOH: (a) one-tenth; (b) .01 M;

(¢) .09 M; (d) 1.67 X 10~* M; (e) 3.78.
(33) (a) 10*; (b) 107%; (¢) 1077; (d) 107°; (e) 1071,

CHAPTER 8. Pages 175-179.

(3) 1.67 X 10" M.
(14) (a) 2.8 107; (b) 5X 107%; (c) 8.5X 107; (d) 1.5 X 10,
(e) 1.83 X 107; (f) 6.9 X 10~°; (g) 7.9 X 1070,
(15) (a) 7.6 X 10~ g. per 100 ml.; (b) 7.9 X 10~* g. per 100 ml.:
(e) 2.59 X 102 g. per 100 ml.; (d) 2.3 X 10~° g. per 100 ml.;
(e) 0.104 g. per 100 ml.; (f) 1.6 X 10 * g. per 100 ml.;
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(g) 1.9 X 1075 g. per 100 ml.;
(h) 1.69 X 10~ g. per 100 ml.
(16) 2.1 X 10~ mole per liter. 6.8 X 1078 g. per 200 ml.
(17) 7.24 X 1078 g. per 100 ml.
(18) (a) 0.30 g.; (b) 4 X 107! mole.
(19) (a) 2.8 X 10~ mole; (b) 1.4 X 10~ mole.
(20) (a) 35X 102 7; (b) £.3 X 1078 M ; (c) 8.5 X 10714
(21) (a) (Pb*t) =1. 7a>< 1073 M, (I7) = 2.3 X 1073 A
(e) 8 X 107°.
(22) (a) 3.6 X 107 M; (b) 4.6 X 10 g
(23) 4.5 X 1073 g. per 200 ml.
(24) 1 X 10 ).
(25) 1.16 X 10~ g.
(26) 2.8 X 1075,
(27) 1X 10~% M; 1.8 X 10~ M.
(28) (a) 3.8 X 107 g.; (b) 9.0 X 10~ g.

(29) (a) 2.8 X 10~° mole; (b) 1.67 X 10~ mole;
(¢) 1.67 X 1075 mole; (d) 2.8 X 10~° mole;
(e) 1.25 X 10~° mole.
(30) 560.
(31) (a) 8.5 X 10718 M, (b) 2.8 X 10— M; (¢) Agl;
(d) 3.0 X 108 M; (e) 3 X 107%9; (f) 3.3 X108

(g) 56 X 102 M; 1.5 X 108 M; (h) 3.3 X 108,
(32) (a) 8.5 X107 M; (b) 9.1 X 10~ M; (c) Agl;

(d) 9.3 X 1074 M ; (e) 1.1 X 10%; (f) 1.29 X 1073 M;
(g) 6.6 X 1074 M; (h) 7.6 X 10,
. (PbiHi .
) Gg) 1.07 X 10
D he fact that ‘CP )% rathe (Ph*1) |
(3) Due to the fact t at (\g ) rather than (Agh) is con-
stant.

(33) 0.13 mole.

(34) .083 mole.

(35) 2.14 g. per 50 ml.

(36) 70.5 g.

(37) 22 moles per liter — impossible.

CHAPTER 9. Pages 197-200.

(8) 5X 10~®* M; No.
9 )=13xX10"1M; (H*)=71X10"° M.
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(10) (H*) =6.9 X 10~ M.

(11) (a) 2.05 X 10 M; (b) 6.5X 103 M; (c) 3.2X107° M;
(d) 4.9 % 108 M; (e) .016 M; (f) .024 M; (g) 4.6 X 107 M.

(12) (a) 1.3 X 1078 AM; (b) 1.3 X 107® M; (c) 1.3 X 1077 M;
(d) 13X 107 M ; (e) 1.3 X107 M.

(14) (a) 0.3 M; (b) 1.44 X 107® M; (c) Yes; (d) No.

(15) (Cd*t) =6 X 10~ 2.

(16) 3.6 X 1077 mole Pb+*+ ion per 100 ml.

(17) (@) 5X 1078 M; (b) 1.7X 1072 M; (¢) 1.3 X 1077 M;
(d) 4 X 1077 M; (e) 1.3 X 107% M.

(18) (H*) < 24 X 1073 M.

(19) (S—)=7%x10""* M.

(20) (a) 1.6 X 102 M; (b) 1.6 X 1072 M; (c) 6.2 X 1078 M;
(d) about 4 X 107% M.

(21) 7.2 X 107® mole Cu** per 200 ml.; 1.1 X 10~® mole Cd*++
per 200 ml.

