CHAPTER II

THEORETICAL BACKGROUND

As is well known, there are many substances which behave as
a strong electrolyte when dissolved in one solvent, but as a weak
electrolyte when dissolved in another solvent. In any solvent the
Debye = Huckel interionic attraction theory(saith some further
improvement by Onsager(6%redicts how the ions of a solute should
behave in an applied electric field, if the so}ute is completely
dissoéiated into free ions. As a result of electrostatic forces
and thermal motion, any selected ion in a solution, a positive one
for instance, has on a time average more negative ions near it than
if the distribution were purely randome This is known as the '"ion
atmosphere" of the selected ione From the thermodynamic point of
view, the present of ion atmosphere reduces the activity coefficients
of the ions. It influences the electrolyte conductance by the so=-
called dglectrOphoretic effect" and "time of relaxation effect" both
of these tend to decrease the ionic mobilities with increasing ionic
concentration.

When an electric potential is supplied, the ion atmosphere,
which has a net charge equal but opposite in sign to that of the
central ion, tends to move with its associated solvent molecules in
a direction opposite to that of this ion. This retards the central
ion, which in effect moves against counter current of solvent amount-
ing to an increase of viscous drag. Because of its analogy to the

retarding effect of the solvent on the motion of colloidal particles



in an electric field, this phcnomenon has been called the electro-

phoretic effecte.

When no external electric field is applied on a solution, the
ion atmosphere is spherically symmetrical withnits electrical center
of gravity at the central ion. If, however, the ion is made to move
by an external field, the ion atmosphere must also move to adjust
for this change. This takes place rapidly (during“the short time
of relaxation) but not instantaneously, so that the ion atmosphere
is distorted, itselectrical center of gravity is shifted to a point
behind the central ion, and its motion is slowed up by an electro-~
static retarding force. This phenominon is called the time of

relaxation effecte.

In very dilute solutions the '"thickness" of ion atmosphere,
%h, decreases with the square root of the ionic concentration and
with the first power of ionic charge or, more precisely, with the
square root of the ionic strength. The retarding effect on ionic
mobility attributable to both the electrophoretic effect and time
of relaxation effect turns out to inversely proportional to this
thickness, which is usually of the order of angstroms. Morcover,
the former is proportional to the ionic mobility at infinite dilution,
and the latter to the fluidity of the solvent

The gquantitative equation for conductivity of a very dilute

solution according to Debye = Huckel — Onsager treatments are
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which is called "limiting law". It is infact of the form A = R A_]E
which was found empirically by Kohlrausch to describe the variation of
equivalent conductance with concentration in dilute solution. For
moderate concentration with a suitable choice o; "a" (vide'infra),
especially for 1:1 electrolytes the term "1 +Ka" is included as the
denominator of JI in equation (2.1). These equations givefﬁtraight line
with !"\’:I.s an intercept and values in the parenthesis is a slope for A As.
IE plote

In the éase that solutes behave as a weak electrolyte, Debye=-
Huckel=Onsager proposed that at any moment a certain fraction of the
solute fails to contribute to the conductivity. In the Debye=-Huckel=-
Onsager theory, it was pointed out that even in a very dilute solution
containing uncharged solute particles a few pairs of solute particles
in contact or near contact may be found.

If this idea is correct, the number of ions will not be propor=-
tional to the concentration of the solute, since at higher concentration
more pairs of ions are united to form neutral molecules. If the con-
ductivity is plotted against the concentration, the relation will not be
linear; the conductivity will increase less rapidly, due to the pro-
gressive increase in the number of neutral molecules which play no part
in qarrying the currents For all electrolytes the conductivity is, in
fact, found to behave in this way. Further, in most of non-aﬁueous
solutions, owing to low dielectric constants, one would expect the pre=-
sence of neutral molecules to be more marked, and it is found that the
equivalent conductance of non-aqueous solutions falls off even more
rapidly than that of aqueous solutionse

(7)

In 1926, the idea was put forward by Bjerrum''’that when

discussing the solute particles of a weak electrolytey we do not



have to choose between free ions and ncutral molecules but that there
is a kind of intermediate state. Bjerrum gave the name associated
ion pair to this third state. An associated ion pair is a pair of
oppositely charged ion caught in cach other's fiecld in the manncr
described above; one or more solvent moleculgs may scparate the two

" ions, between which only the usual long range clectrostatic forces
are operation. A solute will behave as a completely dissociated
electrolyte only provided that associated ion pairs are not formed;
in addition short range forces of attraction must be absent. The
problem is to decide under what concentrations associated ion pairs
will be presente In the solution of a uni-univalent or of a divalent
substance an associated ion pair will be electrically neutral and in
important respects will behave like a neutral molecule. This can be
regarded as the first ion-association or ion-pair theory that ever
proposed.

