CHAPTER 1

INTRODUCTION

Chemistry of Electrolyte Solutions:

1,1 General

The science of solution is very complex., It needs
for its clarification the help of many branches of science
namely, mathematical physics such as thermodynamics,
statistical mechanics, electrostatistics and hydronamics,
Numerous experimental methods have been also employed to
explore the information from the study of solutions.
Although many of the important fundamental principles of
electrochemistry had been discovered in the last decades
of 18th century and the first 80 years of the 19th century,
it was not untill 1887 that an organised theoretical and
experimental investigation of conducting solutions was
begun. This was brought about by the monumental discovery
of Vant Boff 's’, that solutions which readily conduct
electric current possess freezing points, boiling points,

osmotic pressures and vapour pressures characteristics

of a special class of gystems, and the simultaneous and



even more important discovery of Arrhen1u32 that such
systems contain electrically charged particles of ions.

It was vant Hoff who first applied the powerful
methods of thermodynamics to solutions in a systematic
manner. His treatment however lacked the generality which
might have been achieved at that time 1f the system of
thermodynamics developed by Gibbs3 ten years earlier had
been employed. Gibb‘'s great treatise provides all the
esgsential basic principles required for the thermodynamics
of solutions. The most important contribution of thermo-
dynamics has been to reduce all measurements of systems in
equillibrium to the determination of a single thermodynamic
function.

From 1887 to the present, the knowledge of ionic
solutions has increased immensely. Steady improvement has
been made in the experimental methods of measuring the
properties associated with thermodynamic equillibrium, and
those such as conductivity, viscosity and diffusion which
involve ions under the influence of externally imposed
fields., This development has led to an immense volume of
information concerning a large number of ionlic systems.

It was not untill 1923 that an exact theory of dilute
solutions of electrolytes was evolved. After Debye's4

formulation of the interionic attraction theory, a large



literature developed,which includes theories of all the

properties of electrolytic solutions.

1.2 viscosity of Electrolyte Solutions:

The theory of the change in viscosity of medium
brought about by the presence of coloumb forces between
the ions was first successfully developed by Falkenhagen5
for the case of binary electrolytes., The treatment of
Onsagar and Fu0336 is also extended to relate the visco-~
sity of anelectrolyte solution with the electrostatic
forces between the ions of an electrolyte. They succeeded
in obtaining a general solution applicable to mixture as
well as individual electrolytes.

In the first place, a simplified treatment has been
considered which serves to show how the electrostatic
forces between the ions influenced the viscosity and
roughly estimated the order of magnitude of the effect.
This procedure introduced the fundamentals of the theory
of the dynamics of viscous flulds necessary for the
cevelopment of the general théory7.

The coefficient of viscosity of solution V\ is the

stress transfer per unit velocity gradient per unit area

from each layer of solution to the layer beneath it.



In an electrolytic solution part of the stress is caused
by the deformation of the ionic atmosphere. In the
unperturbed solution each ion will be surrounded by an
atmosphere of ions of opposite sign at an average distance
of % and this distribution will possess a spherical
symmetry. A velocity gradlent in the solution will deform
these atmospheres from a spherical to an ellipsoidal form.
The electrostatic forces and the thermal;motion will tend
to restore the atmospheres to their original form. As a
result of these two opposite tendencies and because the
time of relaxation, 7, is definite, a stationary defor-
mation will persist., This deformation of the lonic atmos-

phere will be of the order of magnitude

S W - - - (L.1)
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where (2( represents frictional coefficient of the ions,

k 1s the reciprocal of thickness of lonic atmosphere, k

is the Boltzmann constant, T, the absolute temperature and
aV&/éLy is a constant velocity gradient of moving

solution in Y=-direction.