(22) (H*) = 1.1 X 10~ M.

(23) (H*) = 5.7 X 10° M, impossible.

(24) (H*) = 1.26 X 10~ M.

CHAPTER 10. Pages 241-243.

(15) (a) 5.5 X 10719; (b) 5.4 X 10719 (e) 2X 1071,
(d) 1.5 x 1071; (e) 2.5 X 1075; f) 1% 10
(g) 2.2 X 1074, (h) 4.8 X 1071 (1) 1.3 x 1071,
(j) 7 X107

(16) (.1) 0.1 M solutions:
(a) 74X 10783 ; (b) 1.3X107°3; (c) 1.4 X 107°.M;
(d) 2.6 X 100 M; (e) 63X 10724f; (f) 3.2X 1072 M;
(g) 4.8 X 100 M ; (h) 46X10°AM; () L.1X107%.M;
() 1.2X107° M.
(B) .01 M solutions:
(a) 2.3X 108 M ; (b) £3X 107 M; (c) +.5X 107 M;
(d) 8.1 X 1070 2; (e) 2X 107" A, (f) 1 X101 M;
(g) 1.5 108 2f; (h) 1.4X10%M; (i) 3.6 X 1077 M;
(G) 3.8X 107 M.

(17) (A) 0.1 M solutions:
(a) 5.13; (b) 8.89; (c) +.75; (d) 8.58; (e) 11.19;
() 11.50; (g) 8.17; (h) 8.34; (i) 2.96; () 8.92.
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(B) .01 M solutions:

(a) 5.64; (b) 8.38; (c) +35; (d) 8.09; (e) 10.70;

(f) 11.0; (g) 7.68; (h) 7.85; (i) 2.44; () 8.42.
(18) (A) 0.1 M solutions:

(a) 7.4 X 1075 (b) 7.3 X 1075 (e) 1.4 X 1075
(d) 1.2 x 1074 (e) 1.6 X 1073 (f) 3.2 X 107;
(g) 1.5 X 107%; (h) 2.2 X 1075 (1) 2% 1073
() 8.5x 1075,
(B) .01 M solutions:
(a) 2.3 X 1074 (b) 2.3 X 107 (¢) 44X 1075;
(d) 3.8 X 1074 (e) 5.2x107% (f) 0.1;
(g) 4.7 X 1073; (h) 7 X 1075, 1) 6.3 X10°%;
(G) 2.7 X 10

19) 152 g.

(20) 9.6 g.

(21) .073 mole.

(22) 1.85 X 1075 M.

(23) 2.3 X 10~° M.

(24) 4 X 107",

(25) Impossible — 525 M.

(26) (a) 2.1 X 10™4; (b) 2.2% 107 (¢) 4.6 X 107~

(27) 0.33 M.

(28) Thevalue of (Fe*+)(S~-) divided by the valuc of (Fett)(OH™)?
gives (—((%{f)) =2 % 102 For the FeS to precipitate first, the
value of this ratio must exceed the above. For Fe(OH), to
precipitate first, the value of this ratio in the solution must
be less than the above. For any solution of NasS this ratio
can be shown to be equal to 13. Therefore, the FeS pre-
cipitates first.

(29) (a) 53 X 107¢ M (b) 1 X107 M, (¢) 018 M;
(d) 43X 10° M; (e) 1.6 X108 M.

(30) (CO) =1.1X10~*M; (OH™) =2.2X 107° M.

(31) MgCO;. For MgCO; to precipitate first, the ratio %)%%—)—22
must be greater than 4.5 X 108 In this solution, the ratio
has a value of 2.2 X 105

(82) (A) Neglecting Hydrolysis: (a) 7.8X10~"* M; (b) 2X10-%® M;
(¢) 2X 1073 M; (d) 1.3 X 107" M; (e) 2.2 X 10~ M.
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(B) With Hydrolysis: (a) 6.8 X 10~ M; (b) 1.8 X 10~ M ;
(c) 1.8 X100 M; (d) 25X 107 M; (e) 1.9 X 10¢ M.
(AcT) _

(34) 1.6 X 10~¢ M.

(HPO,—) ) )
(35) (HPO) = (a) .062; (b) 0.62; (c) 6.2.

CHAPTER 11. Pages 276-278,

(11) AgCl precipitates.

(12) Yes.

(13) 2.6 X 10 M.

(14) For Ag(CN),~, (Agt) = 3.6 X 107 M.
For Ag(NH;).*, (Agt) = 9.4 X 10— M.

(15) No.