All measurements on and theories of ion-pair involved one
ion-size parameter the "contact distance'", a, i.e., the distance
between the negative and positive centers of charge when the ions
are in contact. This distance has been obtained from two kinds of
measurements; dipole moment and conductance. One of the methods that
ion=-size parameter can be yielded is from various equations which
relate the ion pair dissociation constant,K , the dielectric constant,
E y of the medium and "a". The procedure for the calculation of
dissociation constant from conductivity data is itself a complex
processe Hence the calculation of "a'" fromK and € is by no means

straight forwards The "a" obtained scems to depend on the method of



calculation. Some of the methods or equations which are widely used
are discussed inturn below.

By assuming Maxwell - Boltzmann distribution for the ions
|2, 2, | 2
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ion=pair formation has a minimum. For distances Q@& r &g, Bjerrum

Bjerrum shows that for a distance q = the probability of
considers the ion associated. Hence if the density of i-ions around
the selected j-ion is given by the Boltzmann expression and the

number in a shell of thickness dr at the distance r is

nixxp{l%égi) 41*2d*

When r is small, Bjerrum neglects the effect of interionic forces o:u
the reasonable ground that the potential of the central ion will be

dominant and writes:

Y e
J £rx

so that the number of i=ions in the shell is:
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The degree of association (1~ X) is obtained by integrating
the number of ions in all the shells from the distance of closest

approach up to the critical Bjerrum distance:
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s0 that the integral becomes:
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where Q(b) = J' x"hexdx
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(7,8)

Values of the integral, Q(b), have been tabulated in Table 2.1.

Table 2.1

Values of Definite Integral Q(b)

b Q(b) b Q(b) b log Q(¥b)
2.0 0 5 0,771 15 197
21 0.0440 6 14041 17 2459
2.2 00843 z 1.420 20 3.59
2.4 0.1560 8 2,000 25 535
2.6 0.2180 9 2.950 " 30 7.19
2.8 0.2740 10 Lo.630 4o 11.01-
3.0 063260 12 134410 50 14,96
3¢5 00,4420 14 47,000 60 18.98
4.0 05500 15 93,000 70 23.05
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The dissociation constant,K , of the ion=pair, is given by

the law of mass action, here thallous acctatc is taken as an example:

e A
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assuming that the activity coefficient of the ion=pair is unity. K
can be evaluated by two methods, first}gubstituting numerical valucs
into equation (2.2) and secondkgaking logarithmic for both sides of
equgtion (2.2)e The latter method yield a straight line equation

of the form

log K

i a
of\C
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or log K = logkK =+ 210gf-+

/

Hence 1log K = logK =2 1og§f

h K L
wnere = S
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By plotting log ¥ Vs logj;, log K becomes an intercept of the
straight linece.
The calculation now proceeds in threc parts:

1¢ In very dilute solutions, & = 1 , .f* ~ 1 and

2 2
1
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For any value of a({ q) there are corresponding values of b and Q(b)
(Table 2.1) and hence of % so that K is a function of the closest
distance of approach of the ionse. -

2. The degree of association (1=-0€) at any value of ¢ can be

calculated by successive approximations of the two following ecquations:
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3« From the equation
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knowing a:and-ﬂ-from the second computation, one can calculate {;55,
the activity coefficient which should result from experimental measure-
ments, assuming complete dissociation, on an elcctrolyte processing

the value of "a'" adopted at the commencement of the calculations.

(5) 16

It is worth pointed out here that in the Debye model
solvent is =a continuum of uniform £ and the ions are rigid spheres
with spherically symmetrical charges which do not change the € of the
solution, and all of which have the same diameter. The central ion
is assigned a radious equal to this diameter and the other ions are
treated as point charges. To calculate the free energy Debye =~ Hiickel
charged all the ions together, keeping the charge of every ion the
same fraction of its final charge. On the other hand, Bjerrum chargecd
a single ion or just enough ions to keep the net charge of the solution
zero and obtained the chemical potential of the ion directlyes The
two methods agree for the Debye = Huckel approximation and for the
terms proportional to ¢ Inc and to ¢ for the complete Boltzmann
exponential, which can be considered to be correct for this model.

The simple electrostatic model of Bjerrum has enjoyed success

(9)

in the prediction of "a" for quite a number of cases. It seems

likely that the cases most favorable for the validity of this model,
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with negligible interactions of a chemical nature will be those where
one or both partners are already stable complex ions. However, this
model gives too large value of the association for high valence ions
in water. The possible causes of deviation from the prediction of
Bjerrum's model is that it neglects covalent interactions and the
charge distribution is polyatomic ions. The effects of specific free
ion-solvent or complex ion-solvent interactions are also ignored.
Apart from Bjerrum's equation there are many more equations
devised for the purpose of the computation of "a" from conductivity
data, for example the Denison = Ramsay equation$10%he Gilkerson
equations11%he Fuoss = Kraus equation$12)the Shedlovsky equation£13)
the Fuoss - Kraus theory£1hl number of experimental papers dealing

with the Fuoss = Onsager conductivity theory(15)

have appeared and

this theory deserves some attention. The theory is basically an
application of the interionic attraction theory to charged spheres in

a solvent continuum and has been developed for unassociated symmetrical

1:1 electrolytes. The conductivity equation has the limiting form of:

» . L | 3/3 C')‘I
A = A= (crpdete€cine+ (Je=TcT)(1-xC )

in which the constant annd Jaare explicit functions of ion size "a"