The forces between two ions of charge ‘e’ at a

distance of % is e’k? and the total transfer of force
D
between the ion and its atmosphere ig e2k where D 19

D
the dielectric constant of the medium, The magnitude of



the stress transfer between the i1on and its atmosphere 1is
2 .
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upon substitution of the value of k2 given by
K = — ﬁ\Zl

- - - (1.2)

Where ‘e* is the electronic charge, *'zi* the valence of
¢ th [ th

L kind of ion and 'ny‘* is the number of ', kind of ion

per unit volume of the solution. We obtain for the ele-
*

ctrostatic contribution to the stress S\/X

S*y?(”: K?\/&\/’( - - = (1.4)

This equation is correct except for a proportionality

factor which can only be obtained by the more
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general consicderation of the exact deformation of the

ionic atmosphere. ‘Thus for the case where

¥ _ e - - - (1.5)
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where *'w' represents the mobility of ion.

The stress between the solvent molecules is given by
the equation 0
Syx: no '*5"’

where ’Oo is the viscosity of the solvent. Hence the

BV?L
Y

ionic atmosphere contributes
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o= TsoT - -~ (1.6)
to the viscosity of solution. This is Falkenhagen's
result which verifies the conclusion reached experimentally
by Jones and Dole8 that in dilute solution Yfe is propor-
tional to the square root of concentration.

Falkenhagen and Kelbeg9 and Pittslo have attempted
to extend the equation (1.6) by including a parameter ‘a‘
related to ion size.

At the begining of the century Gruneisenll measured
the viscosity of many electrolyte solutions down to very
low concentrations and observed ah effect which has since
been named after him. He found, in the dilute solutions,
that the viscosities are not approximately linear with
the concentration as in higher ranges but instead show a
characteristic curvature, This curvature is always
negative and therefore the viscosity initlially increases
irrespective of whether, at higher concentrations, the
solute increases or decreases the viscosity relative to
the pure solvent. In 1923 Jones and Dole8 gave a
quantitative formulation of the effect with thelr empirical
equation

—n——=1+Acl/2+Bc - - = (1.7



Where *A* and *B' are constants and C is the solute
concentration in moles per litre. The second term on the
right hand side of the equation was ascribed to the
Gruneisen effect.

In 1929 the interionic attraction theory as developed
by Debye and Huckel was gaining acceptance and Jones and
Dole correctly surmised that the dependence on the square
root of the concentration arose from long range coloumb
forces between the ions. In the same year Falkehhagen
et a1°*12/13 jnitiated the theoretical calculation of
the constant *A* using the equilibrium theory as a starting

pocint by an expression

at 25 °c in water.

In the first instance, the development was applied
only to simple electrolytes whose constituent lons were
of similar mobilities but later extended to the case where
they differed. Then in 1932 Onsagar and Fuoss6 publi shed
a comprehensive paper on the theory of irreversible
processes in electrolytes in which general equations were
developed to describe viscosity, conduction and diffusion

in dilute solutions. These general equations were then



specialized for each of tha three processes.

The constant *A' may be evaluated from éxperimental
data by plotting a suitable form of equation (1.7). Many
tests have been made of the validity of the limiting
equations mainly for simple electrolytes. The recent

precise viscosity measurements of Kaminsky14'15

have
enabled good tests to be made of *'A' for both different
salts and for the same salt at different temperatures.

Thus the theory of long range interionic contribution
to the viscosity of electrolyte is well expressed by
Jones-Dole equation. Experimental evidence indicates that
this effect can explain the behaviour of concentration
viscosity curve upto about 0,002M. It was pointed out
also that elaboration of dilute solution theory to include
a parameter for the finite size of the ions fails to
extend the range of the equations significantly. At
concentrations above 0.002M a marked linear variation of
viscosity with concentration is shown by strohg electro-
lytes, extending to 0.1 M and higher in aqueous solution
and to some what lower concentration in some non-agqueous
systems, The coefficient *B* of Jones-Dole equation is
probably related to the disturbance of the structure which
is present in liquids. The *'B* values also vary widely

for different solvents and show progressive change in



mixed solvents. The view poilnt is generally accepted that
‘B coefficients are manifestation of ion-solvent inter-
action and this is of course supported by the linearity of
the BC term in the equation.