{16) No.

(17) 1.97 g. per 100 ml.

(18) 9.1 X 10— M.

(19) 6.9 X 107" M.

(20) 1.32%x 10 M.

(21) 1.7x10* M.

(22) (a) Cd(NH,;)Cl; solution; (b) 250.

(23) (Cut) =19x 10 M; (Cd*+*) = 9.6 X 102 M.

(24) (a) Ag(CN).~ ion first formed; later AgCl precipitates;
(b) .05 M; (¢) (CIN)=0.1M; (Agt) =28X10"°M;

(CN-) =1.8X 10 M.
(26) (b) Fe(CN)¢—, one; Fe(CN)¢———-, none.

CHAPTER 12. Pages 293-294.

(14) .034 mole.

(15) (Zn**) =23 X 10°% M; (ZnOy,) =2X 1072 M ;
(HY)=22X10"°M; (OH™) =4.6 X 10~¢ M.

(16) (Zn*t*) =5 X 1078 M; (ZnOy~~) =1 X 10-5 M.

(17) (Pb*+) =4 X 107%® M; (HPbO,;~) =2 X 10~ M;
(H*) =1Xx 1078 M,

(18) No.

(19) (OH") =2.5X 10~ M.

(21) (Cut*) =1.6 X 1077 M; (HCuO;") =1.5X 10~ M;
(CuOs—) =1.2x 1073 M.
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CHAPTER 13. Pages 318-319.

() @ 1094 (1) 1095 (0) 1093 (@) 10'% (o) 109%
(f) 10%¢; (g) 105 (h) 1075 (i) 107%% (j) 10795
(k) 1026, (1) 10*'2; (m) 10%%; (n) 10*'%; (o) 107;
(p) 10°°.
(2) Yes; Keq =103 However, in practice the stannous ion
would be oxidized to the stannic ion by the nitric acid.
(3) Keq =107%4; should not be dissolved appreciably.
(4) No; (Cr+++)*(Cly)® = 107, K., for the reaction has a value
of 1073,
(5) Yes; K., =10%2
(6) No; Keq=10"54,
(7)) Ki=107"7.
(8) Keq =107122
(9) Calculated K., = 107 ¢; value in Table 27 is 107 °.
(10) Keq = 1011
(11) Reaction proceeds appreciably; K., = 10~
(12) Extremely low; (Fett*) approximately 3 X 107* M.

MATHEMATICAL OPERATIONS. Pages 353-356.

(1) (a) 10%; (b) 4 X 10% (e¢) 5X 10%; (d) 9 X 10%;
(e) 6x10% (f) 7x10'; (g) 1.45x10% (h) 9.46 X 105
(1) 5.9 X 10%; (j) 9.627 X 10%; (k) 4.5 X 102
(1) 5632105 (m) 10~%; (n) 3.2X 10-%; (o) 7 X 10-5;
(p) 1.07 X 1073; (q) 9 X 107; (r) 6.78 X 10-¢,;
(s) 1.03 X 107; (u) 1 X107 (v) 4.5 X 10,
(w) 6 X 105,
(2) (a) 1.26 X 10°; (b) 5 X 10%; (¢) 6.06 X 107;
(d) 2.8 X 107%; (e) 5x 1074; (f) 10 (g) 7 X 10%;
(h) 3 X 10% (i) 6.25; (j) 1.8 X 10°7; (k) 5 x 102
(3) (a) 5x10; (b) 10"; (¢) 3.2X10=32; (d) 3x107%;
(e) 4.5 X 1075; (f) 2 X 10 =20; (g) 5 X 10°%;
(h) 6 X 1072, (i) 2X107; (j) 5x107; (k) 3.2X 107
I 5x108; (m) 2X 10°%; (n) 5X 102
(4) (a) 1885; (b) 16.5; (c) 16.45; (d) 3 X 10~%; (e) X =10~
(5) (a) 3.33372; (b) 2.5315; (c) .0149; (d) 6.826 (or — 5.174);
(e) 1.8277; (f) 1.5877 (or — .4123); (g) 3.6 (or — 2.4);
(h) 2.602.
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(a) 4726; (b) 273.0; (c) 1.939; (d) .2226; (e) .0002905;
(f) .0001861; (g) .004337; (h) .5302.

(a) V =310; (b) N =3.56 X 10%; (c) M = 367;

(d) X =3.1X10"

(a) 6.45 X% 10%; (b) 1.30 X 1077; (c) 1.73 X 107%;

(d) 5.3 X 10"; (e) 5.7 X 10™.