°
and A and properties of the solvent; € is independent of ion sizes
This equation is capable theorcetically of describing the concentration
dependence of the equivalent conductance up to a concentration

corresponding to Ka = 0.2. In 1959, Fuoss(16)

has collected the re-
visions of the original Fuoss -~ Onsager equation, including is an

outline of the methods of analysing conductivity data for unassociated
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electrolytes and electrolytes associating into ion-pairs and higher

(17)

aggregatese Kay has applied the equation to conductivity studies

of solutions of the alkali halides, nitrate, bromates and perchlo=-
rates in water-methanol 50 mole percent methanol water, ethanol;
n=propanol and liquid ammonia at several temperatures. He found
that in many cases the values wecre substantially lower than the

crystallographic radii. Kay attributed this to a result of a small

(18)

amdunt of association. Sadek and Fuoss has tested the above

equation by measuring the conductivity of BuhNBr in nitrobenzene~
methanol mixtures, and found that BuhNBr appears to.be significantly
associated in each of the pure solvents but undissociated in the
mixture.

The conductivity in other salt-solvent systems have also
received considerable interest both in the high £ and low £ solvents
and alsa in the solvent mixtures. Few examples only will be cited
heres The conductivity of the tetraphenylarsenium chloride in tetra-

methylene sulphone (sulphonate) has been measured by Burwell and

(19)

Langford in 1959 The conductivity appeared to be independent of

concentration in the range between 5 X 10"%ana 1.25 X 10~%M,

(20)

Brewster, Schmidt, and Schaap,

o made the conductivity studies

of thirteen alkali metal chlorides, bromides, fodides, nitrate and
thiocyanates as well as silver nitrate and BukNI in ethanolamine

(€ = 37.7,?1 = 019346 poise) at 2500. Data were analysed by the

(13)

Shedlovsky's method. Ion association constant for AgNO, and BuhNI

5

were virtually the same, ! being 6.5 and 6.6 respectively. The sodiun
3
salts have uniformly lower association constant than the potassium

saltse

000998
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From the inspection of the literatures; the interest in this
field of research seems to be at the peak around 1959 - 1962 and
from the publications appeared in the literaturesup to present thdhgh
numerous in number none has mentioned conductivity studies of thallous
salt nor thallic salt in acetic acid which is the topic of interest
of the author with reasons given in chapter I.

It should be noted also that Walden's rule:éfq? = constant
enable the limiting equivalent conductance of electrolytes to.be
found. Generally speaking, however, Walden's rule gives a useful
guide to the conductivity to be expected, but it cannot be éonsidered
quantitatively reliable.

N Another method of studying the incomplete dissociation of
electrolytes depends on measuring the solubility of a sparingly
soluble electrolyte in the presence of another electrolyte. Example
cited here as an illustration is the case of the solubility of
manganous oxalate in the presence of added electrolytes, dilute
sodium or potassium oxalate, which can form complexes with manganous
oxalate. For the simple system, the solubility would decrecase

2
because the product of{ [Hn2+] E)xz-l is constant, the addition of
*

oxalate ion would reduce the concentration of manganese in solution,.

Mn Ox (solution) _ Mn2+ + Oxz-

seesomccosasew (2.3)

o o B e

Die

K,0x (solution) &= 2k* + ox

(NaEOx)
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The increase of solubility indicates that the concentration of

manganese increase because it can form complexes or a new species,

Mn Oxg-, with the added oxalate.

MnOx + Oxz- # HnOxg- soresscscsesce (2.5)

On this basis the manganese content in the saturated solution is the
sum of the concentrations of complex ion, MnOxéT the ion~-pair, MnOx,
and the Mn2+ion.
From equation (2.5);
{pnox } { 0x*7}

{MnOxg"}

- {Mnox J Tox>"]
2 [MnOxg-J

[ nox] [ 0x*7) / K,

[ K2 = instability constant of the complex ion J

or K

L AL L L L B L N N NN N (2.6)

or [MnOxg-]

When the activity coefficient of the two bivalent ions are assumed
that approximate equale

One also has

[ MnOxS_J

where S

[ox®")

s -[MnOx]

]

measured solubility

It

2-
A+ S = [MnOx] -2 {MnOx2 J
= A =5 + [MnOx]
where A = concentration of added salt (assumed complete

dissociate)

S -[HnOxJ G [MHOf](R - 5 + [Mnox))
K, .
or A = (s -[MnOx]) (1 + [’“Tca”‘-j) cecesccsaces (2.7)
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n
]

where A=0y, S [MnOx]

S =0, =A

[MnOx:] + K,

The intercept on the ordinate gives the concentration of ion=-
pair in the saturated solution, and the extrapolation of the straight

line gives the K. K1, the dissociation constant of the ion-pair,

2

can also be obtained from the measurements.

2 2=

A value for K, = (o ﬂ[Ox J f can calculqteiby use of Debye=-
[MnOxJ

Huckel limiting equation. The value calculated in this way needs a

correction for the small amount of complex ion present in the saturated

solution, and this can be estimated from the Kz values
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