The second important deduction concerns the evidence
for the additivity of ionic contributions. For example,
the *B*' values for pairs of salts with the same anion but
different cations have constant differences. The division
of *'B!' coefficients into individual ionic values is rather
arbitary process, Generally in non-agquecus and mixed
solvent systems no division into ionic *‘B* values has been
attempted. It is observed that as the temperature
increases *B*' values change. The dependence of *B*' on
temperature is explained on the basis that there exists
around an ion a reglon of modifled solvent differing from

the bulk 1in structure and properties. Gurney's16 cosphere,

Frank and Wen'sl7 At, *B*' and °*‘C' zones and N’ightingale's18
hydrated radius are recent reflections of this idea.

Stokes and Mi11s'® equated the viscosity of dilute
electrolyte solutions to that of solvent plus the con-

tributions of four other sources in the following manner.

1= el

where YZJ yzo are viscosity of solution, viscosity of
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solvent respectively.'qf is positive increment in

viscosity caused by coloumbic interaction, QE is the
viscosity increment arising from the size and shape of

an lon, which 13 closely related to Einstein effect. It
will.always be positive and normally increases with
increasing lonic size. ’nf is the increment due to the
alignement or orientation of polar molecules by the ionic
field. This i1s again positive due to stiffening of the
solution. YﬁD is the viscosity change associated with dis-
tortion of the solvent structure leading to greater fluidity.

If equation (1.9) is substituted in Jones-Dole equation

we have
et s TANTHBC) - L2 o)

Eliminating the ionic interaction contribution from both

sides
= A o
Tr e = M BC - - - (111)

Therefore at a given concentration the ‘B* coefficient can
be interpreted in terms of a competition between these
specialized viscosity effects.

In general %— { < 1, the second term in equation
(1. 7) may be neglected at concentrations above 0.002 M

and Jones-Dole equation may be written as
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The equation (1.12) has been found to be valid for the

=1 + BC - - - (1.12)

concentration range 0,002 { C (~0.1M.

For application to higher concentrations, a quadratic
term DC® has been included in Jones-Dole equation20—26.
In most cases it is sufficient to express the relative
viscosity of a electrolyte solution with the help of the

following equation

=Y =14act/ 2 +nc4nc?

O
The DC~ term of equation (1.13) is generally positive

-~ - = (1.13)

which must include all solute-~solvent and solute-solute

interactions that were not accounted for by Acl/2

and BC
terms, The main contributions by ‘D* would therefore be
i) higher terms of the long range coloumbic forces,
ii) higher terms of the hydrodynamic effect, and
iii) interactions arising from changes in solute-solvent
interaction with concentration.

The small value of *'A* precludes long range coloumbic
forces from having significiant effect on the value of
*B?Y, but this is not necessarily true of ‘b}, since in

most of the electrolytes particularly alkalt haliges,

‘D* is of the same order of magnitude as *‘A°‘.
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An egtimate of the influence of long range coloumbic
forces on 'D*' can be obtained by the replacement of the
standard ilonic conductivities in equation (1.8) by the
actual conductivities at the known concentrations. The
difference between this ‘A’ and the limiting value can be
expressed as a Dc2 term. Such a calculation indicates
contribution by long range coloumbic forces to *'DY, which
may not be certainly negligible. The negligence of *D*
parameter in most work has often added unsuspected large

uncertainties on *B¢.

In the case of suspensions, Einstein27 developed an

equation similar to equation (1.,12) giving the relative
Vilscosity of dilute suspensions of rigid spheres. His

equation is

Yl =1 + 2.5(# - - = (1.14)

Mo
Where 1 and 'OO are the viscosity of suspension and
suspending medium respectively and ¢> is the particle
volume fraction. Equation (1.14) is based on hydrodynamic
consideration alone and strictly valid only when applied
to macroscopic rigid spheres in the limiting case of
infinite dilution. Experimentally, however, it has been

found effective to volume fraction as high as (P ~ 0.01.
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FPuoss and coworkerszs'zg, Kurucsve et a130 and
bbulik31 have attempted to relate Einstein ‘s equation

(1.14) to the Jone-Dole equation (1.12) by performing the
transformation

CP = Cv - = = (1.15)

where 'V' 1s the estimate of molar volume of the soclute
molecules in solution. The *'B* coefficient can then be
related to *'V* by
B = 2,5V -~ = = (1l.16)
Estimates of *'V? are often based on the hydrated or
crystal radius of the solute ions. 1In fact this approach
has been used in certalin instances to estimate degrees

of hydration by Robinson and Stokes32.