(a) 2% 1073%; (b) 4Xx107% (c) 6 X 10% (d) 5x1073;
(e) 1.58 X 10~2; (f) 83.32; (g) 1.578 X 107%; (h) 1.20 X 10—
(a) (imaginary); (b) + 1.52 — 1.67;

(c) 18.5 X 10~4, — 19.5 X 107#; (d) £ 1.34 X 10-3.

(a) 4; (b) 11.70; (c) 5.46; (d) 7; (e) 4.59; (f) .871.

(a) 1077; (b) 4 X 1079 (c) 5.0X 107 (d) 1.35 X 1077%;
(e) 5.62 X 1071; (f) 3.47 X 1072

(a) P=%<;; (b) V=KT; (¢c) P=KT; d) S= K

v'm’
K(m; X mg)

I ’

(a) g. em.73; (b) sec.™; (c) g. em.? sec. 3.

(g. em.? sec.”®) does not equal (g. em.? sec.™?).

(e) F =















	00000001.tif
	00000002.tif
	00000003.tif
	00000004.tif
	00000005.tif
	00000006.tif
	00000007.tif
	00000008.tif
	00000009.tif
	00000010.tif
	00000011.tif
	00000012.tif
	00000013.tif
	00000014.tif
	00000015.tif
	00000016.tif
	00000017.tif
	00000018.tif
	00000019.tif
	00000020.tif
	00000021.tif
	00000022.tif
	00000023.tif
	00000024.tif
	00000025.tif
	00000026.tif
	00000027.tif
	00000028.tif
	00000029.tif
	00000030.tif
	00000031.tif
	00000032.tif
	00000033.tif
	00000034.tif
	00000035.tif
	00000036.tif
	00000037.tif
	00000038.tif
	00000039.tif
	00000040.tif
	00000041.tif
	00000042.tif
	00000043.tif
	00000044.tif
	00000045.tif
	00000046.tif
	00000047.tif
	00000048.tif
	00000049.tif
	00000050.tif
	00000051.tif
	00000052.tif
	00000053.tif
	00000054.tif
	00000055.tif
	00000056.tif
	00000057.tif
	00000058.tif
	00000059.tif
	00000060.tif
	00000061.tif
	00000062.tif
	00000063.tif
	00000064.tif
	00000065.tif
	00000066.tif
	00000067.tif
	00000068.tif
	00000069.tif
	00000070.tif
	00000071.tif
	00000072.tif
	00000073.tif
	00000074.tif
	00000075.tif
	00000076.tif
	00000077.tif
	00000078.tif
	00000079.tif
	00000080.tif
	00000081.tif
	00000082.tif
	00000083.tif
	00000084.tif
	00000085.tif
	00000086.tif
	00000087.tif
	00000088.tif
	00000089.tif
	00000090.tif
	00000091.tif
	00000092.tif
	00000093.tif
	00000094.tif
	00000095.tif
	00000096.tif
	00000097.tif
	00000098.tif
	00000099.tif
	00000100.tif
	00000101.tif
	00000102.tif
	00000103.tif
	00000104.tif
	00000105.tif
	00000106.tif
	00000107.tif
	00000108.tif
	00000109.tif
	00000110.tif
	00000111.tif
	00000112.tif
	00000113.tif
	00000114.tif
	00000115.tif
	00000116.tif
	00000117.tif
	00000118.tif
	00000119.tif
	00000120.tif
	00000121.tif
	00000122.tif
	00000123.tif
	00000124.tif
	00000125.tif
	00000126.tif
	00000127.tif
	00000128.tif
	00000129.tif
	00000130.tif
	00000131.tif
	00000132.tif
	00000133.tif
	00000134.tif
	00000135.tif
	00000136.tif
	00000137.tif
	00000138.tif
	00000139.tif
	00000140.tif
	00000141.tif
	00000142.tif
	00000143.tif
	00000144.tif
	00000145.tif
	00000146.tif
	00000147.tif
	00000148.tif
	00000149.tif
	00000150.tif
	00000151.tif
	00000152.tif
	00000153.tif
	00000154.tif
	00000155.tif
	00000156.tif
	00000157.tif
	00000158.tif
	00000159.tif
	00000160.tif
	00000161.tif
	00000162.tif
	00000163.tif
	00000164.tif
	00000165.tif
	00000166.tif
	00000167.tif
	00000168.tif
	00000169.tif
	00000170.tif
	00000171.tif
	00000172.tif
	00000173.tif
	00000174.tif
	00000175.tif
	00000176.tif
	00000177.tif
	00000178.tif
	00000179.tif
	00000180.tif
	00000181.tif
	00000182.tif