Fuoss and co-worker528’29

working with molar volumes,
dP . obtained from density measurements, were successful
ig demonstrating a like correspondence between additivity
of ion contribution to both *'B* and CP . ‘'They were not
able however, to confirm equation (1.52) and found it
valid only for large ions which can be said to resemble
macroscopic particles. For smaller ions, B@)'> 2.5,
with the ratio growing as the lons tested beééme smaller.
In particular, Kurucsve et a130 reported that equation
(1.16) 1s valid only for ions of radius ;7 5 A°

While very little work has been done in the area of
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concentrated electrolytic solutions, a considerable

ef fort has been made by Eirich33 and Ford34, both
theoretical and empirical, with respect to determining

the viscosity of concentrated suspensions, Equations

which result, can generally be represented by a polynomiILQ
of the form

2 3
%: 4+ 2.5¢ KPR G - = = (1.17)

o
Vand35 demonstrated that the addition of second and
higher order terms to Einstein's equation are due to
particle interactions of various types. The equation
which is often expressed to describe the viscosity of
suspensions of spherical particles in mixed solvents by
vand is
nQY: E\‘%?Ep (1.18)
Where Q ig a particle interaction factor.

’I‘homas36 made a critical analysis of extensive
experimental data and using statistical techniques, deter-~
mined the coefficients of the power series expressed in
equation (1.17) to the seventh degree. He further
demonstrated that a simple second degree equation will
correlate the experimental data to within 97.5% of the

r‘/qc value for(Fé 0.25
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Since at q; = 0.25, the average particle seperation is

]

1+2.54> +10.05 4; - - = (1,19)

only 0.35 particle diameter, thilis egquation seems to be
valid for quite highly concentrated suspensions.

Breglau and Miller37 performed transformation
presented in equation (1.,15) on equation (1.18) resulting
in

U - 142.5 cve + 10.05C2ve? - = = (1.120)
0

The subscript 'e' has been added to 'V' to designate
it as an effective rigid molar volume. Equation (1.20)
may be rearranged to solve for Ve
;=250 +xf(25¢f_.Qomw&XJ-nmg____

\/e: 2
2 XK \0.05 % C

(1.21)

If viscosity—-concentration data are available for
any given salt, it's effective rigid molar volume, Ve,
may be obtained from equation (1.,21) as a function of
concentration.

M:ulik31 has also shown that at higher concentrations
beyond the region where the Einstein relation holds, the
relative viscoslties of many solute-solvent systems
including electrolyte-water systems are given by the
relation

YZL = T + KC? - - = (1.22)
Y



16

Wwhere I and K are two constants. Expanding this
relation in a power series and keeping only the first
term of the expansion also leads to DC2 term as in

equation (1.13).

Desnoyers and Perron38 suggested that structural
solute-solute interactions play an important role in the
concentration dependence of most physico-chemical proper-
ties. If equation (1.13) is written in the form

\
PRI B
C

it becomes a psuedo reduced gquantity and as such,

- - = (1,23)

resembles an apparent molal quantity. Then it would be
reasonable to relate 'B' to solute-solvent interactions
and 'D' to solute-solute interactions. If the coulombic
forces were mostly accounted for by the ACL/z, D would be
essentially a solute-~-solute structural interaction term.
Thus 'D' parameter should depend on the nature of the ion
in a way similar to the deviations of the Debye-Huckel
theory for the activity coefficients. This implies that
there should be an inversion in the dependence of ‘D' on

, 8
the cation size and *D*' should not be additlve3 -
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1.3 The Molal Volumes of Electrolytes:

The apparent and partial molal volumes of electrolyte
solutions have proved to be a very useful tool in eluci-
dating the structural interactions (i.e. ion-ion, ion-
solvent and solvent-solvent) occuring in solution. For
example, the partial molal volumes of electrolytes at
infinite dilution can be used to study ion=-solvent and
solvent-solvent interactions, while the concentration
dependence of the apparent and partial molal volumes of
electrolytes can be ugsed to study ion-ion interactions.
The partial molal volumes of electrolytes can also be
used to calculate the effect of pressure on ionic equi-~
llibria for processes of engineering and oceanographic
importance.

The volumes of electrolyte solutions have been of
scientific interest for a long time. fThe theoretical
development of solution volumes has paralleled the
overall development made in other phases of solution
chemistry.

The historical development of the volumes of
electrolyte solutions can conveniently be divided into
five major divisions, with the years 1770, 1887, 1923

and 1957 as points of change. 1In 1770, Watson>® made
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the first accurate measurements on the volume change oh
adding electrolytes to water, in 1887, Arrheniu52 presen ted
his theory on the dissociation of electrolytes into ions,
in 1923 Dbebye and Huckel4 presented their theory of inter-
ionic attraction, and in 1957, various workers, e.g.

, Frank and Wenl7,

Kaminsky43, Samoilov44, Young, Wu and Krawetz45 aetc

Ackermann4o, Buckingham4l, Eigen42

presented a number of papers on structural hydration inter-
actions in the disscussions of Faraday society. 1In 1840

46

when Dalton made some volume measurements which hefﬁought

supported the porosity theory of water. Holke.r47 found
that the volume change on adding salt to water could be
positive or negative depending on the salt, the temperature,
and the concentration. Playfair and Jbu1e48 repeated
Holker's work and found a relationship between the volume
of salt in solution and in crystal. Marignac49 showed that
Playfair and Joules work was lncorrect and that Holker's
work was correct.

By 1850, the decrease in volume upon the addition of
a salt to water was generally accepted and in 1854,
Michel and Krafftso made the first quantitative measurements
on the densities of solutions. Kremerss1 showd{that the

cdensity was not a linear function of cohcentration and that

the relative volumes of electrolyte solutions go through
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a maximum with increasing temperature. Schiff52 gtudied

the density of concentrated salt solutions and by extra-
polating these densities to 100% calculated the volume

of water bound in the crystal.

The apparent (or equivalent) molal volume, 4) ., of
V
an electrolyte in solution was first introduced in 1871

by blarignacs3

CR :(\/— ﬂ.\7.c>/m - - - (1.24)

where *v* is the volume of the solution, n,v; is the
volume of water in solution, n, is the moles of water,
Vi is the molar volume of water, akirb is the number of
moles or equivalents of electrolyte in solution. He found
that Cﬁf increase with concentration and temperature for
the salts he studied.

Favre and Valson54 were the first to observe a '
regularity between the additivity of the densities or d%f
of different salt solutions. They further assumed that
the volume change on adding salt to water was the resulting
of two opposing effects 1) contraction in volume due to
the adsorption of water on the dissolved salt and 1ii)
expansion in volume due to the salt dissociating.

55, 56

Nicol was the first to attempt to explain why

5
the #} of electrolytes increase with increasing
V
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concentration by using the so called attraction theory
(i.e. the attraction of water for water, salt for salt,
and water for salt). A salt was thought to dissolve
when the attraction of water for salt exceeded that of
salt for salt.

The theory of Arrheniu32 in 1887 was of great impor-
tance in the development of the theory of solution volumes.

on this theory Schmidt®’ in 1890 showed the additivity of

the dé; for various salt pairs. In 1892, 'Iraube58
believed that the CR/ represented the actual volume of the
salt in solution, he explained negative on the basis of
the crystal water that the salt contained. He noted the

change of the CF with valence type.
v 95

Two very important theories about 43 , brude and
%
Nernst'359 electrostriction theory and 'I‘ammann's60

internal pressure theory, developed directly from Arrhenius
work and are still the basis Ffor many theories of ion-
solvent interactions today.