	00000183.tif
	00000184.tif
	00000185.tif
	00000186.tif
	00000187.tif
	00000188.tif
	00000189.tif
	00000190.tif
	00000191.tif
	00000192.tif
	00000193.tif
	00000194.tif
	00000195.tif
	00000196.tif
	00000197.tif
	00000198.tif
	00000199.tif
	00000200.tif
	00000201.tif
	00000202.tif
	00000203.tif
	00000204.tif
	00000205.tif
	00000206.tif
	00000207.tif
	00000208.tif
	00000209.tif
	00000210.tif
	00000211.tif
	00000212.tif
	00000213.tif
	00000214.tif
	00000215.tif
	00000216.tif
	00000217.tif
	00000218.tif
	00000219.tif
	00000220.tif
	00000221.tif
	00000222.tif
	00000223.tif
	00000224.tif
	00000225.tif
	00000226.tif
	00000227.tif
	00000228.tif
	00000229.tif
	00000230.tif
	00000231.tif
	00000232.tif
	00000233.tif
	00000234.tif
	00000235.tif
	00000236.tif
	00000237.tif
	00000238.tif
	00000239.tif
	00000240.tif
	00000241.tif
	00000242.tif
	00000243.tif
	00000244.tif
	00000245.tif
	00000246.tif
	00000247.tif
	00000248.tif
	00000249.tif
	00000250.tif
	00000251.tif
	00000252.tif
	00000253.tif
	00000254.tif
	00000255.tif
	00000256.tif
	00000257.tif
	00000258.tif
	00000259.tif
	00000260.tif
	00000261.tif
	00000262.tif
	00000263.tif
	00000264.tif
	00000265.tif
	00000266.tif
	00000267.tif
	00000268.tif
	00000269.tif
	00000270.tif
	00000271.tif
	00000272.tif
	00000273.tif
	00000274.tif
	00000275.tif
	00000276.tif
	00000277.tif
	00000278.tif
	00000279.tif
	00000280.tif
	00000281.tif
	00000282.tif
	00000283.tif
	00000284.tif
	00000285.tif
	00000286.tif
	00000287.tif
	00000288.tif
	00000289.tif
	00000290.tif
	00000291.tif
	00000292.tif
	00000293.tif
	00000294.tif
	00000295.tif
	00000296.tif
	00000297.tif
	00000298.tif
	00000299.tif
	00000300.tif
	00000301.tif
	00000302.tif
	00000303.tif
	00000304.tif
	00000305.tif
	00000306.tif
	00000307.tif
	00000308.tif
	00000309.tif
	00000310.tif
	00000311.tif
	00000312.tif
	00000313.tif
	00000314.tif
	00000315.tif
	00000316.tif
	00000317.tif
	00000318.tif
	00000319.tif
	00000320.tif
	00000321.tif
	00000322.tif
	00000323.tif
	00000324.tif
	00000325.tif
	00000326.tif
	00000327.tif
	00000328.tif
	00000329.tif
	00000330.tif
	00000331.tif
	00000332.tif
	00000333.tif
	00000334.tif
	00000335.tif
	00000336.tif
	00000337.tif
	00000338.tif
	00000339.tif
	00000340.tif
	00000341.tif
	00000342.tif
	00000343.tif
	00000344.tif
	00000345.tif
	00000346.tif
	00000347.tif
	00000348.tif
	00000349.tif
	00000350.tif
	00000351.tif
	00000352.tif
	00000353.tif
	00000354.tif
	00000355.tif
	00000356.tif
	00000357.tif
	00000358.tif
	00000359.tif
	00000360.tif
	00000361.tif
	00000362.tif
	00000363.tif
	00000364.tif
	00000365.tif
	00000366.tif
	00000367.tif
	00000368.tif
	00000369.tif
	00000370.tif
	00000371.tif
	00000372.tif
	00000373.tif
	00000374.tif
	00000375.tif
	00000376.tif
	00000377.tif
	00000378.tif
	00000379.tif
	00000380.tif
	00000381.tif
	00000382.tif
	00000383.tif
	00000384.tif
	00000385.tif
	00000386.tif
	00000387.tif
	00000388.tif
	00000389.tif
	00000390.tif
	00000391.tif
	00000392.tif
	00000393.tif
	00000394.tif
	00000395.tif
	00000396.tif
	00000397.tif
	00000398.tif
	00000399.tif
	00000400.tif
	00000401.tif