Tammann was the first to give a reasonable theoretical
explaination of solution volumes. The fundamental idea of
his theory of internal pressure (‘TF ) was developed by
noting that both an increase in pressure and the addition
of a salt to water lowered the temperature of maximum

density. Thus, a dissoclved salt acpears to cause the water
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to behave as if it were under a high external pressure.

He applied this theory to solution volumes®?!

by attributing
the q% to (1) the change in volume of the salt due to
changing the pressure from latm. to |[ , (ii) the change in
volume of the solvent due to chaning the pressure from latm.
to T[T and (iii1) the change in volume when one mixed the salt
and the solvent at T| to give a solution at 1 atm. external
pressure and 1l atm. internal pressure.

Drude and Nernst developed their electrostriction
theory by assuming that ions can be treated as charge
spheres in a continuous dielectric medium. They calculated

the electrostrictive decrease in volume from the equation
Viewty = (2 €/2D7) [C %p]:—?? - - - (1.25)

where *z* is the charge on the ion, ‘et is the electro-
static charge, 'D* 1ls the dielectric constant of the solvent
‘r' is the radius of the ion and 'P*' is the pressure (at

25 °c, B = 4,175 in water). K‘ohlrausch62'63 developed a
sinker method (based on a hydrostatic balance) to study the
densities of electrolyte solutions.Kohlrausch and

Hallwachs‘s62'63

work laid to the general use of the symbol
C#i for the apparent or equivalent molal volume. ‘They
also showed experimentally that the<43, is proportional to
(s~1)/C, where 'sS* is the specific gravity, which follows

from the definition of the apparent molal volume
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C\DV = - 1000((:3-1) p B - - - (1.26)

where 'c¢' is the molar concentration, 'M*¢ is the molecular
welght of the solute, do is the density of the pure solvent,
and *'S* is the specific gravity (S = d/do, where d is the

density of the solution).

Baxter and COworkers64'65

Richard566 on the compressible ion to solution volumes,

64,65

applied the theory of
Baxter's theory differed from that of Tammann and
that of Drude and Nermst in that he thought both the salt
and solvent contracted. Baxter thought that the CPV was
due to (i) an expansion due to the freeing of the ilons from
the crystalline restraints, 1ii) a smaller expansion due
to repulsion of like charges and , 1iii) a contraction due
to ion-water interactions mostly due to the contraction of
water. The decrease in C\E/ with decreasing concentration
was attributed to ionization, and the increase in the %
with temperature was attributed to decrease in hydration.
In 1913, Lamb and I.ee67 developed a magnetic float
method of measuring the densities of solutions. Although
this method can be considered a development or modification
of the hydrostatic welghing method, the magnetic float
method requires no suspension thread or wire. They showed

that the method was capable of measuring densities to a



23.
’S

precision of 0.1 ppm, and they were able to determine
for innumerable inorganic salts in very dilute agueous
solutions (0.0001 to 0.01 C).

Af ter 1925, due to the new advances made in the
knowledge of solutions, it became evident that there was
a need for a revision and reinterpretation of solution
volumes. Campbell68 attempted to calculate the true volume
of certain salts from the refractive index, Geffcken and
coworkers69 related apparent molar volume and the refraction
of the salt solutions, and Redlich and coworkers70'72
applied the Debye-Huckel theory to the concentration
dependence of §% ‘

In 1926, Webb73 developed a theory for the volume
change produced by aelectrostriction in the vicinity of an

ion. The electrostriction of a solvent was given by the

equation as
oa)

—_—0 ,A\/ . N
Veed) = g ’\71 AT ey - - = (1.27)

Yo
where CXNQ/V is the fractional change of volume at a
distance from the centre of the ion where the pressure is
By and Y, 1is the radius of the ion (i.e. the region
into which no solvent molecules could enter). The
fractional change in volume AVY/\/ can be obtained

directly at pressure F%’ or from the compressibility
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equation

Py
"[?/VY - ( JBClP - - = (1.28)
@]

where 13 the compressibility is a function of pressure.,

In 1929, Masson74 found a valuable, often misused,
empirical generalization on the change of thé <F> with
Vv

the square root of molar or normal concentration

C%:C\%—\-gt/rlc - - = (1.29)

where 4% is the apparent molar volume at infinite dilution

—_ 0 X

(equal to the partial molal volume, \/ ) and S, is the
experimental slope that varies with each electrolyte. It
was found that this equation adequately represents the

) S

concentration dependence of the (¥; of electrolytes over
v

a wide temperature and concentration range.
Root > combined equation (1.26) and (1.29) and found

the egquation
0 o *-d %
(- e (5 49 L s

can be used to represent the densities, d, of many aqueous
salt solutions. Since the <§%:Sand S:'s have been shown
to be additive for many simple salt solutions, this
equation can be very useful in estimating the densities of

unknown solutions (i.e. in concentrated solutions). Masson74
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*
attempted to relat the SV constants to the dissociation

76-79

of the electrolytes, while Scott discussgsed the

g

*x e
significance of the S, of electrolytes in concentrated

solutions.

In 1931, Redlich and Rosenfeld 'ls 72

applied the
interionic attraction theory of Debye and Huckel to the
concentration dependence of (%)V . ‘They attributed the
increase in d{b\)ls of electrolytes with increasing concen-
tration to the screening of the electrostriction of the
ions by the approach of counterions. They also predicted
that a constant limiting slope should be obtained for a
given electrolyte charge type at constant temperature and
pressure 1f the Debye Huckel theory is obeyed. They
further obtained the theoretical limiting slope, Sv‘ using
the equation

s, = K w2 - - - (1.31)

The two termps for the limiting slope are given by

K = Nle3(8’T/lo°°®3RT%@ Dy B/BJ_ - - (132)

where ‘3 18 the compressibility of the solvent and the

other symbols have their usual meaning, and

2
— .5 2. Y Z¢ — - = (1.33)
W = 0:5 :

where 7Y, 1s the number of ions of species . and valency
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) formed by one molecule of electrolyte. For electro-
lytes of a fixed valence type, *w' is constant and the
limiting law depends only on temperature and the physical
properties of the pure solvent, For dilute solutions,
the limiting law for the concentration dependence of the

ss —
g{) or v'° of electrolytes is given by the equation
2

\
© — 0 32 —
% = f}+5Q#;:%+KVVQC__-uJM
—_— —5 —0 3 3/2_/__.
md Vo= VO %Svﬁ: V+2 KW jC= - - (1.35)

Although the equations developed by Redlich and
Rosenfeld are similar to the Masson equation, these
theoretical equations have an entirely different meaning.
The Masson equation can represent the apparent molal
volume data over a considerable concentration range, however
the Redlich equation cannot be expected to be more than a
limiting law for low concentrations (this fact was stressed
by Redlich and Rosenfeld.). The Masson equation has always

%  for different electrolytes,

been used with different s,
the theoretical equation, however, postulates a single
coefficient K, common to all electrdlytes and dependling
only on the temperature and the properties of the pure
solvent. Since the limiting law equations was derived

from the theory of Debye-Huckel by means of thermodynamics
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alone, any failure of this equation would indicate the
invalidity of the theory. Many workers have neglected
this fact,

Although equations 1.31-1,35 are thermodynamically
sound, their implications have been (and are still being)
completely ignored by many workers, who have expressed
their results using individual limiting slopes for elec-
trolytes of the same charge type. According to Redlich
and Rosenfeld, the indiWidual differences in the slopes
found in high concentrations (i.e. using the Masson
equation) are due to deviations from the limiting law.
Consequently, extrapolations to infinite dilution using
the Masson equation are unreliable,

Although Redlich and Rosenfe1d71'72 described this
situatdon nearly 40 years ago, workers stlill continued

15
to extrapolate the GP of electrolytes to infinite

v

dilution using the Masson equation. Part of the problem
was due to an incorrect value for the limiting slope and
insufficient CFQ data in dilute solutions.

Redlich and Rosenfeld71’72

suggested that the concen-
tration dependence of the apparent molar volume be

represented by the equation

C{P :d(;v 4 Sv e+ bvC - - - (1.36)
Y
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where bv is an empirical deviation constant. They noted
that C\%\JBS and bv ' ° (the deviation constant of various
electrolytes) appear to have a parallel behaviour. 7This
parallelism has been found both by examining the variation
with temperature of these two different alkali halides.
Fajansso also found a similar relationship between the
electrostatic part of the VS and the individual deviations
from the limiting law at moderate concentrations.

In 1933, Gucker:81 reviewed the development of the
square root concentration dependence of the Cr'/js of

electrolytes. A year later, Gucker82

defined the apparent

molal expansibility @*JE , of an electrolyte and showed

that the C{; of electrolytes were a linear function of
,JE similaEr to the Masson and Redlich and Rosenfeld

g Were

negative for all the electrolytes he examined, although

*
equations for CR/ . He found that the slopes, S

the Debye Huckel theory predicted a positive slope. This
discrepancy i1s due to the fact that the data Gucker used
was for too high a concentration for the limiting law to
hold. The discrepancies between the Masson equation and
the Redlich and Rosenfeld equationh in expressing the
concentration dependency of the Cé/s of electrolytes
stimulated a great deal of controversy between 1931 to

1964.
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Stewart83 found that the limiting law was invalid
for apparent molal volume data of strong electrolytes in
high concentration region, presumably due to hydrolysis
or incomplete dissociation. In 1940, Redlich84 showed
that the limiting law is approached for electrolytes in
aqueous and non aqueous solutions and that the 4%? for
non electrolytes depend linearly on the first power of
concentrations in dilute solutions. Redlich also showed
that by combining equation 1.26 and 1.36, the density, 4,
of an electrolyte solution can be determined from the
equation

d - do+[(m - cj qg\,)/MoJC -—(g\/ do/tooC) CB/;_( Mo) Cz.. - = (1.37)

|ooo

He pointed out that this equation is preferfed to Root's
equation 1.30, since it is based on the theoretical
concentration dependence of the <¥© . This eguation can
be used to estimate the densities of unknowh solutions by
using the additivity principle. For dilute solutions,
this equation can predict the densities of unknown
solutions more precisely than the best experimental
measurements.
In 1942, Redlich and Bigeleisen85 showed that expe-
-rimental c{:\/ data confirmed the Debye-Huckel limiting law

for 1:1 electrolytes in dilute solution. They also
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03S
discussed the relationship between the (#z and bv's

and pointed out that the empirical relationship found by

stewart?® can also be attributed to this parallelism.

A number of early workers betwean 1933 and 1957

investigated the<{55 of electrolytes in nonaqueous
solvents to test the Redlich and Rosenfeld equations and
to study the effect of solvent on ion-solvent interactions.
It has been observed by a number of workers that
lower the dielectric constant of the solvent, the larger
is the effect of ionic interaction. Unfortunately not
only the slope values but, in general, also the deviations
from the limiting law increase with decreasing dielectric
constant. In 1949, Owen and Brinkley86 developed an
extrapolation equation for <¥3S and V?_'s of electrolytes
that is based on the extended form of the Debye-Huckel
equation for activity coefficients (i.e. including the

ion-size parameter, a°)

: ¥ - . | K - . :
&y = &+ ST ckay € 4 wee (ko Cr L G (1.38)
oy \’/c 3, Sy AC \/\/\/C ¢
= o\ — &t | . - e -
\/ZL - 2 T ( 1+ ASAC + (\+RCOL,-\7; VC (1.39)
Owen and Brinkley86 attributed the disagreement of the
o,‘;’.

experimental C?: found using the Masson equation,
v

compared to their extended equations as being due to the






